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An education isn’t how much you have committed to 

memory, or even how much you know. It’s being 

able to differentiate between what you do know and 

what you don’t. It’s knowing where to go to find out 

what you need to know; and it’s knowing how to 

use the information once you get it. 

_ William Feather 





Preface 

Foundations of College Chemistry was originally intended for students who had 
never taken a chemistry course or who had a significant interruption in their studies 
but planned to continue on with the general chemistry sequence. Since its publication 

this book has helped define the preparatory chemistry course. The broader acceptance 
of previous editions indicates that the text has developed a much wider audience. 
In addition to preparatory chemistry, our text has found extensive use in one- 

semester general purpose courses, such as those for applied health fields, and in 

courses for nonscience majors—a diverse population of students. Our goal for this 

revision is to continue to make introductory chemistry accessible to all beginning 

students. The central focus is still the same as it has been from the first edition: 

How can we make this material interesting and understandable to students? And 

how can we teach them the problem-solving skills they will need? 
In preparing the Ninth Edition we considered the comments and suggestions 

of students and instructors to design a revision that builds on the strengths of 

previous editions and presents chemistry as a vital, coherent, and interesting subject. 

We have especially tried to relate chemistry to the lives of our students as we 

develop the principles that form the foundation for the further study of chemistry. 

Development of Probiem-Soiving Skills 

We all want our students to develop real skills in solving problems. We believe 

that a key reason for the longevity of this text is the fact that the problem-solving 

approach we take works for students. A problem-solving approach (sometimes called 

a dimensional analysis approach) is a step-by-step process that allows students to 

use units and show the change from one unit to the next. Students can learn most 

easily from defining and demonstrating concepts and problems step by step. In this 

edition we continue to show many examples, beginning with simple substitutions, 

progressing to the use of algorithms, and moving toward more complex problems. 

The examples show how to incorporate fundamental mathematical skills, scientific 

notation, and significant figures by following the rules consistently. Painstaking care 

has been taken to show each step in the problem-solving process (see pp. 107, 138) 

and to give alternative methods for solution (ratio/proportion, algebraic, for example) 

where appropriate. These alternative methods give students flexibility in choosing 

the method that works best for them. In this edition we have used four significant 

figures for atomic and molar masses for consistency and for rounding off answers 

appropriately. We have been careful to follow the rules set down in providing 

answers, correctly rounded so that students who have difficulty with mathematics 

do not become confused. 

Fostering Student Skills. Attitude plays a critical role in problem solving. We 

encourage students to learn that a systematic approach to solving problems is better 

than simple memorization. We begin to establish this attitude in Chapter 2. Through- 

out the book we encourage students to begin by writing down the facts or data 

Dimensional analysis, or 

factor-label analysis, is 

explained in Section 2.8, 
p. 23. Beginning students are 

encouraged to use this 

approach until they become 
comfortable with the terms 

used in calculations. 

Alternative methods for 

solution: See, for example, 

pp. 37-38 and 178-179. 

Rounding off answers is 

presented on pages | 4-16; 

additional hints are given 

where appropriate (see p. 31). 

Problem-solving steps are 
printed in blue: see pages 

149-150, 183-184, and 235 for 

examples. 
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Boxed rules and equations: 
see pages 58, 85, 202, and 363 

for examples. 

Practice Problems: see p. 113 

for an example and p. 123 for 
answers. 

Questions review key terms, 

concepts, figures, and tables 
see pp. 142-143; Paired 
Exercises: pp. 143-145 

_ Additional Exercises: pp. 1 45- 
146. 

viii 

given in a problem (see p. 268) and to think their way through the problem to an 

answer, which is then checked to see if it makes sense. Once we have laid the 

foundations of concepts, we highlight the steps in blue so students can locate them 

easily. Important rules and equations are highlighted in colored boxes for emphasis 

and ready reference. 

Student Practice. Practice problems follow most of the examples in the text. 

Answers are provided at the end of each chapter for all of the practice problems. 
We have expanded and updated the number of end-of-chapter exercises. Each 
exercise set begins with a Questions section that helps students review key terms 

and concepts, as well as material presented in tables and figures. These are followed 

by a Paired Exercises section, where two similar exercises are presented side by 
side. These paired exercises cover concepts as well as numerical exercises. The 

section called Additional Exercises includes further practice on chapter concepts 

presented in a more random order. Challenging questions and exercises are denoted 

with an asterisk. Answers for all even-numbered questions and exercises appear in 

Appendix V. 

Emphasis on Practical Aspects 

We continue to emphasize the less theoretical aspects of chemistry early in the 

book, leaving the more abstract theory for later. This sequence seems especially 

appropriate in a course where students are encountering chemistry for the very first 

time. Atoms, molecules, and reactions are all an integral part of the chemical nature 

of matter. A sound understanding of these topics allows the student to develop a 

basic understanding of chemical properties and vocabulary. 

Chapter 2 presents the basic mathematics and language of chemical calculations, 

including an explanation of the metric system and significant figures. Chapter 3 

introduces the vocabulary of chemical substances, defining matter and the systems 

of naming and classifying elements. In Chapter 4 we present chemical properties— 

the ability of a substance to form new substances. Then, in Chapter 5, students 

encounter the history and terms of basic atomic theory. 

We continue to present new material at a level appropriate for the beginning 

student by emphasizing nomenclature, composition of compounds, and reactions in 

Chapters 6 through 9 before moving into the details of modern atomic theory. The 

eighth edition chapter ““The Periodic Table” has been integrated into the extensively 
revised Chapter 10, “Modern Atomic Theory,” and into Chapter 11, “Chemical 
Bonds.” Those instructors who feel it is essential to cover atomic theory and bonding 
early in the course can assign Chapters 10 and 11 immediately following Chapter 
5, Students gain confidence in their own ability to identify and work with chemicals 
in the laboratory before tackling the abstract theories of matter. As practicing 
chemists we have little difficulty connecting theory and chemical properties. Stu- 
dents, especially those with no prior chemistry background, may not share this 
ability to connect the abstract and the practical. Finally, the entire text has been 
reexamined and the prose updated and rewritten to improve its clarity. 

Learning Aids 

To help the beginning student gain the confidence necessary to master technical 
material we have developed and enhanced a series of learning aids: 
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¢ Important terms are set off in boldface type where they are defined, and are 

printed in blue in the margin. These terms are also printed in boldface type 

in the index. 

Worked examples with steps included show students the how of problem 

solving before they are asked to tackle problems on their own. 

Practice problems permit immediate reinforcement of a skill shown in the 

example problems. Answers are provided at the end of the chapter to encourage 

students to check their problem solving immediately. 

End of chapter exercises have been significantly revised, with approximately 
200 new exercises, many emphasizing concepts and applications. Numerous 

existing problems have been shortened to fewer parts. 

A list of Concepts in Review given at the end of each chapter guides students 

in determining the most important concepts in the chapter. 

¢ A Review of Mathematics is provided in Appendix I. 

Units of measurement are shown in table format in Appendix III and in the 

endpapers. (see p. A-12) 

Answers to the even-numbered questions and exercises are given in Appen- 

dix V. 

Each chapter opens with a color photograph relating the chapter to our daily 

lives. A chapter preview list assists students in viewing the topics covered 

in the chapter, and the introductory paragraph further connects the chapter 

topic to everyday life. 

Each chapter contains at least one special Chemistry in Action section that 

shows the impact of chemistry in a variety of practical applications. These 

essays cover such topics as food additives, scuba diving, and gumballs. Other 

Chemistry in Action essays introduce experimental information on new chemi- 

cal discoveries and applications. 

~ New to This Edition 

A number of changes have been made in this edition, but the level of the material 

remains the same. The entire text was reviewed and reworked to improve the 

explanations and to provide students with greater assistance in solving problems. 

Specific new features and changes include the following: 

Chapter 1 is completely rewritten to give students a better understanding of the 

scientific process by introducing the course with a narrative account of the discovery 

of nitinol, often called memory metal. Also included in this chapter is material on 

the benefits and risks of science in our high tech world. 

Chapter 19, Introduction to Organic Chemistry, has been extensively revised 

and trimmed to reflect an emphasis on the connection between molecular structure 

and function. 

A new design includes an updated art program in full color and numerous 

photographs to increase visual appeal and to highlight chemistry applications to the 

business of living. We also use color to identify and set off study aids. 

Key terms are listed alphabetically at the end of each chapter with section 

references to assist students in review of new vocabulary. 

terms: pp. 47, 241, 319 

worked examples and 
practice problems: pp. !7, 

113,377 
answers to practice 
problems: pp. 123, 396 

end of chapter exercises: pp. 

80-82, 142-146 

Concepts in Review: pp. 40, 

209 

Chapter | begins with a 

garden photo as the 
metaphor for the diversity of 
the material world, which 

chemistry seeks to 

understand, explain, and 

utilize (pp. |-2). Chapter 14 
opens with an illustration of 

a surfer in the ocean, which 

is an aqueous solution. 

Chemistry in Action: See p. 
135, The Taste of Chemistry, 

and pp. 232-233, Goal! A 

Spherical Molecule 

nitinol: pp. 3-5 

risks and benefits: pp. 9-10 

-key terms: pp. 80, 209 
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paired exercises: pp. 118-119, 
393-394 

additional exercises: pp. 190- 
192, 395-396 

marginal notations: 195, 263, 

327 

Chemistry in Action: see p. 
76, Fast Energy or Fast Fat? 
and p. 308, How Sweet It Is! 

steps for problem solving: pp. 

149-150, 235 

boxed statements and 

equations: pp. 58-59, 267 

¢ A glossary is provided to help students review key terms. As a study aid, 

section numbers are given for each term to guide the student to the contextual 

definition. The glossary pages are color tinted to provide ready access. 

¢ This edition features paired exercises at the end of most chapters. Two 

parallel exercises are given, side by side, so the student can use the same 

problem-solving skills with two sets of similar information. Answers to the 

even-numbered paired exercises are given in Appendix V. 

¢ Additional exercises are provided at the end of most chapters. They are 
arranged in a more random order, to encourage students to review the chap- 
ter material. 

Marginal notations have been added to help students in understanding basic 
concepts and problem-solving techniques. These are printed in magenta ink 

to clearly distinguish them from text and vocabulary terms. 

Twelve new Chemistry in Action essays have been added, including such 

topical information as controlling graffiti and the fat content of fast food. 

Other Chemistry in Action sections have been revised and updated. 

* Steps for solving problems are printed in blue for easy reference. 

¢ Important statements, equations, and laws are boxed and highlighted for em- 
phasis. 

Available in Three Versions 

For the convenience of instructors and to accommodate the various lengths of 

academic terms, three versions of this book are available. Foundations of College 

Chemistry, 9th Edition includes 20 chapters and is our main text. Foundations of 

College Chemistry, 6th Alternate Edition, provides a shorter paperbound version 
(17 chapters) of the same material without the nuclear, organic, and biochemistry 

chapters. Foundations of College Chemistry, Brief Edition, offers an even shorter 
paperbound edition (15 chapters), but without the chemical equilibrium and oxida- 
tion-reduction chapters. 

A Complete Ancillary Package 

The following comprehensive teaching package accompanies these books. 

For the student: 
Study Guide by Peter Scott of Linn-Benton Community College is a self-study guide 
for students. For each chapter it includes a self-evaluation section with various types 
of exercises, one or more “challenge problems,” and answers and solutions to all 
the exercises. A recap section gives a concise summary of material learned in the 
chapter and a note about where the student will go from there. 

Student Solutions Manual by Morris Hein and Susan Arena includes answers and 
solutions to all end-of-chapter questions and exercises. 

Foundations of Chemistry in the Laboratory, 9th Edition, by Morris Hein, Leo R. 
Best, and Robert L. Miner includes 28 experiments for a laboratory program that 
may accompany the lecture course. Featuring updated information on waste disposal 
and emphasizing safe laboratory procedures, the lab manual also includes study 
aids and exercises. 
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A Basic Math Approach to Concepts of Chemistry, 6th edition, by Leo Michels is 

a self-paced paperbound workbook that has proven itself an excellent resource for 

students needing help with mathematical aspects of chemistry. Evaluation tests are 
provided for each unit and the test answers are given in the back of the book. A 

glossary is also included. 

Brooks/Cole Exerciser (BCX) 2.0 by Laurel Technical Services is a text-specific 

software tutorial with exercises from the main text and the Study Guide. The program 

monitors student progress and generates reports. This software is available for DOS, 

DOS/Windows, and Macintosh platforms. 

For the instructor: 

Instructor’s Manual for Foundations of College Chemistry, 9th edition, by Morris 

Hein and Susan Arena includes a copy of the test questions provided electronically 

in EXP-Test, Review Exercise Worksheets, answers to the test item questions, and 

answers to the Review Exercise Worksheets. 

Instructor’s Manual for Foundations of Chemistry in the Laboratory, 9th Edition, 

includes information on the management of the lab, evaluation of experiments, notes 

for individual experiments, a list of reagents needed, and answer keys to each 

experiment’s report form and to all exercises. 

EXP-Test, a computerized test generation system, is available for IBM PCs or 

Compatibles. A Macintosh version, Chariot Microtest III, is also available. 

Transparencies in full color include illustrations from the text, enlarged for use in 

the classroom and lecture halls. 
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Chemistry can help us to 

understand nature, its beauty, 

and its complexity. The colors of 

this spring garden result from a 

series of chemical reactions. 

Have you ever strolled through a spring garden and been amazed at the diversity 

of colors in the flowers? Or perhaps you have curled up in front of a winter fire 
and become fascinated watching the flames. And think of those times when you 

have dropped a beverage container on a hard floor, and were relieved to find that 
it was plastic instead of glass. All of these phenomena are the result of chemistry— 

not in the laboratory but rather in our everyday lives. Chemical changes can bring 

us beautiful colors, warmth and light, or new and exciting products. Chemists seek 
to understand, explain, and utilize the diversity of materials we find around us. 

Why Study Chemistry? 

Chemistry is a subject that is fascinating to many people. Learning about the 
composition of the world around us can lead to interesting and useful inventions 

and new technology. More than likely you are taking this chemistry course because 

someone has decided that it is an important part of your career goals. The field 
of chemistry is central to an understanding of many fields including agriculture, 

astronomy, animal science, geology, medicine, applied health technology, fire sci- 

ence, biology, molecular biology, and materials science. Even if you are not planning 

to work in any of these fields, chemistry is used by each of us every day in our 

struggle to cope with our technological world. Learning about the benefits and risks 
associated with chemicals will help you to be an informed citizen, able to make 
intelligent choices concerning the world around you. Studying chemistry teaches 
you to solve problems and communicate with others in an organized and logical 
manner. These skills will be helpful in college and throughout your career. 

The Nature of Chemistry 

i YOR 

What is chemistry? A popular dictionary gives this definition: “Chemistry is the 
science of the composition, structure, properties, and reactions of matter, especially 
of atomic and molecular systems.” Another, somewhat simpler definition is: “Chem- 
istry is the science dealing with the composition of matter and the changes in 
composition that matter undergoes.” Neither of these definitions is entirely adequate. 
Chemistry, along with the closely related science of physics, is a fundamental branch 
of knowledge. Chemistry is also closely related to biology, not only because living 
organisms are made of material substances but also because life itself is essentially 
a complicated system of interrelated chemical processes. 

The scope of chemistry is extremely broad. It includes the whole universe and 
everything, animate and inanimate, in it. Chemistry is concerned not only with the 
composition and changes in the composition of matter, but also with the energy 
and energy changes associated with matter. Through chemistry we seek to learn 
and to understand the general principles that govern the behavior of all matter. 
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The field of chemistry is multi-layered and complex as you can 

see from the work of these two men. Right: This chemical 

operator is monitoring the process for production of a new 

medicine for postmenopausal osteoporosis at a plant in 

Northern Ireland. Left: This research chemist is developing a 

manufacturing process for hepatitis A vaccine. 

The chemist, like other scientists, observes nature and attempts to understand 

its secrets: What makes a rose red? Why is sugar sweet? What is occurring when 

iron rusts? Why is carbon monoxide poisonous? Why do people wither with age? 

Problems such as these—some of which have been solved, some of which are still 

to be solved—are part of what we call chemistry. 

A chemist may interpret natural phenomena, devise experiments that will reveal 

the composition and structure of complex substances, study methods for improving 

natural processes, or, sometimes, synthesize substances unknown in nature. Ulti- 

mately, the efforts of successful chemists advance the frontiers of knowledge and 

at the same time contribute to the well-being of humanity. 

The Process of Chemistry 

How does a chemist discover a new compound and study its behavior? How are these 

new substances developed into useful items for our everyday life? A combination of 

hard work, accident, and luck produced “memory metal,” an advanced substance 

now used to make toys, braces for teeth, and to treat problems such as blood clots 

and reattachment of tendons. None of these applications was the target of the search 
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This nitinol filter can trap 

potentially fatal blood clots. 

When cooled below body 

temperature, it is collapsed into 
a straight bundle of wire. Then, 

with minor surgery, it is inserted 

into a large vein where it springs 

back into shape as it reaches 

body temperature. 

for a new material. They all developed from the investigation of the properties of 
memory metal and the creativity of people associated with the work. 

The discovery of “memory metal” began with William J. Buehler, a physical 

metallurgist at the Naval Ordnance Laboratory (NOL) in Maryland. He had the task 

of finding a substance composed of two or more metals that would be suitable for 

the nose cone of the Navy’s underwater missile launchers. Buehler was experiencing 
difficulties at this particular time in his life and so he became particularly immersed 

in his work. He was tireless in his experimenting and eventually eliminated all but 

twelve compounds. He then began measuring impact resistance on them. His test 

was simple but effective: He made a button of the compound to be tested and hit 
it with a hammer. One of the substances, a 50%-50% mixture of nickel and titanium, 

produced a substance with greater impact resistance, elasticity, malleability, and 

resistance to fatigue than the others. Buehler named the substance nitinol, from 
Nickel Titanium Naval Ordnance Laboratory. 

To begin testing, Buehler and his staff varied the percentages of nickel and 

titanium to determine the effect of composition on the properties of the compound. 

They made a series of bars in a furnace and, after cooling them, they smoothed 

them on a shop grinder. Buehler accidentally dropped one of the bars and noticed 

that it made a dull thud—much like that of a bar of lead. This aroused his curiosity 

and he began dropping other bars. To his surprise, he found that the cooled bars 
made a dull sound whereas the warm ones made a bell-like tone. Fascinated, he 

then began reheating and cooling the bars, discovering that the sound changed 

consistently back and forth from dull (cool) to bell-like (warm)—variances that 

indicated a change in the atomic structure of the metal. 

During a project review at NOL, Buehler demonstrated the fatigue resistance 
of nitinol by bending a long strip of wire into accordion folds. He passed it around, 
letting the directors flex it and straighten it. One of them wanted to see what would 
happen when it was heated and held the pleated nitinol over a flame. To everyone’s 
amazement it stretched out into a straight wire. Buehler recognized that this behavior 
related to the different sounds made when nitinol was heated or cooled. 

Buehler recruited Frederick Wang, a crystallographer, to define the “memory” 
properties of the metal. Wang determined the atomic structural changes that give 
nitinol its unique characteristic of memory—changes that involve the rearrangement 
of the position of particles within the solid. Changes between solids and liquids or 
liquids and gases are well known (e.g., boiling water or melting ice), but the same 
sort of changes can occur between two solids. In the case of nitinol, a parent shape 
(the shape to which you want it to return) has to be defined. To fix the parent shape 
of nitinol it must be heated. No changes are apparent, but when it cools, the atoms 
in the solid rearrange into a slightly different structure. Thus, whenever the nitinol 
is heated the atoms rearrange themselves back to the structure necessary to produce 
the parent shape. 

Buehler and Wang then began the process of moving nitinol from the experimen- 
tal world of the laboratory to the commercial world of applications. By the late 
sixties nitinol was being used in pipe couplings in the aircraft industry. 

In 1968, George Andreason, a dentist, began experimenting with nitinol in his 
metal-working shop where he made jewelry as a hobby. He developed a fine wire 
that could be molded to fit a patient’s mouth (parent position), which when cooled 
could be bent to fit the misaligned teeth..When warmed to body temperature, it 
would exert a gentle constant pressure on the teeth. This was a major breakthrough 
in orthodontics, cutting the treatment time in half from that of steel braces. 
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<q William Buehler demonstrating 

the unique properties of nitinol 

at the Naval Ordnance 

Laboratory in 1969. 

Dr. Wang left NOL in 1980 to become a supplier of nitinol to the many and 

varied manufacturers who wanted this exciting new product for such things as 

eyeglass frames, which can take extreme abuse (e.g., bending them, sitting on 

them, or twisting them) and return to their original shape; antiscalding devices for 

showerheads and faucets, which automatically shut off if the water approaches 

120°F; and toys such as blinking movie posters and tail-swishing dinosaurs. 

The uses of nitinol are varied and growing. Today it has many applications in 

the fields of medicine, engineering, and safety; in housewares; and even in the 

lingerie business in underwire brassieres. Nitinol was the first of the “intelligent” 

materials—ones that respond to changes in the environment. 

The Scientific Method 

The nitinol story illustrates how chemists and other scientists work together to solve 

a specific problem. Chemists, metallurgists, physicists, engineers, and a wide variety 

of technicians were involved in the development of nitinol. As scientists conduct 

studies they ask many questions, and their questions often lead in directions that 

are not part of the original problem. The amazing developments from chemistry 

and technology usually result from the use of the scientific method. Although 

complete agreement is lacking on exactly what is meant by “using the scientific 

method,” the general approach is as follows. 



hypothesis 

theory 

scientific laws 
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1. Collect the facts or data that are relevant to the problem or question at 
hand. This is usually done by planned experimentation. In the nitinol story, 

Buehler compared the properties of various substances until he selected 

nitinol. He also investigated the properties of nitinol, including its ability to 

produce different sounds when warm and cool, and its unique ability to 

return to its original shape. Analyze the data to find trends or regularities 
that are pertinent to the problem. 

2. Formulate a hypothesis that will account for the data that have been accumu- 

lated and that can be tested by further experimentation. Wang and Buehler 

investigated the properties and proposed a hypothesis regarding the two 

phases of nitinol. Further tests supported their model. 

3. Plan and do additional experiments to test the hypothesis. The nitinol 

group continued its testing process until the mechanism was well understood. 

4. Modify the hypothesis as necessary so that it is compatible with all the 

pertinent data. 

Confusion sometimes arises regarding the exact meanings of the words hypothe- 

sis, theory, and law. A hypothesis is a tentative explanation of certain facts that 

provides a basis for further experimentation. A well-established hypothesis is often 
called a theory. Thus a theory is an explanation of the general principles of certain 
phenomena with considerable evidence or facts to support it. Hypotheses and theories 
explain natural phenomena whereas scientific laws are simple statements of natural 
phenomena to which no exceptions are known under the given conditions. 

Although these four steps are a broad outline of the general procedure that is 
followed in most scientific work, they are not a recipe for doing chemistry or any 
other science (Figure 1.1). But chemistry is an experimental science, and much of 
its progress has been due to application of the scientific method through system- 
atic research. 

Many theories and laws are studied in chemistry, which make the study of any 
science easier because they summarize particular aspects of that science. Some of 
the theories advanced by great scientists in the past have since been substantially 
altered and modified. Such changes do not mean that the discoveries of the past are 
less significant than those of today. Modification of existing theories in the light of 
new experimental evidence is essential to the growth and evolution of scientific 
knowledge. 

Relationship of Chemistry to Other 
Sciences and Industry 

Besides being a science in its own right, chemistry is the servant of other sciences and 
industry. Chemical principles contribute to the study of physics, biology, agriculture, 
engineering, medicine, space research, oceanography, and many other sciences. 
Chemistry and physics are overlapping sciences, since both are based on the proper- 
ties and behavior of matter. Biological processes are chemical in nature. The metabo- 
lism of food to provide energy to living organisms is a chemical process. Knowledge 
of molecular structure of proteins, hormones, enzymes, and the nucleic acids is 
assisting biologists in their investigations of the composition, development, and 
reproduction of living cells. 



1.5 Relationship of Chemistry to Other Sciences and Industry 7 

<q FIGURE I.1 

The scientific method. 

(analysis) (explanation) 

Chemistry is playing an important role in alleviating the growing shortage of 

food in the world. Agricultural production has been increased with the use of 

chemical fertilizers, pesticides, and improved varieties of seeds. Chemical refriger- 

ants make possible the frozen food industry, which preserves large amounts of food 

that might otherwise spoil. Chemistry is also producing synthetic nutrients, but 

much remains to be done as the world population increases relative to the land 

available for cultivation. Expanding energy needs have brought about difficult envi- 

ronmental problems in the form of air and water pollution. Chemists and other 

scientists are working diligently to alleviate these problems. 
Advances in medicine and chemotherapy, through the development of new 

drugs, have contributed to prolonged life and the relief of human suffering. More 

than 90% of the drugs and pharmaceuticals being used in the United States today 

have been developed commercially within the past 50 years. The plastics and polymer 

industry, unknown 60 years ago, has revolutionized the packaging and textile indus- 

tries and is producing durable and useful construction materials. Energy derived 

from chemical processes is used for heating, lighting, and transportation. Virtually 

every industry is dependent on chemicals—for example, the petroleum, steel, rubber, 

pharmaceutical, electronic, transportation, cosmetic, space, polymer, garment, air- 

craft, and television industries. 

People outside of science usually have the perception that science is an intensely 

logical field. They picture the white-coated chemist going from hypothesis to experi- 

ment and then to laws and theories without error or emotion. Quite often scientific 

discoveries are the result of trial and error. In the nitinol story the memory nature 

of the material was discovered because someone wanted to see what would happen 

if a flame was applied to compressed nitinol. Buehler’s creativity and insight and 

his ability to relate this chance discovery to his experiments enabled him to make 

the connection. This is an excellent example of what is meant by serendipity in Scientists employ the scientific 

science. Buehler was searching for a material to use as a nose cone in missiles, but the method every day in their 

results of his experiments were quite unexpected. He and his coworkers discovered a ator ator y orn 

material that has applications in medicine, engineering, and everyday life. 

The nitinol story also illustrates the fact that scientists do not work alone in 

their laboratories. Buehler, an engineer, was joined by Wang, a crystallographer, 

and many other chemists, engineers, dentists, and physicians in developing the 

applications of nitinol. Each of them had a contribution to make to the body of 



Chemistry in Action 

Discoveries in the world of chemistry are 

for the most part made by people who 

_are applying the scientific method in their — 

work. Occasionally, important discoveries — 

are made by chance, or through serendip- 

ity. But even when serendipity is involved, 

a discovery is more likely to be made by © 

someone with a good knowledge of the 

field. Louis Pasteur summed this up in a _ 

statement made long ago: “Chance favors _ 

the prepared mind.” In chemistry seren- 

dipity often can lead to whole new fields 

and technology. 

The synthetic dye industry aay) in 

1856 when William Perkin, an 18-year- 

old student at the Royal College of Chemis- 

_ tryinLondon, was attempting to synthesize _ 

_ quinine, a drug used to treat malaria. He 

reacted two chemicals, aniline sulfate and 

potassium dichromate, and obtained a 

black paste. Perkin then extracted the 
paste with alcohol. Upon evaporating the 

alcohol, violet crystals appeared that, 

when dissolved in water, made a beautiful 

purple solution. He so enjoyed the color he 
began investigating the solution; he then 

determined the purple color had a strong 

affinity for silk. Perkin had discovered the 
first synthetic aniline dye. Recognizing 

the commercial possibilities, he immedi- 
ately left school and, with his father and 

an older brother, went into the dye manu- 

facturing business. His dye, known as 

mauve, quickly became a success and in- 

spired other research throughout Europe. 

By 1870, cloth could be purchased in more 
and brighter synthetic colors than were 

ever available with natural dyes. 

A second, more recent, account of 

chance events in chemistry also led to a 

multimillion dollar industry (see table). 

In 1965 James Schlatter was researching 

anti-ulcer drugs for the pharmaceutical 

firm G. D. Searle. In the course of his work 

he accidentally ingested a small amount of 

The Discovery of Artificial Sweeteners : 

Sweetener 

1878 — 
1937 
1965 

Saccharin 

his preparation and found, to his surprise, 
it had an extremely sweet taste. (Note: 
Tasting chemicals of any kind in the labo- o 

: ratory is not a safe procedure.) When puri- 

fied, the sweet-tasting substance turned 
out to be aspartame, a molecule consisting 

_of two amino acids joined together. Since _ 

Serendipity in Scien 

‘Date : Discoverer 

I. Remsen and C. Sas 
M. Sveda > 
J: Schlatter 

_ only very small quantities are necessary 

to produce sweetness, it proved to be an — 
excellent low calorie artificial sweetener. 

_ Today, under the trade names of “Equal” 

and “Nutrasweet,” aspartame is one of the 
cornerstones of the artificial sweetener 

aa 

The wide array of beautiful colors seen in this fabric shop come from synthetic 
dyes, which have been available for more we 100 years. : 
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knowledge surrounding the substance nitinol. Chemistry is a field in which teamwork 
and cooperation play a vital role in understanding complex systems. 

Risks and Benefits 

The nitinol story is only one example of the many problems confronting us today 
that rely on science for an answer. Virtually every day we read or hear about stories 
such as: 

developing an AIDS vaccine 

banning the use of herbicides and pesticides 
analyzing DNA to determine genetic disease, biological parents, or to place 
a criminal at the scene of a crime 

removing asbestos from public buildings 

removing lead from drinking water 

the danger of radon in our homes 

* global warming 

the hole in the ozone layer ; : é i DNA analysis is playing an ever- 
* health risks associated with coffee, margarine, saturated fats, and other foods important role in such fields as 

* burning of tropical rain forests and the effect on global ecology genetics, disease control, and 
crime. 

Which of these risks present true danger to us and which pose no great problem? 

All of these problems will be around for many years and new ones will be continually 

added to the list. Wherever we live and whatever our occupation, each of us is 

-exposed to chemicals and chemical hazards every day. The question we must answer 
is: Do the risks outweigh the benefits? 

Risk assessment is a process that brings together professionals from the fields 

of chemistry, biology, toxicology, and statistics in order to determine the risk 

associated with exposure to a certain chemical. Assessment of risk involves deter- 

mining both the probability of exposure and the severity of that exposure. Once 

this is done an estimate can be made of the overall risk. Studies have shown 

how people perceive various risks. The perception of risk depends on some rather 

interesting factors. Voluntary risks, such as smoking or flying, are much more easily 

accepted than involuntary ones, such as herbicides on apples or asbestos in buildings. 

People also often conclude that anything “synthetic” is bad while anything “organic” 

is good. Risk assessment may provide information on the degree of risk but not on 

whether the chemical is “safe.” Safety is a qualitative judgment based on many 

personal factors including beliefs, preferences, benefits, and costs. 

Once a risk has been assessed the next step is to manage it. This involves 

ethics, economics, and equity as well as government and politics. For example, 

some things are perceived as low risk by scientists (such as asbestos in buildings) 

but are classified as high risk by the general public. This inconsistency may result 

in the expenditure of millions of dollars to rid the public of a perceived threat that 

is much lower than they believe. 

Risk management involves value judgments that integrate social, economic, 

and political issues. These risks must be weighed against the benefits of new technol- 
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Asbestos, once a widely used 

building material, was banned by 
the EPA in 1986 because of its 

health hazards. Today, the 

removal of asbestos from our 

homes and our public buildings 

has become a big concern. > 

These terms can also be found in 

the Glossary. 
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ogy and products in order to make the decisions required at home, in our local 
communities, and around the world. We use both risk assessment and risk manage-~ 

ment to decide whether to buy a certain product (such as a pesticide), take a certain 

drug (such as a pain reliever), or eat certain foods (such as hot dogs). We must 

realize that all risks can never be eliminated. Our goal is to minimize unnecessary 
risks and to make responsible decisions regarding the risks in our lives and our envi- 

ronment. 
The theories and models used in risk assessment are based on concepts learned 

in chemistry—they are based on assumptions and therefore contain uncertainties. 
By improving your understanding of the concepts of chemistry you will be better able 

to understand the capabilities and limitations of science. You can then intelligently 

question the process of risk assessment and make decisions that will lead to a better 

understanding of our world and our responsibilities to each other. 

Terms 

The terms listed here have all been defined within the chapter. The section number is 

given for each term. 

chemistry (1.2) scientific laws (1.4) 

hypothesis (1.4) theory (1.4) 
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Measuring instruments come in 

various shapes and sizes, all 

necessary to allow components 

to fit together, and permit us to 

quantify our world. 

Doing an experiment in chemistry is very much like cooking a meal in the kitchen. 

It is important to know the ingredients and the amounts of each in order to have a 

tasty product. Working on your car requires specific tools, in exact sizes. Buying 

new carpeting or draperies is an exercise in precise and accurate measurement for 

a good fit. A small difference in the concentration or amount of medication a 

pharmacist gives you may have significant effects on your well-being. In all of 

these cases, the ability to measure accurately and a strong foundation in the language 

and use of numbers provide the basis for success. In chemistry, we begin by 

learning the metric system and the proper units for measuring mass, length, volume, 

and temperature. 

Mass and Weight 

Chemistry is an experimental science. The results of experiments are usually deter- 

mined by making measurements. In elementary experiments the quantities that are 

commonly measured are mass, length, volume, pressure, temperature, and time. 

Measurements of electrical and optical quantities may also be needed in more 

sophisticated experimental work. 
Although mass and weight are often used interchangeably, the two words have 

quite different meanings. The mass of a body is defined as the amount of matter 

in that body. The mass of an object is a fixed and unvarying quantity that is 

independent of the object’s location. The mass of an object can be measured on a 

balance by comparison with other known masses. 

An everyday example of a balance is a child’s seesaw, shown in Figure 2.1. 

If children of equal mass sit on opposite ends the seesaw balances (2.1a). If one 

child is heavier than the other the seesaw sinks on the side holding the heavier child 

(2.1b). To bring the seesaw back into balance additional mass must be added to the 

side holding the lighter child (2.1c). Another common example of a balance is 

shown in Figure 2.2. These balances were used by assayers during the gold rush 

to determine the mass of gold brought in by the prospectors. The gold was placed 

on one pan of the balance and known masses on the other side until the pans were 
level with each other. (Several modern balances are shown in Figure 2.5, page 28.) 

The weight of a body is the measure of the earth’s gravitational attraction for 

that body. Weight is measured on a device called a scale, which measures force 

against a spring. Unlike mass, weight varies in relation to the position of an object 

on earth or its distance from the earth. 

Consider an astronaut of mass 70.0 kilograms (154 pounds) who is being shot 

into orbit. At the instant before blast-off the weight of the astronaut is also 70.0 

kilograms. As the distance from the earth increases and the rocket turns into an 

orbiting course, the gravitational pull on the astronaut’s body decreases until a state 

of weightlessness (zero weight) is attained. However, the mass of the astronaut’s 

body has remained constant at 70.0 kilograms during the entire event. 



2.2 Measurement and Significant Figures 13 

<q FIGURE 2.1 

We experience our first lessons 

in balancing from playing on a 

seesaw. 

(c) 

Measurement and Significant Figures 

To understand certain aspects of chemistry it is necessary to set up and solve 

problems. Problem solving requires an understanding of the elementary mathematical 

operations used to manipulate numbers. Numerical values or data are obtained from 

measurements made in an experiment. A chemist may use these data to calculate 

the extent of the physical and chemical changes occurring in the substances that 

are being studied. By appropriate calculations the results of an experiment can be 

compared with those of other experiments and summarized in ways that are mean- 

ingful. 
The result of a measurement is expressed by a numerical value together with 

a unit of that measurement. For example, 

bw numerical value a, 

70.0 kilograms = 154 pounds 

I i sah 

Numbers obtained from a measurement are never exact values. They always FIGURE 2.2 

have some degree of uncertainty due to the limitations of the measuring instrument _An assayer’s balance is used for 

and the skill of the individual making the measurement. The numerical value recorded __ weighing gold. 
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Floating some 130 nautical miles 

above the earth, this astronaut 

has attained weightlessness even 

though the mass of his body 

remains constant. p> 

significant figures 
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for a measurement should give some indication of its reliability (precision). To 

express maximum precision this number should contain all the digits that are known 

plus one digit that is estimated. This last estimated digit introduces some uncertainty. 

Because of this uncertainty every number that expresses a measurement can have 

only a limited number‘of digits. These digits, used to express a measured quantity, 

are known as significant figures, or significant digits. 

Suppose we measure temperature on a thermometer calibrated in degrees and 

observe that the mercury stops between 21 and 22 (see Figure 2.3a). We then know 

that the temperature is at least 21 degrees and is less than 22 degrees. To express 

the temperature with greater precision, we estimate that the mercury is about two- 

tenths the distance between 21 and 22. The temperature is, therefore, 21.2 degrees. 

The last digit (2) has some uncertainty because it is an estimated value. The recorded 

temperature, 21.2 degrees, is said to have three significant figures. If the mercury 

stopped exactly on the 22 (Figure 2.3b), the temperature would be recorded as 22.0 

degrees. The zero is used to indicate that the temperature was estimated to a 

precision of one-tenth degree. Finally, look at Figure 2.3c. On this thermometer, 

the temperature is recorded as 22.11°C (four significant figures). Since the thermome- 

ter is calibrated to tenths of a degree, the first estimated digit is the hundredths. 

Some numbers are exact and have an infinite number of significant figures. 

Exact numbers occur in simple counting operations; when you count 25 dollars, 

you have exactly 25 dollars. Defined numbers, such as 12 inches in 1| foot, 60 

minutes in 1 hour, and 100 centimeters in 1 meter, are also considered to be exact 

numbers. Exact numbers have no uncertainty. 

Evaluating Zero 

In any measurement all nonzero numbers are significant. However, zeros may or 

may not be significant depending on their position in the number. Here are some 
rules for determining when zero is significant. 

1. Zeros between nonzero digits are significant: 

205 has three significant figures 
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<q FIGURE 2.3 
Measuring temperature with 
various degrees of precision. 

2.05 has three significant figures Rules for significant figures 
61.09 has four significant figures should be memorized for use 

2. Zeros that precede the first nonzero digit are not significant. These zeros are throughout the text. 
used to locate a decimal point: 
0.0025 has two significant figures (2, 5) 

0.0108 has three significant figures (1, 0, 8) 

3. Zeros at the end of a number that include a decimal point are significant: 
0.500 has three significant figures (5, 0, 0) 

. 25.160 has five significant figures 
3.00 has three significant figures 

20. has two significant figures 

4. Zeros at the end of a number without a decimal point are not considered 

significant: 

1000 has one significant figure 
590 has two significant figures 

One way of indicating that these zeros are significant is to write the number 

using a decimal point and a power of 10. Thus, if the value 1000 has been 

determined to four significant figures, it is written as 1.000 X 10°. If 590 

has only two significant figures, it is written as 5.9 X 107. 

Answers to Practice 

Exercises are found at the 

end of each chapter. 
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rounding off numbers 

Not all schools use the same 

rules for rounding. Check 

with your instructor for 

variations in these rules. 

Rounding Off Numbers 

In calculations we often obtain answers that have more digits than we are justified 

in using. It is necessary, therefore, to drop the nonsignificant digits in order to 

express the answer with the proper number of significant figures. When digits are 

dropped from a number, the value of the last digit retained is determined by a 

process known as rounding off numbers. Two rules will be used in this book for 

rounding off numbers: 

Rule 1 When the first digit after those you want to retain is 4 or less, that digit 

and all others to its right are dropped. The last digit retained is not 

changed. The following examples are rounded off to four digits: 

74.693 = 74.69 1.00629 = 1.006 

a This digit is dropped. Me These two digits are dropped. 

Rule 2 When the first digit after those you want to retain is 5 or greater, that 

digit and all others to the right are dropped and the last digit retained 

is increased by one. These examples are rounded off to four digits: 

1.026868 = 1.027 18.02500 = 18.03 

Kei These three digits are dropped. Nn These three digits are dropped. 

This digit is changed to 7. This digit is changed to 3. 

12.899 2.90 

on digit is dropped. 

These two digits are changed to 90. 

rs to the a of aa a indicated: 
ts). (@d) 0. 08965 (two digits) 

te) 225: 3 (three digits) 
‘s ) 2 14. 150 - fet) 

Scientific Notation of Numbers 

The age of the earth has been estimated to be about 4,500,000,000 (4.5 billion) 

years. Because this is an estimated value, say to the nearest 0.1 billion years, we 

are justified in using only two significant figures to express it. Thus, we write it, 
using a power of 10, as 4.5 X 10° years 
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Very large and very small numbers are often used in chemistry and can be 
simplified and conveniently written using a power of 10. Writing a number as a 
power of 10 is called scientific notation. scientific notation 

To write a number in scientific notation, move the decimal point in the original 

number so that it is located after the first nonzero digit. This new number is multiplied 

by 10 raised to the proper power (exponent). The power of 10 is equal to the number 

of places that the decimal point has been moved. If the decimal is moved to the 

left, the power of 10 will be a positive number. If the decimal is moved to the right, 

the power of 10 will be a negative number. 

The scientific notation of a number is the number written as a factor between 

1 and 10 multiplied by 10 raised to a power. For example, Examples show you problem- 
solving techniques in a step- 

2468 = 2.468 x 10° by-step form. Study each one 

number scientific notation and then try the Practice 
of the number Exercises. 

Write 5283 in scientific notation. Example 2.1 

5283. Place the decimal between the 5 and the 2. Since the decimal was moved Solution 

3 three places to the left the power of 10 will be 3, and the number 5.283 is 

multiplied by 10°. 

5083 rh 

Write 4,500,000,000 in scientific notation (two significant figures). Example 2.2 

4500 000 000. Place the decimal between the 4 and the 5. Since the decimal was Solution 

9 moved nine places to the left the power of 10 will be 9, and the 

number 4.5 is multiplied by 107. 

A Sexe i 

Write 0.000123 in scientific notation. Example 2.3 

0.000123 Place the decimal between the | and the 2. Since the decimal was moved Solution 

4 four places to the right the power of 10 will be —4, and the number 

1.23 is multiplied by 1074. 

123 5C10 4 

, Write the following numbers in scientific notation: 

- (a) 1200 (four digits) (©) 0.0468 © 
_ (b) 6,600,000 (two digits) — (d) 0.00003 



Left: Distances between the 

moon and stars are often so 
great they must be expressed in 

scientific notation. Right: These 

Chlamydia bacteria are so small, 
on the other hand, they need 

great magnification in order to 

be seen (18,000X). 

Use your calculator to check 

your work in the examples. 

Compare your results to be 

sure you understand the 

mathematics. 

Example 2.4 

Solution 

———— 

438.38 

Significant Figures in Calculations 

The results of a calculation based on measurements cannot be more precise than 

the least precise measurement. 

Multiplication or Division 

In calculations involving multiplication or division, the answer must contain the 

same number of significant figures as in the measurement that has the least number 

of significant figures. Consider the following examples: 

190.6 X 2.3 = 438.38 

The value 438.38 was obtained with a calculator. The answer should have two 

significant figures, because 2.3, the number with the fewest significant figures, has 
only two significant figures. 

Round off this digit to 4. 

Drop these three digits. 

Move the decimal 2 places to the left to express in scientific notation. 

The correct answer is 440 or 4.4 x 107. 

Example 2.5 

Solution 

13 39°X 63 

12 
The value 7.13475 was obtained with a calculator. The answer should contain two 
significant figures because 6.3 and 12 have only two significant figures. 
{ Drop these four digits. 

Eee 

7.13475 

te. 
The correct answer is 7.1. 

= 7.13475 

~— This digit remains the same. 
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Practice 2.4 

154m. X25 in, = ? 

Practice 2.5 

213 miles. 

4.20 hours _ 

Practice 2.6 

22 7B, 
1602 

Addition or Subtraction 

The results of an addition or a subtraction must be expressed to the same precision 

as the least precise measurement. This means the result must be rounded to the 

same number of decimal places as the value with the fewest decimal places. 

Add 125.17, 129, and 52.2. Example 2.6 

only, Solution 

129. 

529 

306.37 (306) 

The number with the least precision is 129. Therefore the answer is rounded off to 

the nearest unit: 306. 

Subtract 14.1 from 132.56. Example 2.7 

132.56 Solution 

alae 
118.46 (118.5) 

14.1 is the number with the least precision. Therefore, the answer is rounded off 

to the nearest tenth: 118.5. 

Subtract 120 from 1587. Example 2.8 

1587 Solution 

2) 
1467 (1.47 x 10°) 

120 is the number with least precision. The zero is not considered significant; 

therefore, the answer must be rounded to the nearest ten: 1470 or 1.47 X 10°. 
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Example 2.9 

Solution 

Example 2.10 

Solution 

If you need to brush up on 

your math skills refer to the 

“Mathematical Review” in 

Appendix I. 

metric system or Sl 

Add 5672 and 0.00063. 

5672 
+ 0.00063 
5672.00063 (5672) 

The number with least precision is 5672. Therefore, the answer is rounded off to 

the nearest unit: 5672. 

1.0395" 1.020 

1.039 

The value 0.018286814 was obtained with a calculator. When the subtraction in the 

numerator is done, 

1.039 — 1.020 = 0.019 

= 0.018286814 

the number of significant figures changes from four to two. Therefore, the answer 

should contain two significant figures after the division is carried out: 

yy Drop these six digits. 
Ficsscvcaneteell: 

0.018286814 

This digit remains the same. 

The correct answer is 0.018, or 1.8 X 1077. 

Practice 2.7 

How many significant figures should the answer contain in each of these calcu- 
lations? 

(a) 14.0 x 5.2 (e) 119.1 — 3.44 

(b) 0.1682 X 82 (f) a 

(c) ms (g) 1200 + 6.34 
(2). 82 4+ 04125 (h) 1.6 + 23° = 0.005 

Additional material on mathematical operations is given in Appendix I, “Mathe- 
matical Review.” Study any portions that are not familiar to you. You may need to 
do this at various times during the course when additional knowledge of mathematical 
operations arises. 

The Metric System 

The metric system, or International System (SI, from Systéme International), is 
a decimal system of units for measurements of mass, length, time, and other physical 
quantities. It is built around a set of standard units and uses factors of 10 to express 



TABLE 2.1 Prefixes and Numerical Values for SI Units* 

Power of 10 

equivalent Prefix Symbol Numerical value 

1,000,000,000,000,000,000 
1,000,000,000,000,000 
1,000,000,000,000 
1,000,000,000 
1,000,000 
1,000 
100 
10 
1 
0.1 
0.01 
0.001 
0.000001 
0.000000001 
0.000000000001 - 
0.000000000000001 
0.000000000000000001 

exa 
peta 
tera 

‘giga 
mega 
kilo 

hecto 
deka 

deci 

centi 
milli 
micro 

nano 
pico 
femto 
atto PmuUBE ROA] arr ZOnUM 

* The more commonly used prefixes are in color. 

larger or smaller numbers of these units. To express quantities that are larger or 

smaller than the standard units, prefixes are added to the names of the units. These 

prefixes represent multiples of 10, making the metric system a decimal system of 

measurements. Table 2.1 shows the names, symbols, and numerical values of the 

prefixes. Some examples of the more commonly used prefixes are: 

1000 meters 

1000 grams 

0.001 meter 

0.000001 second 

1 kilometer = 

1 kilogram 

1 millimeter 

1 microsecond = 

I 

The seven standard units in the International System, their abbreviations, and 

the quantities they measure are given in Table 2.2. Other units are derived from 

these units. 

The metric system, or International System, is currently used by most of the 

countries in the world, not only in scientific and technical work but also in commerce 

and industry. 

TABLE 2.2 International System’s Standard Units of Measurement 

Quantity 

Length 
Mass 

Name of unit Abbreviation 

meter 
kilogram 
kelvin 
second 
mole 
ampere 
candela 

Se Tr eT NE oad ie 

kg 
Temperature 
Time 
Amount of substance 
Electric current 
Luminous intensity 

2.6 The Metric System 21 

Was 72 
aca 

Most products today list both 

systems of measurement on 

their labels. 

2 
ms) 
2 
ae 

3 

hs 

j 

VMN NAA MSM TN 
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meter (m) 

FIGURE 2.4 p> 

Comparison of the metric and 

American systems of length 

measurement: 2.54 cm = | in. 

Pee eee m ewe wees ener esses eseseeseseeeseee 

Measurement of Length 

Standards for the measurement of length have an interesting history. The Old 

Testament mentions such units as the cubit (the distance from a man’s elbow to 

the tip of his outstretched hand). In ancient Scotland the inch was once defined as 

a distance equal to the width of a man’s thumb. 

Reference standards of measurements have undergone continuous improvements 

in precision. The standard unit of length in the metric system is the meter. When 
the metric system was first introduced in the 1790s, the meter was defined as one 

ten-millionth of the distance from the equator to the North Pole, measured along 
the meridian passing through Dunkirk, France. In 1889 the meter was redefined as 
the distance between two engraved lines on a platinum-iridium alloy bar maintained 

at 0° Celsius. This international meter bar is stored in a vault at Sévres near Paris. 
Duplicate meter bars have been made and are used as standards by many nations. 

By the 1950s length could be measured with such precision that a new standard 

was needed. Accordingly, the length of the meter was redefined in 1960 and again 
in 1983. The latest definition is: A meter is the distance that light travels in a vacuum 
during 1/299,792,458 of a second. 

A meter is 39.37 inches, a little longer than 1 yard. One meter contains 10 
decimeters, 100 centimeters, or 1000 millimeters (see Figure 2.4). A kilometer 

contains 1000 meters. Table 2.3 shows the relationships of these units. 

| ‘TABLE 2.3 Metric Units of Length 

_Unit___ Abbreviation —_—_—Meter equivalent = =—=—_equivalent — 
Kilometer kn 1000m - 10? m 
meter na ino | 10° m 
decimeter dm 0lm | 10 * im 

cCenlimeter = cm — O0lm 10° m 
millimeter mm 0.001 m 3 10-? m 
micrometer _ pn 0.000001 m 10-° m 
manometer MC ( ;:s:Cti“‘C ‘é‘;‘;C;OOOOOUOONI 10° 
Songsuom A 00000000 ns 10 om 

1 in. Inches 

25.4 mm Centimeters 
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' The nanometer (10~° m) is used extensively in expressing the wavelength of See inside back cover for a 

light as well as in atomic dimensions. See inside back cover for a complete table — table of conversion. 

of common conversions. Other important relationships are: 

1m = 100cm = 1000 mm = 10° pm = 10!°A 

10 mm = 0.01 m 

lin. = 2.54cm 

1 mile = 1.609 km 

lcm 

Problem Solving 

Many chemical principles are illustrated by mathematical concepts. Learning how 

to set up and solve numerical problems in a systematic fashion is essential in the 

study of chemistry. This skill, once acquired, is also very useful in other study 

areas. A calculator will save you much time in computation. 

Usually a problem can be solved by several methods. But in all methods it is 

best, especially for beginners, to use a systematic, orderly approach. The dimensional 

analysis, or factor-label, method is stressed in this book because 

1. It provides a systematic, straightforward way to set up problems. 

2. It gives a clear understanding of the principles involved. 

3. It trains you to organize and evaluate data. 
4. It helps to identify errors because unwanted units are not eliminated if the 

setup of the probiem is incorrect. 

The basic steps for solving problems are Steps for solving problems 
are highlighted in color for 

1. Read the problem very carefully to determine what is to be solved for, and sg. y references 

write it down. 

2. Tabulate the data given in the problem. Even in tabulating data it is important 

to label all factors and measurements with the proper units. 

3. Determine which principles are involved and which unit relationships are 

needed to solve the problem. Sometimes it is necessary to refer to tables 

for needed data. 

4." Set up the problem in a neat, organized, and logical fashion, making sure 

that unwanted units cancel. Use sample problems in the text as guides for 

making setups. 

5. Proceed with the necessary mathematical operations. Make certain that the 

answer contains the proper number of significant figures. 

6. Check the answer to see if it is reasonable. 

Just a few more words about problem solving. Don’t allow any formal method 

of problem solving to limit your use of common sense and intuition. If a problem 

is clear to you and its solution seems simpler by another method, by all means use 

it. But in the long run you should be able to solve many otherwise difficult problems 

by using the dimensional analysis method. 

The dimensional analysis method of problem solving converts one unit to 

another unit by the use of conversion factors. 
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Important equations are 

boxed or highlighted in color. 

If you want to know how many millimeters are in 2.5 meters, you need to convert 

meters (m) to millimeters (mm). Therefore, you start by writing 

m X conversion factor = mm 

This conversion factor must accomplish two things. It must cancel (or eliminate) 

meters, and it must introduce millimeters—the unit wanted in the answer. Such a 

conversion factor will be in fractional form and have meters in the denominator 

and millimeters in the numerator: 

eh 
mt 

We know that 1 m = 1000 mm. From this relationship we can write two conversion 

factors—1 m per 1000 mm and 1000 mm per | m: 

1m ae 1000 mm 

1000 mm 1m 

Using the conversion factor 1000 mm/1 m, we can set up the calculation for the 

conversion of 2.5 m to millimeters, 

1000 mm 
2 ai OX 

1 wt 
= 2500 mm or 2.5 X 10?mm 

(two significant figures) 

Note that, in making this calculation, units are treated as numbers; meters in the 

numerator are canceled by meters in the denominator. . 

Now suppose you. need to change 215 centimeters to meters. We start with 

cm X conversion factor = m 

The conversion factor must have centimeters in the denominator and meters in 

the numerator: 

i in 
cm 

From the relationship 100 cm = 1 m, we can write a factor that will accomplish 

this conversion: 

lm 

100 cm 

Now set up the calculation using all the data given. 

DMI) 21 oan 

100cm 100 
215 cm X = 2.15m 

Some problems may require a series of conversions to reach the correct units 
in the answer. For example, suppose we want to know the number of seconds in 1 
day. We need to go from the unit of days to seconds in this manner: 
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day — hours + minutes > seconds Units are emphasized in 

problems by using color and 

flow diagrams to help 

visualize the steps in the 

This series requires three conversion factors, one for each step. We convert days 

to hours (hr), hours to minutes (min), and minutes to seconds (s). The conversions 

can be done individually or in a continuous sequence: process. 

hr min s 
day X —— > hf X —— > mini X —-— =s 

day ht min 

hf min Ss 
xX — X — X — = 

gay day bf min 

Inserting the proper factors we calculate the number of seconds in | day to be 

24hf 60mm _ 60s 
Gy ee 

1 day 1 ht ain 
= 86,400. s 

All five digits in 86,400 are significant, since all the factors in the calculation are 

exact numbers. 
The dimensional analysis, or factor-label, method used in the preceding work 

shows how unit conversion factors are derived and used in calculations. After you 

become more proficient with the terms, you can save steps by writing the factors 

directly in the calculation. The problems that follow give examples of the conversion 

from American to metric units. 

ent me en SNA) RONAN EIEN ASE 

How many centimeters are in 2.00 ft? _ Example 2.11 

The stepwise conversion of units from feet to centimeters may be done in this Solution 

manner. Convert feet to inches; then convert inches to centimeters: 

‘ft > in. > cm 

The conversion factors needed are 

12 in. Mes 254 cm 

eet 1 in. 

12 in. 

1 ft 

2.54 cm 

1 um 

2.00 ft x = 24.0 in. 

24.0 i X = 61.0cm 

Since 1 ft and 12 in. are exact numbers, the number of significant figures allowed 

in the answer is three, based on the number 2.00. 

come 

How many meters are in a 100.-yd football field? Example 2.12 

The stepwise conversion of units from yards to meters may be done in this manner, Solution 

using the proper conversion factors: 
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yd > ft > in. > cm>m 

31 
100. yd Xx Lyd = 300. ft (3 ft/yd) 

300. f€ X (eit = 3600 in. (12 in./ft) 

3600 inex >= 9144cm (2.54 em/in) 
lu 

9144 cm x ‘00 = 914m (1m/100 cm) (three significant figures) 

SORCERY Ey NR ER FSH HOME NS NPR 

Examples 2.11 and 2.12 may be solved using a linear expression and writing 
down conversion factors in succession. This method often saves one or two calcula- 
tion steps and allows numerical values to be reduced to simpler terms, leading to 
simpler calculations. The single linear expressions for Examples 2.11 and 2.12 are 

Win 2.54 cm 

1K lux 

3H yy Wim 254 cnt lm 

1 yd 1 & lix 100 cm 

2.00 ff X =1610lem 

= 91.4m 100. yd x 

Using the units alone (Example 2.12), we see that the stepwise cancellation proceeds 
in succession until the desired unit is reached. 

He a ei, ait 
X= x= xSxSs= i eng Or ea 

ALANA ASE ES ra bance 

Example 2.13 How many cubic centimeters (cm?) are in a box that measures 2.20 in. by 4.00 in. 
by 6.00 in.? 

Solution First we need to determine the volume of the box in cubic inches (in.>) by multiplying 
the length times the width times the height: 

2.20 in. X 4.00 in. X 6.00 in. = 52.8 in? 

Now we need to convert in.? to cm*, which can be done by using the inches and 
centimeters relationship three times: 

cm cm cm 
in xX — x 

E 2.54cem 2.54cm 2.54cem 52.8 in? Xx x = 3 1 ine Lan’ a agli ae 



2.9 Measurement of Mass 27 

A driver of a car is obeying the speed limit of 55 miles per hour. How fast is it 

traveling in kilometers per second? 

Two conversions are needed to solve this problem: 

mi > km 

hr > min> 5s 

To convert mi > km, 

55 mi 1.609 km _ 9. km 
hr it ee 

Next we must convert hr > min —> s. Notice that hours is in the denominator of 

our quantity, so the conversion factor must have hours in the numerator: 

88 km 1 hf 1 min km 
= —— =| a 

paca ores 

Practice 2.9 

How many cubic meters are in a room measuring 8 ft x 10 ft X 12 ft? 

Measurement of Mass 

The gram is used as a unit of mass measurement, but it is a tiny amount of mass; 

for instance, a nickel has a mass of about 5 grams. Therefore the standard unit of 

mass in the SI system is the kilogram (equal to 1000 g). The amount of mass in 

a kilogram is defined by international agreement as exactly equal to the mass of a 

platinum—iridium cylinder (international prototype kilogram) kept in a vault at 

Sévres, France. Comparing this unit of mass to 1 Ib (16 oz), we find that 1 kg is 

equal to 2.205 lb. A pound is equal to 453.6 g (0.4536 kg). The same prefixes used 

in length measurement are used to indicate larger and smaller gram units (see 

Table 2.4). 

‘TABLE 2.4 Metric Units of Mass 
ink [ Abbreviation — 

ke 

-decigram: ce . a oe Oe ‘Wee 

centigram Su ao COL ge. 10 ; g 

on i a ti“‘“(‘<‘C(C‘C;C;#(WCR 
g micros = R 0.000001 g 107° 

Example 2.14 

Solution 

kilogram 
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FIGURE 2.5 > 

(a) A quadruple beam balance 

with a precision of 0.01 g; (b) a 

single pan, top-loading balance 

with a precision of 0.001 g 

(1 mg); (c) a digital electronic 

analytical balance with a 

precision of 0.0001 g; and (d) a 

digital electronic balance with a 
precision of 0.001 g. 

(b) 

(c) (d) 

A balance is used to measure mass. Some balances will determine the mass of 
objects to the nearest microgram. The choice of balance depends on the precision 
required and the amount of material. Several balances are shown in Figure 2.5. 

It is convenient to remember that 

1 g = 1000 mg 

lkg = 1000g __ 
I kg = 2.205 lb 
1 lb = 453.6 g 

To change grams to milligrams, multiply grams by the conversion factor 
1000 mg/g. The setup for converting 25 g to milligrams is 

1000 mg 258 x = 25,000mg = (2.5 X 10* mg) 
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ae that multiplying a number by 1000 is the same as multiplying the number 

by 10° and can be done simply by moving the decimal point three places to the right: 

6.428 xX 1000 = 6428 (6.428) 

To change milligrams to grams, multiply milligrams by the conversion factor 1 g/ 

1000 mg. For example, to convert 155 mg to grams: 

lg 5 x —S—_ = mg 1000 0.155 g 

Mass conversions from American to metric units are shown in Examples 2.15 

and 2.16. 

A 1.50-lb package of baking soda costs 80 cents. How many grams of this substance 

are in this package? 

We are solving for the number of grams equivalent to 1.50 Ib. Since 1 lb = 453.6 g, 

the factor to convert pounds to grams is 453.6 g/Ib: 

1.50 lb x ———® = 680. 0 ee 

Note: The cost of the baking soda has no bearing on the question asked in this 

problem. 

Suppose four ostrich feathers weigh 1.00 lb. Assuming that each feather is equal 

in mass, how many milligrams does a single feather weigh? 

The unit conversion in this problem is from 1 1b/4 feathers to milligrams per feather. 

Since the unit feathers occurs in the denominator of both the starting unit and the 

desired unit, the unit conversions needed are 

lb > g > mg 

1.00 lb 453.6 g g 1000 mg _ 113,400 

4 feathers 1b lg 1 feather 
(alse 10° mg/feather) 

Practice 2.10 

You are traveling in Europe and wake up one morning to find your mass is 

75.0 kg. Determine the American equivalent to see whether you need to go 

on a diet before you return home. 

Practice 2.11 

A tennis ball has a mass of 65 g. Determine the American equivalent in pounds. 

Example 2.15 

Solution 

Example 2.16 

Solution 
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FIGURE 2.6 p> 
Calibrated glassware for 

measuring the volume of liquids. 

volume 

liter 

Example 2.17 

Solution 

eee eee eee eee eee eee eee ey 

Pipet Syringe Graduated Volumetric 

cylinder flask 

Measurement of Volume 

Volume, as used here, is the amount of space occupied by matter. The SI unit of 
volume is the cubic meter (m*). However, the liter (pronounced leeter and abbrevi- 
ated L) and the milliliter (abbreviated mL) are the standard units of volume used 
in most chemical laboratories. A liter is usually defined as 1 cubic decimeter 
(1 kg) of water at 4°C. 

The most common instruments or equipment for measuring liquids are the 
graduated cylinder, volumetric flask, buret, pipet, and syringe, which are illustrated in 
Figure 2.6. These pieces are usually made of glass and are available in various sizes. 

It is convenient to remember that 

1L = 1000 mL = 1000 cm? 
1 mL = 1 cm? 
tL = 91.057 at 
946.1 mL = 1 qt 

The volume of a cubic or rectangular container can be determined by multiplying 
its length X width Xx height. Thus a 10-cm-square box has a volume of 
10cm X 10cm X 10cm = 1000 cm’. Let’s try some examples. 

How many milliliters are contained in 3.5 liters? 

The conversion factor to change liters to milliliters is 1000 mL/L: 

1000 mL 
3.5L x = 3500 mL (3.5 X 10° mL) 

Liters may be changed to milliliters by moving the decimal point three places to 
the right and changing the units to milliliters: 

1.500 L = 1500. mL 
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How many cubic centimeters are in a cube that is 11.1 inches on a side? Example 2.18 

First change inches to centimeters. The conversion factor is 2.54 cm/in.: Solution 

2.54 cm 
11.1 ec xX —— = 28.2 i lin cm on a side 

Then change to cubic volume (length X width x height): 

28.2 cm X 28.2 cm X 28.2 cm = 22,426cm*> = (2.24 X _10* cm’) 

Pedic 2.12. 2 - ee When doing problems with 

Doman e aes ce multiple steps you should 

A bottle of excellent chianti t holds 7 mL. Determi e the vo round only at the end of the 

ae See problem. We are rounding at 

| Practice 213 _ : : the end of each step in exam- 
ple problems to illustrate the 

proper significant figures. 

Measurement of Temperature 

Heat is a form of energy associated with the motion of small particles of matter. heat 

The term heat refers to the quantity of energy within a system or to a quantity of 

energy added to or taken away from a system. System as used here simply refers 

to the entity that is being heated or cooled. Depending on the amount of heat energy 

present, a given system is said to be hot or cold. Temperature is a measure of the —_ temperature 

intensity of heat, or how hot a system is, regardless of its size. Heat always flows 

from a region of higher temperature to one of lower temperature. The SI unit 

of temperature is the kelvin. The common laboratory instrument for measuring 

temperature is a thermometer (see Figure 2.7). 

The temperature of a system can be expressed by several different scales. Three 

commonly used temperature scales are the Celsius scale (pronounced sell-see-us), 

the Kelvin (absolute) scale, and the Fahrenheit scale. The unit of temperature on 

the Celsius and Fahrenheit scales is called a degree, but the size of the Celsius and 

the Being degree is not the same. The symbol for the Celsius and Fahrenheit 

degrees is °, and it is placed as a superscript after the number and before the symbol 

for the anes Thus, 100°C means 100 degrees Celsius. The degree sign is not used 

with Kelvin temperatures. 

degrees Celsius = °C 
Kelvin (absolute) = 

degrees Fahrenheit = °F 

On the Celsius scale the interval between the freezing and boiling temperatures 

of water is divided into 100 equal parts, or degrees. The freezing point of water is 
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FIGURE 2.7 » 

Comparison of Celsius, Kelvin, 

and Fahrenheit temperature 
scales. 

180 _ 
100 

a Ses Boiling point 

of water 

180 

Freezing point 

of water 

Fahrenheit Celsius Kelvin 

assigned a temperature of 0°C and the boiling point of water a temperature of 100°C. 
The Kelvin temperature scale is known as the absolute temperature scale, because 
0 K is the lowest temperature theoretically attainable. The Kelvin zero is 273.15 
degrees below the Celsius zero. (A kelvin is equal in size to a Celsius degree.) The 
freezing point of water on the Kelvin scale is 273.15 K. The Fahrenheit scale has 
180 degrees between the freezing and boiling temperatures of water. On this scale 
the freezing point of water is 32°F and the boiling point is 212°F. 

Of Crs2t2 139K 32332 °R 

The three scales are compared in Figure 2.7. Although absolute zero (0 K) is 
the lower limit of temperature on these scales, temperature has no upper limit. 
(Temperatures of several million degrees are known to exist in the sun and in 
other stars.) 

By examining Figure 2.7 we can see that there are 100 Celsius degrees and 
100 kelvins between the freezing and boiling points of water, but there are 180 
Fahrenheit degrees between these two temperatures. Hence, the size of a degree on 
the Celsius scale is the same as the size of 1 kelvin, but 1 Celsius degree corresponds 
to 1.8 degrees on the Fahrenheit scale. 

From these data, mathematical formulas have been derived to convert a tempera- 
ture on one scale to the corresponding temperature on another scale: 

K = °C + 273.15 (1) 
Hee (Lees oO), waa) (2) 

er Pa132 
ise ¥> aaa (3) 
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The temperature at which table salt (sodium chloride) melts is 800.°C. What is this Example 2.19 

temperature on the Kelvin and Fahrenheit scales? 

We need to calculate K from °C, so we use formula (1). We also need to calculate Solution 

°F from °C; for this calculation we use formula (2). 

Ree, Cts 5.15 

K = 800.°C + 273.15 = 1073 K 

Batt ee Cyt 32 

°F = (1.8 X 800.°C) + 32; 

°F = 1440 + 32 = 1472°F 

800.°C = 1073 K = 1472°F 

Remember, since the original measurement of 800.°C was to the units’ place, the 

converted temperature is also to the units’ place. 

The temperature for December 1 in Honolulu, Hawaii, was 110.°F, a new record. Example 2.20 

Convert this temperature to °C. 

Formula (3) applies here. Solution 

eee Se 

ae 

eel One 322918 | ae 

eee S18 hk 

What temperature on the Fahrenheit scale corresponds to —8.0°C? (Notice the Example 2.21 

minus sign in this problem.) 

epi (Sie ~C) 4-32 Solution 

°F = [1.8 X (—8.0)] + 32 = —144 + 32 ; 

°F =-17.6°F 

Since the original measurement is to the tenth the converted temperature is also to 

the tenth. 

Temperatures used throughout this book are in degrees Celsius (°C) unless 

specified otherwise. The temperature after conversion should be expressed to the 

same precision as the original measurement. 
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How hot is it today? Does my son have 

a fever? What is the best temperature for 
storing mayonnaise? What is the optimum 

temperature for oil in my car? People have 

_ many reasons to determine the tempera- 

ture of objects around them. In all cases 

an instrument for measuring the tempera- 

_ ture is required. These instruments, called 

_ thermometers, come ina ee of ‘shapes 

and sizes. : 

_ The Galileo thornomeie® is one of 

= the more interesting and decorative room 

. _ thermometers (see photo). These bulbs 

' ‘floating in the colored liquid are filled with 

liquids at different densities. As the tem- 

___ perature of the surrounding liquid (and the ~ 

: room) « changes, the density of the globes’ 
_ change relative to the surrounding liquid, 

aa and they sink or float. Each globe is cali- 

"brated to sink at a particular temperature. — 

: The tag on the globe that is floating highest 
os oe in the solution tells the temperature. 

- Traditional thermometers are cali- 

hated tubes filled with a liquid that ex- 

_ pands as it becomes warm. Many different 

liquids are used in thermometers, two of 

the most common being mercury and alco- 
hol (usually dyed red or green). Mercury 

is the liquid of choice because it has a 
wide temperature range in the liquid phase 
and it is compact so the thermometer 

_ doesn’t have to be very long. One problem 

e with the mercury thermometer is that it 

could: have toxic effects on the patient 

if were to break in the mouth. Also a 

_ mercury spill is tricky to clean up. Ano- 

_ ther drawback with this type of oral ther- 

- mometer is that it takes approximately 3 

minutes to stabilize and register accu- 

rately—a long time to keep your mouth 

closed if you have a severe cold or are 

congested. 

Traditional home thermometers need 

to be shaken down in order to take a new 

temperature. Why do they require this 

eect accede baled h eh bebe DIALS Titi rrr iri Pe Creeer ere > te ' 
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process while room thermometers do not? 

Because mercury begins to fall immedi- 

ately upon being removed from a heat 

source, allowing no time for an accurate 

reading of the thermometer. To solve this 

problem a small kink is placed above the 

bulb in the tube (see diagram). The mer- 

cury is forced through this kink as it is 

being warmed, but it cannot fall back into 

the bulb as it cools. It remains in place 

until the thermometer is shaken, which 

forces the mercury through the kink and 

prepares the thermometer for its next use. 

Alcohol thermometers are more generally 

used because they are inexpensive, rela- 

tively safe, and work well at or near 
room temperature. 

Today many hospitals, physicians’ 

offices, and homes are equipped with elec- 

tronic thermometers. These thermometers 

contain thermistors that are sensitive to 

temperature. A voltage reading is taken 

and associated with a number (calibrated 

into the thermometer). The temperature 
reading appears as a digital readout on the 

__ size of an aspirin capsule that works after 
it is swallowed. It is capable of transmit- 

How Hot Is 

: ; : a 

thermometer. These thermometers have 

several advantages, including the lack 

toxic liquids, speed (they require much 
less time to register an accurate reading), 

convenience (they can be used with sterile 

cover to prevent the spread of a 
and size. 4 

Engineers at Johns Hopkins Applidl d- 

Physics Laboratory have built a battery- 

powered transmitting thermometer the 

ting temperature measurements to within 

0.01 degree until it passes out of the body / 
(usually 1-2 days). This is useful in moni- 

toring temperature patterns in the treat- 

ment of hypothermia, during which the 

body must be warmed at a slow, consta 
rate with continual temperature oon 

ing. The capsule can also be used to pre 
vent hyperthermia in athletes, race drivers, 

or even in those taking routine treadmi l 

tests. j 

No kink. Kink to hold 

Mercury level any 
changes both temperature 
up and down 
immediately 

Thermometer Thermometer _ 
for determining for taking oral — 

room temperature temperature 
3 
a 

a 
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Density 

Density (d) is the ratio of the mass of a substance to the volume occupied by that density 

mass; it is the mass per unit of volume and is given by the equation 

mass 

volume 

Density is a physical characteristic of a substance and may be used as an aid 

to its identification. When the density of a solid or a liquid is given, the mass is 
usually expressed in grams and the volume in milliliters or cubic centimeters. 

mass §s_- g 
= or d=-3 

volume mL cm? 

Since the volume of a substance (especially liquids and gases) varies with 

temperature, it is important to state the temperature along with the density. For 

example, the volume of 1.0000 g of water at 4°C is 1.0000 mL, at 2OcCer tas 

1.0018 mL, and at 80°C it is 1.0290 mL. Density therefore also varies with temper- 

ature. 
The density of water at 4°C is 1.0000 g/mL, but at 80°C the density of water 

is 0.9718 g/mL. 

1.0000 ALC Pies d 70000 mL 1.0000 g/mL 

- 1.0000 g Bcc = d 1.0290 mL 0.97182 g/mL 

The density of iron at 20°C is 7.86 g/mL. 

2070 _ 7.8628 _ 
d weO0ant 7.86 g/mL 

The densities of a variety of materials are compared in Figure 2.8. 

Densities for liquids and solids are usually represented in terms of grams per 

milliliter (g/mL) or grams per cubic centimeter (g/cm). The density of gases, 

however, is expressed in terms of grams per liter (g/L). Unless otherwise stated, 

gas densities are given for 0°C and 1 atmosphere pressure (discussed further in 

Chapter 13). Table 2.5 lists the densities of some common materials. 

Suppose that water, Karo syrup, and vegetable oil are successively poured into 

a graduated cylinder. The result is a layered three-liquid system (Figure 2.9). Can 

we predict the order of the liquid layers? Yes, by looking up the densities in Table 

2.5. Karo syrup has the greatest density (1.37 g/mL), and vegetable oil has the 

lowest density (0.91 g/mL). Karo syrup will be the bottom layer and vegetable oil 

will be the top layer. Water, with a density between the other two liquids, will form 

the middle layer. This information can also be determined by experiment. Vegetable 

oil, being less dense than water, will float when added to the beaker. 

The density of air at 0°C is approximately 1.293 g/L. Gases with densities less 

than this value are said to be “lighter than air.” A helium-filled balloon will rise 

rapidly in air because the density of helium is only 0.178 g/L. 
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FIGURE 2.8 > 

(a) Comparison of the volumes 

of equal masses (10.0 g) of 
water, sulfur, and gold. 

(b) Comparison of the masses of 

equal volumes (1.00 cm’) of 
water, sulfur, and gold. (Water is 

at 4°C; the two solids, at 20°C.) Gold 

Sulfur 

Water Mass, 10.0 g 

(a) 

1.00 g 2.07 g 19.3 g 
Water Sulfur Gold 

Vegetable oil Volume, 1.00 cm* 

(b) 

T TABLE 2.5 Densities of Some Selected Materials* 

_Liquids and solids — 

2 Density oe Density = 
Substance ne a at 20°C) © (mt at 00) 

Wood (Douglas fr) | : Hydrogen 
Ethyl alcohol : Helium A | Vegetable oil _ . 091 Methane FIGURE 2.9 | Water (4c) : Ammonia Relative density of liquids. When Sica a 1; Neon — 

three liquids are poured Glycerin Se Carbon monoxide 
together, the liquid with the Karo ‘syrup | oo 37 Nitrogen 
highest density will be the Magnesium = : Air 
bottom layer. In the case of Sulfuric acid : ; Oxygen 
vegetable oil, water, and Karo Sulfur oe 2: _ Hydrogen chloride syrup, vegetable oil is the top Sit 2. Argon — layer. ~ Aluminum — - . Carbon dioxide 

Silver : : Chlorine 
Lead 
Mercury 
Gold 

: *For comparing densities ee density of water is the reference for solids and liquids; air is the reference fo gases. : : 5 



Obesity, a known health hazard, is 

among the top ten factors in cardiovascu- 

lar disease. Simply measuring the weight 

of an individual is not a good indicator of 

leanness or obesity. A person may appear 

to be thin, yet have a high percentage 

of body fat. Someone else may appear 

“overweight” in comparison to published 

height-weight charts, but actually be espe- 

cially lean as a result of a large percentage 

of muscle mass. To assess the body com- 

position of an individual requires a mea- 

surement of the percent body fat. 

Body fat is defined by health science 

professionals as the percentage of weight 

attributable to fat. It is the sum of the 

essential fat, surrounding and cushioning 

the internal organs, and the storage fat, 

which acts as a reservoir for energy in the 

body. A variety of techniques are cur- 

rently in use to measure the body composi- 

tion, including skin-fold tests, bioelectri- 

cal impedance, and hydrostatic weighing. 

Hydrostatic weighing is considered to 

be one of the most accurate methods for 

determining body density. The individual 

is weighed in air, then seated on a chair 

suspended from a scale and lowered into 

a tank of warm water. After exhaling as 

much as possible the individual is sub- 

merged in the water and remains under the 

surface for 5—7 seconds. The underwater 

weight is recorded during this time. A 

series of calculations can then be made to 

Density of Various Tissues 
in the Human Body 

Bone 3.0 g/cm? 
Muscle 1.06 g/cm? 
Water 1.00 g/cm? 
Fat 0.9 g/cm? 

Percent Body Fat 

determine percent body fat. The basis for 

these calculations lies in the variation in 

density of different tissues shown in the 

above table. A person with more bone and 

muscle mass will weigh more in water 

_ and have a higher body density. 

As in all measurements errors in mea- 

sured values result in variations in cal- 

Chemistry in Action 

Classification Male Female 

Lean <8% <15% 
Healthy 8-15% 15-22% 
Plump 16-19% 23-27% 
Fat 20-24% 28-33% 
Obese >24% >33% 
Average college-age 15% 25% 
Average middle-age 23% 32% 
Distance runner 4-9% 6-15% 
Tennis player 14-17% 19-22% 

culated results. A 100-g error in underwa- 

ter weight results in a 1% body fat error. 

Various values for percent body fat calcu- 

lations are shown in the table above. 

This person is being weighed 

hydrostatically to determine 

body composition. 

v 

37 
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specific gravity 

Example 2.22 

Solution 

Example 2.23 

Solution 

When alternative methods of 

solution are available, more 

than one is shown in the 

example. Choose the method 

you are most comfortable 

using to solve the problem. 

When an insoluble solid object is dropped into water, it will sink or float, 
depending on its density. If the object is less dense than water, it will float, displacing 

a mass of water equal to the mass of the object. If the object is more dense than 

water, it will sink, displacing a volume of water equal to the volume of the object. 

This information can be utilized to determine the volume (and density) of irregularly 
shaped objects. 

The specific gravity (sp gr) of a substance is the ratio of the density of that 

substance to the density of another substance, usually water at 4°C. Specific gravity 

has no units because the density units cancel. The specific gravity tells us how many 

times as heavy a liquid, a solid, or a gas is as compared to the reference material. 

Since the density of water at 4°C is 1.00 g/mL, the specific gravity of a solid or 
liquid is the same as its density in g/mL without the units. 

__ density of a liquid or solid 

es density of water 

Sample calculations of density problems follow. 

What is the density of a mineral if 427 g of the mineral occupy a volume of 35.0 mL? 

We need to solve for density, so we start by writing the formula for calculating 
density: 

mass 
a= 

volume 

Then we substitute the data given in the problem into the equation and solve: 

mass = 427 ¢ volume = 35.0 mL 

mass 427g 

volume 35.0 mL 
= 12.2 g/mL 

The density of gold is 19.3 g/mL. What is the mass of 25.0 mL of gold? 

Two ways to solve this problem are: (a) Solve the density equation for mass, then 
substitute the density and volume data into the new equation and calculate. 
(b) Solve by dimensional analysis. 

Method 1 (a) Solve the density equation for mass: 

mass 
a4 = —— d X volume = mass 

volume . 

(b) Substitute the data and calculate. 

19.3 g 
= x 29% = mass 25.0 mE = 483 ¢ 
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Method 2 Dimensional analysis: Use density as a conversion factor, converting 

mL > g 

The conversion of units is 

mL x -- = 
mL 

19:3. 9 
29.0 xk —— = 483 g 

chin ali LGAG Lela bile ia eve BAS Snir arecinemea rE 

Calculate the volume (in mL) of 100. g of ethyl alcohol. Example 2.24 

From Table 2.5 we see that the density of ethyl alcohol is 0.789 g/mL. This density Solution 

also means that 1 mL of the alcohol has a mass of 0.789 g (1 mL/0.789 g). 

Method 1: This problem may be done by solving the density equation for 

volume and then substituting the data in the new equation. 

_ _mass 

volume 

mass 

d 

100. g 
0.789 g/mL 

volume 

volume el 7m le 

Method 2: Dimensional analysis. For a conversion factor, we can use either 

In this case the conversion is from g — mL, So we use mL/g. Substituting the data, 

1 mL 
0.789 g 100. g X = 127 mL of ethyl alcohol 

The water level in a graduated cylinder stands at 20.0 mL before and at 26.2 mL Example 2.25 

after a 16.74-g metal bolt is submerged in the water. (a) What is the volume of the 

bolt? (b) What is the density of the bolt? 

(a) The bolt will displace a volume of water equal to the volume of the bolt. Thus Solution 

the increase in volume is the volume of the bolt. 

26.2 mL = volume of water plus bolt 

—20.0 mL = volume of water 

6.2 mL = volume of bolt 

mass of bolt _ 16.74 g 

volume of bolt 6.2 mL 
(b) d = = 2.7 g/mL 
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icepts in Review 

The major concepts of the 1. Differentiate between mass and weight. Indicate the instruments used to mea- 
chapter are listed in this sure each. 

secae ro lhelp yeu feview 2. Know the metric units of mass, length, and volume. the chapter. : f ’ , a 
3. Know the numerical equivalent for the metric prefixes deci, centi, milli, micro, 

nano, kilo, and mega. 

4. Express any number in scientific notation. 

5. Express answers to calculations to the proper number of significant figures. 

6. Set up and solve problems utilizing the method of dimensional analysis (factor- 
label method). 

7. Convert measurements of mass, length, and volume from American units to 
metric units, and vice versa. 

8. Make temperature conversions among Fahrenheit, Celsius, and Kelvin scales. 

9. Differentiate between heat and temperature. 

10. Calculate the density, mass, or volume of an object from the appropriate data. 

Terms 

The terms listed here have all been defined within the chapter. The section number is 
given for each term. 

density (2.12) meter (2.7) specific gravity (2.12) 
heat (2.11) metric system (SI) (2.6) temperature (2.11) 
kilogram (2.9) rounding off numbers (2.3) volume (2.10) 
liter (2.10) scientific notation (2.4) weight (2.1) 
mass (2.1) significant figures (2.2) 
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Questions refer to tables, figures, and key words and 
concepts defined within the chapter. A particularly 
challenging question or exercise is indicated with an 
asterisk. 

fi: 

10. 

11. 

12. 

Determine how many centimeters make up 1 km. (Table 
2.3) 

. Determine the metric equivalent of 3 in. (Figure 2.4) 

. Why is the neck of a 100-mL volumetric flask narrower 

than the top of a 100-mL graduated cylinder? (Figure 2.6) 

- Describe the order of the following substances (top to bot- 

tom) if these three substances were placed in a 100-mL 

graduated cylinder: 25 mL glycerin, 25 mL mercury, and 

a cube of magnesium 2.0 cm on an edge. (Table 2.5) 

. Arrange these materials in order of increasing density: salt, 

vegetable oil, lead, and ethyl alcohol. (Table 2.5) 

. Ice floats in vegetable oil and sinks in ethyl alcohol. The 

density of ice must lie between what numerical values? 

(Table 2.5) 

. Distinguish between heat and temperature. 

. Distinguish between density and specific gravity. 

. Why is measuring the weight of a person a poor indication 

of leanness or obesity? 

How is body density determined? What is the basis for 

this determination? 

What are some of the important advantages of the metric 

system over the American system of weights and measure- 

ments? 

State the rules used in this text for rounding off numbers. 

13. Compare the number of degrees between the freezing point 

of water and its boiling point on the Fahrenheit, Kelvin, 

and Celsius temperature scales. (Figure 2.7) 

. Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct: 

(a) The prefix micro indicates one-millionth of the unit ex- 

pressed. 

(b) The length 10 cm is equal to 1000 mm. 

(c) The number 383.263 rounded to four significant figures 

becomes 383.3. 

(d) The number of significant figures in the number 29,004 

is five. 

(e) The number 0.00723 contains three significant figures. 

(f) The sum of 32.276 + 2.134 should contain four sig- 

nificant figures. 

(g) The product of 18.42 cm X 3.40 cm should contain 

three significant figures. 

(h) One microsecond is 107° second. 

(i) One thousand meters is a longer distance than 1000 

yards. 

(j) One liter is a larger volume than 1 quart. 

(k) One centimeter is longer than 1 inch. 

(1) One cubic centimeter (cm?) is equal to 1 milliliter. 
(m) The number 0.0002983 in exponential notation is 

2983 2% 105 
(n) (3.0 X 10%) 610" x 10% -= E8sx 104 
(0) Temperature is a form of energy. 

(p) The density of water at 4°C is 1.00 g/mL. 

(q) A pipet is a more accurate instrument for measuring 

10.0 mL of water than is a graduated cylinder. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

Metric Abbreviations 

15. State the abbreviation for each of the following units: 

(a) gram 
(b) microgram 

(c) centimeter 

(d) micrometer 

(e) milliliter 

(f) deciliter 

16. State the abbreviation for each of the following units: 

(a) milligram 

(b) kilogram 

(c) meter 

(d) nanometer 

(e) angstrom 

(f) microliter 
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Significant Figures, Rounding, Exponential Notation 

17. For the following numbers, tell whether the zeros are sig- 

nificant: 

(a) 503 

(b) 0.007 

(c) 4200 

(d) 3.0030 

(e) 100.00 

(f) 8.00 x 107 

19. How many significant figures are in each of the follow- 

ing numbers? 

(a) 0.025 

(b) 22.4 

(c) 0.0404 

(d) 5.50 x 10° 

21. Round each of the following numbers to three significant 

figures: 

(a) 93.246 

(b) 0.02857 

(c) 4.644 

(d) 34.250 

23. Express each of the following numbers in exponential no- 

tation: 

(a) 2,900,000 

(b) 0.587 
(c) 0.00840 

(d) 0.0000055 

25. Solve the following problems, stating answers to the proper 

number of significant figures: 

(a) 12.62 + 1.5 + 0.25 = 
(b) (2.25 xX 10°) (4.80 x 10*) = 

AS2TN Ol ee 

urs = 
(d) 0.0394 X 12.8 = 

0.4278 _ 

59.6 
(f) 10.4 + 3.75 X (1.5 x 10%) = 

27. Change these fractions into decimals. Express each answer 

to three significant figures: 

5 3 1 9 
@e b> OG () a3 

29. Solve each of these equations for x: 

(a) 3.42x = 6.5 

oe 
(b) Gate 7.05 

(c) aS = 0.25 

18. 

20. 

22. 

24. 

26. 

28. 

30. 

Are the zeros significant in these numbers? 

(a) 63,000 

(b) 6.004 
(c) 0.00543 

(d) 8.3090 

(e) 60. 
Oss 0e. 

State the number of significant figures in each of the follow- 

ing numbers: 

(a) 40.0 
(b) 0.081 
(c) 129,042 
(d) 4.090 x 107° 

Round each of the following numbers to three significant 

figures: 

(a) 8.8726 
(b) 21.25 

(c) 129.509 
(d) 1.995 x 10° 
Write each of the following numbers in exponential no- 

tation: 

(a) 0.0456 
(b) 4082.2 
(c) 40.30 
(d) 12,000,000 

Evaluate each of the following expressions. State the answer 

to the proper number of significant figures: 

(alr i5.2 = 2.190 13.6) 
(b) 4.68 X 12.5 

182.6 

©) “76 
(d) 1986 + 23.84 + 0.012 

29.3 

©) 384 x 415 
(f) (2.92 x 107%) 6.14 x 10°) 
Change each of the following decimals to fractions in lowest 

terms: 
(a) 0.25 (b) 0.625 (c) 1.67 (d) 0.8888 

Solve each equation for the variable: 

Peo 

1.8 
g 40.90 g 
oS 

eee mL x 

(c) 72°F = 18x, + 32 

(a) x = 



Unit Conversions 

31. 

33. 

SDs 

37. 

32: 

41. 

43. 

45. 

47. 

*49, 

wale 

53. 

Complete the following metric conversions using the cor- 
rect number of significant figures: 
(a) 28.0 cm to m 

(b) 1000. m to km 

(c) 9.28 cm to mm 

(d) 10.68 g to mg 

(e) 6.8 x 104 mg to kg 

(f) 8.54 g to kg 

(g) 25.0 mL to L 

(h) 22.4 L to pL 

Complete the following American/metric conversions using 
the correct number of significant figures: 
(a) 42.2 in. to cm 

(b) 0.64 mi to in. 

(c) 2.00 in.” to cm? 

(d) 42.8 kg to lb 
(e) 3.5 gt to mL 

(f) 20.0 gal to L 

An automobile traveling at 55 miles per hour is moving at 

what speed in kilometers per hour? 

Carl Lewis, a sprinter in the 1988 Olympic Games, ran 

the 100.-m dash in 9.92 s. What was his speed in feet 

per second? 

When the space probe Galileo reached Jupiter in 1995, it 

was traveling at an average speed of 27,000 miles per hour. 

What was its speed in kilometers per second? 

How many kilograms does a 176-lb man weigh? 

A regular aspirin tablet contains 5.0 grains of aspirin. How 

many grams of aspirin are in one tablet 

(1 grain = 1/7000. lb)? 

A bag of pretzels has a mass of 283.5 g and costs $1.49. 

If a bag contains 18 pretzels determine the cost of a pound 

of pretzels? 

At 35¢/L how much will it cost to fill a 15.8-gal tank 

with gasoline? 

Assuming that there are 20. drops in 1.0 mL, how many 

drops are in | gallon? 

Calculate the number of milliliters of water in a cubic foot 

of water. 

A textbook is 27 cm long, 21 cm wide, and 4.4 cm thick. 

What is the volume in: 

(a) cubic centimeters? 

(b) liters? 

(c) cubic inches? 

32. 

34. 

36. 

38. 

40. 

42. 

44. 

46. 

48. 

50. 

Soe 

54. 

Paired Exercises 43 

Complete the following metric conversions using the cor- 

rect number of significant figures: 

(a) 45 cmtoA 
(b) 12 nm to cm 

(c) 8.0 km to mm 

(d) 164 mg to g 

(e) 0.65 kg to mg 

(f) 5.5 kg to g 

(g) 0.468 L to mL 

(h) 9.0 pL to mL 

Make the following conversions using the correct number 
of significant figures: 

(a) 35.6 m to ft 

(b) 16.5 km to mi 
(c) 4.5 in? to mm 
(d) 95 lb to g 

(e) 20.0 gal to L 

(f) 4.5 x 10* ft? to m? 

A cyclist is traveling downhill at 55 km/hr. How fast is 

she moving in feet per second? 

3 

Al Unser, Jr., qualified for the pole position at the 1994 
Indianapolis 500 at a speed of 229 mph. What was his 

speed in kilometers per second? 

The sun is approximately 93 million miles from the earth. 

How many seconds will it take for light from the sun to 

travel to the earth if the velocity of light is 3.00 x 10° m/s? 

The average mass of the heart of a human baby is about 

1 oz. What is its mass in milligrams? 

An adult ruby-throated hummingbird has an average mass 

of 3.2 g, while an adult California condor may attain a 

weight of 21 lb. How many hummingbirds would it take 

to equal the mass of one condor? 

The price of gold varies greatly and has been as high as 

$875 per ounce. What is the value of 250 g of gold at 

$350 per ounce? Gold is priced by troy ounces (14.58 troy 

ounces = | Ib). 

How many liters of gasoline will be used to drive 525 miles 

in a car that averages 35 miles per gallon? 

How many liters of oil are in a 42-gal barrel of oil? 

Oil spreads in a thin layer on water called an “oil slick.” 

How much area in m? will 200 cm? of oil cover if it forms 

a layer 0.5 nm thick? 

An aquarium measures 16 in. X 8 in. X 10 in. How many 

liters of water does it hold? How many gallons? 
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Temperature Conversions 

55. Normal body temperature for humans is 98.6°F. What is 

this temperature on the Celsius scale? 

57. Make the following conversions and include an equation 

for each one: 

(a) 162°F to °C 
(b) 0.0°F to K 
(c) = 18°C to °F 
(d) 212 K to °C 

*59, At what temperature are the Fahrenheit and Celsius temper- 

atures exactly equal? 

Density 

61. Calculate the density of a liquid if 50.00 mL of the liquid 

has a mass of 78.26 g. 

63. When a 32.7-g piece of chromium metal was placed into 

a graduated cylinder containing 25.0 mL of water, the water 

level rose to 29.6 mL. Calculate the density of the 

chromium. 

65. Concentrated hydrochloric acid has a density of 

1.19 g/mL. Calculate the mass of 250.0 mL of this acid. 

tional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

67. One liter of homogenized whole milk has a mass of 1032 g. 

What is the density of the milk in grams per milliliter? In 

kilograms per liter? 

68. The volume of blood plasma in adults is 3.1 L. Its density 

is 1.03 g/em?. Approximately how many pounds of blood 

plasma are there in your body? 

*69. The dashed lane markers on an interstate highway are 

2.5 ft long and 4.0 in. wide. One (1.0) qt of paint covers 

43 ft”. How many dashed lane markers can be painted with 

15 gal of paint? 

70. Will a hollow cube with sides of length 0.50 m hold 

8.5 L of solution? Depending on your answer, how much 

additional solution would be required to fill the container 

or how many times would the container need to be filled 

to measure the 8.5 L? 

*71, The accepted toxic dose of mercury is 300 g/day. Dental 

offices sometimes contain as much as 180 wg of mercury 

per cubic meter of air. If a nurse working in the office 

ingests 2 X 10* L of air per day, is he or she at risk for 

mercury poisoning? 

56. 

58. 

*60. 

62. 

64. 

66. 

72. 

7/8): 

74. 

aD. 

76. 

hike 

Driving to the grocery store you notice the temperature 1S 

45°C. Determine what this temperature is on the Fahrenheit 

scale and what season of the year it might be. 

Make the following conversions and include an equation 

for each one: 

(a) 32°C to °F 

(b)' = 80°F to (C 

(c) 273°C to K 
(d) 100 K to °F 

At what temperature are Fahrenheit and Celsius tempera- 

tures the same in value but opposite in sign? 

A 12.8-mL sample of bromine has a mass of 39.9 g. What 

is the density of bromine? 

An empty graduated cylinder has a mass of 42.817 g. When 

filled with 50.0 mL of an unknown liquid it has a mass of 

106.773 g. What is the density of the liquid? 

What mass of mercury (density 13.6 g/mL) will occupy a 

volume of 25.0 mL? 

Which is the higher temperature, 4.5°F or — 15°C? 

A flask containing 100. mL of alcohol (d = 0.789 g/mL) 

is placed on one pan of a two-pan balance. A larger con- 

tainer, with a mass of 11.0 g more than the empty flask, 

is placed on the other pan of the balance. What volume of 

turpentine (d = 0.87 g/mL) must be added to this container 

to bring the two pans into balance? 

Suppose you have samples of two metals, A and B. Use 

the data below to determine which sample occupies the 

larger volume 

A B 

Mass 25 g 65 g 

Density 10 g/mL 4 g/mL 

As a solid substance is heated its volume increases but 

its mass remains the same. Sketch a graph of density vs. 

temperature showing the trend you expect. Briefly explain. 

A 35.0-mL sample of ethyl alcohol (density 0.789 g/mL) 

is added to a graduated cylinder that has a mass of 49.28 g. 

What will be the mass of the cylinder plus the alcohol? 

You are given three cubes, A, B, and C; one is magnesium, 

one is aluminum, and the third is silver. All three cubes 

have the same mass, but cube A has a volume of 25.9 mL, 



cube B has a volume of 16.7 mL, and cube C has a volume 
of 4.29 mL. Identify cubes A, B, and C. 

*78. A cube of aluminum has a mass of 500. g. What will be 
the mass of a cube of gold of the same dimensions? 

79. A 25.0-mL sample of water at 90°C has a mass of 24.12 g. 
Calculate the density of water at this temperature. 

80. The mass of an empty container is 88.25 g. The mass of 
the container when filled with a liquid (d = 1.25 g/mL) 
is 150.50 g. What is the volume of the container? 

81. Which liquid will occupy the greater volume, 50 g of water 
or 50 g of ethyl alcohol? Explain. 

82. A gold bullion dealer advertised a bar of pure gold for 
sale. The gold bar had a mass of 3300 g and measured 

2.00 cm X 15.0 cm X 6.00 cm. Was the bar pure gold? 
Show evidence for your answer. 

ers to Practice Exercises 

2.1 (a) 2, (b) 4, (€) 4, @) 1, (©) 3, (4, (g) 1, (h) 3 
2.2 (a) 42.25 (Rule 2), (b) 88.0 (Rule 1), (c) 0.0897 (Rule 2), 

(d) 0.090 (Rule 2), (e) 225 (Rule 1), (f) 14.2 (Rule 2) 

2.3 (a) 1200 = 1.200 x 10° (left means positive exponent), 

(b) 6,600,000 = 6.6 X 10° (left means positive exponent), 

(c) 0.0468 = 4.68 x 107? (right means negative expo- 

nent), (d) 0.00003 = 3 X 1a (right means negative ex- 

ponent) 

2493350 in? = 3.4 10° in? 
2.5 50.7 mph 

2.6 0.79 

Answers to Practice Exercises 45 

83. The largest nugget of gold on record was found in 1872 

in New South Wales, Australia, and had a mass of 93.3 

kg. Assuming the nugget is pure gold, what is its volume 

in cubic centimeters? What is it worth by today’s standards 

if gold is $345/oz? (14.58 troy oz = 1 lb.) 

*84. Forgetful Freddie placed 25.0 mL of a liquid in a graduated 

cylinder with a mass of 89.450 g when empty. When Fred- 

die placed a metal slug with a mass of 15.454 g into the 

cylinder, the volume rose to 30.7 mL. Freddie was asked 

to calculate the density of the liquid and of the metal slug 

from his data, but he forgot to obtain the mass of the liquid. 

He was told that if he found the mass of the cylinder 

containing the liquid and the slug, he would have enough 

data for the calculations. He did so and found its mass to 

be 125.934 g. Calculate the density of the liquid and of the 

metal slug. 

2.7 (a) 2, (b) 2, (c) 1, @) 2, (€) 4, (f) 2, (g) 2, (h) 2 
2.8 1.69 x 104m 
2.9 30m? or3 x 10! m? 
2.10 165 lb 

2.11 0.14 lb 

2.12 0.793 qt 

2.13 1.89 L (the number of significant figures is arbitrary) 

2.14 —269°C, —452°F 

2.15 37.0°C, 3102 K 

2.16 The density is 13 g/mL; therefore the ring is not pure silver. 

2.17 0.88 g/mL 
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Throughout our lives we seek to bring order into the chaos that surrounds us. To 
do this, we classify things according to their similarities. In the library, we find 
books grouped according to the subject, and then by author. Our local department 
store organizes its merchandise by the size and style of clothing, as well as by the 
type of customer. The ball park or theater classifies its seats by price and location. 
The biologist divides the living world into plants and animals; this broad classification 
is further simplified into various phyla and on to specific genera. In chemistry, this 
classification process begins with mixtures (such as air or vinegar) and then on to 
pure substances (such as water or mercury). This process continues and ultimately 
leads us to the fundamental building blocks of matter—the elements. 

Matter Defined 

The entire universe consists of matter and energy. Every day we come into contact 

with countless kinds of matter. Air, food, water, rocks, soil, glass, and this book 

are all different types of matter. Broadly defined, matter is anything that has mass 

and occupies space. 

Matter may be quite invisible. For example, if an apparently empty test tube 

is submerged mouth downward in a beaker of water, the water rises only slightly 

into the tube. The water cannot rise further because the tube is filled with invisible 

matter: air (see Figure 3.1). 

To the eye, matter appears to be continuous and unbroken. However, it is 

actually discontinuous and is composed of discrete, tiny particles called atoms. The 

particulate nature of matter will become evident when we study atomic structure 

and the properties of gases. 

Physical States of Matter 

Matter exists in three physical states: solid, liquid, and gas. A solid has a definite 

shape and volume, with particles that cohere rigidly to one another. The shape of 

a solid can be independent of its container. For example, a crystal of sulfur has the 

same shape and volume whether it is placed in a beaker or simply laid on a glass plate. 
Most commonly occurring solids, such as salt, sugar, quartz, and metals, are 

crystalline. The particles that form crystalline materials exist in regular, repeating, 
three-dimensional, geometric patterns. Because their particles do not have any regu- 

lar, internal geometric pattern, such solids as plastics, glass, and gels are called 

amorphous solids. (Amorphous means without shape or form.) 

A liquid has a definite volume but not a definite shape, with particles that 

cohere firmly but not rigidly. Although the particles are held together by strong 

attractive forces and are in close contact with one another, they are able to move 

freely. Particle mobility gives a liquid fluidity and causes it to take the shape of the 

container in which it is stored. 

Chapter 3 

3.1 Matter Defined 
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taste, and variety before they 

are shipped to consumers. 
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FIGURE 3.1 
An apparently empty test tube is 

submerged, mouth downward, in 

water. Only a small volume of 

water rises into the tube, which 

is actually filled with air. 

A gas has indefinite volume and no fixed shape, with particles that move 
independently of one another. Particles in the gaseous state have gained enough 

energy to overcome the attractive forces that held them together as liquids or solids. 
A gas presses continuously in all directions on the walls of any container. Because 

of this quality a gas completely fills a container. The particles of a gas are relatively 
far apart compared with those of solids and liquids. The actual volume of the gas 
particles is usually very small in comparison with the volume of the space occupied 

by the gas. A gas therefore may be compressed into a very small volume or expanded 
almost indefinitely. Liquids cannot be compressed to any great extent, and solids 
are even less compressible than liquids. 

If a bottle of ammonia solution is opened in one corner of the laboratory, we 
can soon smell its familiar odor in all parts of the room. The ammonia gas escaping 
from the solution demonstrates that gaseous particles move freely and rapidly and 
tend to permeate the entire area into which they are released. 

Although matter is discontinuous, attractive forces exist that hold the particles 
together and give matter its appearance of continuity. These attractive forces are 
strongest in solids, giving them rigidity; they are weaker in liquids but still strong 
enough to hold liquids to definite volumes. In gases the attractive forces are so 
weak that the particles of a gas are practically independent of one another. Table 
3.1 lists a number of common materials that exist as solids, liquids, and gases. Table 
3.2 summarizes comparative properties of solids, liquids, and gases. 



3.3 Substances and Mixtures 

Substances and Mixtures 

The term matter refers to all materials or material things that make up the universe. 

Many thousands of different and distinct kinds of matter or substances exist. A 

substance is a particular kind of matter with a definite, fixed composition. A 

substance, sometimes known as a pure substance, is either an element or a compound. 

Familiar examples of elements are copper, gold, and oxygen. Familiar compounds 

are salt, sugar, and water. 

We can classify a sample of matter as either homogeneous or heterogeneous 

by examining it. Homogeneous matter is uniform in appearance and has the same 

properties throughout. Matter consisting of two or more physically distinct phases 

is heterogeneous. A phase is a homogeneous part of a system separated from 

other parts by physical boundaries. A system is simply the body of matter under 

consideration. Whenever we have a system in which visible boundaries exist between 

the parts or components, that system has more than one phase and is heterogeneous. 

It does not matter whether these components are in the solid, liquid, or gaseous states. 

A pure substance may exist as different phases in a heterogeneous system. Ice 

floating in water, for example, is a two-phase system made up of solid water and 

liquid water. The water in each phase is homogeneous in composition, but because 

two phases are present, the system is heterogeneous. 

A mixture is a material containing two or more substances and can be either 

heterogeneous or homogeneous. Mixtures are variable in composition. If we add a 

<q Water can exist as a solid 

(snow), a liquid (water), and a 

gas (steam) as shown here at 

Yellowstone National Park. 
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FIGURE 3.2 > 
Classification of matter. A pure 

substance is always 

homogeneous in composition, 

whereas a mixture always 

contains two or more substances 

and may be either homogeneous 

or heterogeneous. 

Flow charts can help you to 
visualize the connections 
between concepts. 

element 

Seem eee rere renee rete eee eeeeesseaeeseee 

spoonful of sugar to a glass of water, a heterogeneous mixture is formed immediately. 

The two phases are a solid (sugar) and a liquid (water). But upon stirring the sugar 
dissolves to form a homogeneous mixture or solution. Both substances are still 

present: All parts of the solution are sweet and wet. The proportions of sugar and 

water can be varied simply by adding more sugar and stirring to dissolve. 

Many substances do not form homogeneous mixtures. If we mix sugar and fine 

white sand, a heterogeneous mixture is formed. Careful examination may be needed 
to decide that the mixture is heterogeneous because the two phases (sugar and sand) 

are both white solids. Ordinary matter exists mostly as mixtures. If we examine 
soil, granite, iron ore, or other naturally occurring mineral deposits, we find them 
to be heterogeneous mixtures. Air is a homogeneous mixture (solution) of several 

gases. Figure 3.2 illustrates the relationships of substances and mixtures. 

Elements 

All the words in the English dictionary are formed from an alphabet consisting of 

only 26 letters. All known substances on earth—and most probably in the universe, 

too—are formed from a sort of “chemical alphabet” consisting of 111 presently 

known elements. An element is a fundamental or elementary substance that cannot 
be broken down by chemical means to simpler substances. Elements are the building 
blocks of all substances. The elements are numbered in order of increasing complex- 
ity beginning with hydrogen, number |. Of the first 92 elements, 88 are known to 
occur in nature. The other four—technetium (43), promethium (61), astatine (85), 
and francium (87)—either do not occur in nature or have only transitory existences 
during radioactive decay. With the exception of number 94, plutonium, elements 
above number 92 are not known to occur naturally but have been synthesized, 
usually in very small quantities, in laboratories. The discovery of trace amounts of 
element 94 (plutonium) in nature has been reported recently. The syntheses of 
elements 110 and 111 were reported in 1994. No elements other than those on the 
earth have been detected on other bodies in the universe. 

Most substances can be decomposed into two or more simpler substances. Water 
can be decomposed into hydrogen and oxygen. Sugar can be decomposed into 
carbon, hydrogen, and oxygen. Table salt is easily decomposed into sodium and 
chlorine. An element, however, cannot be decomposed into simpler substances by 
ordinary chemical changes. 
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If we could take a small piece of an element, say copper, and divide it and 
subdivide it into smaller and smaller particles, we would finally come to a single 
unit of copper that we could no longer divide and still have copper. This smallest 
particle of an element that can exist, is called an atom, which is also the smallest atom 
unit of an element that can enter into a chemical reaction. Atoms are made up of 
still smaller subatomic particles. But these subatomic particles (described in Chapter 
5) do not have the properties of elements. 

Distribution of Elements 

Elements are distributed very unequally in nature, as shown in Figure 3.3. At normal 

room temperature two of the elements, bromine and mercury, are liquids. Eleven 

elements, hydrogen, nitrogen, oxygen, fluorine, chlorine, helium, neon, argon, kryp- 

ton, xenon, and radon, are gases. All the other elements are solids. 

. Ten elements make up about 99% of the mass of the earth’s crust, seawater, 

and atmosphere. Oxygen, the most abundant of these, constitutes about 50% of this 

mass. The distribution of the elements shown in Table 3.3 includes the earth’s crust 

to a depth of about 10 miles, the oceans, fresh water, and the atmosphere but does 

not include the mantle and core of the earth, which are believed to consist of metallic 

iron and nickel. Because the atmosphere contains relatively little matter, its inclusion 

has almost no effect on the distribution shown in Table 3.3. But the inclusion of 

fresh and salt water does have an appreciable effect since water contains about 

11.2% hydrogen. Nearly all of the 0.87% hydrogen shown in the table is from water. 

The average distribution of the elements in the human body is shown in Figure 

4. i hi rcentage of oxygen. FIGURE 3.3 

ee va sas a ie oY : e Distribution of elements in 

nature. 

Vv 
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Humane 
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FIGURE 3.4 > 
Average elemental composition 

of the human body. 
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Nitrogen 3% 

Calcium 2% [ 

Phosphorus 1% [ 

Traces of 

several other 

elements 1% 

Names of the Elements 

The names of the elements come to us from various sources. Many are derived 
from early Greek, Latin, or German words that generally described some property 
of the element. For example, iodine is taken from the Greek word odes, meaning 
violetlike. Iodine, indeed, is violet in the vapor state. The name of the metal bismuth 
had its origin from the German words weisse masse, which means white mass. 
Miners called it wismat; it was later changed to bismat, and finally to bismuth. Some 
elements are named for the location of their discovery—for example, germanium, 
discovered in 1886 by a German chemist. Others are named in commemoration of 
famous scientists, such as einsteinium and curium, named for Albert Einstein and 
Marie Curie, respectively. 
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Symbols of the Elements 

We all recognize Mr., N.Y., and Ave. as abbreviations for mister, New York, and 

avenue. In a like manner chemists have assigned an abbreviation to each element; 

these are called symbols of the elements. Fourteen of the elements have a single symbol 

letter as their symbol, six have three-letter symbols, and the rest have two letters. 

A symbol stands for the element itself, for one atom of the element, and (as we Controversy exists over the 

shall see later) for a particular quantity of the element. names for the elements with 
Rules governing symbols of elements are as follows: three-letter symbols. (See 

Chemistry in Action, p. 103.) 
1. Symbols are composed of one, two, or three letters. 

2. If one letter is used, it is capitalized. 

3. If two or three letters are used, only the first is capitalized. 

Examples: Sulfur S Barium Ba 

The symbols and names of all the elements are given in the table on the inside 

front cover of this book. Table 3.4 lists the more commonly used symbols. If we 

examine this table carefully, we note that most of the symbols start with the same 

letter as the name of the element that is represented. A number of symbols, however, 

appear to have no connection with the names of the elements they represent (see 

Table 3.5). These symbols have been carried over from earlier names (usually in 

Latin) of the elements and are so firmly implanted in the literature that their use is 

continued today. 
Special care must be taken in writing symbols. Begin each with a capital letter 

and use a lowercase second letter if needed. For example, consider Co, the symbol 

for the element cobalt. If through error CO (capital C and capital O) is written, the 

two elements carbon and oxygen (the formula for carbon monoxide) are represented 

This tiny and powerful computer 

chip is made of silicon, a 

metalloid. 
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J. J. Berzelius (1779-1848) 

devised the chemical symbol 

system in use today. 

metal 

TABLE 3.5 Symbols of the Elements Derived from Early Names* 

_ Present name co Symbol  — Former name_ 

Antimony Sb = Stibium 
Copper - S Cu Cuprum 

7 Gold). : ue Og AU 
Pion | Fe . Ferrum 

lead Pb Plumbum | 
Mercury : He Hydrargyrum 
Potassium © : ek ce — Kalium 

| Silver Ag = Argentum — 
Sodium — Na Natium 
Tn : ‘Sn a Stannun 
‘Tungsten — a WwW - Wolfram 

* These symbols are in use today even though they do not correspond to the current name of the element. 

instead of the single element cobalt. Another example of the need for care in writing 
symbols is with the symbol Ca for calcium versus Co for cobalt. The letters must 
be distinct, or else the symbol for the element may be misinterpreted. 

Knowledge of symbols is essential for writing chemical formulas and equations, 
and will be used extensively in the remainder of this book and in any future chemistry 
courses you may take. One way to learn the symbols is to practice a few minutes 
a day by making side-by-side lists of names and symbols and then covering each 
list alternately and writing the corresponding name or symbol. Initially it is a good 
plan to learn the symbols of the most common elements shown in Table 3.4. 

Metals, Nonmetals, 

and Metalloids 

Three primary classifications of the elements are metals, nonmetals, and metalloids. 
Most of the elements are metals. We are familiar with them because of their 
widespread use in tools, materials of construction, automobiles, and so on. But 
nonmetals are equally useful in our everyday life as major components of clothing, 
food, fuel, glass, plastics, and wood. Metalloids are often used in the electronics in- 
dustry. 

The metals are solids at room temperature (mercury is an exception). They 
have high luster, are good conductors of heat and electricity, are malleable (can be 
rolled or hammered into sheets), and are ductile (can be drawn into wires). Most 
metals have a high melting point and high density. Familiar metals are aluminum, 
chromium, copper, gold, iron, lead, magnesium, mercury, nickel, platinum, silver, 
tin, and zinc. Less familiar but still important metals are calcium, cobalt, potassium, 
sodium, uranium, and titanium. 

Metals have little tendency to combine with each other to form compounds. 
But many metals readily combine with nonmetals such as chlorine, oxygen, and 
sulfur to form ionic compounds such as metallic chlorides, oxides, and sulfides. In 
nature the more reactive metals are found combined with other elements as minerals. 



Hydrogen, the lightest element on the 

periodic table, could provide the basis 
for a society powered by a fuel that is 

nearly inexhaustible, is environmentally 

benign, and is available domestically. The 

space program has used hydrogen for 

more than 20 years to power rockets as 

well as to provide electrical power and 

even drinking water. How can we har- 

ness the energy found in hydrogen and 

use it to form a hydrogen-based fuel 

economy? 

A major hurdle to using hydrogen as 

a primary fuel source is the difficulty in 
storing it. As a gas, it has a low density 

and requires a bulky container; liquid hy- 

drogen (b.p. — 253°C) requires intensive 

refrigeration and well-insulated con- 

tainers. The best solution to the storage 

problem may be to generate hydrogen as 

it is needed for fuel. 
The most promising, simple, and inex- 

pensive scheme for generating hydrogen 

is based on sponge iron. The most remark- 

able quality of sponge iron is its ability 

to rust easily. In the rusting process water 

is split into hydrogen and oxygen while 

iron is converted to iron oxide (rust). Usu- 

ally rusting takes place very slowly so that 

the hydrogen is formed in amounts too 

small to be useful. However, the H Power 

Corp of Belleville, N. J. has developed a 

process that increases the speed of rusting 

rogen: Fuel of the Future? 

and cycles the iron oxide back to the 

sponge-iron state so it can produce 

more hydrogen. 

This sponge-iron cycle could then be 

linked to fuel cells to eliminate the need 

for hydrogen storage units in transporta- 

tion vehicles. The sponge-iron cycle could 

also be used in residential heating or in 

industrial processes. Since sponge iron is 

inexpensive and recyclable, it could be 

transported by ship and rail to many loca- 

tions. The overall cost should be competi- 

tive to fossil fuels. 
Changing over to hydrogen as a pri- 

mary fuel source could be done gradually 

by using this type of technology. To use 

hydrogen effectively requires an infra- 

structure, which could take from 20 to 25 

years to develop. Studies indicate that the 

transportation sector could be the first 

place to begin the use of hydrogen. Hydro- 

gen-powered vehicles could have signifi- 

cant impact in places such as California 

where new regulations call for lower emis- 

sion vehicles after 1998. Conventional 

cars could be converted to run on hydro- 

gen, but the major difficulty is in getting 

enough hydrogen on board to provide a 

reasonable driving range. Another area of 

development for hydrogen fuels 1s for resi- 

dential use. Studies at the University of 

Miami show that hydrogen can be used 

for cooking and heating. 

Chemistry in Action 

The use of hydrogen as a fuel could 

have a fundamental impact on the way our 

society is organized. Instead of massive 

power plants, our energy needs would be 

met by on-site fuel cells that provide all 

of our heating, cooling, lighting, and other 

power requirements. There would be no 

losses over transmission lines and little 

capital investment. Best of all, the system 

would reduce the environmental impact 

of energy generation and take the cost 

of energy from a government-regulated 

commercial venture and put it into the 

hands of the individual consumer. 

The LaserCel I, unveiled in 1991, is 

more economical to operate on 

hydrogen than on gasoline. This is 

accomplished by replacing the internal 

combustion engine with a hydrogen 

fuel cell. 

COCO OOOEOOEOOOO OOO OOOEO OOOO OOOO SO OOOO SOLOOHOHOOOO HOH OOO HOOLOOHOH OSS OO OOOO ODOODOOOHODSO OOO ODOOOOD9909OOOO8 

A few of the less reactive ones such as copper, gold, and silver are sometimes found 

in a native, or free, state. 

Nonmetals, unlike metals, are not lustrous, have relatively low melting points nonmetal 

and densities, and are generally poor conductors of heat and electricity. Carbon, 

phosphorus, sulfur, selenium, and iodine are solids; bromine is a liquid; the rest of 

the nonmetals are gases. Common nonmetals found uncombined in nature are carbon 

(graphite and diamond), nitrogen, oxygen, sulfur, and the noble gases (helium, neon, 

argon, krypton, xenon, and radon). 

Nonmetals combine with one another to form molecular compounds such as 

carbon dioxide (CO), methane (CH4), butane (C4Hjo), and sulfur dioxide (SO>). 

Fluorine, the most reactive nonmetal, combines readily with almost all other ele- 

ments. 

55 
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Samples of various metals, > 

including aluminum, copper, 

mercury, titanium, beryllium, 

cadmium, calcium, and nickel. 

metalloid 

compound 

molecule 

Several elements (boron, silicon, germanium, arsenic, antimony, tellurium, and 
polonium) are classified as metalloids and have properties that are intermediate 
between those of metals and those of nonmetals. The intermediate position of these 
elements is shown in Table 3.6, which lists and classifies all the elements as metals, 
nonmetals, or metalloids. Certain metalloids, such as boron, silicon, and germanium, 
are the raw materials for the semiconductor devices that make our modern electronics 
industry possible. 

Compounds 

A compound is a distinct substance containing two or more elements chemically 
combined in definite proportions by mass. Compounds, unlike elements, can be 
decomposed chemically into simpler substances—that is, into simpler compounds 
and/or elements. Atoms of the elements in a compound are combined in whole- 
number ratios, never as fractional parts. Compounds fall into two general types, 
molecular and ionic. 

A molecule is the smallest uncharged individual unit of a compound formed 
by the union of two or more atoms. Water is a typical molecular compound. If we 
divide a drop of water into smaller and smaller particles, we finally obtain a single 
molecule of water consisting of two hydrogen atoms bonded to one oxygen atom. 
This molecule is the ultimate particle of water; it cannot be further subdivided 
without destroying the water molecule and forming hydrogen and oxygen. 
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, ae Metals 

Ss Meetalloids 

o ele] Nonmetals a ee or 

19 20 21 22 23 24 25 26 7 28 29 30 31 

K Ca Se Ti V Cr | Mn} Fe | Co | Ni | Cu | Zn 

37 38 39 40 41 42 43 44 45 46 47 48 49 

Rb | Sr Y Zr | Nb | Mo! Tc | Ru | Rh | Pd | Ag | Cd | In 

55 56 57 72 ES 74 dS 76 TE 78 719 80 

Cs | Ba | La* | Hf | Ta | W | Re} Os | Ir Pt | Au | Hg 

a 87 88 89 104 | 105 | 106 | 107 | 108 | 109 

| | Fr | Ra | Act | Unq| Unp| Unh| Uns| Uno| Une; 

| 58 | 59 ole | ow 
Ce Pr Sm | Eu | Gd 

7 90 | 91 | 92 |.93 | 94 | 95 | 96 | 97 
Th | Pa U | Np | Pu | Am | Cm| Bk 

<q Samples of various nonmetals, 

including iodine, bromine, 

oxygen, neon, and sulfur. 
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ion 

cation 

anion 

(b) NaCl 

A 
FIGURE 3.5 

Representation of molecular and 

ionic (nonmolecular) 

compounds. (a) Two hydrogen 

atoms combined with an oxygen 
atom to form a molecule of 

water. (b) A positively charged 

sodium ion and a negatively 

charged chloride ion form the 

compound sodium chloride. 

diatomic molecules 

meee eee e eee e nee n ee eaeeeeeeeeesasneses 

An ion is a positively or negatively charged atom or group of atoms. An ionic 

compound is held together by attractive forces that exist between positively and 

negatively charged ions. A positively charged ion is called a cation (pronounced 

cat-eye-on);, a negatively charged ion is called an anion (pronounced an-eye-on). 

Sodium chloride is a typical ionic compound. The ultimate particles of sodium 
chloride are positively charged sodium ions and negatively charged chloride ions. 
Sodium chloride is held together in a crystalline structure by the attractive forces 
existing between these oppositely charged ions. Although ionic compounds consist 
of large aggregates of cations and anions, their formulas are normally represented 
by the simplest possible ratio of the atoms in the compound. For example, in sodium 
chloride the ratio is one sodium ion to one chlorine ion, and the formula is NaCl. 
The two types of compounds, molecular and ionic, are illustrated in Figure 3.5. 

There are more than 9 million known registered compounds, with no end in 
sight as to the number that will be prepared in the future. Each compound is unique 
and has characteristic properties. Let us consider two compounds, water and sodium 
chloride, in some detail. Water is a colorless, odorless, tasteless liquid that can be 
changed to a solid (ice) at 0°C and to a gas (steam) at 100°C. Composed of two 
atoms of hydrogen and one atom of oxygen per molecule, water is 11.2% hydrogen 
and 88.8% oxygen by mass. Water reacts chemically with sodium to produce 
hydrogen gas and sodium hydroxide, with lime to produce calcium hydroxide, and 
with sulfur trioxide to produce sulfuric acid. No other compound has all these exact 
physical and chemical properties; they are characteristic of water alone. 

Sodium chloride is a colorless crystalline substance with a ratio of one atom 
of sodium to one atom of chlorine. Its composition by mass is 39.3% sodium and 
60.7% chlorine. It does not conduct electricity in its solid state; it dissolves in water 
to produce a solution that conducts electricity. When a current is passed through 
molten sodium chloride, solid sodium and gaseous chlorine are produced. These 
specific properties belong to sodium chloride and to no other substance. Thus, a 
compound may be identified and distinguished from all other compounds by its 
characteristic properties. 

Elements That Exist 
as Diatomic Molecules 

Seven of the elements (all nonmetals) occur as diatomic molecules. These elements 
and their symbols, formulas, and brief descriptions are listed in Table 3.7. Whether 
found free in nature or prepared in the laboratory, the molecules of these elements 



_ TABLE 3.7 Elements That Exist as Diatomic Molecules _ 

Molecular : 
Element Symbol —__ formula Normal state 

—Syoen i sai i“ CC Colores cas 
Nitrogen ON N> : Colorless gas 

= Oxygen O O37 7) Colorless gas. 
Fluorine Bo ‘f Pale yellow gas _ 
Chlorine © Cl Clo Yellow-green gas 
Bromine — By Bro ~~—___ Reddish-brown liquid — 

| Iodine oo LL Bluish-black solid 

always contain two atoms. The formulas of the free elements are therefore always 

written to show this molecular composition: Hz, Nz, Oz, Fo, Cl2, Bro, and Ib. 

. It is important to see how symbols are used to designate either an atom or a 

molecule of an element. Consider hydrogen and oxygen. Hydrogen gas is present 

in volcanic gases and can be prepared by many chemical reactions. Regardless of 

their source, all samples of free hydrogen gas consist of diatomic molecules. Free 

hydrogen is designated by the formula Hz, which also expresses its composition. 

Oxygen makes up about 21% by volume of the air that we breathe. This free oxygen 

is constantly being replenished by photosynthesis; it can also be prepared in the 

laboratory by several reactions. The majority of free oxygen is diatomic and is 

designated by the formula O. Now consider water, a compound designated by the 

formula H,O (sometimes HOH). Water contains neither free hydrogen (H2) nor free 

oxygen (O,). The H, part of the formula H,O simply indicates that two atoms of 

hydrogen are combined with one atom of oxygen to form water. 

Chemical Formulas 

Chemical formulas are used as abbreviations for compounds. A chemical formula 

shows the symbols and the ratio of the atoms of the elements in a compound. 

Sodium chloride contains one atom of sodium per atom of chlorine; its formula is 

NaCl. The formula for water is H,O; it shows that a molecule of water contains 

two atoms of hydrogen and one atom of oxygen. 

The formula of a compound tells us which elements it is composed of and how 

many atoms of each element are present in a formula unit. For example, a molecule 

of sulfuric acid is composed of two atoms of hydrogen, one atom of sulfur, and 

four atoms of oxygen. We could express this compound as HHSOOOO, but the 

usual formula for writing sulfuric acid is H,SO4. The formula may be expressed 

verbally as “H-two-S-O-four.” Numbers that appear partially below the line and to 

r 

chemical formula 
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FIGURE 3.6 > 

Explanation of the formulas 

NaCl, H,SO,, and Ca(NO;),. 

subscript 

NaCl 

Indicates the Indicates the 

element sodium element chlorine 

(one atom) (one atom) 

H,SO, 

Indicates the Indicates the Indicates four 
element element sulfur atoms of 

hydrogen (one atom) oxygen 

Indicates two Indicates the 

atoms of element 

hydrogen oxygen 

Ca(NOQO,), 
SS 

Indicates two 

nitrate (NO;) 
Indicates the Indicates the nitrate groups 
element calcium group composed of 
(one atom) one nitrogen atom and 

three oxygen atoms 

the right of a symbol of an element are called subscripts. Thus the 2 and the 4 in 
H SO, are subscripts (see Figure 3.6). Characteristics of chemical formulas are 

1. 

2. 

The formula of a compound contains the symbols of all the elements in 
the compound. 
When the formula contains one atom of an element, the symbol of that 
element represents that one atom. The number one (1) is not used as a 
subscript to indicate one atom of an element. 
When the formula contains more than one atom of an element, the number 
of atoms is indicated by a subscript written to the right of the symbol of 
that atom. For example, the two (2) in HO indicates two atoms of H in 
the formula. 
When the formula contains more than one of a group of atoms that occurs 
as a unit, parentheses are placed around the group, and the number of units 
of the group are indicated by a subscript placed to the right of the parentheses. 
Consider the nitrate group, NO3. The formula for sodium nitrate, NaNOs, 
has only one nitrate group; therefore no parentheses are needed. Calcium 
nitrate, Ca(NO3)>, has two nitrate groups, as indicated by the use of parenthe- 
ses and the subscript 2. Ca(NO3), has a total of nine atoms: one Ca, two 
N, and six O atoms. The formula Ca(NO3)> is read as “C-A [pause] N-O- 
three taken twice.” 

- Formulas written as HO, H»SO,, Ca(NO3)>, and C;5H>>0,, show only the 
number and kind of each atom contained in the compound; they do not show 
the arrangement of the atoms in the compound or how they are chemically 
bonded to one another. 
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rbon—The Chameleon | 

ne of the most diverse elements in the 

eriodic table is carbon. Although it is 
ch less abundant than many other ele- 

“Ments, it is readily available. Carbon is 
found free in three forms called allo- 
ropes—as the mineral graphite, as dia- 

nonds, and as buckminsterfullerene, a 

al properties of the allotropes are quite 
distinct. Diamond consists of transparent, 

ctahedral crystals that are colorless when 

pure—but may range from pale blue to 

et black due to impurities. It is the hardest 

_known substance and an excellent heat 

‘conductor. When a diamond has certain 

‘impurities added to the crystal intention- 

ally it becomes an electrical semiconduc- 
‘tor. Diamonds for cutting tools are both 

mined and produced synthetically. The 

majority of gem diamonds are mined in 

South Africa but some also come from 

‘South America. Graphite, on the other 
hand, consists of layers or sheets of carbon 

atoms, which are very soft and which eas- 

ily slip over one another. It is an excellent 

conductor of electricity. Graphite is mined 

as massive crystals, or is obtained from 

heating coal and pitch in very high temper- 

ature furnaces. Buckminsterfullerene is 

composed of clusters of carbon atoms ar- 

ranged in the shape of a soccer ball. The 
-_cage-like structure permits capture of 

other atoms leading to some interesting 

applications. More information on buck- 

minsterfullerene can be found in the 
‘Chemistry in Action on page 232. 

- Carbon is an essential constituent of 

plant and animal life. For example, coal 
is formed by the gradual decay of plant 

of carbon dioxide and methane gas during 

the decaying process. If coal is heated 

without air present, destructive distillation 

occurs. This process decomposes the car- 

bon compounds and produces coke, which 

is 90-95% graphite. Charcoal, consisting 

of tiny crystals of graphite, is prepared by 

he destructive distillation of wood. Bone 

black, also consisting of tiny graphite 

crystals, is made from the destructive dis- 

tillation of bones and wastes from packing 

‘orm only recently discovered. The physi- — 

life enriched in carbon through the loss — 

une 

houses. Carbon black is formed when nat- 

ural gas is burned with an insufficient 
quantity of air—a residue of graphite car- 
bon is formed on a cold surface and then — 

scraped off. 

Free carbon finds a variety of uses in 

our society. Diamonds are collected and 

displayed for their gem quality, used in 

jewelry, and held as investments. They - 
are also used in cutting and drilling tools. i boat 

our atmosphere. As such, itis one of the = Graphite has many uses as a lubricant. 

Mixtures of clay and graphite z are molded 

_ into the “lead” used i in pencils. The higher 

the clay content, the harder the “lead. | . 

Graphite is also used as electrodes in dry 
cells and is found in some paints and . 

stove polish. © oo 7 

Charcoal can absorb large quantities - 

of substances onto its surface. For this 

“reason it is very useful i in water purifica- 

tion systems, in the manufacture of gas 

masks, and in removing color from. solu- 

tions (as in the refining of sugar). Coke 2 

is an important fuel. It is also used to 

reduce iron from its ore. Alloys | of iron — 

and carbon form the major industrial prod- = 

_uct we call steel. Carbon black is usedin 
making carbon paper, printer’s ink, and aS 

In addition, carbon combines chemi- 

~ cally with other elements to form a myriad 

of useful compounds. 
_ containing carbon and hydrogen are com- © 

Hydrocarbons 

monly found in petroleum and natural gas. 

There are so many hydrocarbons and their _ 
derivatives that an entire branch of chem- 

istry, organic chemistry, is dedicated to 
studying and understanding them. Carbon 

is also found as carbon dioxide, CO), in _ 

sreenhouse gases that contributes ton 

quantities of carbon monoxide can be fatal 

_ (see Chemistry in Action, p. 422).Carbon 
ean combine with chlorine and fluorine to 

make ; a group. of compounds known as 

chlorofluorocarbons. These compounds — 

are widely used as refrigerants. They are 

: definite contributors to the destruction of — 

the ozone layer in our atmosphere and are 
_ the topic of debate and regulation world-_ 
wide (see Section 12.17). : 

some shoe polish. Ttis the additive inrub- | 
ber that makes tires black. —— 

Diamonds and graphite. 

000 000000000000000000000000000000000 00000000000 CO ECOSOC COOOL LEOEOEE® 
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global warming and is of great concern — 

to scientists (see Section 8.7). Carbon 

‘monoxide, CO, is an important fuel gas. 
It is colorless, odorless, tasteless, and ex- 

' tremely | poisonous. Breathing even small — 
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Example 3.1 

Solution 

(a) When iron and sulfur exist as 

pure substances, only the iron is 

attracted to a magnet. (b) A 

mixture of iron and sulfur can be 

separated by using the difference 

in magnetic attraction. (c) The 

compound iron(II) sulfide cannot 

be separated into its elements 

with a magnet. 

v 

(a) 

Write formulas for the following compounds, the atom composition of which is 

given. (a) Hydrogen chloride: 1 atom hydrogen + 1 atom chlorine; (b) Methane: 
1 atom carbon + 4 atoms hydrogen; (c) Glucose: 6 atoms carbon + 12 atoms 
hydrogen + 6 atoms oxygen. 

(a) First write the symbols of the atoms in the formula: H Cl. Since the ratio of 

atoms is one to one, we merely bring the symbols together to give the formula 
for hydrogen chloride as HCl. 

(b) Write the symbols of the atoms: C H. Now bring the symbols together and place 
a subscript 4 after the hydrogen atom. The formula is CH,. 

(c) Write the symbols of the atoms: C H O. Now write the formula, bringing together 
the symbols followed by the correct subscripts according to the data given (six 
C, twelve H, six O). The formula is C5H,O.. 

Mixtures 

Single substances—elements or compounds—seldom occur naturally in a pure state. 
Air is a mixture of gases; seawater is a mixture of a variety of dissolved minerals; 
ordinary soil is a complex mixture of minerals and various organic materials. 

How is a mixture distinguished from a pure substance? A mixture always 
contains two or more substances that can be present in varying concentrations. Let 
us consider an example of a homogeneous mixture and an example of a heterogeneous 
mixture. Homogeneous mixtures (solutions) containing either 5% or 10% salt in 
water can be prepared simply by mixing the correct amounts of salt and water. 
These mixtures can be separated by boiling away the water, leaving the salt as a 
residue. The composition of a heterogeneous mixture of sulfur crystals and iron 
filings can be varied by merely blending in either more sulfur or more iron filings. 
This mixture can be separated physically by using a magnet to attract the iron or 
by adding carbon disulfide to dissolve the sulfur. 

(b) (c) 



TABLE 3.8 Comparison of Mixtures and Compounds 

Mixture Compound 

Composition ‘May be composed of Composed of two or more 
elements, compounds, elements in a definite, fixed 

or both in variable proportion by mass. 
composition. 

_ Separation of Separation may be Elements can be separated by 
components ~ made by physical or chemical changes only. 

= mechanical means. : 

Identification of Components do not lose — A compound does not 
components their identity. resemble the elements from 

which it is formed. 

Iron(II) sulfide (FeS) contains 63.5% Fe and 36.5% S by mass. If we mix iron 

and sulfur in this proportion, do we have iron(II) sulfide? No, it is still a mixture; 

the iron is still attracted by a magnet. But if this mixture is heated strongly, a 

chemical change (reaction) occurs in which the reacting substances, iron and sulfur, 

form a new substance, iron(II) sulfide. Iron(ID sulfide, FeS, is a compound of iron 

and sulfur and has properties that are different from those of either iron or sulfur: 

It is neither attracted by a magnet nor dissolved by carbon disulfide. The differences 

between the iron and sulfur mixture and the iron(II) sulfide compound are as follows: 

Mixture of Compound of 
iron and sulfur iron and sulfur’ 

Formula Has no definite formula; FeS 
: consists of Fe and S. 

- Composition Contains Fe and S in any 63.5% Fe and 36.5% S 
proportion by mass. by mass. 

Separation Fe and S can be separated Fe and § can be separated 
by physical means. only by chemical 

change. 
ee Sonne 

The general characteristics of mixtures and compounds are compared in Table 3.8. 

1. Identify the three physical states of matter. 

2. Distinguish between substances and mixtures. 

3. Classify common materials as elements, compounds, or mixtures. 

4. Write the symbols when given the names, or write the names when given the 

symbols, of the common elements listed in Table 3.4. 
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Iron(Il) sulfide is the correct 
name for the compound 

formed from iron and sulfur. 

We will discuss the reason 

for the (Il) in Chapter 6 

when we learn to name 

compounds. 



CIA is used to indicate a 

term found in a “Chemistry 

in Action” essay. 

CHAPTER 3 Classification of Matter 

5. Understand how symbols, including subscripts and parentheses, are used to write 

chemical formulas. 

6. Differentiate among atoms, molecules, and ions. 

7. List the characteristics of metals, nonmetals, and metalloids. 

8. List the elements that occur as diatomic molecules. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parentheses for each term. More detailed definitions are given in the 
Glossary. 

allotropes (CIA) 

amorphous (3.2) 

anion (3.9) 

atom (3.4) 

cation (3.9) 

chemical formula (3.11) 

chlorofluorocarbons (CIA) 

compound (3.9) 

diatomic molecules (3.10) 

element (3.4) 

stions 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 
asterisk. 

1 . List four different substances in each of the three states 

of matter. 

. In terms of the properties of the ultimate particles of a 

substance, explain 

(a) why a solid has a definite shape but a liquid does not. 
(b) why a liquid has a definite volume but a gas does not. 
(c) why a gas can be compressed rather easily but a solid 

cannot be compressed appreciably. 

. What evidence can you find in Figure 3.1 that gases oc- 
cupy space? 

- Which liquids listed in Table 3.1 are not mixtures? 

- Which of the gases listed in Table 3.1 are not pure sub- 
stances? 

10. 

11. 

12. 

gas (3.2) molecule (3.9) 

heterogeneous (3.3) nonmetal (3.8) 

homogeneous (3.3) phase (3.3) 

hydrocarbons (CIA) solid (3.2) 

ion (3.9) 

liquid (3.2) 

matter (3.1) 

metal (3.8) 

metalloid (3.8) 

mixture (3.3) 

subscripts (3.11) 

substance (3.3) 

symbol (3.7) 

system (3.3) 

- When the stopper is removed from a partly filled bottle 
containing solid and liquid acetic acid at 16.7°C, a strong 
vinegarlike odor is noticeable immediately. How many ace- 
tic acid phases must be present in the bottle? Explain. 

. Is the system enclosed in the bottle of Question 6 homoge- 
neous or heterogeneous? Explain. 

- Is a system that contains only one substance necessarily 
homogeneous? Explain. 

- Isasystem that contains two or more substances necessarily 
heterogeneous? Explain. 

Are there more atoms of silicon or hydrogen in the earth’s 
crust, seawater, and atmosphere? Use Table 3.3 and the 
fact that the mass of a silicon atom is about 28 times that 
of a hydrogen atom. 

What does the symbol of an element stand for? 

Write down what you believe to be the symbols for the 
elements phosphorus, aluminum, hydrogen, potassium, 
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magnesium, sodium, nitrogen, nickel, silver, and pluto- 

nium. Now look up the correct symbols and rewrite them, 

comparing the two sets. 

35. List four uses of graphite in daily life. 

36. Which of the following statements are correct? Rewrite the 

13. 

14. 

15. 

16. 

1. 

18. 

19. 

20. 

21. 

22. 

23. 

24. 

25. 

26. 

27. 

28. 

29. 

30. 

31. 

32. 

33. 

34. 

Interpret the difference in meanings for each of these pairs: 

(a) Si and SI (b) Pb and PB (c) 4 P and Py, 

List six elements and their symbols in which the first letter 

of the symbol is different from that of the name. (Table 3.5) 

Write the names and symbols for the 14 elements that 

have only one letter as their symbol. (See table on inside 
front cover.) 

Distinguish between an element and a compound. 

How many metals are there? Nonmetals? Metalloids? (Ta- 

ble 3.6) 

Of the ten most abundant elements in the earth’s crust, 

seawater, and atmosphere, how many are metals? Nonmet- 

als? Metalloids? (Table 3.3) 

Of the six most abundant elements in the human body, how 

many are metals? Nonmetals? Metalloids? (Figure 3.4) 

Why is the symbol for gold Au rather than G or Go? 

Give the names of (a) the solid diatomic nonmetal and (b) 

the liquid diatomic nonmetal. (Table 3.7) 

Distinguish between a compound and a mixture. 

What are the two general types of compounds? How do 

they differ from each other? 

What is the basis for distinguishing one compound from an- 

other? 

How many atoms are contained in (a) one molecule of 

hydrogen, (b) one molecule of water, and (c) one molecule 

of sulfuric acid? 

What is the major difference between a cation and an anion? 

Write the names and formulas of the elements that exist 

as diatomic molecules. (Table 3.7) 

Distinguish between homogeneous and heterogeneous mix- 

tures. 

Tabulate the properties that characterize metals and non- 

metals. 

Which of the following are diatomic molecules? 

(a) Hy (c) HCI (e) NO (g) MgCl 
(b) SO, (d) H,0 (f) NOz 

What is the major difficulty in using hydrogen as a primary 

source of fuel? 

How can sponge iron be used to create a recyclable source 

of hydrogen for fuel? 

Name the three allotropes of carbon. 

List a minimum of three forms of graphite crystals and 

indicate a source for each. 

incorrect statements to make them correct. (Try to answer 

this question without referring to the text.) 

(a) Liquids are the least compact state of matter. 

(b) Liquids have a definite volume and a definite shape. 

(c) Matter in the solid state is discontinuous; that is, it is 

made up of discrete particles. 

(d) Wood is homogeneous. 

(e) Wood is a substance. 

(f) Dirt is a mixture. 

(g) Seawater, although homogeneous, is a mixture. 

(h) Any system made up of only one substance is homoge- 

neous. 
(i) Any system containing two or more substances is het- 

erogeneous. 
(j) A solution, although it contains dissolved material, 

is homogeneous. 

(k) The smallest unit of an element that can exist and enter 

into a chemical reaction is called a molecule. 

(1) The basic building blocks of all substances that cannot 

be decomposed into simpler substances by ordinary 

chemical change are compounds. 

(m) The most abundant element in the earth’s crust, sea- 

water, and atmosphere by mass is oxygen. 

(n) The most abundant element in the human body, by 

mass, is carbon. 

(0) Most of the elements are represented by symbols con- 

sisting of one or two letters. 

(p) The symbol for copper is Co. 

(q) The symbol for sodium is Na. 

(r) The symbol for potassium is P. 

(s) The symbol for lead is Le. 

(t) Early names for some elements led to unlikely symbols, 

such as Fe for iron. 

(u) A compound is a distinct substance that contains two 

or more elements combined in a definite proportion 

by mass. 

(v) The smallest uncharged individual unit of a compound 

formed by the union of two or more atoms is called 

a substance. 

(w) An ion is a positive or negative electrically charged 

atom or group of atoms. 

(x) Bromine is an element that occurs as a diatomic mole- 

cule, Bro. 

(y) The formula Na,CO; indicates a total of six atoms, 

including three oxygen atoms. 

(z) A general property of nonmetals is that they are good 

conductors of heat and electricity. 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

37. 

39, 

41. 

43. 

45. 

47. 

49, 

Given the following list of compounds and their formulas, 

what elements are present in each compound? 

(a) Potassium iodide KI 

(b) Sodium carbonate Na,CO; 

(c) Aluminum oxide Al,0; 

(d) Calcium bromide CaBr, 

(e) Acetic acid HC,H30, 

Write the formula for each of the following compounds (the 

composition of the compound is given after each name): 

(a) Zinc oxide 1 atom Zn, 1 atom O 

(b) Potassium chlorate 1 atom K, 1 atom Cl, 3 atoms O 

(c) Sodium hydroxide 1 atom Na, 1 atom O, 1 atom H 

(d) Ethyl alcohol 2 atoms C, 6 atoms H, 1 atom O 

Explain the meaning of each symbol and number in the 
following formulas: 

(a) H,O 

(b) Na,SO, 

(c) HC,H30, 

How many atoms are represented in each of these formulas? 
(a) KF 

(b) CaCO; 
(c) K,Cr,07 

(d) N aC ,H30, 

(e) (NH4)2C,04 

How many atoms of oxygen are represented in each 
formula? 

(a) H,O 

(b) CuSO, 

(c) HO, 

(d) Fe(OH); 
(e) Al(C1O3)3 

Classify each of the following materials as an element, 
compound, or mixture: 
(a) Air 

(b) Oxygen 

(c) Sodium chloride 

(d) Wine 

Classify each of the following materials as an element, 
compound, or mixture: 

(a) Paint 

(b) Salt 

(c) Copper 

(d) Beer 

38. 

40. 

42. 

44. 

46. 

48. 

50. 

Given the following list of compounds and their formulas, 

what elements are present in each compound? 

(a) Magnesium bromide MgBr, 

(b) Carbon tetrachloride CCl, 

(c) Nitric acid HNO; 

(d) Barium sulfate BaSO, 

(e) Aluminum phosphate AIPO, 

Write the formula for each of the following compounds (the 

composition of the compound is given after each name): 

(a) Aluminum bromide 1 atom Al, 3 atoms Br 

(b) Calcium fluoride 1 atom Ca, 2 atoms F 

(c) Lead(II) chromate 1 atom Pb, 1 atom Cr, 4 atoms O 

(d) Benzene 6 atoms C, 6 atoms H 

Explain the meaning of each symbol and number in the 
following formulas: 

(a) AIBr; 

(b) Ni(NO3)2 
(c) C)2H220;, (sucrose) 

How many atoms are represented in each of these formulas? 
(a) NaCl 

(b) Nz 
(c) Ba(ClO3), 
(d) CCI,F, (Freon) 

(e) Alo(SO,4)s 
How many atoms of hydrogen are represented in each 
formula? 

(a) H, 
(b) Ba(C,H30>), 

(c) CoH )20¢6 
(d) HC,H30, 
(e) (NH4)2Cr,0, 

Classify each of the following materials as an element, 
compound, or mixture: 
(a) Platinum 

(b) Sulfuric acid 

(c) Iodine 

(d) Crude oil 

Classify each of the following materials as an element, 
compound, or mixture: 

(a) Hydrochloric acid 

(b) Silver 

(c) Milk 

(d) Sodium hydroxide 



oa. 

53. 

55: 

Reduce each of the following chemical formulas to the 
smallest whole-number relationship among atoms. (In 
chemistry this is called the empirical formula. You will 
learn more about it later.) 

(a) C6Hj20, glucose 
(b) CgHig octane 
(c) Cy5H52 paraffin wax 

Is there a pattern to the location of the gaseous elements 
on the periodic table? If so describe it. 

Of the first 36 elements on the periodic table what percent 
are metals? 

itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

D7 

58. 

59. 

60. 
- How many atoms of hydrogen are there in ten molecules 

61. 

62. 

Vitamin B,> has a formula that is Cez;3HggCoN,40,4P. 

(a) How many atoms make up one molecule of vitamin 

By? 

(b) What percentage of the total atoms are carbon? 

(c) What fraction of the total atoms are metallic? 

How many total atoms are there in seven dozen molecules 

of nitric acid, HNO3? 

The following formulas look similar but represent different 

things. Compare and contrast them. How are they alike? 

How are they different? 

8S Sg 

Calcium dihydrogen phosphate is an important fertilizer. 

of Ca(HzPO4)2? 

How many total atoms are there in one molecule of 

C1 45H2030 168? 

Name: 

(a) three elements, all metals, beginning with the letter M. 

(b) four elements, all solid nonmetals. 

(c) five elements, all solids in the first five rows of the 

periodic table, whose symbols start with letters differ- 

ent than the element name. 

54. 

56. 

63. 

64. 

Additional Exercises 67 

. Reduce each of the following chemical formulas to the 

smallest whole-number relationship among atoms. (In 

chemistry this is called the empirical formula. You will 

learn more about it later.) 

(a) H,O, hydrogen peroxide 

(b) C,H,O ethyl alcohol 
(c) Na,Cr,O7 sodium dichromate 

Is there a pattern to the location of the liquid elements on 

the periodic table? If so describe it. 

Of the first 36 elements on the periodic table what percent 

are solids? 

It has been estimated that there is 4 X 107+ mg of gold/L 

of sea water. At a price of $19.40/g, what would be the 

value of the gold in 1 km? (1 X 101° cm?) of the ocean? 

Make a graph using the data below. Plot the density of air 

in grams per liter along the x-axis and temperature along 

the y-axis. 

Temperature (°C) Density (g/L) 

0 1.29 

10 1.25 

20 1.20 

40 1.14 

80 1.07 

(a) What is the relationship between density and tempera- 

ture according to your graph? 

(b) From your plot find the density of air at these tempera- 

tures: 

5°C Zee 70°C 
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The world we live in is a myriad of sights, sounds, smells, and tastes. Our senses 

help us to describe these objects in our lives. For example, the smell of freshly 

baked cinnamon rolls creates a mouth-watering desire to gobble down a fresh-baked 
sample. And so it is with each substance—its own unique properties allow us to 

identify it and predict its interactions. 
These interactions produce both physical and chemical changes. When you eat 

an apple, the ultimate metabolic result is carbon dioxide and water. These same 

products are achieved by burning logs. Not only does a chemical change occur in 
these cases, but an energy change as well. Some reactions release energy (as does 

the apple or the log) whereas others require energy, such as the production of steel 
or the melting of ice. Over 90% of our current energy comes from chemical reactions. 

Properties of Substances 

How do we recognize substances? Each substance has a set of properties that is 

characteristic of that substance and gives it a unique identity. Properties are the 

personality traits of substances and are classified as either physical or chemical. 

Physical properties are the inherent characteristics of a substance that can be 

determined without altering its composition; they are associated with its physical 

existence. Common physical properties are color, taste, odor, state of matter (solid, 

liquid, or gas), density, melting point, and boiling point. Chemical properties 

describe the ability of a substance to form new substances, either by reaction with 

other substances or by decomposition. 

We can select a few of the physical and chemical properties of chlorine as an 

example. Physically, chlorine is a gas about 2.4 times heavier than air. It is yellowish- 

green in color and has a disagreeable odor. Chemically, chlorine will not burn but 

will support the combustion of certain other substances. It can be used as a bleaching 

agent, as a disinfectant for water, and in many chlorinated substances such as 

refrigerants and insecticides. When chlorine combines with the metal sodium, it 

forms a salt called sodium chloride. These properties, among others, help to character- 

ize and identify chlorine. 

Substances, then, are recognized and differentiated by their properties. Table 

4.1 lists four substances and several of their common physical properties. Information 

about common physical properties, such as that given in Table 4.1, is available in 

handbooks of chemistry and physics. Scientists do not pretend to know all the 

answers or to remember voluminous amounts of data, but it is important for them 

to know where to look for data in the literature. Handbooks are one of the most 

widely used resources for scientific data.* 

and chemical properties. x 

“Two such handbooks are David R. Lide, ed., Handbook of Chemistry and Physics, 75th Ed. (Cleveland: 

Chemical Rubber Company, 1995) and Norbert A. Lange, comp., Handbook of Chemistry, 13th ed. 

(New York: McGraw-Hill, 1985). 
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Iron can be melted at very high 

temperatures and then cast into 

a variety of shapes. 
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Substance Lo 
Qo Yellowish-green 

Water . - Colorless — 
sur | White 
: Acetic acid 2 Colorless 

physical change 

chemical change 

‘TABLE 4.1 Physical Properties of Chiorine, Water, Sugar, and Acetic Acid 

Color 
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: Melting : Physical — Boiling 
Odor ——sisTaste —=—<“‘ ts“ pot) C:point CO 

- Sharp, Sharp, Gas — 101.6 — 34.6 
suffocating = — sour” : ae J2 

— Odorless = ssTasteless’ Liquid 0 100.0 
_ Odotless == Sweet Solid = -Decomposes 

| : : - 170-186 
| likevinepar Sour Liquid lo] 118.0 

Physical Changes 

Matter can undergo two types of changes, physical and chemical. Physical changes 
are changes in physical properties (such as size, shape, and density) or changes in 
the state of matter without an accompanying change in composition. The changing 
of ice into water and water into steam are physical changes from one state of matter 
into another (Figure 4.1). No new substances are formed in these physical changes. 

When a clean platinum wire is heated in a burner flame, the appearance of the 
platinum changes from silvery metallic to glowing red. This change is physical 
because the platinum can be restored to its original metallic appearance by cooling 
and, more importantly, because the composition of the platinum is not changed by 
heating and cooling. 

Chemical Changes 

In a chemical change, new substances are formed that have different properties 
and composition from the original material. The new substances need not in any 
way resemble the initial material. 

When a clean copper wire is heated in a burner flame, the appearance of the 
copper changes from coppery metallic to glowing red. Unlike the platinum previously 
mentioned, the copper is not restored to its original appearance by cooling but 
becomes instead a black material. This black material is a new substance called 
copper(II) oxide. It was formed by chemical change when copper combined with 
oxygen in the air during the heating process. The unheated wire was essentially 
100% copper, but the copper(II) oxide is 79.9% copper and 20.1% oxygen. One 
gram of copper will yield 1.251 g of copper(II) oxide (see Figure 4.2). The platinum 
is changed only physically when heated, but the copper is changed both physically 
and chemically when heated. 

When 1.00 g of copper reacts with oxygen to yield 1.251 g of copper(II) oxide, 
the copper must have combined with 0.251 g of oxygen. The percentage of copper 
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FIGURE 4.1 
Ice melting into water or water 

turning into steam are physical 

changes from one state of 

matter to another. 
and oxygen can be calculated from this data—the copper and oxygen each being a 

percent of the total mass of copper(II) oxide. 

1.00 g copper + 0.251 g oxygen —— 1.251 g copper(II) oxide 

1.00 g copper 
————___———_ X 100 = 79. 
1.251 g copper(II) oxide pe ee 

0.251 g oxygen pee ee ON EE 00 = 2011 1.251 g copper(II) oxide a 

Water can be decomposed chemically into hydrogen and oxygen. This is usually 

accomplished by passing electricity through the water in a process called electrolysis. 

Hydrogen collects at one electrode while oxygen collects at the other (see Figure 

4.3). The composition and the physical appearance of the hydrogen and the oxygen 

are quite different from that of water. They are both colorless gases, but each behaves 

differently when a burning splint is placed into the sample: The hydrogen explodes 

with a pop while the flame brightens considerably in the oxygen (oxygen supports 

and intensifies the combustion of the wood). From these observations we conclude 

that a chemical change has taken place. 

Before heating, Copper and oxygen After heating, 

wire is copper-colored from the air combine wire is black 

, chemically on heating 

Copper (II) oxide: 1.251 g 
79.9% copper: 1.00 g 4 FIGURE 4.2 

20.1% oxygen: 0.251 g 

Copper wire: 1.00 g 

(100% copper) 

Chemical change: formation of 

copper(II) oxide from copper 

and oxygen. 
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FIGURE 4.3 p> 

Electrolysis of water is forming 

hydrogen in the left tube and 

oxygen in the right tube. 

chemical equations 

reactants 

products 

Chemists have devised a shorthand method for expressing chemical changes 
in the form of chemical equations. The two previous examples of chemical changes 
can be represented by the following word equations: 

electrical 
water ate hydrogen + oxygen 

copper + oxygen A, copper(II) oxide 

Equation (1) states that water decomposes into hydrogen and oxygen when electro- 
lyzed. Equation (2) states that copper plus oxygen when heated produce copper(II) 
oxide. The arrow means “produces,” and it points to the products. The greek letter 
delta (A) represents heat. The starting substances (water, copper, and oxygen) are 
called the reactants and the substances produced (hydrogen, oxygen, and copper(II) 
oxide) are called the products. These chemical equations can be presented in still 
more abbreviated form by using symbols to represent the substances: 

20 aH, 0, 
energy 

2Cu + 0,-4+2cu0 
We will learn more about writing chemical equations in later chapters. 

Physical change usually accompanies a chemical change. Table 4.2 lists some 
common physical and chemical changes. In the examples given in the table, you 
will note that wherever a chemical change occurs, a physical change occurs also. 
However, wherever a physical change is listed, only a physical change occurs. 
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TABLE 4.2 Examples of Processes Involving Physical or Chemical Changes 
Fee a a Eee 

Process taking place Type of change Accompanying observations 

Rusting of iron : Chemical Shiny, bright metal changes to 
reddish-brown rust. 

Boiling of water Physical _ Liquid changes to vapor. 
| Burning of sulfur Chemical Yellow, solid sulfur changes to 
in air gaseous, choking sulfur dioxide. 
Boiling an egg Chemical — Liquid white and yolk change to 
a . oe solids. : 
Combustion of Chemical _ Liquid gasoline burns to gaseous 
gasoline carbon monoxide, carbon 

dioxide, and water. 
Digesting food Chemical Food changes to liquid nutrients 

and partially solid wastes. 
Sawing of wood Physical Smaller pieces of wood and 

sawdust are made from a larger 
piece of wood. 

_ Burning of wood Chemical = ~— Wood burns to ashes, gaseous 
carbon dioxide, and water. 

Heating of glass Physical Solid becomes pliable during 
heating, and the glass may 

_ change its shape. 

Conservation of Mass 

The Law of Conservation of Mass states that no change is observed in the total Law of Conservation of Mass 
mass of the substances involved in a chemical change. This law, tested by extensive 

laboratory experimentation, is the basis for the quantitative mass relationships among 
reactants and products. 

The decomposition of water into hydrogen and oxygen illustrates this law. One 

hundred grams of water decomposes into 11.2 g of hydrogen and 88.8 g of oxygen. 

For example, 

water —— hydrogen + oxygen 

100.0 g 11.2.¢ 88.8 g 

100.0 g 100.0 g 
Reactant | Products 
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energy 

potential energy 

kinetic energy 

joule 

calorie 

Energy 

From the prehistoric discovery that fire could be used to warm shelters and cook 

food to the modern-day discovery that nuclear reactors can be used to produce vast 

amounts of controlled energy, our technical progress has been directed by our ability 
to produce, harness, and utilize energy. Energy is the capacity of matter to do work. 

Energy exists in many forms; some of the more familiar forms are mechanical, 

chemical, electrical, heat, nuclear, and radiant or light energy. Matter can have both 

potential and kinetic energy. 

Potential energy is stored energy, or energy an object possesses due to its 

relative position. For example, a ball located 20 ft above the ground has more 
potential energy than when located 10 ft above the ground and will bounce higher 
when allowed to fall. Water backed up behind a dam represents potential energy 

that can be converted into useful work in the form of electrical or mechanical energy. 

Gasoline is a source of chemical potential energy. When gasoline burns (combines 

with oxygen), the heat released is associated with a decrease in potential energy. 

The new substances formed by burning have less chemical potential energy than 

the gasoline and oxygen did. 

Kinetic energy is energy that matter possesses due to its motion. When the 

water behind the dam is released and allowed to flow, its potential energy is changed 

into kinetic energy, which can be used to drive generators and produce electricity. 

All moving bodies possess kinetic energy. The pressure exerted by a confined gas 

is due to the kinetic energy of rapidly moving gas particles. We all know the results 

when two moving vehicles collide: Their kinetic energy is expended in the crash 
that occurs. 

Energy can be converted from one form to another form. Some kinds of energy 

can be converted to other forms easily and efficiently. For example, mechanical 
energy can be converted to electrical energy with an electric generator at better than 
90% efficiency. On the other hand, solar energy has thus far been directly converted 
to electrical energy at an efficiency of only about 15%. In chemistry, energy is most 
frequently expressed as heat. 

Heat: Quantitative Measurement 

The SI-derived unit for energy is the joule (pronounced jool and abbreviated J} 
Another unit for heat energy, which has been used for many years, is the calorie 
(abbreviated cal). The relationship between joules and calories is 

4.184 J = 1 cal (exactly) 

To give you some idea of the magnitude of these heat units, 4.184 joule or 
one calorie is the quantity of heat energy required to change the temperature of 
one g of water by 1°C, usually measured from 14.5°C to 15.5°C. 

Since joule and calorie are rather small units, kilojoules (kJ) and kilocalories 
(kcal) are used to express heat energy in many chemical processes: 
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Specific Heat of Selected Substances 

(2 Seine 

ike —s 1 O00 

1 kcal = 1000 cal 

The kilocalorie is also known as the nutritional or large Calorie (spelled with a 
capital C and abbreviated Cal). In this book heat energy will be expressed in joules 
with parenthetical values in calories. 

The difference in the meanings of the terms heat and temperature can be seen 

by this example: Visualize two beakers, A and B. Beaker A contains 100 g of water a” Fi oy f 
at 20°C, and beaker B contains 200 g of water also at 20°C. The beakers are heated Oars see oe : : water is converted to electrical 
until the temperature of the water in each reaches 30°C. The temperature of the energy at this hydroelectric plant 
water in the beakers was raised by exactly the same amount, 10°C. But twice as in the North Alps of Japan. 

much heat (8368 J or 2000 cal) was required to raise the temperature of the water 
in beaker B as was required in beaker A (4184 J or 1000 cal). 

In the middle of the 18th century Joseph Black, a Scottish chemist, was experi- 

menting with the heating of elements. He heated and cooled equal masses of iron 

and lead through the same temperature range. Black noted that much more heat 
was needed for the iron than for the lead. He had discovered a fundamental property 

of matter, namely, that every substance has a characteristic heat capacity. Heat 

capacities may be compared in terms of specific heats. The specific heat of a specific heat 

substance is the quantity of heat (lost or gained) required to change the temperature 
of one g of that substance by 1°C. It follows then that the specific heat of liquid 
water is 4.184 J/g°C (1.000 cal/g°C). The specific heat of water is high compared 
with that of most substances. Aluminum and copper, for example, have specific 

heats of 0.900 and 0.385 J/g°C, respectively (see Table 4.3). The relation of mass, 

specific heat, temperature change (Az), and quantity of heat lost or gained by a 
system is expressed by this general equation: 

( mass of rae heat 
x At = energy (heat (1) 

substance of Ae, BY ) 

Thus, the amount of heat needed to raise the temperature of 200. g of water by 
10.0°C can be calculated as follows: 

4.184 J 

2S 

Examples of specific heat problems follow. 

x 10.0°R = 8.37 X 10°J 200. ¢ x 
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Fast food restaurants have a special 

aroma. That aroma is the smell of fat. 

One whiff can stir the appetite for a juicy 

burger and fries. 

_ Enjoying fat in our diets today has be- 

come a major problem since we now live 

_ longer than our ancestors. Diets that are 

high in fats have been connected with — 

_ heart disease and to a variety of cancers. _ 
Inthe average American diet, fat supplies 

- about 40% of the Calories (kcal). Nutri- 
_ tionists suggest that fat should be not more 

than 30% of our total daily Calories. For 

- _ the average person eating about 2000 Cal- 

_ ories per day, this is about 67 grams, 600 

Calories, or 15 teaspoons of fat (e.g., a 

double hamburger with cheese). A small 

amount of fat is necessary in the diet to 

S provide a natural source of vitamins A, 

D, E, and K, as well as polyunsaturated 

fats necessary for maintaining growth and 

good health. 

Fats also supply us with ¢ energy. One 

gram of fat supplies 9 Calories of energy; 

_ the same amount of protein or carbohy- 

_ drate supplies only 4 Calories. Human be- 

ings utilize energy in a variety of ways 

but one of the most important is to main- 

tain body temperature, which for healthy 

individuals is around 37°C. The body 

tends to lose heat to the surroundings since 

heat flows from an area of higher tempera- 

ture to an area of lower temperature. Addi- 
tional heat energy is used to evaporate 

moisture and cool our bodies as we per- 

spire. Still more energy is demanded by 

our daily physical activities. The source 

for all this energy is the chemical oxida- 

tion of the food we eat. 
The energy content of food is deter- 

mined by burning it in a calorimeter and 

measuring the heat released. Since the ini- 

tial substances and the final products of 

the combustion in the calorimeter are the 

same as those accomplished in the human 

body, a calorie content can be assigned to 

each food. These calorie values are now 

found on food packages along with nutri- 

tional information regarding the contents 

of the food we eat. 

Fats remain in the stomach longer giv- 

ing us the “full” feeling we like after a 

Fast Energy or Fast 

meal. But too much of a good thing can 

lead to weight and health problems. 

How does fast food stack up in the 

nutrition department? Some sample meals 

are shown here from fast food restaurants 

that get less than 30% of their calories 

from fat. In general, chicken and turkey 

sandwiches that are not fried have less fat 

than hamburgers or roast beef. Salads with 

the lowest fat have little or no cheese. 

The best way to reduce fat in salads is to 

eliminate the dressing or to opt for a low- 
fat dressing. 

@ Broiled Chicken Salad 
(200 calories; 7 grams of fat) 

~@ Newman’s Own Light Italian. 
dressing 

(30 calories; | gram of fat) 

@ Vanilla shake 
(310 calories; 7 grams of fat) 

Total—540 calories; 15 grams of fat 25% 

calories from fat 

@ McLean Deluxe 
(340 calories; 12 grams of fat) 

@ Diet Coke, 12 ounces 
(I calorie; 0 grams of fat) 

@ Hot Fudge Lowfat Frozen Yogurt 
Sundae 

(290 calories; 5 grams of fat) 

Total—651 calories; 17 grams of fat 24% 

calories from fat 

@ Grilled Chicken Sandwich 
(290 calories; 7 grams of fat) 

@ Black coffee 

(0 calories; 0 grams fat) 

@ Chocolate Frosty Dairy Dessert 
(medium) 

(460 calories; 13 grams of fat) 

Total—750 calories; 20 grams of fat 24% 

calories from fat 

Believe it or not, most of the milk- 

shakes and frozen desserts served in fast 

food restaurants have less than 30% Calo- 

ries from fat per serving. This is primarily 

because they are made with skim milk. 

Fast food does not necessarily mean fast 

fat if the consumer is careful in selecting 

the particular food he or she consumes. 
Balancing a full day’s diet is more im- 
portant than worrying about each and ev- 
ery food eaten, although choosing foods 
that have less than 30% Calories from fat 
makes maintaining the balance easier. 

ooo OOOO OOOO OOOO OOOO OOOO OOOO OOO L OOO OEOO DOL OOOOS OODLE OOOO ODOC COOOL OCLC O LCCC Oe e‘ccceee 
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Calculate the specific heat of a solid in J/g°C and cal/g°C if 1638 J raise the 
temperature of 125 g of the solid from 25.0°C to 52.6°C. 

First solve equation (1) to obtain an equation for specific heat: 

energy 
specific heat = 
s g Xx At 

Now substitute in the data: 

energy = 1638 J mass = 125 g At = 52,6°C =) 25.0°C =.27,6°C 

1638 J ppeciticheat = == 0284 
ee Sg 7c = 0.475 J/e°C 

Now convert joules to calories using 1.000 cal/4.184 J: 

0.475 J _ 1.000 cal 

g°C 4.1847 
specific heat = = 0.114 cal/g°C 

A sample of a metal with a mass of 212 g is heated to 125.0°C and then dropped 

into 375 g water at 24.0°C. If the final temperature of the water is 34.2°C, what is 

the specific heat of the metal? (Assume no heat losses to the surroundings.) 

When the metal enters the water it begins to cool, losing heat to the water. At the 

same time the temperature of the water rises. This process continues until the 

temperature of the metal and the temperature of the water are equal, at which point 

(34.2°C) no net flow of heat occurs. 

The heat lost or gained by a system is given by equation (1). We use this 

equation first to calculate the heat gained by the water and then to calculate the 
specific heat of the metal: 

temperature rise of the water (At) = 34.2°C — 24.0°C = 10.2°C 

4.184 J 
Oe Ke eal a) 

ph oS 
heat gained by the water = 375 g X 

The metal dropped into the water must have a final temperature the same as the 

water (34.2°C): 

temperature drop by the metal (At) = 125.0°C — 34.2°C = 90.8°C 

heat lost by the metal = heat gained by the water = 1.60 x 10*J 

Rearranging equation (1) we get 

energy 
specific heat = aX At 

1.60 xX 10*J et. 831 110°C 212 ¢ X 90.8°C : specific heat of the metal = 

: : Practice 4.1 

| Gila the cou of energy needed to ae 8.0 g of water from 42.0°C 

Example 4.1 

Solution 

Example 4.2 

Solution 
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Energy from the sun is used to 

produce the chemical changes 

that occur during photosynthesis 

in the rain forests. 

Law of Conservation of Energy 

Practice 4.2 : a a 

A 110.0-g sample of iron at 55.5°C raises the temperature of 150.0 mL of 
water from 23.0°C to 25.5°C. Determine the specific heat of the ronincal/g°C. 

Energy in Chemical Changes 

In all chemical changes matter either absorbs or releases energy. Chemical changes 

can produce different forms of energy. For example, electrical energy to start 

automobiles is produced by chemical changes in the lead storage battery. Light 

energy is produced by the chemical change that occurs in a light stick. Heat and 

light energies are released from the combustion of fuels. All the energy needed for 

our life processes—breathing, muscle contraction, blood circulation, and so on— 

is produced by chemical changes occurring within the cells of our bodies. 

Conversely, energy is used to cause chemical changes. For example, a chemical 

change occurs in the electroplating of metals when electrical energy is passed through 

a salt solution in which the metal is submerged. A chemical change also occurs 
when radiant energy from the sun is used by green plants in the process of photosyn- 
thesis. And, as we saw, a chemical change occurs when electricity is used to 
decompose water into hydrogen and oxygen. Chemical changes are often used 
primarily to produce energy rather than to produce new substances. The heat or 
thrust generated by the combustion of fuels is more important than the new sub- 
stances formed. 

Conservation of Energy 

An energy transformation occurs whenever a chemical change occurs (see Figure 
4.4). If energy is absorbed during the change, the products will have more chemical 
potential energy than the reactants. Conversely, if energy is given off in a chemical 
change, the products will have less chemical potential energy than the reactants. 
Water can be decomposed in an electrolytic cell by absorbing electrical energy. The 
products, hydrogen and oxygen, have a greater chemical potential energy level than 
that of water (see Figure 4.4a). This potential energy is released in the form of heat 
and light when the hydrogen and oxygen are burned to form water again (see Figure 
4.4b). Thus, energy can be changed from one form to another or from one substance 
to another, and therefore is not lost. 

The energy changes occurring in many systems have been thoroughly studied 
by many investigators. No system has been found to acquire energy except at the 
expense of energy possessed by another system. This principle is stated in other 
words as the Law of Conservation of Energy: Energy can be neither created nor 
destroyed, though it can be transformed from one form to another. 



to Go! 

Instant hot and cold packs utilize the prop- 
erties of matter to release or absorb en- 
ergy. When a chemical dissolves in water, 
energy can be released or absorbed. In 
a cold pack a small sealed package of 

ammonium nitrate is placed in a separate 
sealed pouch containing water. As long as 

the substances remain separated, nothing 

happens. When the small package is bro- 

ken (when the pack is activated), the sub- 
stances mix and, as the temperature of the 

solution falls, the solution absorbs heat 
from the surroundings. 

Instant hot packs work in one of two 

ways. The first type depends on a sponta- 

neous chemical reaction that releases heat 

energy. In one product an inner paper bag 

perforated with tiny holes is contained in 

a plastic envelope. The inner bag contains 

a mixture of powdered iron, salt, activated 

charcoal, and dampened sawdust. The 

heat pack is activated by removing the 

inner bag, shaking to mix the chemicals, 

and replacing it in the outer envelope. The 

heat is the result of a chemical change— 

that of iron rusting (oxidizing) very rap- 

idly. In the second type of heat pack a 

physical property of matter is responsible 

for the production of the heat. The hot 

pack consists of a tough sealed plastic 

envelope containing a solution of sodium 

acetate or sodium thiosulfate. A small 

crystal is added by squeezing a corner of 

the pack, or by bending a small metal 

activator. Crystals then form throughout 

the solution and release heat to the sur- 

roundings. This type of hot pack has the 

advantages of not being able to overheat 

and of being reusable. To reuse, it is sim- 

ply heated in boiling water until the crys- 

tals dissolve, and then cooled and stored 

away until needed again. 

asl iee aw Caaley a) 

Immediate application of hot 

and cold packs have helped 

reduce injuries to athletes. 

ELC Ny . 

nts 

Time 

(a) 

FIGURE 4.4 

oni Si eAy 

(a) In electrolysis of water, energy is absorbed by 

the system so the products H, and O, have a higher 

potential energy. (b) When hydrogen is burned (in 

O,) energy is released and the product (H,O) has 

lower potential energy. 

‘Concepts in Review 

1. List the physical properties used to characterize a substance. 

2. Distinguish between the physical and chemical properties of matter. 

Time 

(b) 
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Questions refer to tables, figures, and key words and 

CHAPTER 4 Properties of Matter 

. Classify changes undergone by matter as either physical or chemical. 

. Distinguish between kinetic and potential energy. 

State the Law of Conservation of Mass. 

State the Law of Conservation of Energy. 

. Differentiate clearly between heat and temperature. 

CNA Mm Bb WwW . Make calculations using the equation: 

energy = (mass) X (specific heat) X (Af) 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parentheses for each term. More detailed definitions are given in the 
Glossary. 

calorie (4.6) 

chemical change (4.3) 

chemical equations (4.3) 

chemical properties (4.1) 

energy (4.5) 

joule (4.6) 

kinetic energy (4.5) 

Law of Conservation of 

Energy (4.8) 

Law of Conservation of 

Mass (4.4) 

physical change (4.2) 

physical properties (4.1) 

potential energy (4.5) 

products (4.3) 

properties (4.1) 

reactants (4.3) 

specific heat (4.6) 

stions 

10. Distinguish between potential and kinetic energy. 
concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 
asterisk. 

1. 

11. Calculate the boiling point of acetic acid in 
(a) Kelvins 

In what physical state does acetic acid exist at 10°C? (Ta- (b) degrees Fahrenheit. (Table 4.1) 
ble 4.1) 12. Which of the following statements are correct? Rewrite the 

- In what physical state does chlorine exist at 102 K? (Ta- 
ble 4.1) 

. What evidence of chemical change is visible when electric- 

ity is run through water? (Figure 4.2) 

- What physical changes occur during the electrolysis of 
water? 

5. Distinguish between chemical and physical properties. 

. What is the fundamental difference between a chemical 
change and a physical change? 

- Explain how foods are assigned a specific energy (ca- 
loric) value. 

. Describe how a “reusable hot pack” works. 

. In a chemical change why can we consider that mass is 
neither gained nor lost (for practical purposes)? 

incorrect ones to make them correct. 

(a) An automobile rolling down a hill possesses both ki- 
netic and potential energy. 

(b) When heated in the air, a platinum wire gains mass. 
(c) When heated in the air, a copper wire loses mass. 
(d) 4.184 cal is the equivalent of 1.000 J of energy. 
(e) Boiling water represents a chemical change, because 

a change of state occurs. 
(f) All the following represent chemical changes: baking a 

cake, frying an egg, leaves changing color, rusting iron. 
(g) All of the following represent physical changes: break- 

ing a stick, melting wax, folding a napkin, burning 
hydrogen to form water. 

(h) Chemical changes can produce electrical energy. 
(i) Electrical energy can produce chemical changes. 
(j) A stretched rubber band possesses kinetic energy. 



d Exercises 

Additional Exercises sl 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 
numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

13. Classify each of the following as being primarily a physical 
or primarily a chemical change: 

(a) Formation of a snowflake 

(b) Freezing ice cream 

(c) Boiling water 

(d) Churning cream to make butter 

(e) Boiling an egg 

(f) Souring milk 

15. Cite the evidence that indicates that only physical changes 

occur when a platinum wire is heated in a Bunsen 

burner flame. 

17 . Identify the reactants and products for heating a copper 

wire in a Bunsen burner flame. 

19. What happens to the kinetic energy of a speeding car when 

the car is braked to a stop? 

21. Indicate with a plus sign (+) any of these processes that 

require energy, and a negative (—) sign for any that re- 

lease energy: 

(a) melting ice 

(b) relaxing a taut rubber band 

(c) a rocket launching 

(d) striking a match 

(e) a Slinky toy (spring) “walking” down stairs 

23. How many joules of energy are required to raise the temper- 

ature of 75 g of water from 20.0°C to 70.0°C? 

25. A250.0-g metal bar requires 5.866 kJ to change its tempera- 

ture from 22°C to 100.0°C. What is the specific heat of 

the metal? 

*27. A 325-g piece of gold at 427°C is dropped into 200.0 mL 

of water at 22.0°C. The specific heat of gold is 0.131 J/g°C. 

Calculate the final temperature of the mixture. (Assume no 

heat loss to the surroundings.) 

itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

+29. The specific heat of zinc is 0.096 cal/g°C. Determine the 

energy required to raise the temperature of 250.0 g of zinc 

from room temperature (24°C) to 150.0°C. 

14. 

16. 

18. 

20. 

22. 

26. 

*28. 

*30. 

*31. 

Classify each of the following as being primarily a physical 

or primarily a chemical change: 

(a) Lighting a candle 

(b) Stirring cake batter 

(c) Dissolving sugar in water 

(d) Decomposition of limestone by heat 

(e) A leaf turning yellow 

(f) Formation of bubbles in a pot of water long before the 

water boils. 

Cite the evidence that indicates that both physical and chem- 

ical changes occur when a copper wire is heated in a Bunsen 

burner flame. 

Identify the reactants and products for the electrolysis of 

water. 

What energy transformation is responsible for the fiery 

reentry of the space shuttle? 

Indicate with a plus sign (+) any of these processes that 

require energy and a negative (—) sign for any that re- 

lease energy: 

(a) boiling water 

(b) releasing a balloon full of air with the neck open 

(c) a race car crashing into the wall 

(d) cooking a potato in a microwave oven 

(e) ice cream freezing in an ice cream maker 

. How many joules of energy are required to raise the temper- 

ature of 65 g of iron from 25°C to 95°C? 

A 1.00-kg sample of antimony absorbed 30.7 kJ, thus rais- 

ing the temperature of the antimony from 20.0°C to its 

melting point (630.0°C). Calculate the specific heat of an- 

timony. 

A 500.0-g iron bar at 212°C is placed in 2.0 L of water at 

24.0°C. What will be the change in temperature of the 

water? (Assume no heat is lost to the surroundings.) 

If 40.0 kJ of energy is absorbed by 500.0 g of water at 

10.0°C what would be the final temperature of the water? 

The heat of combustion of a sample of coal is 5500 cal/g. 

What quantity of this coal must be burned to heat 500.0 g 

of water from 20.0°C to 90.0°C? 



33. 

255. 

*36. 

CHAPTER 4 Properties of Matter 

- One gram of anthracite coal gives off 7000. cal when 

burned. How many joules is this? If 4.0 L of water is heated 

from 20.0°C to 100.0°C, how many grams of anthracite 
are needed? 

A 100.0-g sample of copper is heated from 10.0°C to 
100.0°C. 

(a) Determine the number of calories needed. (Specific 

heat of copper is 0.0921 cal/g°C.) 

(b) The same amount of heat is added to 100.0 g of Al at 

10.0°C. (Specific heat of Al is 0.215 cal/g°C.) Which 
metal gets hotter, the copper or the aluminum? 

- A 500.0-g piece of iron is heated in a flame and dropped 

into 400.0 g of water at 10.0°C. The temperature of the 

water rises to 90.0°C. How hot was the iron when it was 
first removed from the flame? (Specific heat of iron is 0.113 
cal/g°C.) 

A 20.0-g piece of metal at 203°C is dropped into 100.0 g 
of water at 25.0°C. The water temperature rises to 29.0°C. 
Calculate the specific heat of the metal (J/g°C). Assume 
that all of the heat lost by the metal is transferred to the 
water and no heat is lost to the surroundings. 

Assuming no heat loss by the system, what will be the final 
temperature when 50.0 g of water at 10.0°C are mixed with 
10.0 g of water at 50.0°C? 

ers to Practice Exercises 

4.1 1.0 x 107 J = 24 cal 

4.2 0.114 cal/g°C 

37. 

38. 

39. 

40. 

41. 

42. 

Three 500.0-g pans of iron, aluminum, and copper are each 

used to fry an egg. Which pan fries the egg (105°C) the 

quickest? Explain. 

At 6:00 p.m. you put a 300.0-g copper pan containing 800.0 

mL of water (all at room temperature, which is 25°C) on 

the stove. The stove supplies 150 cal/s. When will the water 

reach the boiling point? (Assume no heat loss.) 

Why does blowing gently across the surface of a hot cup 

of coffee help to cool it? Why does inserting a spoon into 
the coffee do the same thing? 

If you are boiling some potatoes in a pot of water, will 

they cook faster if the water is boiling vigorously than if 

the water is only gently boiling? Explain your reasoning. 

Homogenized whole milk contains 4% butterfat by volume. 

How many milliliters of fat are there in a glass (250 mL) 

of milk? How many grams of butterfat (d = 0.8 g/mL) 
are in this glass of milk? 

A 100.0-mL volume of mercury (density = 13.6 g/mL) is 

put into a container along with 100.0 g of sulfur. The two 

substances react when heated and result in 1460 g of a dark, 

solid matter. Is that material an element or a compound? 

Explain. How many grams of mercury were in the con- 
tainer? How does this support the Law of Conservation 
of Matter? 
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5.1 

5.2 

5.3 

5.4 

5.5 

5.6 

5.7 

5.8 

5.9 

5.10 

5.11 

Early Thoughts 

Dalton’s Atomic Theory 

Composition of 

Compounds 

The Nature of Electric 

Charge 

Discovery of lons 

Subatomic Parts of the 

Atom 

The Nuclear Atom 

General Arrangement 

of Subatomic Particles 

Atomic Numbers of the 

Elements 

Isotopes of the 

Elements 

Atomic Mass (Atomic 
Weight) 

Dalton’s atomic theory 

<@ Lightning occurs when electrons 

move to neutralize a charge 

difference between the clouds 

and the earth. 
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Pure substances are classified into elements and compounds. But just what makes 
a substance possess its unique properties? Salt tastes salty, but how small a piece 
of salt will retain this property? Carbon dioxide puts out fires, is used by plants to 
produce oxygen, and forms “dry” ice when solidified. But how small a mass of this 
material still behaves like carbon dioxide? When substances finally reach the atomic, 
ionic, or molecular level they are in their simplest identifiable form. Further division 
produces a loss of characteristic properties. 

What particles lie within an atom or ion? How are these tiny particles alike? 
How do they differ? How far can we continue to divide them? Alchemists began 
the quest, early chemists laid the foundation, and the modern chemist continues to 
build and expand on models of the atom. 

Early Thoughts 

The structure of matter has long intrigued and engaged the minds of people. The 
seed of modern atomic theory was sown during the time of the ancient Greek 
philosophers. About: 440 B.c. Empedocles stated that all matter was composed of 
four “elements”—earth, air, water, and fire. Democritus (about 470-370 B.c.), one 
of the early atomic philosophers, thought that all forms of matter were divisible 
into invisible particles, which he called atoms, derived from the Greek word atomos, 
meaning indivisible. He held that atoms were in constant motion and that they 
combined with one another in various ways. This purely speculative hypothesis was 
not based on scientific observations. Shortly thereafter, Aristotle (384-322 B.C.) 
opposed the theory of Democritus and instead endorsed and advanced the Emped- 
oclean theory. So strong was the influence of Aristotle that his theory dominated 
the thinking of scientists and philosophers until the beginning of the 17th century. 

Dalton’s Atomic Theory 

More than 2000 years after Democritus, the English schoolmaster John Dalton 
(1766-1844) revived the concept of atoms and proposed an atomic theory based 
on facts and experimental evidence. This theory, described in a series of papers 
published from 1803 to 1810, rested on the idea of a different kind of atom for 
each element. The essence of Dalton’s atomic theory may be summed up as follows: 

1. Elements are composed of minute, indivisible particles called atoms. 
2. Atoms of the same element are alike in mass and size. 
3. Atoms of different elements have different masses and sizes. 
4. Chemical compounds are formed by the union of two or more atoms of 

different elements. 
5. Atoms combine to form compounds in simple numerical ratios, such as one 

to one, two to two, two to three, and so on. 
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6. Atoms of two elements may combine in different ratios to form more than 

one compound. 

Dalton’s atomic theory stands as a landmark in the development of chemistry. The 

major premises of his theory are still valid, but some of the statements must be 

modified or qualified because later investigations have shown that (1) atoms are 

composed of subatomic particles; (2) not all the atoms of a specific element have 

the same mass; and (3) atoms, under special circumstances, can be decomposed. 

Composition of Compounds 

A large number of experiments extending over a long period of time have established 

the fact that a particular compound always contains the same elements in the same 

proportions by mass. For example, water will always contain 11.2% hydrogen and 

88.8% oxygen by mass. The fact that water contains hydrogen and oxygen in this 

particular ratio does not mean that hydrogen and oxygen cannot combine in some 

other ratio, but that a compound with a different ratio would not be water. In fact, 

hydrogen peroxide is made up of two atoms of hydrogen and two atoms of oxygen John Dalton (1766-1844) 

per molecule and contains 5.9% hydrogen and 94.1% oxygen by mass; its properties 

are markedly different from those of water. 

‘Hydrogen - 
peroxide _ 

- Percent H ee ae 5D 
_ Percent O : = 941 

> Atomic composition =. 2 2a 20 

The Law of Definite Composition states: Law of Definite Composition 

Let us consider two elements, oxygen and hydrogen, that form more than one 

compound. In water there are 8.0 g of oxygen for each gram of hydrogen. In 

hydrogen peroxide there are 16.0 g of oxygen for each gram of hydrogen. The 

masses of oxygen are in the ratio of small whole numbers, 16:8 or 2:1. Hydrogen 

peroxide has twice as much oxygen (by mass) as does water. Using Dalton’s atomic 

theory, we deduce that hydrogen peroxide has twice as many oxygens per hydrogen 

as water. In fact, we now write the formulas for water as H,O and for hydrogen 

peroxide as H,O>. 

The Law of Multiple Proportions states: Law of Multiple Proportions 

different rati 
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Michael Faraday (1791-1867) 

The reliability of this law and the Law of Definite Composition is the cornerstone 
of the science of chemistry. In essence these laws state that (1) the composition of 
a particular substance will always be the same no matter what its origin or how it 
is formed, and (2) the composition of different compounds formed from the same 
elements will always be unique. 

The Nature of Electric Charge 

Many of us have received a shock after walking across a carpeted area on a dry 
day. We have also experienced the static associated with combing our hair, and 
have had our clothing cling to us. All of these phenomena result from an accumulation 
of electric charge. This charge may be transferred from one object to another. The 
properties of electric charge follow: 

1. Charge may be of two types, positive and negative. 
2. Unlike charges attract (positive attracts negative) and like charges repel 

(negative repels negative and positive repels positive). 
3. Charge may be transferred from one object to another, by contact or induction. 
4. The less the distance between two charges, the greater the force of attraction 

between unlike charges (or repulsion between identical charges). 

Discovery of lons 

The great English scientist Michael Faraday (1791-1867) made the discovery that 
certain substances when dissolved in water could conduct an electric current. He 
also noticed that certain compounds could be decomposed into their elements by 
passing an electric current through the compound. Atoms of some elements were 
attracted to the positive electrode, while atoms of other elements were attracted to 
the negative electrode. Faraday concluded that these atoms were electrically charged. 
He called them ions after the Greek word meaning “wanderer.” 

Any moving charge is an electric current. The electrical charge must travel 
through a substance known as a conducting medium. The most familiar conducting 
media are metals that are used in the form of wires. 

The Swedish scientist Svante Arrhenius (1 859-1927) extended Faraday’s work. 
Arrhenius reasoned that an ion was an atom carrying a positive or negative charge. 
When a compound such as sodium chloride (NaCl) was melted, it conducted electric- 
ity. Water was unnecessary. Arrhenius’s explanation of this conductivity was that 
upon melting, the sodium chloride dissociated, or broke up, into charged ions, Na* 
and Cl~. The Nat ions moved toward the negative electrode (cathode) whereas 
the Cl~ migrated toward the positive electrode (anode). Thus,. positive ions are 
cations, and negative ions are anions. 

From Faraday’s and Arrhenius’s work with ions, Irish physicist G. J. Stoney 
(1826-1911) realized there must be some fundamental unit of electricity associated 
with atoms. He named this unit the electron in 1891. Unfortunately he had no means 
of supporting his idea with experimental proof. Evidence remained elusive until 
1897 when English physicist Joseph Thomson (1856-1940) was able to show experi- 
mentally the existence of the electron. 



Some substances give off light when they 

are rubbed, crushed, or broken in a phe- 

nomenon called triboluminescence. Ex- 

amples of substances exhibiting this prop- 

erty include crystals of quartz, sugar 

cubes, adhesive tape torn off certain sur- 

faces, and Wintergreen Lifesavers. 

Linda M. Sweeting, a chemist at 

Towson State University in Maryland, in- 

vestigated the sparks created by a Winter- 

green Lifesaver when crushed inside one’s 

mouth in a dark room. When a sugar crys- 

tal is fractured, separate areas of positive 

oluminescence 

sides of the crack. Electrons tend to leap 

the gap and neutralize the charge. When 

the electrons collide with nitrogen mole- 

cules in the air, small amounts of light are 

emitted. (Lightning is a somewhat similar 

phenomenon but on a much grander 

scale.) The addition of wintergreen mole- 

cules changes the outcome though be- 

cause they absorb some of the light energy 

from the electron leap and reemit it as 

bright blue-green flashes. These are the 

sparks we see as we crush a Lifesaver in 

the dark. 

Chemistry in Action 

Triboluminescence occurs when 

Wintergreen Lifesavers are 

crushed in the mouth. 
and negative charge form on opposite 

Subatomic Parts of the Atom 

The concept of the atom—a particle so small that until recently it could not be seen 

even with the most powerful microscope—and the subsequent determination of its 

structure stand among the very greatest creative intellectual human achievements. 

Any visible quantity of an element contains a vast number of identical atoms. 

But when we refer to an atom of an element, we isolate a single atom from the 

multitude in order to present the element in its simplest form. Figure 5.1 shows 

individual atoms as we can see them today. 

Let us examine this tiny particle we call the atom. The diameter of a single 

atom ranges from 0.1 to 0.5 nanometers (1 nm = | X 10~° m). Hydrogen, the 

smallest atom, has a diameter of about 0.1 nm. To arrive at some idea of how small 

an atom is, consider this dot (*), which has a diameter of about 1 mm, or 1 X 10° 

nm. It would take 10 million hydrogen atoms to form a line of atoms across this dot. 

As inconceivably small as atoms are, they contain smaller particles, the subatomic 

particles, such as electrons, protons, neutrons. 

The development of atomic theory was helped in large part by the invention 

of new instruments. For example, the Crookes tube, developed by Sir William 

Crookes in 1875, opened the door to the subatomic structure of the atom (Figure 

5.2). The emissions generated in a Crookes tube are called cathode rays. Joseph 

Thomson demonstrated in 1897 that cathode rays (1) travel in straight lines, (2) are 

negative in charge, (3) are deflected by electric and magnetic fields, (4) produce 

sharp shadows, and (5) are capable of moving a small paddle wheel. This was the 

experimental discovery of the fundamental unit of charge—the electron. 

The electron (e~ ) is a particle with a negative electrical charge and a mass of 

97110e% 10772 g. This mass is 1/1837 the mass of a hydrogen atom and corresponds 

to 0.0005486 atomic mass unit (amu) (defined in Section 5.11). One atomic mass 

unit has a mass of 1.6606 X 10~** g. Although the actual charge of an electron 

is known, its value is too cumbersome for practical use and therefore has been 

assigned a relative electrical charge of —1. The size of an electron has not been 

determined exactly, but its diameter is believed to be less than 107 !? cm. 

subatomic particles 

electron 

87 
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FIGURE 5.1 

A scanning tunneling microscope 

shows an array of copper atoms. 

proton 

Thomson model of the atom 

neutron 

Metal 

electrode 

(cathode) 

Metal 

electrode 

(anode) 

FIGURE 5.2 
Crookes tube. In a Crookes tube a gas is contained at 
very low pressure. When a current is applied across 
electrodes within the tube, a stream of electrons 

travels from the cathode toward the anode. 

Protons were first observed by German physicist E. Goldstein (1850-1930) in 
1886. However, it was Thomson who discovered the nature of the proton. He showed 
that the proton was a particle, and he calculated its mass to be about 1837 times 
that of an electron. The proton (p) is a particle with a relative mass of 1 amu and 
an actual mass of 1.673 x 10~*4 g. Its relative charge (+ 1) is equal in magnitude, 
but of opposite sign, to the charge on the electron. The mass of a proton is only 
very slightly less than that of a hydrogen atom. 

Thomson had shown that atoms contained both negatively and positively 
charged particles. Clearly, the Dalton model of the atom was no longer acceptable. 
Atoms were not indivisible. They were composed of smaller parts. Thomson pro- 
posed a new model of the atom. 

In the Thomson model of the atom the electrons were negatively charged 
particles embedded in the atomic sphere. Since atoms were electrically neutral the 
sphere also contained an equal number of protons, or positive charges. A neutral 
atom could become an ion by gaining or losing electrons. 

Positive ions were explained by assuming that the neutral atom had lost electrons. 
An atom with a net charge of +1 (for example, Na* or Lit) would have lost one 
electron. An atom with a net charge of +3 (for example, AP *) would have lost 
three electrons. 

Negative ions were explained by assuming that extra electrons had been added 
to the atoms. A net charge of —1 (for example, Cl~ or F~) would be produced 
by the addition of one electron. A net charge of —2 (for example, O?~ or S25) 
would be explained as the addition of two electrons. 

The third major subatomic particle was discovered in 1932 by James Chadwick 
(1891-1974). This particle, the neutron (n), bears neither a positive nor a negative 
charge and has a relative mass of about 1 amu. Its actual mass (1.675 x 10724 g) is only very slightly greater than that of a proton. The properties of these three subatomic particles are summarized in Table 5.1. 

Nearly all the ordinary chemical properties of matter can be explained in terms of atoms consisting of electrons, protons, and neutrons. The discussion of atomic 
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structure that follows is based on the assumption that atoms contain only these 

principal subatomic particles. Many other subatomic particles, such as mesons, 

positrons, neutrinos, and antiprotons, have been discovered, but it is not yet clear 

whether all these particles are actually present in the atom or whether they are 

produced by reactions occurring within the nucleus. The fields of atomic and particle 

or high-energy physics have produced a long list of subatomic particles. Descriptions 

of the properties of many of these particles are to be found in recent physics 

textbooks, in various articles appearing in Scientific American, and in several of 

Isaac Asimov’s books. 

TABLE 5.1 Electrical Charge and Relative Mass of Electrons, Protons, and . 

Neutrons 

Relative 
electrical Relative mass Actual mass 

Particle Symbol charge (amu) (g) 

Electron (a ad 9.110 x 10 7 

Proton +1 1.673 * 10% 

Neutron 0 1.675 < 10 
Ge ee 

The mass of a helium atom is 6.65 X 1074 g. How many atoms are in a 4.0-g 

sample of helium? 

latomHe _ _ 69 x 1073 atoms He 40g xX 
6.65 X 10°“ g 

Practice 5.1 

The mass of an atom of hydrogen is 1.673 X 10~ ** g. How many atoms are 

in a 10.0-g sample of hydrogen? 

<q Joseph Thomson (1856-1940) 

Example 5.1 

Solution 
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Ernest Rutherford (1871-1937) 

FIGURE 5.3 

(a) Diagram representing 

Rutherford’s experiment on 

alpha-particle scattering. (b) 

Positive alpha particles (a), 

emanating from a radioactive 

source, were directed at a thin 

gold foil. Diagram illustrates the 
deflection and repulsion of the 
Positive alpha particles by the 
positive nuclei of the gold atoms. 

v 

Source of 
alpha particles 

Deflected 

particles 

Beam of 

alpha 

particles 

Circular 

fluorescent 

screen 

(a) 

The Nuclear Atom 

The discovery that positively charged particles were present in atoms came soon 
after the discovery of radioactivity by Henri Becquerel in 1896. Radioactive elements 
spontaneously emit alpha particles, beta particles, and gamma rays from their nuclei 
(see Chapter 18). 

Ernest Rutherford had, by 1907, established that the positively charged alpha 
particles emitted by certain radioactive elements were ions of the element helium. 
Rutherford used these alpha particles to establish the nuclear nature of atoms. In 
experiments performed in 1911, he directed a stream of positively charged helium 
ions (alpha particles) at a very thin sheet of gold foil (about 1000 atoms thick). See 
Figure 5.3(a). He observed that most of the alpha particles passed through the foil 
with little or no deflection; but a few of the particles were deflected at large angles, 
and occasionally one even bounced back from the foil (Figure 5.3b). It was known 
that like charges repel each other and that an electron with a mass of 1/1837 amu 
could not possibly have an appreciable effect on the path of a 4-amu alpha particle, 
which is about 7350 times more massive than an electron. Rutherford therefore 
reasoned that each gold atom must contain a positively charged mass occupying a 
relatively tiny volume and that, when an alpha particle approached close enough to 
this positive mass, it was deflected. Rutherford spoke of this positively charged 
mass as the nucleus of the atom. Because alpha particles have relatively high masses, 
the extent of the deflections (some actually bounced back) indicated to Rutherford 
that the nucleus is very heavy and dense. (The density of the nucleus of a hydrogen 
atom is about 10'* g/em>—about one trillion times the density of water.) Because 
most of the alpha particles passed through the thousand or so gold atoms without 
any apparent deflection, he further concluded that most of an atom consists of 
empty space. 

When we speak of the mass of an atom, we are, for practical purposes, referring 
primarily to the mass of the nucleus. The nucleus contains all the protons and 
neutrons, which represent more than 99.9% of the total mass of any atom (see Table 
5.1). By way of illustration, the largest number of electrons known to exist in an 

Scattered 

alpha 

particles 

Thin gold 

RR 8 ROR RR ek 2 P89 

RR Most particles 

are undeflected 

(b) 
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atom is 111. The mass of even 111 electrons is only about 1/17 of the mass of a 

single proton or neutron. The mass of an atom, therefore, is primarily determined 

by the combined masses of its protons and neutrons. 

General Arrangement of Subatomic 
Particles 

The alpha-particle scattering experiments of Rutherford established that the atom 

contains a dense, positively charged nucleus. The later work of Chadwick demon- 

strated that the atom contains neutrons, which are particles with mass but no charge. 

He also noted that light, negatively charged electrons are present and offset the 

positive charges in the nucleus. Based on this experimental evidence, a general 

description of the atom and the location of its subatomic particles was devised. 

Each atom consists of a nucleus surrounded by electrons. The nucleus contains nucleus 

protons and neutrons but not electrons. In a neutral atom the positive charge of the 

nucleus (due to protons) is exactly offset by the negative electrons. Because the 

charge of an electron is equal but of opposite sign to the charge of a proton, a 

neutral atom must contain exactly the same number of electrons as protons. However, 

this generalized picture of atomic structure provides no information on the arrange- 

ment of electrons within the atom. 

E A neutral atom contains the same number of protons and electrons. 

Atomic Numbers of the Elements 

The atomic number of an element is the number of protons in the nucleus of an atomic number 

atom of that element. The atomic number determines the identity of an atom. For 

example, every atom with an atomic number of | is a hydrogen atom, it contains 

one proton in its nucleus. Every atom with an atomic number of 8 is an oxygen 

atom; it contains 8 protons in its nucleus. Every atom with an atomic number of 

92 is a uranium atom; it contains 92 protons in its nucleus. The atomic number tells The number of protons 

us not only the number of positive charges in the nucleus, but also the number of _—_ defines the element. 

electrons in the neutral atom. 

atomic number = number of protons in the nucleus 

There is no need to memorize the atomic numbers of the elements because a 

periodic table is commonly provided in texts, laboratories, and on examinations. 

The atomic numbers of all elements are shown in the periodic table on the inside 

front cover of this book and are .also listed in the table of atomic masses on the 

inside front cover. 
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isotopes 

mass number 

The mass number of an 

element is the sum of the 

protons and neutrons in the 
nucleus. 

Peewee wees ese nen eases essssesesereee 

Isotopes of the Elements 

Shortly after Rutherford’s conception of the nuclear atom, experiments were per- 
formed to determine the masses of individual atoms. These experiments showed 
that the masses of nearly all atoms were greater than could be accounted for by 
simply adding up the masses of all the protons and electrons that were known to 
be present in an atom. This fact led to the concept of the neutron, a particle with 
no charge but with a mass about the same as that of a proton. Because this particle 
has no charge, it was very difficult to detect, and the existence of the neutron was 
not proven experimentally until 1932. All atomic nuclei, except that of the simplest 
hydrogen atom, are now believed to contain neutrons. 

All atoms of a given element have the same number of protons. Experimental 
evidence has shown that, in most cases, all atoms of a given element do not have 
identical masses. This is because atoms of the same element may have different 
numbers of neutrons in their nuclei. 

Atoms of an element having the same atomic number but different atomic 
masses are called isotopes of that element. Atoms of the various isotopes of an 
element, therefore, have the same number of protons and electrons but different 
numbers of neutrons. 

Three isotopes of hydrogen (atomic number 1) are known. Each has one proton 
in the nucleus and one electron. The first isotope (protium), without a neutron, has 
a mass number of 1; the second isotope (deuterium), with one neutron in the nucleus, 
has a mass number of 2; the third isotope (tritium), with two neutrons, has a mass 
number of 3 (see Figure 5.4). 

The three isotopes of hydrogen may be represented by the symbols 1H, 7H, 
7H, indicating an atomic number of 1 and mass numbers of 1, 2, and 3, respectively. 
This method of representing atoms is called isotopic notation. The subscript (Z) is 
the atomic number; the superscript (A) is the mass number, which is the sum of the 
number of protons and the number of neutrons in the nucleus. The hydrogen isotopes 
may also be referred to as hydrogen-1, hydrogen-2, and hydrogen-3. 

Most of the elements occur in nature as mixtures of isotopes. However, not all isotopes are stable; some are radioactive and are continuously decomposing to form other elements. For example, of the seven known isotopes of carbon, only two, carbon-12 and carbon-13, are stable. Of the seven known isotopes of oxygen, only three, '§O, '20, and '80, are stable. Of the fifteen known isotopes of arsenic, 73As is the only one that is stable. 
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<q FIGURE 5.4 

2 
,;H /H or D 

Protium Deuterium 

iH or T 

Tritium 

Atomic Mass (Atomic Weight) 

The mass of a single atom is far too small to measure individually on a balance. 

But fairly precise determinations of the masses of individual atoms can be made 

with an instrument called a mass spectrometer (see Figure 5.5). The mass of a single 

hydrogen atom is 1.673 X 10774 g. However, it is neither convenient nor practical 

to compare the actual masses of atoms expressed in grams; therefore, a table of 

relative atomic masses using atomic mass units was devised. (The term atomic 

weight is often used instead of atomic mass.) The carbon isotope having six protons 

and six neutrons and designated carbon-12, or '2C, was chosen as the standard 

for atomic masses. This reference isotope was assigned a value of exactly 12 ato- 

mic mass units (amu). Thus one atomic mass unit is defined as equal to exactly 

1/12 of the mass of a carbon-12 atom. The actual mass of a carbon-12 atom is 

1.9927 x 10~73 g, and that of one atomic mass unit is 1.6606 < 10~** g. In the 
table of atomic masses all elements then have values that are relative to the mass 

assigned to the reference isotope carbon-12. 

A table of atomic masses is given on the inside front cover of this book. 

Hydrogen atoms, with a mass of about 1/12 that of a carbon atom, have an average 

atomic mass of 1.00797 amu on this relative scale. Magnesium atoms, which are 

about twice as heavy as carbon, have an average mass of 24.305 amu. The average 

atomic mass of oxygen is 15.9994 amu. 

Since most elements occur as mixtures of isotopes with different masses, the 

atomic mass determined for an element represents the average relative mass of all 

the naturally occurring isotopes of that element. The atomic masses of the individual 

isotopes are approximately whole numbers, because the relative masses of the 

protons and neutrons are approximately 1.0 amu each. Yet we find that the atomic 

masses given for many of the elements deviate considerably from whole numbers. 

Deflector 
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Schematic of the isotopes of 

hydrogen. The number of 

protons (purple) and neutrons 

(blue) are shown within the | 

nucleus. The electron (e ) exists 

outside the nucleus (gray). 

atomic mass unit 

FIGURE 5.5 
Schematic of a modern mass 

spectrometer. A beam of 

positive ions is produced from 

the sample as it enters the 

chamber. The positive ions are 

then accelerated as they pass 

through slits in an electric field. 

When the ions enter the 

magnetic field, they are 

deflected differently, depending 

on mass and charge. The ions 

are then detected at the end of 

the tube. From intensity and 

position of the lines on the mass 

spectrogram, the different 

isotopes of the elements and 

their relative amounts can be 

<q determined. 
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The bottle of vanilla flavoring found in 

most kitchens may be labeled either as 

“vanilla extract” or as “imitation vanilla 

extract.” Both substances taste the same 

because they contain the same molecules, 

and taste is related to molecular structure. 

What is the difference then between real 

vanilla extract and imitation vanilla ex- 

tract? 

Vanilla extract is an alcohol and 

water solution of materials extracted from 

vanilla beans. Imitation vanilla extract is 

made from lignin, a waste product in the 

wood pulp industry, which is converted 

to vanillin—the same molecule found in 

natural vanilla extract. The advantage of 

this process is monetary. The cost of pro- 

ducing natural vanilla is approximately 

$125 per gallon, whereas production of 

synthetic vanillin is approximately $60 
per gallon. 

One of the roles of a government 

chemist is to prevent fraudulent mislabel- 

ing of products. Since the compounds in 

both products are chemically the same, 

another method must be used to detect the 

source of the molecule. This is done by 

inspecting the carbon atoms in the vanil- 

lin, using a technique called stable isotope 
ratio analysis (SIRA). Two isotopes in or- 

ganic compounds are carbon-12 and car- 

bon-13. The ratio of these isotopes is 

slightly different for natural vanillin and 

imitation vanillin. It is from these slight 

differences that government scientists dis- 

tinguish whether the vanillin is from the 
vanilla bean or from the lignin. 

atomic mass 

94 

For example, the atomic mass of rubidium is 85.4678 amu, that of copper is 63.546 
amu, and that of magnesium is 24.305 amu. The deviation of an atomic mass from 
a whole number is due mainly to the unequal occurrence of the various isotopes of 
an element. For example, the two principal isotopes of copper are $3Cu and etd 
It is apparent that copper-63 atoms are the more abundant isotope, since the atomic 
mass of copper, 63.546 amu, is closer to 63 than to 65 amu (see Figure 5.6). The 
actual values of the copper isotopes observed by mass spectra determination are 
shown here: 

Isotopic mass _ 
(amu) 

The average atomic mass can be calculated by multiplying the atomic mass of each 
isotope by the fraction of each isotope present and adding the results. The calculation 
for copper is 

62.9298 amu X 0.6909 = 43.48 amu 

64.9278 amu X 0.3091 = 20.07 amu 

63.55 amu 

The atomic mass of an element is the average relative mass of the isotopes of 
that element referred to the atomic mass of carbon-12 (exactly 12.0000... amu). 

The relationship between mass number and atomic number is such that, if we 
subtract the atomic number from the mass number of a given isotope, we obtain 
the number of neutrons in the nucleus of an atom of that isotope. Table 5.2 shows 
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<q FIGURE 5.6 
A typical reading from a mass 

spectrometer. The two principal 

isotopes of copper are shown 

with the abundance (%) given. 

Abundance 

Mass 

TABLE 5.2 Determination of the Number of Neutrons in an Atom by 
Subtracting Atomic Number from Mass Number 

Hydrogen Oxygen Sulfur Fluorine Iron 

(‘H) ('°O) (2S) (PF) (°Fe) 

Mass number 1 16 32 19 56 

1 ce Cle (ie fe Atomic number 

Number of neutrons 8 16 10 30 

the application of this method of determining the number of neutrons. For example, 

the fluorine atom ('gF), atomic number 9, having a mass of 19 amu, contains 

10 neutrons: 

I Mass number — Atomic number = Number of neutrons 

19 zr 9 = 10 

The atomic masses given in the table on the inside front cover of this book are 

values accepted by international agreement. You need not memorize atomic masses. 

In most of the calculations needed in this book, the use of atomic masses to four 

significant figures will give results of sufficient accuracy. 

How many protons, neutrons, and electrons are found in an atom of 'éC? Example 5.2 

The element is carbon, atomic number 6. The number of protons or electrons equals Solution 

the atomic number and is 6. The number of neutrons is determined by subtracting 

the atomic number from the mass number: 14 — 6 = 8. 

Practice 5.2 

How many protons, neutrons, and electrons are in each of the following? 

(a) 160, (b) SSBr; (c) 735U, (d) $oCu 
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Example 5.3 Chlorine is found in nature as two isotopes, 73Cl (24.47%) and ?3Cl (75.53%). The 
atomic masses are 36.96590 and 34.96885 amu, respectively. Determine the average 
atomic mass of chlorine. 

Solution Multiply each mass by its percentage and add the results to find the average. 

(0.2447) X (36.96590 amu) + (0.7553) X (34.96885 amu) 

= 35.4575 amu 

= 35.46 amu (4 significant figures) 
cette SE 

Practice 53 

Silver is found in two isotopes with atomic mas 
__ amu, respectively. The first isotope represents 51.82 
Determine the average atomic mass of silver. 

cepts in Review 

- State the major provisions of Dalton’s atomic theory. 

- State the Law of Definite Composition and indicate its significance. 
. State the Law of Multiple Proportions and indicate its significance. 

1 

2. 

> 

4 - Give the names, symbols, and relative masses of the three principal sub- 
atomic particles. 

nn - Describe the Thomson model of the atom. 

6. Describe the atom as conceived by Ernest Rutherford after his alpha-scatter- 
ing experiment. 

7. Determine the atomic number, mass number, or number of neutrons of an 
isotope when given the values of any two of these three items. 

8. Name and distinguish among the three isotopes of hydrogen. 
9. Calculate the average atomic mass of an element, given the isotopic masses 

and the abundance of its isotopes. 

10. Determine the number of protons, neutrons, and electrons from the atomic 
number and atomic mass of an atom. 

atomic mass (5.11) isotopes (5.10) nucleus (5.8) 
atomic mass unit (5.11) Law of Definite Composition (5.3) proton (5.6) 
atomic number (5.9) Law of Multiple Proportions (5.3) subatomic particles (5.6) Dalton’s atomic theory (5.2) mass number (5.10) Thomson model of the atom (5.6) electron (5.6) neutron (5.6) 



stions 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question is indicated with an asterisk. 

1. 

2. 

= 

“ier 

9 

10. 

What are the atomic numbers of (a) copper, (b) nitrogen, 

(c) phosphorus, (d) radium, and (e) zinc? 

A neutron is approximately how many times heavier than 

an electron? 

From the point of view of a chemist, what are the essential 

differences among a proton, a neutron, and an electron? 

Distinguish between an atom and an ion. 

What letters are used to designate atomic number and mass 

number in isotopic notation of atoms? 

Indicate the relationship between triboluminescence and 

Wintergreen Lifesavers. 

Differentiate between synthetic and natural vanilla extract. 

Explain why this is important to our society. 

Describe and indicate the value of the SIRA technique. 

In what ways are isotopes alike? In what ways different? 

Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) John Dalton developed an important atomic theory in 

the early 1800s. 
Dalton said that elements are composed of minute indi- 

visible particles called atoms. 
Dalton said that when atoms combine to form com- 

pounds, they do so in simple numerical ratios. 

Dalton said that atoms are composed of protons, neu- 

trons, and electrons. 

All of Dalton’s theory is still considered valid today. 

Hydrogen is the smallest atom. 

(b) 

(c) 

(d) 

(e) 
(f) 

11. 

12. 

Paired Exercises 

(g) A proton is about 1837 times as heavy as an electron. 

(h) The nucleus of an atom contains protons, neutrons, 

and electrons. 

Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) An element with an atomic number of 29 has 29 pro- 

tons, 29 neutrons, and 29 electrons. 

(b) An atom of the isotope $2Fe has 34 neutrons in its nu- 

cleus. 

(c) 7H is a symbol for the isotope deuterium. 

(d) An atom of 7{P contains 15 protons, 16 neutrons, and 

31 electrons. 

In the isotope SLi, Z = 3 and A = 3. 

Isotopes of a given element have the same number of 

protons but differ in the number of neutrons. 

The three isotopes of hydrogen are called protium, 

deuterium, and tritium. 

+3Na and 7}Na are isotopes. 

(e) 
(f) 

(g) 

(h) 
(i) 
@) 
(k) 
(D 

*4Na has one more electron than 7{Na. 1 11 

*4Na has one more proton than 7}Na. 11 Pp 1 

71Na has one more neutron than TiNa. 

Only a few of the elements exist in nature as mixtures 

of isotopes. 
Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) One atomic mass unit has a mass 12 times as much as 

one carbon-12 atom. 

(b) The atomic masses of protium and deuterium differ b P yy 
about 100%. 

(c) 73Na and 7{Na have the same atomic masses. 
(d) The atomic mass of an element represents the average 

relative atomic mass of all the naturally occurring iso- 

topes of that element. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to even-numbered exercises are given in Appendix V. 

13. 

15. 

Explain why, in Rutherford’s experiments, some alpha par- 

ticles were scattered at large angles by the gold foil or even 

bounced back? 

Describe the general arrangement of subatomic particles in 

the atom. 

14. 

16. 

What experimental evidence led Rutherford to conclude 

each of the following? 

(a) The nucleus of the atom contains most of the atomic 

mass. 
(b) The nucleus of the atom is positively charged. 

(c) The atom consists of mostly empty space. 

What part of the atom contains practically all its mass? 



19. 

21. 

23. 

25. 

27. 

29. 

31. 
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- What contribution did each of the following scientists make 
to atomic theory? 

(a) Dalton 

(b) Thomson 

(c) Rutherford 

Explain why the atomic masses of elements are not 
whole numbers. 

What special names are given to the isotopes of hydrogen? 

What is the symbol and name of the element that has an 
atomic number of 24 and a mass number of 52? 

What is the nuclear composition of the six naturally occur- 
ring isotopes of calcium having mass numbers of 40, 42, 
43, 44, 46, and 48? 

Write isotopic notation symbols for the following: 
(a) Z = 26, A = 55 

(b) Z = 12, A = 26 
(c) Z = 3, At —aG 

(d@) Z.= 79, VA= 188 

Naturally occurring lead exists as four stable isotopes: ?°*Pb 
with a mass of 203.973 amu (1.480%); 2°°Pb, 205.974 
amu (23.60%); *°’Pb, 206.9759 amu (22.60%); and 2°8Pb, 
207.9766 amu (52.30%). Calculate the average atomic mass 
of lead. 

68.9257 amu is the mass of 60.4% of the atoms of an 
element with only two naturally occurring isotopes. The 
atomic mass of the other isotope is 70.9249 amu. Determine 
the average atomic mass of the element. Identify the el- 
ement. 

An aluminum atom has an average diameter of about 
3.0 x 10~® cm. The nucleus has a diameter of about 
2.0 X 107 '7 cm. Calculate the ratio of these diameters. 

These exercises are not paired or labeled by topic and 
provide additional practice on the concepts covered in this 
chapter. 

35. What experimental evidence supports each of the follow- 
ing statements? 

20. 

22. 

24. 

26. 

28. 

30. 

32. 

*34. 

. Consider each of the following models of the atom: (a) 

Dalton, (b) Thomson, (c) Rutherford. How does the location 

of the electrons in an atom vary? How does the location 

of the atom’s positive matter compare? 

Is the isotopic mass of a given isotope ever an exact whole 

number? Is it always? In answering, consider the masses 
of '2C and $3Cu. 

List the similarities and differences in the three isotopes 
of hydrogen. 

An atom of an element has a mass number of 201 and has 

121 neutrons in its nucleus. 

(a) What is the electrical charge of the nucleus? 

(b) What is the symbol and name of the element? 

Which of the isotopes of calcium in the previous exercise 
is the most abundant isotope? Can you be sure? Explain 
your choice. 

Give the nuclear composition and isotopic notation for: 
(a) An atom containing 27 protons, 32 neutrons, and 27 

electrons 

(b) An atom containing 15 protons, 16 neutrons, and 15 
electrons 

(c) An atom containing 110 neutrons, 74 electrons, and 
74 protons 

(d) An atom containing 92 electrons, 143 neutrons, and 
92 protons 

Naturally occurring magnesium consists of three stable iso- 
topes: **Mg, 23.985 amu (78.99%); 25Mg, 24.986 amu 
(10.00%); and *°Mg, 25.983 amu (11.01%). Calculate the 
average atomic mass of magnesium. 

A sample of enriched lithium contains 30.00% ®Li (6.015 
amu) and 70.00% ’Li (7.016 amu). What is the average 
atomic mass of the sample? 

An average dimension for the radius of an atom is 
1.0 x 1078 cm, and the average radius of the nucleus is 
1.0 X 10713 cm. Determine the ratio of atomic volume 
to nuclear volume. Assume that the atom is spherical 
(V = (4/3)mPr fora sphere). 

(a) The nucleus of an atom is small. 
(b) The atom consists of both positive and negative 

charges. 
(c) The nucleus of the atom is positive. 
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38. 

39. 

40. 

41. 

*42. 

*43. 

5.1 

5.2 

5.3 

What is the relationship between the following two atoms: 
(a) one atom with 10 protons, 10 neutrons, and 10 elec- 

trons; and another atom with 10 protons, 11 neutrons, 

and 10 electrons 
(b) one atom with 10 protons, 11 neutrons, and 10 elec- 

trons; and another atom with 11 protons, 10 neutrons, 
and 11 electrons. 

How will an atom’s nucleus differ if it loses an alpha par- 
ticle? 

Suppose somewhere in the universe another kind of matter 

is discovered and your job is to determine the characteristics 

of this new matter. You first place a gaseous sample of 
this matter in a cathode-ray tube and find that, as with 

ordinary matter, cathode rays are seen. When they are de- 

flected with a magnet, the rays emitted from the anode (+) 

are deflected thousands of times more than those emitted 

from the cathode (—). 

(a) What conclusions can you draw from this experiment? 

When a metal foil of the new matter is bombarded by 

alpha particles, most of them pass right on through, 

but one every few billion or so goes in and never 

comes out! 

(b) What further conclusions can you draw from this 

new information? 

The radius of a carbon atom in many compounds is 

0.77 x 10~® cm. If the radius of a Styrofoam ball used 

to represent the carbon atom in a molecular model is 1.5 

cm, how much of an enlargement is this? 

How is it possible for there to be more than one kind of 

atom of the same element? 

Which of the following contains the largest number of 

neutrons per atom: 7!°Bi, 7!°Po, 7!°At, 711At 

An unknown element Q has two known isotopes: 690 and 

3. If the average atomic mass is 61.5 amu, what are the 

relative percentages of the isotopes? 

The actual mass of one atom of an unknown isotope is 

2.18 x 10722 g. Calculate the atomic mass of this isotope. 

ers to Practice Exercises 

5.98 x 10°** atoms 
protons neutrons — electrons 

(a) 8 8 8 

(b) 35) 45 35 

(c) 92 143 92 

(d) 29 35) 29 

107.87 amu 

44. 

45. 

46. 

Answers to Practice Exercises 99 

The mass of an atom of argon is 6.63 X 10774 g. How 

many atoms are in a 40.0-g sample of argon? 

Using the periodic table inside the front cover of the book, 

determine which of the first twenty elements have isotopes 

that you would expect to have the same number of protons, 

neutrons, and electrons. 

Complete the following table with the appropriate data for 

each isotope given: 





As children, we begin to communicate with other people in our lives by learning 
the names of objects around us. As we continue to develop, we learn to speak and 
use language to complete a wide variety of'tasks. As we enter school, we begin 

to learn of other languages—the languages of mathematics, of other cultures, of 

computers. In each case, we begin by learning the names of the building blocks, 
and then proceed to more abstract concepts. In chemistry, a new language beckons 
also—a whole new way of describing the objects so familiar to us in our daily 
lives—the nomenclature of compounds. Only after learning the language are we 

able to understand the complexities of the modern model of the atom and its 

applications to the various fields we have chosen as our careers. 

Common and Systematic Names 

Chemical nomenclature is the system of names that chemists use to identify com- 

pounds. When a new substance is formulated, it must be named in order to distinguish 

it from all other substances (see Figure 6.1). In this chapter, we will restrict our 

discussion to the nomenclature of inorganic compounds—compounds that do not 

generally contain carbon. The naming of organic compounds (carbon-containing 

compounds) will be covered separately in Chapter 19. 

Common names are arbitrary names that are not based on the chemical composi- 

tion of compounds. Before chemistry was systematized, a substance was given a 

name that generally associated it with one of its outstanding physical or chemical 

properties. For example, quicksilver was a common name for mercury, and nitrous 

oxide (NO), used as an anesthetic in dentistry, has been called laughing gas because 

it induces laughter when inhaled. Water and ammonia also are common names 

because neither provides any information about the chemical composition of the 

compounds. If every substance were assigned a common name, the amount of 

memorization required to learn over nine million names would be astronomical. 

Common names have distinct limitations, but they remain in frequent use. Often 

common names continue to be used in industry because the systematic name is too 

long or too technical for everyday use. For example, calcium oxide (CaO) is called 

lime by plasterers; photographers refer to hypo rather than sodium thiosulfate 

° 

Chapter 6 

6.1 Common and Systematic 

Names 

6.2 Elements and lons 

6.3 Writing Formulas from 

Names of Compounds 

6.4 Binary Compounds 

6.5 Naming Compounds 

Containing Polyatomic 

lons 

6.6 Acids 

Water (H,O) and ammonia 

(NH) are almost always 

referred to by their common 

names. 

<q FIGURE 6.1 
Flow chart summarizing the text 

locations of rules for naming 

inorganic substances. 

<q Chapter Opening Photo: 

This exquisite chambered 

nautilus shell is formed from 

calcium carbonate, commonly 

called limestone. 
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TABLE 6.1 Common Names, Formulas, and Chemical Names of Familiar Substances 

Common name 

- Acetylene 
Lime 
Slaked lime 
Water 
Galena 
Alumina 
Baking soda 
Cane or beet sugar 
Borax _ | 
Brimstone 
Calcite, marble, limestone 
Cream of tartar 
Epsom salts 
Gypsum 
Grain alcohol 
Hypo 
Laughing gas 
Lye, caustic soda 
Milk of magnesia 
Muriatic acid _ 
Plaster of Paris 
Potash 
Pyrite (fool’s gold) 

| Quicksilver 
Saltpeter (chile) 
Table salt 
Vinegar 

_ Washing soda — 
Wood alcohol 

CHAPTER 6 Nomenclature of Inorganic Compounds 

Formula Chemicalname 

C,H, i. : Ethyne : 

CaO ~ Calcium oxide 
Ca(OH), Calcium hydroxide - 
H,0 oe Waters) a 
PbS _ Lead(ID) sulfide 
ALO; Aluminum oxide _ os 
NaHCO, _ Sodium hydrogen carbonate — 
Cj2H550;, a i Sucrose | i i eee a 
Na»B,07:10 H,O : _ Sodium tetraborate decahydrate — 
S Sulfur a 
CaCO3 | Calcium carbonate 

_ KHC,H40,¢ Potassium hydrogen tartrate 
MgsSO,:7 HO Magnesium sulfate heptahydrate 
CaSO,4°2 H,O Calcium sulfate dihydrate 
C,H;OH a __ Ethanol, ethyl alcohol — 
Na S50; a 7 - Sodium thiosulfate 
N,O -Dinitrogen monoxide 
NaOH Sodium hydroxide 
Mg(OH), a Magnesium hydroxide 
HCl Hydrochloric acid _ = 
CaSO, : 3 H,0 Calcium sulfate hemihydrate 
K,CO, Potassium carbonate _ 
FeS, ae Tron disulfide 
Hg - Mercury 
NaNO; Sodium nitrate 
NaCl Sodium chloride 
HC,H30, : Acetic acid 8 a 
Na,CO3-10 H,O Sodium carbonate decahydrate _ 
CH30H © Methanol, methyl alcohol = 

(NazS,03); and nutritionists use the name vitamin D3, instead of 9,10-secocholesta- 
5,7,10(19)-trien-3-B-ol (C37H440). Table 6.1 lists the common names, formulas, 
and systematic names of some familiar substances. 

Chemists prefer systematic names that precisely identify the chemical composi- 
tion of chemical compounds. The system for inorganic nomenclature was devised 
by the International Union of Pure and Applied Chemistry (TUPAC), which was 
founded in 1921. They continue to meet regularly and constantly review and update 
the system. 

Elements and lons 

In Chapter 3 you learned the names and symbols for the elements as well as their general location on the periodic table. In Chapter 5 we investigated the composition 
of the atom and learned that all atoms are composed of protons, electrons, and neutrons; that a particular element is defined by the number of protons it contains; and that atoms are uncharged because they contain equal numbers of protons and elec- trons. 



Sometimes it takes an extremely long time 

to name a new substance. Such was the 

case with element 106. It was discovered 

in 1974 by a team of scientists in Califor- 

nia at Lawrence Berkeley Laboratories at 

the same time it was discovered by a team 

of Russian scientists at the Joint Institute 

for Nuclear Research in Dubna. Names 

for new elements are generally provided 

by its discoverers, but in this case neither 

team could reproduce their discovery 

since element 106 is a substance that dis- 

appears within a few seconds. Only in 

1993 after almost 20 years did the group at 

Berkeley succeed in once more producing 

element 106, therefore giving Berkeley 

the claim for its discovery and the freedom 

to name it. 

The eight-member team of scientists 

discussed naming the element after Sir 

Isaac Newton or Luis Alvarez (a Berkeley 

scientist who played a major role in devel- 

oping the theory that the dinosaurs were 

killed by the impact of a comet). Seven 

members of the team finally met and sug- 

gested the name seaborgium after the 

eighth member, Dr. Glenn T. Seaborg. 

This is the first time that an element has 

ever been named for a living person. 

Seaborg, now 81, is a former chan- 

cellor of UC Berkeley and a former chair- 

man of the Atomic Energy Commission 

(now called the Department of Energy). 
He was first recognized as the prime 

mover in the discovery of plutonium, the 

radioactive element that is best known as 

the key component of atomic bombs. 

Since then, he has worked with a team of 

scientists to discover nine of the transura- 

nium elements (those coming after ura- 

nium on the periodic table). They are cre- 

ated by firing streams of particles and 

nuclei into heavy elements in a nuclear 

accelerator. Elements credited to his team 

from the 1940s to the 1960s include neptu- 

nium (named after neptune), americium 

(America), fermium (Enrico Fermi, a fa- 

mous physicist), mendelevium (Dimitri 

Mendeleev, creator of the modern peri- 

at’s in a Name? 

Glenn T. Seaborg, discoverer of 

element 106. 

odic table), nobelium (Alfred Nobel, in- 

ventor of dynamite and founder of the 

Nobel prize), berkelium (Berkeley, Cali- 

fornia, home of the group’s lab), califor- 

nium (California), curium (Marie Curie, 

discoverer of several elements), and ein- 

steinium (Albert Einstein). In 1951, Sea- 

borg received the Nobel prize for his role 

in the discoveries of these elements. 

Since Berkeley’s last discovery (ele- 

ment 106) in 1974, the creation of new 

Chemistry in Action 

elements has been led by a team in Ger- 

many that has discovered elements 107, 

108, and 109. They suggested neilsboh- 

rium (Niels Bohr, a Danish physicist), 

hassium (Hesse, a German state), and 

meitnerium (Lise Meitner, a German ato- 

mic fission pioneer). 

All of these names must still be ap- 

proved by the IUPAC before becoming 

official and placed into common use on 

the periodic table. The [UPAC group met 

in August 1994 and assigned different 

names to several of the elements above 

100. The names for elements 101, 102, 

and 103 remained the same as they had 

been, but the name for 106 was changed 

because Glenn Seaborg is still alive. The 

names for elements 99 and 100 were also 

proposed (but not approved) when the sci- 

entists were still living. The proposed IU- 

PAC names for 104 and 105 would change 

names that have been in wide use for over 

20 years. The latest decisions by IUPAC 

have rekindled controversy over the nam- 

ing of elements. If you look at the periodic 

table today you will find each of the ele- 

ments (104-109) named only by the Latin 

version of its number. This was a provi- 

sional recommendation until names could 

be agreed upon. It appears that the newest 

elements will have to wait a little longer 

to be officially named. 

Some of the Names Proposed for Elements Discovered in Recent Years 

Number American 

101 
102 
103 
104 rutherfordium 

105 hahnium 
106 seaborgium 
107 neilsbohrium 

108 hassium 

109 meitnerium 

German Russian IUPAC 

mendelevium 

nobelium 

lawrencium 

dubnium 
joliotium 
rutherfordium 
bohrium 

hahnium 
meitnerium 

joliotium 

neilsbohrium 

103 
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The formula for most elements is simply the symbol of the element. In chemical 
reactions or mixtures the element behaves as though it were a collection of individual 
particles. A small number of elements have formulas that are not single atoms at 
normal temperatures. Seven of the elements are diatomic molecules—that is, two 
atoms bonded together to form a molecule. These diatomic elements are hydrogen, 
Hp; oxygen, O,; nitrogen, N>; fluorine, F,; chlorine, Cl,; bromine, Br; and iodine, I. 
Two other elements that are commonly polyatomic are Sg, sulfur; and P,, phosphorus. 

Elements Occurring as Molecules 

Hydrogen H, Chlorine Cl, Sulfur Sg 
Oxygen O, Fluorine F, Phosphorus Py, 
Nitrogen No Bromine Br, 

Iodine I, 
a eee ee 

A charged atom, known as an ion, can be produced by adding or removing one 
or more electrons from a neutral atom. For example, potassium atoms contain 19 
protons and 19 electrons. To make a potassium ion we remove one electron leaving 
19 protons and only 18 electrons. This gives an ion with a positive one (+ 1) charge 
(see diagram). 

Written in the form of an equation, K > Kt + e7.A positive ion is called 

19 18° 

K atom K* ion 

a cation. Any neutral atom that Joses an electron will form a cation. Sometimes an 
atom may lose one electron as we have seen in our potassium example. Other atoms 
may lose more than one electron as shown below: 

Mg > Mg?* + 2e7 

or 

Ales Al? epee = 

Cations are named the same as their parent atoms, as shown below: 

Atom Ion eeu et 
K _ potassium Ko potassium ion 
Mg magnesium Mg?* magnesium ion 
Al aluminum AP* aluminum ion eee ee 
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Ions can also be formed by adding electrons to a neutral atom. For example, the 
chlorine atom contains 17 protons and 17 electrons. The equal number of positive 
charges and negative charges results in a net charge of zero for the atom. If one 
electron is added to the chlorine atom it now contains 17 protons and 18 electrons 
resulting in a net charge of negative one (— 1) on the ion. 

17e~ 

Cl atom Cl ion 

Summarizing the process in a chemical equation produces Cl + e~ > C17. A 

negative ion is called an anion. Any neutral atom that gains an electron will form 

an anion. Atoms may gain more than one electron to form anions with different 
charges as shown in the following examples: 

i eae Oo 

Ned Se. oN 

Anions are named differently than cations. To name an anion consisting of only 

one element, use the stem part of the parent element name and change the ending 

to -ide. For example, the Cl~™ ion is named in the following way: use the chlor- 

from chlorine and add -ide to form chloride ion. Other examples are shown below: 

‘fluoride ion 
bromide ion | 
chloride ion 
iodide ion 
oxide ion 

_ hitrideion 

Ions are always formed by adding or removing electrons from an atom. Atoms do 

not form ions on their own. Most often ions are formed when metals combine 

with nonmetals. 
The charge on an ion can often be predicted from the position of the element 

on the periodic table. Figure 6.2 shows the charges of selected ions from several 
groups on the periodic table. Notice that all the metals in the far left column (Group 
IA) are (1+), all those in the next column (Group IIA) are (2+), and the metals 

in the next tall column (Group IIIA) form (3+) ions. The elements in the lower 

center part of the table are called transition metals. These elements tend to form 
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IA 

FIGURE 6.2 
Charges of selected ions in the 

periodic table. 

FIGURE 6.3 > 

Salt (NaCl) is a strong 

electrolyte as can be seen from 

the brightly glowing light bulb. 

cations with various positive charges. There is no easy way to predict the charges 
on these cations. All metals lose electrons to form positive ions. 

In contrast, the nonmetals form anions by gaining electrons. On the right side 
of the periodic table in Figure 6.2 you can see that the atoms in Group VIIA form 
(1—) ions. The nonmetals in Group VIA form (2—) ions. It is important to learn 
the charges on the ions shown in Figure 6.2 and their relationship to the group 
number at the top of the column. We will learn more about why these ions carry 
their particular charges later in the course. 

Writing Formulas from 
Names of Compounds 

In Chapters 3 and 5 we learned that compounds can be composed of ions. These 
substances are called ionic compounds and will conduct electricity when dissolved 
in water. An excellent example of an ionic compound is ordinary table salt. It is 
composed of crystals of sodium chloride. When dissolved in water, sodium chloride 
conducts electricity very well as shown in Figure 6.3. 
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ee ee eee eee eer eee ee eee eee eee ee ee ee eee eee er 

A chemical compound must have a net charge of zero. If it contains ions, the 
charges on the ions must add up to zero in the formula for the compound. This is 
relatively easy in the case of sodium chloride. The sodium ion (1 +) and the chloride 
ion (1 —) add to zero, resulting in the formula NaC]. Now consider an ionic compound 
containing calcium (Ca?*) and fluoride (F~) ions. How can we write a formula 
with a net charge of zero? To do this we need one Ca2* and two F~ ions. The 
correct formula is CaF,. The subscript 2 indicates two fluoride ions are needed for 
each calcium ion. Aluminum oxide is a bit more complicated since it consists of 
Al?* and O77 ions. Since 6 is the least common multiple of 3 and 2, we have 
2(3+) = 3(2—) = Oora formula containing 2 Al>* ions and 3 O77 ions for Al,O3. 
The following table gives more examples of formula writing for ionic compounds. 

Write formulas for (a) calcium chloride, (b) magnesium oxide, (c) barium phosphide. Example 6.1 

(a) Use the following steps for calcium chloride. Solution 

Step 1 From the name we know that calcium chloride is composed of calcium 

and chloride ions. First write down the formulas of these ions: 

a Caer Cit 

Step 2 To write the formula of the compound, combine the smallest numbers 
of Ca”* and Cl™~ ions to give the charge sum equal to zero. In this 

case the lowest common multiple of the charges is 2: 

(Ca aye XC) r= 0 

(2+) +201-) =0 

Therefore, the formula is CaClp. 

(b) Use the same procedure for magnesium oxide. 

Step 1 From the name we know that magnesium oxide is composed of magne- 
sium and oxide ions. First write down the formulas of these ions: 

Mg?* O27 

Step 2 To write the formula of the compound, combine the smallest numbers 

of Mg?* and O*7 ions to give the charge sum equal to zero: 
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- Cobalt(Il) chloride, CoCl, 

. Sodium chloride, NaCl 

. Lead(Il) sulfide, PbS 

. Sulfur, S 

. Zinc, Zn 

- Marble chips, CaCO; 

. Logwood chips 

. Charcoal, C 

9. Mercury(Il) iodide, Hgl, 

10. Pyrite, FeS 

11. Chromium(IIl) oxide, Cr,0, 
12. Iron(Il) sulfate, FeSO, 

13. Sodium sulfite, Na,SO, 

14. Rosin 

15. Sodium thiosulfate, Na,S,O, 

16. Iron, Fe 

17. Aluminum, Al 

18. Potassium hexacyanoferrate, 

K;Fe(CN), 

19. Potassium chromium(III) 

sulfate, KCr(SO,), 

20. Menthol, C,)H,,OH 

21. Potassium permanganate, 

KMnO, 
22. Ammonium nickel(Il) 

sulfate, (NH,),Ni(SO,),) 

23. Copper(Il) sulfate 

pentahydrate, CuSO,°5H,O 

24. Sodium chromate, Na,CrO, 

25. Trilead tetraoxide, Pb;O, 

26. Hydroquinone, C,H,(OH), 
27. Copper, Cu 

On auwuhkwn — 

A 
Compounds of transition 

elements are typically very 

colorful and are useful as paint (Mg**) + (O?-) = 0 
pigments. Compounds of (2+) + (2-) =0 
elements on the left of the 

periodic table reflect all Therefore, the formula is MgO. 
wavelengths of light, which gives 

them a white color. Carbon (c) Use the same procedure for barium phosphide. 
compounds take on a variety of 
colores. Step 1 From the name we know that barium phosphide is composed of barium 

and phosphide ions. First write down the formulas of these ions: 
Ba2 + p? = 

Step 2 To write the formula of the compound, combine the smallest numbers 
of Ba** and P?~ ions to give the charge sum equal to zero. In this 
case the lowest common multiple of the charges is 6: 

3(Ba**+) + 2(P3-) = 0 

372+) +23-) =0 ll 

Therefore, the formula is BaP. 



6.4 Binary Compounds 109 

Practice 6.1 

Write formulas for compounds containing the following ions: 
(a) Kt and F~ (d) Nat and S?~ 
(b) Ca?* and Br7 (e) Ba** and O?~ 
(c) Mg**t and N37 

Binary Compounds 

Binary compounds contain only two different elements. Many binary compounds 

are formed when a metal combines with a nonmetal to form a binary ionic compound. 

The metal loses one or more electrons to become a cation while the nonmetal gains 

one or more electrons to become an anion. The cation is written first in the formula 

and is followed by the anion. 

A. Binary lonic Compounds Containing a Metal 
Forming Only One Type of Cation 

The chemical name is composed of the name of the metal followed by the name 

of the nonmetal, which has been modified to an identifying root plus the suffix -ide. 

For example, sodium chloride, NaCl, is composed of one atom each of sodium 

and chlorine. The name of the metal, sodium, is written first and is not modified. 

The second part of the name is derived from the nonmetal, chlorine, by using the 

root chlor- and adding the ending -ide; it is named chloride. The compound name 

is sodium chloride. 

NaCl To name these compounds: 

Elements: ‘Sodium (ela) 9 ee I. Write the name of the 
Chlorine (nonmetal) — . | ’ cation. 

name modified to the stem chlor- + -ide f 2: Write the root for the 

Name of compound: Sodium chloride or Gee anion with the suffix -ide. 

Stems of the more common negative-ion-forming elements are shown in Table 

6.2. Table 6.3 shows some compounds with names ending in -ide. 

Compounds may contain more than one atom of the same element, but as long 

as they contain only two different elements and only one compound of these two 

elements exists, the name follows the rule for binary compounds: 

Examples: 

CaBr> Mg3N> Li,O 

Calcium bromide Magnesium nitride Lithium oxide 
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Example 6.6 

Solution 

Name the compound CaS. 

Step 1 From the formula it is a two-element compound and follows the rules 
for binary compounds. 

Step 2 The compound is composed of Ca, a metal, and S, a nonmetal. Elements 
in the IIA column form only one type of cation. Thus, we name the 
positive part of the compound calcium. 

Step 3 Modify the name of the second element to the identifying root sulf- and 
add the binary ending -ide to form the name of the negative part, sulfide. 

Step 4 The name of the compound, therefore, is calcium sulfide. 
Se er ene cerca 

Stock System 

2 Practice 6.2 a 

_ Write formulas for the following compounds: 
_ (a) strontium chloride, (b) potassium iodide, (c) aluminum nitride, (d) calcium 
_ sulfide, (e) sodium oxide - 

B. Binary lonic Compounds Containing a Metal That Can 
Form Two or More Types of Cations 

The metals in the center of the periodic table (including the transition metals) often 
form more than one type of cation. For example, iron can form Fe** and Fe?* 
ions, and copper can form Cu* and Cu?* ions. This can lead to confusion when 
naming compounds. For example, copper chloride could be CuCl, or CuCl. To 
resolve this difficulty the IUPAC devised a system to name these compounds, which 
is known as the Stock System. This system is currently recognized as the official 
system to name these compounds although another older system is sometimes used. 
In the Stock System, when a compound contains a metal that can form more than 
one type of cation, the charge on the cation of the metal is designated by a Roman 
numeral placed in parentheses immediately following the name of the metal. The 
negative element is treated in the usual manner for binary compounds. 



eS as e 3 Examples of Compounds with hans Ending in ide oe : ie 

Aluminum chloride = =BaS'~=~—_~_—sCBariumsulfide 
_ Aluminum oxide | (il... Lithium iodide 

Calcium carbide = = = =MgBry ~—~—_— Magnesium bromide 4 
Hydrogen chloride } : _ Sodium hydride 

_ Hydrogen iodide NO | Sodium oF Ce 

Cation charge Se ero ete 

Roman numeral qd dbp db 

Examples: FeCl, _ Iron(II) chloride Fe*t 

FeCl, —_Iron(III) chloride Fe?* 

CuCl  Copper(I) chloride Cut 

CuCl, Copper(II) chloride Cu?* 

The fact that FeCl, has two chloride ions, each with a — 1 charge, establishes that 

the charge of Fe is +2. To distinguish between the two iron chlorides, FeCl, is 

named iron(II) chloride and FeCl, is named iron(II) chloride. 

Tron(1J) chloride Iron(III) chloride 

FeCl, FeG], 

Charge: 1 

Name: TIron(I) chloride fea Hea 

When a metal forms only one possible cation, we need not distinguish one 

cation from another, so Roman numerals are not needed. Thus we do not say 

calcium(II) chloride for CaCl,, but rather calcium chloride, since the charge of 

calcium is understood to be +2. 

In classical nomenclature, when the metallic ion has only two cation types, the 

name of the metal (usually the Latin name) is modified with the suffixes -ous and 

-ic to distinguish between the two. The lower charge cation is given the -ous ending, 

and the higher one, the -ic ending. 

‘Examples: FeCl, _ Ferrous chloride Fe*+ (lower charge cation) 

FeCl, Ferric chloride Fe?* (higher charge cation) 

CuCl  Cuprous chloride Cu* (lower charge cation) 

CuCl, Cupric chloride Cu’* (higher charge cation) 

Table 6.4 lists some common metals that have more than one type of cation. 

Notice that the ous—ic naming system does not give the charge of the cation 

of an element but merely indicates that at least two types of cations exist. The Stock 

System avoids any possible uncertainty by clearly stating the charge on the cation. 

Name the compound Fes. 

Step 1 This compound follows the rules for a binary compound and, like CaS, 

must be a sulfide. 

6.4 Binary Compounds il 

To name these compounds: 

1.Write the name of the 

cation. 

2.Write the charge on the 

cation as a Roman numeral 

in parentheses. 

3.Write the root of the anion 

with the suffix -ide. 

In this book we will use only 

the Stock System. 

Example 6.7 

Solution 
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Step 2 It is a compound of Fe, a metal, and S, a nonmetal, and Fe is a transition 
metal that has more than one type of cation. In sulfides, the charge on 
the S is. —2. Therefore, the charge on Fe must be +2, and the name 
of the positive part of the compound is iron(II). 

Step 3 We have already determined that the name of the negative part of the 
compound will be sulfide. 

Step 4 The name of FeS is iron(II) sulfide. 

C. Binary Compounds Containing Two Nonmetals 
In a compound formed between two nonmetals, the element that occurs first in the 
series is written and named first. 

51,33 boH CSL BaeNeCl Onk 

The name of the second element retains the -ide ending as though it were an anion. 
A Latin or Greek prefix (mono-, di-, tri-, and so on) is attached to the name of each 
element to indicate the number of atoms of that element in the molecule. The prefix 
mono- is never used for naming the first element. Some common prefixes and their 
numerical equivalences follow. 

mono = 

di = 

tri cee 

1 
2 
3 

tetra 

penta 

hexa et 

4 hepta = 7 nona = 9 
5 ocla = 8 deca = 10 
6 
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Here are some examples of compounds that illustrate this system: 

N,O; 

©initrogen Cpone 

Indicates two Indicates three 

nitrogen atoms oxygen atoms 

CO Carbon monoxide N,O _ Dinitrogen monoxide te ain Soe seRe POU 
aol b : 1.Write the name for the 

CO, Carbon dioxide NO, Dinitrogen tetroxide first element using a prefix if 

PCl, Phosphorus trichloride NO Nitrogen monoxide there is more than one atom 

SO, Sulfur dioxide N03 _Dinitrogen trioxide of this element. 
; : : 2.Write the root for the 

P,0; D i i 205 Diphosphorus penionde S,Cl,_ Disulfur dichloride sacord element withthe 

CCl, Carbon tetrachloride S»Fiq Disulfur decafluoride suffix -ide. Use a prefix to 

The example above illustrates that we sometimes drop the final o(mono) or a(penta) indicate the number of 
of the prefix when the second element is oxygen. This avoids creating a name = 2*0™s for the second 
that is awkward to pronounce. For example, CO is carbon monoxide instead of Seen 
carbon monooxide. 

Name the compound PCls. Example 6.8 

Solution 

Step 1 Phosphorus and chlorine are nonmetals, so the rules for naming binary 

compounds containing two nonmetals apply. Phosphorus is named first. 

Therefore, the compound is a chloride. 

Step 2 No prefix is needed for phosphorus because each molecule has only 

one atom of phosphorus. The prefix penta- is used with chloride to 

indicate the five chlorine atoms. (PCI; is also a known compound.) 

Step 3 The name for PCI; is phosphorus pentachloride. 

Co Practice 6.4 | 

: Name the following compounds: 

= @) ue ©) ae (c) CBr,, (d) N205, () NH, 

D. Acids Derived from Binary Compounds 

Certain binary hydrogen compounds, when dissolved in water, form solutions that 

have acid properties. Because of this property, these compounds are given acid 

names in addition to their regular -ide names. For example, HCI is a gas and is 

called hydrogen chloride, but its water solution is known as hydrochloric acid. 

Binary acids are composed of hydrogen and one other nonmetallic element. However, 

not all binary hydrogen compounds are acids. To express the formula of a binary 

acid it is customary to write the symbol of hydrogen first, followed by the symbol 

of the second element (for example, HCl, HBr, HS). When we see formulas such 
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To name these compounds: 

Write the prefix hydro- 
with the root of the 

second element and add 

the suffix -ic. 

2. Write the word acid. 

polyatomic ion 

To name these compounds: 

2: 

Write the name of the 

cation. 

Write the name of the 

anion. 

_ TABLE 6.5 Names and Formulas of Selected Binary Acids 
- Formula Add same Formula Acid name 

nt _ Hydrofluoric acid HI  Hydroiodic acid 
HCE Hydrochloric acid _ "ELS Hydrosulfuric acid 

H,Se Br _ Hydrobromic acid Hydroselenic acid 

as CH, or NH, we understand that these compounds are not normally considered 
to be acids. 

To name a binary acid, place the prefix hydro- in front of, and the suffix -ic 
after, the stem of the nonmetal name. Then add the word acid. 

HCl H,S 
Examples: Hydro-chlor-ic acid | Hydro-sulfur-ic acid 

(hydrochloric acid) (hydrosulfuric acid) 

Acids are hydrogen-containing substances that liberate hydrogen ions when 
dissolved in water. The same formula is often used to express binary hydrogen 
compounds, such as HCl, regardless of whether or not they are dissolved in water. 
Table 6.5 shows several examples of binary acids. 

A summary of the approach to naming binary compounds is shown in Figure 6.4. 

Practice 6.5 

Name each of the following binary compounds: 
(a) KBr, (6) Ca3Np, (c) SO3, (d) SnF, (e) CuCl, (f) N>O0, 

Naming Compounds Containing 
Polyatomic lons 

A polyatomic ion is an ion that contains two or more elements. Compounds con- 
taining polyatomic ions are composed of three or more elements and usually consist 
of one or more cations combined with a negative polyatomic ion. In general, naming 
compounds containing polyatomic ions is similar to naming binary compounds. The 
cation is named first, followed by the name for the negative polyatomic ion. 

In order to name these compounds you must learn to recognize the common 
polyatomic ions (Table 6.6) and know their charges. Consider the formula KMn0O,. 
You must be able to recognize that it consists of two parts K | MnO,. These parts 
are composed of a K* ion anda MnO ions. The correct name for this compound 
is potassium permanganate. Many polyatomic ions that contain oxygen are called 
oxy-anions, and generally have the suffix -ate or -ite. Unfortunately, the suffix does 
not indicate the number of oxygen atoms present. The -ate form contains more 
oxygen atoms than the -ite form. Examples include sulfate (SO%7), sulfite (SOR); 
nitrate (NO 3 ), and nitrite (NO3). 
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Binary compounds 

Usually end in -ide 

dio nonmetals Hydrogen /nonmetal 

Use prefixes to 

indicate number InH,O Not in H,0 

1. Use prefix 1. Hydrogen 
hydro-suffix-ic ! 2. Name nonmetal, 

2. Add word acid — —Iide 

FIGURE 6.4 
Flow diagram for naming binary 

compounds. 

: TABLE 6.6 Names, Formulas, and Charges of Some Common Polyatomic Ions _ 

_ Name Formula Charge Name Formula Charge — 

Acetate CHO; =] | Cuiie CN” a 
~ Ammonium NH} +1 Dichromate CO 2 
Arsenate AsO, =3 Hydroxide OH™ | —1 

Hydrogen carbonate HCO3 ot Nitrate NO3 =i 

Hydrogen sulfate HSOZ —1 Nitrite NO> =i 
_ Bromate BrO3 ~ ek Permanganate MnO4 1 

_ Carbonate COs” —2 Phosphate POL? =3 

Chlorate cloZ —1 Sulfate SO; —2 

~ Chromate- -2 Sulfite S037 -2 Cro2~ 
a 

Some elements form more than two different polyatomic ions containing oxygen. 

To name these ions, prefixes are used in addition to the suffix. To indicate more 

oxygen than in the -ate form we add the prefix per-, which is a short form of hyper-, 

meaning more. The prefix hypo-, meaning less (oxygen in this case), is used for 

the ion containing less oxygen than the -ite form. An example of this system is 

shown for the polyatomic ions containing chlorine and oxygen in Table 6.7. The 

prefixes are also used with other similar ions, such as iodate (IO 3 ), bromate (BrO 3 ), 

and phosphate (PO; ). 
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TABLE 6.7 Oxy-Anions and Oxy-Acids of Chlorine 

_ Anion Anion Acid Acid 
_ formula name formula name 

Chloe Hypochlorite HCIO Hypochlorous acid 
ClO; Chlorite HClO, Chlorous acid 
ClO3 Chlorate HCIO; Chloric acid 
CO, Perchlorate HCO, Perchloric acid 

ee 

Only two of the common negatively charged polyatomic ions do not use the 
ate—ite system. These exceptions are hydroxide (OH~ ) and cyanide (CN). Care 
must be taken with these, as their endings can easily be confused with the -ide 
ending for binary compounds (Section 6.4). 

There are two common positively charged polyatomic ions as well—the ammo- 
nium and the hydronium ions. The ammonium ion (NH4) is frequently found in 
polyatomic compounds (Section 6.5), whereas the hydronium ion (H30 *) is usually 
seen in aqueous solutions of acids (Chapter 15). 

Practice 6.6 

Name each of the following compounds: 
(a) NaNO, (b) Ca3(PO4), (c) KOH, (d) LizCO3, (e) NaClO, 

Inorganic compounds are also formed from more than three elements (see Table 
6.8). In these cases one or more of the ions is often a polyatomic ion. Once you 
have learned to recognize the polyatomic ions, naming these compounds follows 
the patterns we have already learned. First identify the ions. Name the cations 
in the order given, and follow them with the names of the anions. Study the 
following examples: 

Name 

Sodium hydrogen carbonate 
Sodium hydrogen sulfide 
Magnesium ammonium phosphate 
Sodium potassium sulfate 

While we will learn much more about acids later (see Chapter 16), it is helpful to 
be able to recognize and name common acids both in the laboratory and in class. 
The simplest way to recognize many acids is to know that acid formulas often 
begin with hydrogen. Naming binary acids was covered in Section 6.4D. Inorganic 



TABLE 6.8 Names of Selected Compounds That Contain More Than One Kind 
e of Positive Ion 

- Formula = Name of Compound 

_KHSO, Potassium hydrogen sulfate — 
Ca(HSO3)> Calcium hydrogen sulfite 
H4HS | Ammonium hydrogen sulfide 

MgNH,PO, Magnesium ammonium phosphate — 
NaH,PO, Sodium dihydrogen phosphate 
Na HPO, _ Disodium hydrogen phosphate _ 
KHC,0, Potassium hydrogen oxalate _ 
KAI(SO,)> Potassium aluminum sulfate _ 
AI(HCO3)3 _ Aluminum hydrogen carbonate 

- TABLE 6.9 Comparison of Acid and Anion Names for Selected d Ony-Acids : 

- Acid Anion _ Acid oe Anion 

ll 
| Sulfuric acid Sulfate ion __ Phosphoric acid __ Phosphate ion a 

50, SO lO 
- ae ae __ Sulfite ion Phosphorous acid Phosphite i ion 

| HNO, =  . .«  #§;}¥ «. 
| Nitric acid Nitrate ion : Todic acid —  Todate ion 

HNO, NO3> : HOO, = = CHO, 
| Nitrous acid _Nitriteion | Acetic acid  Acetateion 

COS > OU, — OOL 
| Carbonic acid — Carbonate ion Oxalic acid _ Oxalate ion 

compounds containing hydrogen, oxygen, and one other element are called oxy- 

acids. The element other than hydrogen or oxygen in these acids is often a nonmetal, 

but it can also be a metal. 

The first step in naming these acids is to determine that the compound in 

question is really an oxy-acid. The keys to identification are that (1) hydrogen is 

the first element in the compound’s formula; and (2) the second portion of the 

formula consists of a polyatomic ion containing oxygen. 

Hydrogen in an oxy-acid is not specifically designated in the acid name. The 

presence of hydrogen in the compound is indicated by the use of the word acid in 

the name of the substance. To determine the particular type of acid, the polyatomic 

ion following hydrogen must be examined. The name of the polyatomic ion is 

modified in the following manner: (1) -ate changes to an -ic ending; (2) -ite changes 

to an -ous ending. (See Table 6.9.) The compound with the -ic ending contains 

more oxygen than the one with the -ous ending. Consider the following examples: 

H,SO, sulfate —> sulfuric acid (contains 4 oxygens) 

H,SO;_ sulfite —> sulfurous acid (3 oxygens) 

HNO; __ nitrate —> nitric acid (3 oxygens) 

HNO, nitrite —— nitrous acid (2 oxygens) 

6.6 Acids 117 
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FIGURE 6.5 > 

Flow diagram for naming 

polyatomic compounds. 
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The complete system for naming oxy-acids is shown in Table 6.7 for the various 
acids containing chlorine. Examples of other oxy-acids and their names are shown 
in Table 6.10. 

A summary of the approach to naming polyatomic compounds is shown in 
Figure 6.5. We have now looked at ways of naming a variety of inorganic com- 
pounds—binary compounds consisting of a metal and a nonmetal and of two nonmet- 
als, and binary acids. These compounds are just a small part of the classified chemical 
compounds. Most of the remaining classes are in the broad field of organic chemistry 
under such categories as hydrocarbons, alcohols, ethers, aldehydes, ketones, phenols, 
and carboxylic acids. 



ee. 

Ions are used in living organisms to per- 

form many important functions. For ex- 

ample, electrical neutrality must be main- 
tained both inside and outside the body 
cells. Within the cell, neutrality is main- 

tained by potassium ions (K * ) and hydro- 

gen phosphate ions (HPO ). Outside the 
cell in the intercellular fluid the ions re- 

sponsible for neutrality are sodium (Na * ) 
and chloride (Cl). 

Another important ion within orga- 

nisms is magnesium (Mg’*), found in 
chlorophyll and used during nerve and 

muscle activity, as well as in conjunction 

with certain enzymes. Iron ions (Fe?*) 

are incorporated within the hemoglobin 

molecule and are an integral part of the 

oxygen transport system within the body. 

Calcium ions (Ca? * ) are part of the matrix 
of both bones and teeth and play a signifi- - 

cant role in the clotting of blood. 
Ions also have a significant role in 

the detergent industry. Water is said to be 

“hard” when it contains relatively high 

concentrations of Ca** and Mg?* ions. 

rges in Your Life 

In solution, soaps combine with these ions 

to form an insoluble scum. This material 
forms the common bathtub ring and, in 

laundry, settles on the clothes leaving 

them gray and dingy. Although soaps and 

lons form an insoluble scum when combined with some products. 

eta ite meal sede 

detergents are similar in their cleansing 

actions, detergents are less likely to form 

this scum. For this reason, many people 
who live in areas with “hard” water use 

detergents instead of soaps. 
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cepts in Review 

1. Write the formulas of compounds formed by combining the ions from Figure 

6.2 (or from the inside back cover of this book) in the correct ratios. 

2. Write the names or formulas for inorganic binary compounds in which the metal 

has only one type of cation. 

3. Write the names or formulas for inorganic binary compounds that contain metals 

with multiple types of cations, using the Stock System. 

4. Write the names or formulas for inorganic binary compounds that contain two 

nonmetals. 

5. Write the names or formulas for binary acids. 

6. Write the names or formulas for oxy-acids. 

7. Write the names or formulas for compounds that contain polyatomic ions. 

119 
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Terms 

The terms listed here have been defined within this chapter. Section numbers are 
referenced in parenthesis for each term. More detailed definitions are given in the 
Glossary. 

polyatomic ion (6.5) 

stions 

Questions refer to tables, figures, and key words and 
concepts defined within the chapter. A particularly 
challenging question or exercise is indicated with an 
asterisk. 

1. Use the common ion table on the inside back cover of your 
text to determine the formulas for compounds composed of 
the following ions: 

(a) Sodium and chlorate 

(b) Hydrogen and sulfate 

(c) Tin(I) and acetate 

(d) Copper(I) and oxide 

(e) Zinc and hydrogen carbonate 
(f) Trond) and carbonate 

2. Does the fact that two elements combine in a one-to-one 
atomic ratio mean that the charges on their ions are both 
1? Explain. 

3. Explain how “hard water” may cause white clothing to be- 
come dingy and gray. 

4. Why did the IUPAC vote not to use the name seaborgium 
for element 106? 

5. What elements did Glenn Seaborg help to discover? 
6. Which of these statements are correct? Rewrite each incor- 

rect statement to make it correct. 
(a) The formula for calcium hydride is CaH). 
(b) The ions of all the following metals have a charge of 

2 CaBaysry CdeZn. 

Stock System (6.4) 

(c) The formulas for nitrous and sulfurous acids are HNO, 
and H5SO3. 

(d) The formula for the compound between Fe** and O27— 
is Fe3Op. 

(e) The name for NaNO, is sodium nitrite. 
(f) The name for Ca(C1O3)5 is calcium chlorate. 
(g) The name for CuO is copper(I) oxide. 
(h) The name for SO4 ~ is sulfate ion. 
(i) The name for N,O, is dinitrogen tetroxide. 
(j) The name for Na3O is disodium oxide. 
(k) If the name of an anion ends with -ide, the name of the 

corresponding acid will start with hydro-. 
(1) If the name of an anion ends with -ite, the corresponding 

acid name will end with -ic. 
(m) If the name of an acid ends with -ous, the corresponding 

polyatomic ion will end with -ate. 
(n) In Fel), the iron is iron(II) because it is combined with 

two I~ ions. 
(0) In CuySO,, the copper is copper(II) because there are 

two copper ions. 
(p) When two nonmetals combine, prefixes of di-, tri-, 

tetra-, and so on, are used to specify how many atoms 
of each element are in a molecule. 

(q) N20; is called dinitrogen trioxide. 
(r) Sn(CrO,4), is called tin dichromate. 
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Paired Exercises 121 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

Te 

11. 

13. 

15. 

17. 

Write the formula of the compound that would be formed 

between the given elements: 

(a) Na and I 

(b) Ba and F 

(c) Al and O 

(d) K and S 
(e) Cs and Cl 
(f) Sr and Br 

Write formulas for the following cations (do not forget 

to include the charges): sodium, magnesium, aluminum, 

copper(II), iron(II), iron (III), lead(II), silver, cobalt(ID), 

-barium, hydrogen, mercury(I), tin(IJ, chromium(III), 

tin(IV), manganese(II), bismuth(III). 

Complete the table, filling in each box with the proper 

formula. 

Write formulas for the following binary compounds, all of 

which are composed of nonmetals: 

(a) Carbon monoxide (f) Dinitrogen pentoxide 

(b) Sulfur trioxide (g) Iodine monobromide 

(c) Carbon tetrabromide (h) Silicon tetrachloride 

(d) Phosphorus trichloride (i) Phosphorus pentaiodide 

(e) Nitrogen dioxide (j) Diboron trioxide 

Write formulas for the following compounds: 

(a) Sodium nitrate (e) Silver carbonate 

(b) Magnesium fluoride (f) Calcium phosphate 

(c) Barium hydroxide (g) Potassium nitrite 

(d) Ammonium sulfate (h) Strontium oxide 

Name each of the following compounds by the Stock 

(IUPAC) System: 

(a) CuCl, (d) FeCl, 

(b) CuBr (e) SnF, 

(c) Fe(NO3)2 (f) HgCO; 

8. 

10. 

12. 

14. 

16. 

18. 

Write the formula of the compound that would be formed 

between the given elements: 

(a) Ba and O 

(b) H and S 

(c) Al and Cl 

(d) Be and Br 

(e) Li and Se 

(f) Mg and P 

Write formulas for the following anions (do not forget to 

include the charges): chloride, bromide, fluoride, iodide, 

cyanide, oxide, hydroxide, sulfide, sulfate, hydrogen sul- 

fate, hydrogen sulfite, chromate, carbonate, hydrogen car- 

bonate, acetate, chlorate, permanganate, oxalate. 

Complete the table, filling in each box with the proper 

formula. 

Name the following binary compounds, all of which are 

composed of nonmetals: 

(a) CO, (f) N 204 

(b) N,0 (g) P205 
(c) PCI; (h) OF, 

(d) CCl, (i) NF; 
(e) SO, Gj) CS, 
Name the following compounds: 

(a) K,0O (e) Na3PO4 

(b) NH4Br (f) AlO3 
(c) Cal, — (g) Zn(NO3)2 
(d) BaCO3 (h) Ag SO, 

Write formulas for the following compounds: 

(a) Tin([V) bromide (d) Mercury(I) nitrite 

(b) Copper(I) sulfate (e) Titanium(IV) sulfide 

(c) Iron(ID carbonate (f) Iron(]) acetate 



19, 

21. 

23. 

25. 

27. 

Write formulas for the following acids: 
(a) Hydrochloric acid (d) Carbonic acid 
(b) Chloric acid (e) Sulfurous acid. 
(c) Nitric acid (f) Phosphoric acid 

Name the following acids: 

(a) HNO, (d) HBr (g) HF 
(b) H380,  (e) H3PO; —_—(h) HBr 
(c) H,C,0, 69) HC,H,0, 

Write formulas for the following compounds: 
(a) Silver sulfite 

(b) Cobalt(II) bromide 

(c) Tin(II) hydroxide 

(d) Aluminum sulfate 

(e) Manganese(Il) fluoride 

(f) Ammonium carbonate 

(g) Chromium(II]) oxide 

(h) Copper(ID chloride 

(i) Potassium permanganate 

(j) Barium nitrite 

(k) Sodium peroxide 

() IrondD sulfate 

(m) Potassium dichromate 

(n) Bismuth(II]) chromate 

Write the name of each compound. 
(a) ZnSO, 

(b) HgCl, 

(c) CuCO, 

(d) Cd(NO3), 
(e) Al(C,H302)5 

(f) CoF, 
(g) Cr(ClO3), 
(h) Ag3PO, 
(i) NiS 

(j) BaCrO, 

Write the chemical formula for each of the following sub- 
stances: 
(a) Baking soda 

(b) Lime 

(c) Epsom salts 

(d) Muriatic acid 

(e) Vinegar 

(f) Potash 

(g) Lye 

20. 

22. 

26. 

28. 

Write formulas for the following acids: 

(a) Acetic acid (d) Boric acid 

(b) Hydrofluoric acid (e) Nitrous acid 
(c) Hypochlorous acid _ (f) Hydrosulfuric acid 

Name the following acids: 
(a) H3PO, (d) HCl (g) HI 
(b) H,CO, (e) HCIO (h) HCIO, 
(c) HIO; (f) HNO; 

- Write formulas for the following compounds: 
(a) Sodium chromate 

(b) Magnesium hydride 

(c) Nickel(I]) acetate 

(d) Calcium chlorate 

(e) Lead(II) nitrate 

(f) Potassium dihydrogen phosphate 
(g) Manganese(II) hydroxide 
(h) Cobalt(II) hydrogen carbonate 
(i) Sodium hypochlorite 
(j) Arsenic(V) carbonate 

(k) Chromium(II]) sulfite 

(1) Antimony(III) sulfate 

(m) Sodium oxalate 

(n) Potassium thiocyanate 

Write the name of each compound. 
(a) Ca(HSO,), 
(b) As,(SO3)3 

(c) Sn(NO,), 
(d) FeBr; 
(e) KHCO, 
(f) BiAsO, 

(g) Fe(BrO;), 
(h) (NH4),HPO, 
(i) NaClo 
(Gj) KMnO, 

Write the chemical formula for each of the following sub- 
stances: 

(a) Fool’s gold 

(b) Saltpeter 

(c) Limestone 

(d) Cane sugar 

(e) Milk of magnesia 

(f) Washing soda 

(g) Grain alcohol 



itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

29. Name the following compounds: 

(a) Ba(NO3).  (d) MgSO, = (g) NiS 
(b) NaC,H;0, (e) CdCrO, (h) Sn(NO3), 
(c) Pbl, (f) BiCl, (i) Ca(OH), 

30. State how each of the following is used in naming inorganic 

compounds: ide, ous, ic, hypo, per, ite, ate, Roman nu- 

merals. 

31. Translate each of the following formula sentences into 

unbalanced chemical equations: 

(a) Silver nitrate and sodium chloride react to form silver 

chloride and sodium nitrate. 

(b) Iron(IID) sulfate and calcium hydroxide react to form 

iron(II) hydroxide and calcium sulfate. 

(c) Potassium hydroxide and sulfuric acid react to form 

potassium sulfate and water. 

ers to Practice Exercises 

6.1 (a) KF, (b) CaBro, (c) Mg3N>, (d) NaS, (e) BaO 

6.2. (a) SrCl,, (b) KI, (c) AIN, (d) CaS, (e) NagO 

6.3 (a) lead(II) iodide, (b) tin(IV) fluoride, (c) iron(II) oxide, 

(d) copper(II) oxide 

6.4 (a) dichlorine monoxide, (b) sulfur dioxide, (c) carbon tetra- 

bromide, (d) dinitrogen pentoxide, (e) ammonia 

Answers to Practice Exercises 123 

32. How many of each type of subatomic particle (protons and 

electrons) is in: 

(a) an atom of tin 

(b) an Sn** ion 
(c) an Sn** ion 

33. The compound XY; is a stable solid. What ionic charge 

do you expect for X and Y? Explain. 

*34. The ferricyanide ion has the formula Fe(CN)g . Write the 

formula for the compounds that ferricyanide would form 

with the cations of elements 3, 13, and 30. 

35. Compare and contrast the formulas of: 

(a) nitride with nitrite 

(b) nitrite with nitrate 

(c) nitrous acid with nitric acid 

36. In the beaker below there is a pool of ions. Write all possible 

formulas for ionic compounds that could form using these 

ions. Write the name of each compound next to its formula. 

6.5 (a) potassium bromide, (b) calcium nitride, (c) sulfur triox- 

ide, (d) tin(II) fluoride, (e) copper(II) chloride, (f) dinitro- 

gen tetraoxide 

6.6 (a) sodium nitrate, (b) calcium phosphate, (c) potassium 

hydroxide, (d) lithium carbonate, (e) sodium chlorate 



_ Quantitative Composition of Compounds 
es 5 



Knowing the substances contained in a product is not sufficient information to 

produce the product. An artist can create an incredible array of colors from a limited 

number of pigments. A pharmacist can combine the same drugs in various amounts 

to produce different effects in patients. Cosmetics, cereals, cleaning products, and 

pain remedies all show a list of ingredients on the labels of the packages. 

In each of these products the key to successful production lies in the quantity 

of each ingredient. The pharmaceutical industry maintains strict regulations on the 

amounts of the ingredients in the medicines we purchase. The formulas for soft 

drinks and most cosmetics are trade secrets. Small deviations in the composition 

of these products can result in large losses or lawsuits for these organizations. 

The composition of compounds is an important concept in chemistry. The 
numerical relationships among elements within compounds and the measurement 

of exact quantities of particles are fundamental tasks for the chemist. 

The Mole 

In the laboratory we normally determine the mass of substances on a balance. When 

we run a chemical reaction, the reaction occurs between atoms and molecules. For 

example, in the reaction between magnesium and sulfur, one atom of sulfur reacts 

with one atom of magnesium: 

Mg + S —> Mgs 

However, when we measure the masses of these two elements, we find that 24.31 

g of Mg are required to react with 32.06 g of S. Because magnesium and sulfur 

react in a 1:1 atom ratio, we can conclude from this experiment that 24.31 g of 

Mg contain the same number of atoms as 32.06 g of S. How many atoms are in 

24.31 g of Mg or 32.06 g of S? These two amounts each contain | mole of atoms. 

The mole (abbreviated mol) is one of the seven base units in the International 

System and is the unit for an amount of substance. The mole is a counting unit as 

in other things that we count, such as a dozen (12) eggs or a gross (144) of pencils. 

The mole is sometimes called the chemist’s dozen. But a mole is a much larger 

number of things, namely 6.022 X 1023. Thus 1 mole contains 6.022 X 107° entities 

of anything. In reference to our reaction between magnesium and sulfur, 1 mol Mg 

(24.31 g) contains 6.022 x 107? atoms of magnesium and 1 mol S (32.06 g) contains 

6.022 x 1073 atoms of sulfur. 

The number 6.022 x 107° is known as Avogadro’s number in honor of 

Amedeo Avogadro (1776-1856), an Italian physicist. Avogadro’s number is an 

important constant in chemistry and physics and has been experimentally determined 

by several independent methods. 

Avogadro’s number = 6.022 x 10° 

It is difficult to imagine how large Avogadro’s number really is, but the following 

analogy will help to express it: If 10,000 people started to count Avogadro’s number 

and each counted at the rate of 100 numbers per minute each minute of the day, it 

(Ole Y ola -1 aa 

7.1 The Mole 

7.2 Molar Mass of 

Compounds 

7.3 
Compounds 

7.4 

Molecular Formula 

7.5 

Formulas 

7.6 Calculation of the 

Percent Composition of 

Empirical Formula Versus 

Calculation of Empirical 

Molecular Formula from 

the Empirical Formula 

Avogadro’s number 

<q Chapter Opening Photo: 

For these chefs, preparing 

gourmet meals is an exercise in 

combining precise quantities of 

various ingredients to produce a 

delightful experience for their 

patrons. 
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rmula unit 

molar n 

Amedeo Avogadro (1776-1856). 

would take them over 1 trillion (10'*) years to count the total number. So, even 
the most minute amount of matter contains extremely large numbers of atoms. For 
example, 1 mg (0.001 g) of sulfur contains 2 x 10!° atoms of sulfur. 

Avogadro’s number is the basis for the amount of substance used to express a 
particular number of chemical species, such as atoms, molecules, formula units, 
ions, or electrons. This amount of substance is the mole. We define a mole as an 
amount of a substance containing the same number of formula units as there are 
atoms in exactly 12 g of carbon-12. (Recall that carbon-12 is the reference isotope 
for atomic masses.) Other definitions of the mole are used, but they all relate to 
Avogadro’s number of formula units of a substance. A formula unit is the atom 
or molecule indicated by the formula of the substance under consideration—for 
example, Mg, MgS, H,O, O,. 

From the definition, we can say that the atomic mass in grams of any element 
contains 1 mol of atoms. The term mole is so commonplace in chemical jargon that 
chemists use it as freely as the words atom and molecule. The mole is used in 
conjunction with many different particles, such as atoms, molecules, ions, and 
electrons, to represent Avogadro’s number of these particles. If we can speak of a 
mole of atoms, we can also speak of a mole of molecules, a mole of electrons, a 
mole of ions, understanding that in each case we mean 6.022 X 1023 formula units 
of these particles. 

1 mol of atoms = 6.022 x 107 atoms 
1 mol of molecules = 6.022 x 1073 molecules 
1 mol of ions = 6.022 x 1073 ions 

The atomic mass, in grams of an element, contains Avogadro’s number of 
atoms and is defined as the molar mass of that element. To determine the molar 
mass of an element, change the units of the atomic mass found in the periodic table 
from atomic mass units to grams. For example, sulfur has an atomic mass of 
32.06 amu. One molar mass of sulfur has a mass of 32.06 grams and contains 
6.022 x 107° atoms of sulfur. See the following table. 

Element Atomic mass Molar mass Number of atoms 

H 1.008 amu 1.008 g 6.022 < 105 Mg 2431 amu =——s«24.31 og 6.022 K 16% - Na 22.99 amu 22.99 g 6.022 xX 107 - 

1 mol of atoms ik ae 
Avogadro’s number (6.022 x 107) of ato 

1 molar mass (g) 



7.1 The Mole 127 
eee ee eee eee eee ee ee eee EEE H EEE OEE EH SESE EEO EOEEHE EEE EE EEE OH Ee esse Eee sass esses EE eees 

In chemistry, we frequently encounter problems that require conversions involv- 

ing quantities of mass (g), moles, and the number of atoms of an element. From 
the boxed equivalence statement above, many different conversion factors can be 
written. The key to writing a conversion factor is to remember that both sides of 

an equivalence statement represent equal amounts. This means that, when one of 

these amounts is placed in the numerator and another is placed in the denominator 

of a conversion factor, the resulting ratio has a value equal to one. To determine 

which amount should be placed in the numerator, consider the units that are desired 

in the result. The denominator should contain the units you are trying to eliminate. 

Study the following examples. 

How many moles of iron does 25.0 g of iron, Fe, represent? Example 7.1 

The problem requires that we change grams of Fe to moles of Fe. We look up the Solution 

atomic mass of Fe in the table of atomic masses on the periodic table or table of 

atomic masses and find it to be 55.85. Then we use the proper conversion factor to 

obtain moles: 

grams Fe ——~ moles Fe grams Fe X ee oe 
1 molar mass Fe 

1 mol Fe 
25.0 X as = «C04 gte 55.85 g FE 8 mol Fe 

How many magnesium, Mg, atoms are contained in 5.00 g of Mg? Example 7.2 

The problem requires that we change grams of Mg to atoms of Mg. Solution 

grams Mg ——> atoms Mg 

We find the atomic mass of magnesium to be 24.31 and set up the calculation using 

a conversion factor between atoms and molar mass: 

6.022 x 1073 atoms Mg 
1 molar mass Mg 

Zo 

5.00 g Mg X 6.022 x 10" atoms Mg _ 124 x 1073 atoms Mg 
24.31 Mg 

An alternative solution is first to convert grams of Mg to moles of Mg, which 

are then changed to atoms of Mg. 

grams Mg X 

grams Mg —> moles Mg —-> atoms Mg 

Use conversion factors for each step. The calculation setup is 

Lmetvig _ 6.022 x 107° atoms Mg _ ee ar ee A 10 ators M 
5.00 gM X 9731 gM LmobMg eS 

Thus 1.24 x 10°? atoms of Mg are contained in 5.00 g of Mg. 
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Example 7.3 What is the mass, in grams, of one atom of carbon, C? 

Solution The molar mass of C is 12.01 g. Create a conversion factor between molar mass 
and atoms. 

atoms C —— grams C 

1 molar mass 

6.022 x 1077 atoms C 

12.01 gC 
6.022 X 1077 atomsC 

atoms C X 

LatenrC x = 1,994 x 10° sC 

Example 7.4 What is the mass of 3.01 X 107? atoms of sodium (Na)? 

Solution The information needed to solve this problem is the molar mass of Na (22.99 g) 
and a conversion factor between molar mass and atoms. 

atoms Na —~ grams Na 

1 molar mass Na 

6.022 x 1077 atoms Na 

22.99 g Na 

6.022 X 107? atomsNa 

atoms Na X 

3.01 x 10°? atoms-Na Xx = hig Na 

Example 7.5 What is the mass of 0.252 mol of copper (Cu)? 

Solution The information needed to solve this problem is the molar mass of Cu (63.55 g) 
and a conversion factor between molar mass and moles. 

moles Cu —~> grams Cu 

1 molar mass Cu 

1 mol Cu 

63.55 g Cu 

1 mete 

moles Cu X 

0.252 met€u x = 16.0gCu 

rt 

Example 7.6 How many oxygen atoms are present in 1.00 mol of oxygen molecules? 

Solution Oxygen is a diatomic molecule with the formula O>. Therefore a molecule of oxygen 
contains two atoms of oxygen. 

2 atoms O 

1 molecule O, 

The sequence of conversions is 

moles O; —+ molecules O; —+ atoms O 

Two conversion factors are needed; they are 

6.022 x 1073 molecules O, 2 atoms O and PEEP EEE pean 1 mol O, 1 molecule O, 
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The calculation is 

1.00 met 0; x 9:022 x 10° moleetitesOz | _2 atoms O 
1 met; Imoleeute-O2 = 1.20 x 10** atoms O 

Molar Mass of Compounds 

One mole of a compound contains Avogadro’s number of formula units of that 

compound. The terms molecular weight, molecular mass, formula weight, and for- 

mula mass have been used in the past to refer to the mass of one mole of a compound. 

However, the term molar mass is more inclusive, because it can be used for all 

types of compounds. 
If the formula of a compound is known, its molar mass may be determined by 

adding the molar masses of all the atoms in the formula. If more than one atom of 

any element is present, its mass must be added as many times as it is used. 

The formula for water is H,O. What is its molar mass? Example 7.7 

Proceed by looking up the molar masses of H (1.008 g) and O (16.00 g) and adding Solution 

the masses of all the atoms in the formula unit. Water contains two atoms of H and 

- one atom of O. Thus, 

2H=2x 1.008g = 2.0168 

OT 1x 16.00 -g'= 16.00 ¢g 

18.02 g = molar mass 

Calculate the molar mass of calcium hydroxide, Ca(OH) . Example 7.8 

The formula of this substance contains one atom of Ca and two atoms each of O Solution 

and H. Proceed as in Example 7.7. Thus, 

1Ca = 1 X 40.08 g = 40.08 g 

XO = 21x< 16:00 “g = 32.00 -g 

2H=2~x 1.008g = 2.0162 

74.10 g = molar mass 
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Each sample contains one > 

mole. Clockwise from lower left: 

magnesium, carbon, copper‘(il) 

sulfate, copper, mercury, 

potassium permanganate, 

cadmium, and sodium chloride 

(center). 

_ Practice 7.3 

Calculate the molar mass of KNO3. 

The mass of 1 mol of a compound contains Avogadro’s number of formula 
units or molecules. Now consider the compound hydrogen chloride (HCl). One 
atom of H combines with one atom of Cl to form one molecule of HCl. When 1 
mol of H (1.008 g of H representing 1 mol or 6.022 x 1023 H atoms) combines with 1 mol of Cl (35.45 g of Cl representing 1 mol or 6.022 x 1023 C] atoms), 1 
mol of HCl (36.46 g of HCl representing 1 mol or 6.022 x 107° HC] molecules) 
is produced. These relationships are summarized in the following table: 

ee ee ee ee eee 
H Cl HCl 

6.022 x 10?* H atoms 6.022 X 1073 Clatoms 6.022 x 1073 HCI molecules 1 mol H atoms 1 mol Cl atoms 1 mol HCI molecules 
1.008 g H 35.45 g Cl 36.46 g HCl 
1 molar mass H 1 molar mass Cl 1 molar mass HCI ieee 

In dealing with diatomic elements (Hg, O2, No, Fo, Ch, Br, and I,), we must take special care to distinguish between a mole of atoms and a mole of molecules. 
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For example consider 1 mol of oxygen molecules, which has a mass of 32.00 g. 

This quantity is equal to 2 mol of oxygen atoms. The key concept is that 1 mol 

represents Avogadro’s number of the particular chemical entity—atoms, molecules, 

formula units, and so forth—that is under consideration. 

1 mol H,0 = 18.02 g HO 

1 mol NaCl = 58.44 g NaCl 

1 mol H, = 2.016 g H, 

1 mol HNO, 

1 mol K,SO, 

= 6.022 X 10°? molecules 

= 6.022 x 107° formula units 

= 6.022 x 107? molecules 

63.02 g HNO; = 6.022 x 1073 molecules 

174.3 g K,SO,4 = 6.022 x 1073 formula units 

) 2 x 1073 formula units or molecules 
molar mass of a compound 

What is the mass of | mol of sulfuric acid (H2SO4)? 

One mole of H,SO, is 1 molar mass of H,SO,. The problem, therefore, is solved 

in a similar manner to Examples 7.7 and 7.8. Look up the molar masses of hydrogen, 

sulfur, and oxygen, and solve. 

2H=2X 1.008g= 2.01l6¢g 
1S = 1 X 32.06 g = 32.06 g 
40=4X 16.00 g = 64.00 g 

98.08 g = mass of | mol of H,SO, 

How many moles of sodium hydroxide, NaOH, are there in 1.00 kg of sodium hy- 

droxide? 

First we know that 

1 molar mass = (22.99 g + 16.00 g + 1.008 g) or 40.00 g NaOH 

To convert grams to moles we use the conversion factor 

1 mol NaOH 

40.00 g NaOH 

1 mol 

1 molar mass 

Use this conversion sequence: 

kg NaOH —> g NaOH —~ mol NaOH 

The calculation is 

1 mol NaOH 1000 gNaOH 
40.00 g NaOH 1.00 kg NaOH X kg NaOH 

1.00 kg NaOH = 25.0 mol NaOH 

= 25.0 mol NaOH 

Remember to create the 

appropriate conversion factor 

by using the equivalence 

statement. Place the unit 

desired in the numerator and 

the unit to be eliminated in 

the denominator. 

Example 7.9 

Solution 

Example 7.10 

Solution 
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Example 7.11 = What is the mass of 5.00 mol of water? 

Solution First we know that 

1 mol H,O = 18.02 g (Example 7.7) 

The conversion is 

mol H,0 —> g H,O 

To convert moles to grams use the conversion factor 

1 molar mass H,O Pr 18.02 g H,O 

1 mol H,O 1 mol H,O 

The calculation is 

18.02 g H,O 5.00 meLH50 x 
5 1 mel H50 

re et oS 

= 90.1 g H,O 

Example 7.12 How many molecules of hydrogen chloride, HCI, are there in 25.0 g of hydrogen 
chloride? 

Solution From the formula, we find that the molar mass of HC] is 36.46 g (1.008 g + 35.45 g). 
The sequence of conversions is 

g HCl —~+ mol HC] —-+ molecules HC] 

Using the conversion factors 

1 mol HCl a 6.022 x 107? molecules HCI 
36.46 g HCI 1 mol HC] 

1 mo Hel : 6.022 x 1073 molecules HCI 
36.46 g HEI 1 mol HEI 

4.13 X 1073 molecules HCI 

25.0 g HEI x 

Practice 7.4 

What is the mass of 0.150 mol of Na2SO,4? 

Practice 7.5 

How many moles are there in 500.0 g of AICI? 

Percent Composition 
of Compounds 

Percent means parts per 100 parts. Just as each piece of pie is a percent of the percent composition whole pie, each element in a compound is a percent of the whole compound. The of a compound percent composition of a compound is the mass percent of each element in the 
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compound. The molar mass represents the total mass, or 100%, of the compound, 

Thus, the percent composition of water, H5O, is 11.19% H and 88.79% O by mass. 

According to the Law of Definite Composition, the percent composition must be 

the same no matter what size sample is taken. 
The percent composition of a compound can be determined (1) from knowing 

its formula or (2) from experimental data. 

Percent Composition from Formula 

If the formula is known, it is essentially a two-step process to determine the per- 

cent composition. 

Step 1 Calculate the molar mass (Section 7.2). 

Step 2 Divide the total mass of each element in the formula by the molar mass 

and multiply by 100. This gives the percent composition. 

total mass of the element 
Se LOO = percentior the element 

molar mass 

Calculate the percent composition of sodium chloride, NaCl. Example 7.13 

Step 1 Calculate the molar mass of NaCl: Solution 

1 Na = 1 X 22.99 g = 22.99 g 

1Cl = 1 X 35.45 g = 35.45 g 

58.44 g (molar mass) 

Step 2 Now calculate the percent composition. We know there are 22.99 g Na 

and 35.45 g Cl in 58.44 g NaCl. 

22.99 g Na 
2 X 100 = 39:340:N NES iad ¢ NaCl Rai 

35.45 g Cl 
: =< —2— x 100 = 60.66% Cl 

Cl 58.44 g NaCl Beihai D 
100.00% total 

In any two-component system, if the percent of one component is known, the other 

is automatically defined by the difference; that is, if Na is 39. 34%, then Cl is 

100% — 39.34% = 60.66%. However, the calculation of the percent of each 

component should be carried out, since this provides a check against possible error. 

The percent composition data should add up to 100 + 0.2%. 

Calculate the percent composition of potassium chloride, KCl. Example 7.14 

Solution 
Step 1 Calculate the molar mass of KCI: 

1K =1 X 39.10g = 39.10g 

1Cl=1 X 35.45 g = 35.45 g 

74.55 g (molar mass) 
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Step 2 Now calculate the percent composition. We know there are 39.10 gK 
and 35.45 g Cl in 74.55 g KCl. 

39.10 ¢K 
x 100 = 52.45% K Taps Cle ane ‘ 

35.45 ¢Cl = 8 = x 100 = 47.55% Cl 
TABS mR CIS ee as 

100.00% total 

Cl: 

Comparing the data calculated for NaCl and for KCI, we see that NaCl contains 
a higher percentage of Cl by mass, although each compound has a one-to-one atom 
ratio of Cl to Na and Cl to K. The reason for this mass percent difference is that 
Na and K do not have the same atomic masses. 

It is important to realize that, when we compare | mol of NaCl with 1 mol of 
KCI, each quantity contains the same number of Cl atoms—namely, 1 mol of Cl 
atoms. However, if we compare equal masses of NaCl and KCl, there will be more 
Cl atoms in the mass of NaCl since NaCl has a higher mass percent of Cl. 

1 mol KCI aS 
contains 

52.45 gK 
5 g Cl = 

a 60.66%C1 

Example 7.15 Calculate the percent composition of potassium sulfate, K5SO,. 

Solution Step 1 Calculate the molar mass of K5SO;,: 

2K=2xX 3910g= 78.20¢ 

1S = 1X 32.06g = 32.06g 

40=4xX 16.00g = 64.00g 

174.3 g (molar mass) 

Step 2 Now calculate the percent composition. We know there are 78.20 g of 
K, 32.06 g of S, and 64.00 g of O in 174.3 g of K,SO,. 

78.20 ¢K 
1743 ¢ K5SO, 

32.06 gS 
1743 g K,SO, 

Be X 100 = 44.87% K 

X 100 = 18.39% § 

64.00 gO 
eee ee xX = a 1743 £K,SO, 100 = 36.72% O 

99.98% total 



Flavorings, seasonings, and preservatives 

have been added to foods since ancient 

civilizations. Spices were originally added 

as preservatives when refrigeration was 

unavailable. These spices contained mild 

antiseptics and antioxidants and were ef- 

fective in prolonging the time during 

which food could be eaten. Over the 

course of time a great variety of sub- 

stances (food additives) came to be used 

in foods—preservatives, colorings, fla- 

vorings, antioxidants, sweeteners, and so 

on. Many of these substances are now 

regarded as virtual necessities for proc- 

essing foods. However, there is genuine 

concern that some additives, particularly 

those that are not naturally present in 

foods, may be detrimental to one’s health 

when consumed. This concern has led to 

the passage of federal and state laws that 

regulate the food industry. 

The United States Food and Drug 

Administration (FDA) is the principal 

agency charged with enforcing federal 

laws concerning food and must approve 

the use of all food additives. The FDA 

divides food additives into several cate- 

gories. These include a classification 

known as GRAS (Generally Regarded As 

Safe). The GRAS designation includes 

substances that were in use in 1958 and 

that met certain specifications for safety. 

All substances introduced after 1958 have 

been approved on an individual basis. 
Before commercial use of a new food 

additive, a company must provide the 
FDA with satisfactory evidence that the 

chemical is safe for the proposed usage. 

Providing this evidence of safety is com- 

plex and expensive. Although mainly con- 

cerned with chemistry, this task requires 

the services of many people trained in a 

variety of disciplines—biochemistry, mi- 

crobiology, medicine, physiology, and so 

on. Research and testing may have to be 

done in several laboratories before final 

FDA approval (or rejection) is obtained. 

The amount of an additive that is con- 

sidered to be safe in foods is determined 

by the maximum tolerable daily intake 

Taste of Chemistry 

Chemistry in Action 

10) a 
0 : 

mUO Aan 

These are a few foods that contain additives. 

(MTDI). This is the amount of the food 

additive that can be eaten daily for a life- 

time without adverse effects. It is calcu- 

lated on the basis of body mass (mg/kg/ 

day). If there is any doubt regarding the 

safety of an additive, a time limit is deter- 

mined and a conditional MTDI is issued 

and reviewed with further testing at the 

end of the initial time period. To establish 

the MTDI, experiments are run on ani- 

mals, increasing the quantities of the addi- 

tive in successive experiments until acute 

and chronic toxicity occurs. A minimum 

of two species of animals must be 

tested, the most sensitive species forming 

the basis for the appropriate level for the 

additive. This quantity is then divided by 

100 (for additional safety) to set the 

MTDI. 
Once the MTDI is established, all 

foods in which the use of the additive is 

proposed must be considered. An estimate 

is made of the maximum amount of the 

additive that could be ingested. On the 

basis of this information the use may then 

be restricted to only certain foods (as in 

the exclusion of sulfites from most meats) 

or broadened to include additional foods. 

Unfortunately, even with all the quan- 

titative testing it is extremely difficult to 

determine safe levels of additives since 

_ the majority of toxicological data is from 
animal testing. The results are often not 

the same as in humans—chemicals toxic 

to one species may not be so for humans. 

Children add a further complication. 

They cannot be considered simply as 

small adults. A child has a much greater 

energy demand per kilogram than an 

adult. Often children’s chemical defense 

mechanisms are much different than those 

of an adult. 
Flavorings are the largest class of 

food additives. There are 1100-1400 

natural or synthetic flavorings used in 

foods. The task of checking for effects of 

these additives is herculean. Flavorings 

are complex mixtures of chemicals used 

in very small amounts making them diffi- 

cult to analyze. Distinctions between arti- 

ficial and natural flavorings must also be 

monitored (see Chemistry in Action, 

page 94). Chemists rely on quantitative 

analysis techniques (such as gas-liquid 

chromatography) to separate and identify 

components in these mixtures. It is possi- 

ble to detect compounds in amounts as 

low as 10 g/kg (parts per billion). 
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Percent Composition from Experimental Data 
The percent composition can be determined from experimental data without knowing 
the formula of a compound. 

Step 1 Calculate the mass of the compound formed. 
Step 2 Divide the mass of each element by the total mass of the compound 

and multiply by 100. 
Geen eat ee 

Example 7.16 | When heated in the air, 1.63 g of zinc, Zn, combine with 0.40 g of oxygen, O,, to 
form zinc oxide. Calculate the percent composition of the compound formed. 

Solution Step 1 First, calculate the total mass of the compound formed. 

1.63 g Zn 

2.03 g = total mass of product 

Step 2 Divide the mass of each element by the total mass (2.03 g) and multiply 
by 100. 

1.63 g 0.40 g ee aL = : —= = 19.7% 0 2.03 ¢ 00 80.3% Zn 2.03 ¢ x 100 0 

100.0% total 
The compound formed contains 80.3% Zn and 19.7% O. 

Serer rere ee eee ee 

Empirical Formula Versus 
Molecular Formula 

empirical formula The empirical formula, or simplest formula, gives the smallest whole-number ratio of the atoms that are present in a compound. This formula gives the relative number of atoms of each element in the compound. 



7.4 Empirical Formula Versus Molecular Formula 

The molecular formula is the true formula, representing the total number of 
atoms of each element present in one molecule of a compound. It is entirely possible 
that two or more substances will have the same percent composition yet be distinctly 
different compounds. For example, acetylene, C,H», is a common gas used in 
welding; benzene, C¢Hg, is an important solvent obtained from coal tar and is used 
in the synthesis of styrene and nylon. Both acetylene and benzene contain 92.3% 
C and 7.7% H. The smallest ratio of C and H corresponding to these percentages 
is CH (1:1). Therefore the empirical formula for both acetylene and benzene is CH, 
even though it is known that the molecular formulas are C,H, and C¢H,, respectively. 
Often the molecular formula is the same as the empirical formula. If the molecular 
formula is not the same, it will be an integral (whole number) multiple of the 
empirical formula. For example, 

CH = empirical formula 

(CH)z = C,H> = acetylene (molecular formula) 

(CH). = CeHg = benzene (molecular formula) 

Table 7.1 summarizes the data concerning these CH formulas. Table 7.2 shows 
empirical and molecular formula relationships of other compounds. 

TABLE 7.1 Molecular Formulas of Two Compounds Having an Empirical _ 
_ Formula with a 1:1 Ratio of Carbon and Hydrogen Atoms 

Composition © - 

_ Formula © : aC %H =~ Molar mass 

CH (empirical) 23. F802 opines 
CH, (acetylene) (05 tt ed is 
_C,He (benzene) 973 Te - 78.12 (6 x 13.02) 

TABLE 7.2 Some Empirical and Molecular Formulas: 

— Empirical - Molecular — oo 
Compound - formula formula Compound 

Acetylene CH CH a Diborane 
Benzene CH CoH, Hydrazine 

| Ethylene _ 8 CH 7 CoHy / : Hydrogen 
Formaldehyde | CHO | CH,O Chlorine 
‘Acetic acid CHO. OHO, cs _ Bromine 
Glucose Cio CoH 1206 Oxygen 
Hydrogen chloride HCl. WEL Nitrogen 

| Carbon diode = CO) CO, 

molecular formula 

Empirical 
formula 

BH, 
NH, 
H = 

cl = 

Br 

O 
N 

Molecular 
formula 

Boy 
N>Hy 
Doe 

Ch 
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Some common fractions and 

their decimal equivalents are 
V4 

i, 

*, 

i, 

% 

0.25 

0.333... 
0.666... 
0.5 
0.75 

Multiply the decimal 

equivalent by the number in 

the denominator of the 

fraction to give a whole 

number: 4(0.75) = 3. 

Calculation of 
Empirical Formulas 

It is possible to establish an empirical formula because (1) the individual atoms in 
a compound are combined in whole-number ratios, and (2) each element has a 
specific atomic mass. 

In order to calculate the empirical formula we need to know (1) the elements 
that are combined, (2) their atomic masses, and (3) the ratio by mass or percentage 
in which they are combined. If elements A and B form a compound, we may 
represent the empirical formula as A,.B,, where x and y are small whole numbers 
that represent the atoms of A and B. To write the empirical formula we must 
determine x and y. Three or four steps are required to do this. 

Step 1 Assume a definite starting quantity (usually 100.0 g) of the compound, 
if not given, and express the mass of each element in grams. 

Step 2 Convert the grams of each element into moles using the molar mass 
of each element. This conversion gives the number of moles of atoms 
of each element in the quantity assumed in Step 1. At this point these 
numbers will usually not be whole numbers. 

Step 3 Divide each of the values obtained in Step 2 by the smallest of these 
values. If the numbers obtained by this procedure are whole numbers, 
use them as subscripts in writing the empirical formula. If the numbers 
obtained are not whole numbers, go on to Step 4. 

Step 4 Multiply the values obtained in Step 3 by the smallest number that 
will convert them to whole numbers. Use these whole numbers as the 
subscripts in the empirical formula. For example, if the ratio of A to B 
is 1.0:1.5, multiply both numbers by 2 to obtain a ratio of 2:3. The 
empirical formula then is A>B3. 

In many of these calculations results will vary somewhat from an exact whole 
number; this can be due to experimental errors in obtaining the data or from rounding 
off numbers. Calculations that vary by no more than +0.1 from a whole number 
usually can be rounded off to the nearest whole number. Deviations greater than 
about 0.1 unit usually mean that the calculated ratios need to be multiplied by a 
factor to make them all whole numbers. For example, an atom ratio of 1:1.33 should 
be multiplied by 3 to make the ratio 3:4. 

Example 7.17 

Solution 

Calculate the empirical formula of a compound containing 11.19% hydrogen, H, 
and 88.79% oxygen, O. 

Step 1 Express each element in grams. If we assume that there are 100.00 g 
of material, then the percent of each element is equal to the grams of 
each element in 100.00 g, and the percent sign can be omitted: 

H = 11.19 g 

O = 88.79 g 
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Step 2 Convert the grams of each element to moles: 

1 mol H atoms 
Ee 1S x ————— = gH 1.008 eH 11.10 mol H atoms 

1 
O: 88.7926 x pel Dsems = 5.549 mol O atoms 

16.00 0 

The formula could be expressed as H, 1.005.549. However, it is custom- 
ary to use the smallest whole-number ratio of atoms. This ratio is 
calculated in Step 3. 

Step 3 Change these numbers to whole numbers by dividing each of them by 
the smaller number. 

— 11.10 mol : _ 5.549 mol 
5.549 mol 

H = 

5.549 mol 
= 2.000 O = 1.000 

In this step, the ratio of atoms has not changed, because we divided 
the number of moles of each element by the same number. 

The simplest ratio of H to O is 2:1. 

Empirical formula = H,O 

The analysis of a salt shows that it contains 56.58% potassium, K, 8.68% carbon, Example 7.18 
C, and 34.73% oxygen, O. Calculate the empirical formula for this substance. 

Steps 1 and 2 After changing the percentage of each element to grams, find Solution 
the relative number of moles of each element by multiplying by the 
proper mole/molar mass factor: 

K: 56.58 2K X Jmol Saoms = 1.447 mol K atoms 
39.10 gK 

C: 868s€x See = 0.723 mol C atoms 

O: 34.736 x eae = 2.171 mol O atoms 

Step 3 Divide each number of moles by the smallest value: 

K = Li mol _ 4 69 
0.723 mol 

0.723 mol 
= ————— = 1.00 

: 0.723 mol 

2.171 mol 
= ——— = 3.00 

. 0.723 mol 

The simplest ratio of K:C:O is 2:1:3. 

Empirical formula = K,CO; 
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Example 7.19 A sulfide of iron was formed by combining 2.233 g of iron, Fe, with 1.926 g of 

sulfur, S. What is the empirical formula of the compound? 

Solution Steps 1 and 2 The grams of each element are given, so we use them directly 

Step 3 

Step 4 

in our calculations. Calculate the relative number of moles of each 

element by multiplying the grams of each element by the proper 
mole/molar mass factor: 

Fe. 02349 Fe eee 03003 sal Ee Orne 
55.85 FE 

Sop 9202-5 Xx sad = 0.06007 mol S atoms 

Divide each number of moles by the smaller of the two numbers: 

_ 0.03998 mol _ 0.06007 mol 
~ 0.03998 mol 0.03998 mol 

We still have not reached a ratio that will give a formula containing 
whole numbers of atoms, so we must double each value to obtain a 
ratio of 2.000 atoms of Fe to 3.000 atoms of S. Doubling both values 
does not change the ratio of Fe and S atoms. 

Fe: 1.000 x 2 = 2.000 

S: 1.503 X 2 = 3.006 

= 1.503 Fe = 1.000 S 

Empirical formula = Fe,S, 

: Practice 7.9 

| Calculate the empirical formula of a compound containing 53.33% C, 11.11% 
Hi and 35.53% O. : 

: Practice 7.10 | 

Calculate the empirical formula of a compound that contains 43.7% phosphorus 
and 56.3% O by mass. 

Calculation of the Molecular Formula 
from the Empirical Formula 

In addition to data for calculating the empirical formula, the molecular formula can 
be calculated from the empirical formula if the molar mass is known. The molecular 
formula, as stated in Section 7.4, will be either equal to or some multiple of the 
empirical formula. For example, if the empirical formula of a compound of hydrogen 
and fluorine is HF, the molecular formula can be expressed as (HF),, where n = 
L Ros ache .. This n means that the molecular formula could be HF, H>F>, H3F;, 
H4F,, and so on. To determine the molecular formula, we must evaluate n. 
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™ molar mass 
= es = number of iri i mass of empirical formula r of empirical formula units 

What we actually calculate is the number of units of the empirical formula contained 
in the molecular formula. 

A compound of nitrogen and oxygen with a molar mass of 92.00 g was found to Example 7.20 
have an empirical formula of NO>. What is its molecular formula? 

Let n be the number of NO, units in a molecule; then the molecular formula is (NO3),. Solution 
Each NO, unit has a mass of [14.01 g + (2 x 16.00 g)] or 46.01 g. The molar 
mass of (NO), is 92.00 g and the number of 46.01 units in 92.00 is 2: 

oe 92.00 g 

46.01 g 
= 2 (empirical formula units) 

The molecular formula is (NO3)> or N04. 

The hydrocarbon propylene has a molar mass of 42.00 g and contains 14.3% H and Example 7.21 
85.7% C. What is its molecular formula? 

First find the empirical formula: Solution 

Cr MBI x ips = 7.14 mol C atoms 

H: 143¢H x aE = 14.2 mol H atoms 

Divide each value by the smaller number of moles: 

7.14 mol 
= —— = I. 

7.14 mol te 

_ 142mol _ | 9 
7.14 mol 

Empirical formula = CH) 

Then determine the molecular formula from the empirical formula and the molar 

mass: 

Molecular formula = (CH3),, 

Molar mass = 42.00 g 

Each CH, unit has a mass of (12.01 g + 2.016 g) or 14.03 g. The number of CH, 

units in 42.00 g is 3: 

42.00 g 

14.03 g 

The molecular formula is (CH2)3 or C3Hg. 

n = 3 (empirical formula units) 



142 CHAPTER 7 Quantitative Composition of Compounds 

Practice 7.11 

Calculate the empirical and molecular formulas of a compound that contains 

80.0% C, 20.0% H, and has a molar mass of 30.00 g. 

cepts in Review. 

. Explain the meaning of the mole. 

. Discuss the relationship between a mole and Avogadro’s number. 

QO Ne — - Convert grams, atoms, molecules, and molar masses to moles, and vice versa. 

Determine the molar mass of a compound from the formula. 

- Calculate the percent composition of a compound from its formula. 

Calculate the percent composition of a compound from experimental data. 

. Explain the relationship between an empirical formula and a molecular formula. 
- Determine the empirical formula for a compound from its percent composition. 

eC mrntanaea - Calculate the molecular formula of a compound from its percent composition 
and molar mass. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 
referenced in parenthesis for each term. More detailed definitions are given in the 
Glossary. 

Avogadro’s number (7.1) 

empirical formula (7.4) 

formula unit (7.1) 

molar mass (7.1) 

mole (7.1) 

molecular formula (7.4) 

percent composition of a compound (7.3) 

Questions refer to tables, figures, and key words and 4. Which would contain more electrons: a mole of K atoms, concepts defined within the chapter. A particularly or a mole of Au atoms? 
pat Wie question or exercise ts indicates With ar * 5. If the atomic mass scale had been defined differently, with 

an atom of !2C being defined as a mass of 50 amu, would 
this have any effect on the value of Avogadro’s number? 
Explain. 

1. What is a mole? 

2. Which would have a higher mass: a mole of K atoms or 
a mole of Au atoms? 

. Which would contain more atoms: a mole of K atoms, or 
a mole of Au atoms? 

6. What is the numerical value of Avogadro’s number? 

7. What is the relationship between Avogadro’s number and 
the mole? 



Paired Exercises 

8. Complete the following statements, supplying the proper (h) A mole of Hy molecules contains 1.204 x 107+ elec- 
quantity. trons. 

(a) A mole of O atoms contains atonis. 16. Which of the following statements are correct? Rewrite the 
(b) A mole of O2 molecules contains molecules. incorrect statements to make them correct. 
(c) A mole of O, molecules contains atoms. (a) A mole of Na and a mole of NaCl contain the same (d) A mole of O atoms has a mass of grams. number of Na atoms. 

(e) A mole of O2 molecules has a mass of grams. (b) One mole of nitrogen gas (N>) has a mass of 14.01 g. 
9. How many molecules are present in 1 molar mass of sulfuric (c) The percent of oxygen is higher in KCrO, than it is 

10. 

11. 

acid (H,SO,)? How many atoms are present? 

In calculating the empirical formula of a compound from 
its percent composition, why do we choose to start with 
100.0 g of the compound? 

List four characteristics of food additives. 

in Na»CrO,. 

The number of Cr atoms is the same in a mole of 

K,CrO, as it is in a mole of NayCrO,. 

Both K,CrO, and NazCrO, contain the same percent 

by mass of Cr. 

A molar mass of sucrose (C,3H 770, ) contains 1 mol 

(d) 

(e) 

(f) 
12. Explain how the maximum tolerable daily intake of an of sucrose molecules. 

additive is determined. (g) Two moles of nitric acid (HNO3) contain 6 mol of 
13. Why is it difficult to determine safe levels of food additives? O atoms. 

14. What is the difference between an empirical formula and (h) The empirical formula of sucrose (C;2H72011) is 
. a molecular formula? CHO. 

(i) A hydrocarbon that has a molar mass of 280 and an 
15. Which of the following statements are correct? Rewrite the empirical formula of CH, has a molecular formula 

incorrect statements to make them correct. of CoH : 

(a) One atomic mass of any element contains 6.022 x (j) The empirical formula is often called the simplest 
10> atoms. fonnula 

(b) The mass of 1 atom of Cl is 35.45 g (k) The empirical formula of a compound gives the small- 
6.022 x 1073 atoms 

(c) A mole of Mg atoms (24.31 g) contains the same 

number of atoms as a mole of Na atoms (22.99 g). 

(d) A mole of bromine atoms contains 6.022 x 107? atoms 

of bromine. 

(e) A mole of Cl, molecules contains 6.022 x 107? atoms 

of Cl. 

(f) A mole of Al atoms has the same mass as a mole of 

tin (Sn) atoms. 

(g) A mole of H;O contains 6.022 x 107? atoms. 

d Exercises 

est whole-number ratio of the atoms that are present 

in the compound. 

(1) Ifthe molecular formula and the empirical formula of 

a compound are not the same, the empirical formula 

will be an integral multiple of the molecular formula. 

The empirical formula of benzene (CgH.) is CH. 

A compound having an empirical formula of CH,O 

and a molar mass of 60 has a molecular formula of 
C3H,03. 

(m) 
(n) 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

Molar Masses 

17. Determine the molar masses of the following compounds: 18. Determine the molar masses of the following compounds: 

(a) KBr (f) Fe3,0,4 (a) NaOH (f) C>sH;COOH 

(b) Na,SO4 (g) Cy2H22011 (b) AgsCO3 (g) CoH120¢6 
(c) Pb(NO3)2 (h) Al,(SO,4)3 (c) Cr 03 (h) K4Fe(CN), 

(d) C,H;0H (i) (NH4)2HPO, (d) (NH4)2CO3 (i) BaCl,-2 H,O 
(e) HC,H30, (e) Mg(HCO3)> 
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Moles and Avogadro’s Number 

19, 

21. 

23. 

25. 

27. 

29. 

31. 

33. 

How many moles of atoms are contained in the following? 
(a) 22.5 g Zn 

(b) 0.688 g Mg 

(c) 4.5 < 1077 atoms Cu 

(d) 382 g Co 
(e) 0.055 g Sn 

(f) 8.5 xX 107 molecules N> 

Calculate the number of grams in each of the following: 
(a) 0.550 mol Au 

(b) 15.8 mol H,O 
(c) 12.5 mol Cl, 

(d) 3.15 mol NH,NO; 

How many molecules are contained in each of the fol- 
lowing: 

(a) 1.26 mol O, 

(b) 0.56 mol CgH¢ 
(c) 16.0 g CH, 

(d) 1000. g HCl 

Calculate the mass in grams of each of the following: 
(a) 1 atom Pb 

(b) 1 atom Ag 

(c) 1 molecule H,O 

(d) 1 molecule C3H5(NO3); 

Make the following conversions: 

(a) 8.66 mol Cu to grams Cu 

(b) 125 mol Au to kilograms Au 

(c) 10 atoms C to moles C 

(d) 5000 molecules CO, to moles CO, 

Exactly 1 mol of carbon disulfide contains 
(a) how many carbon disulfide molecules? 
(b) how many carbon atoms? 

(c) how many sulfur atoms? 

(d) how many total atoms of all kinds? 

How many atoms of oxygen are contained in each of the fol- 
lowing? 

(a) 16.0 g O, 

(b) 0.622 mol MgO 

(c) 6.00 X 1077 molecules C5H) 20, 

Calculate the number of 

(a) grams of silver in 25.0 g AgBr 
(b) grams of nitrogen in 6.34 mol (NH,4)3PO,4 
(c) grams of oxygen in 8.45 X 10°? molecules SO; 

Percent Composition 

35, Calculate the percent composition by mass of the follow- 
ing compounds: 

(a) NaBr (d) SiCl, 

(b) KHCO, (e) Al,(SO,4)3 
(c) FeCl; (f) AgNO; 

20. 

22. 

24. 

26. 

28. 

30. 

32. 

34, 

36. 

How many moles are contained in the following? 

(a) 25.0 g NaOH 

(b) 44.0 g Bro 

(c) 0.684 g MgCl, 

(d) 14.8 g CH,0H 
(e) 2.88 g Na,SO,4 

(f) 4.20 Ib ZnI, 

Calculate the number of grams in each of the following: 

(a) 4.25 x 10~* mol H,SO, 
(b) 4.5 x 107? molecules CCl, 
(c) 0.00255 mol Ti 

(d) 1.5 x 10'° atoms S 

How many molecules are contained in each of the fol- 
lowing: 

(a) 1.75 mol Cl, 

(b) 0.27 mol C,H,O 
(c) 12.0 g CO, 
(d) 100. g CH, 

Calculate the mass in grams of each of the following: 
(a) 1 atom Au 

(b) 1 atom U 

(c) 1 molecule NH; 

(d) 1 molecule C5H,(NH>)» 

Make the following conversions: 

(a) 28.4 g S to moles S 

(b) 2.50 kg NaCl to moles NaCl 

(c) 42.4 g Mg to atoms Mg 
(d) 485 mL Br, (d = 3.12 g/mL) to moles Br, 

One mole of ammonia contains 

(a) how many ammonia molecules? 

(b) how many nitrogen atoms? 

(c) how many hydrogen atoms? 
(d) how many total atoms of all kinds? 

How many atoms of oxygen are contained in each of the fol- 
lowing? 

(a) 5.0 mol MnO, 

(b) 255 g MgCO, 

(c) 5.0 x 10!® molecules H,O 

Calculate the number of 
(a) grams of chlorine in 5.0 g PbCl, 
(b) grams of hydrogen in 4.50 mol H,SO, 
(c) grams of iodine in 5.45 x 1022 molecules Cal, 

Calculate the percent composition of the following com- 
pounds: 

(a) ZnCl, (d) (NH4)2SO4 

(b) NH,C,H30, (e) Fe(NO3)3 

(c) MgP,0, (f) ICI 



ore 

ao: 

41. 

Calculate the percent of iron in the following compounds: 
(a) FeO 
(b) Fe,0, 

(c) Fe30,4 
(d) K4Fe(CN), 

A 6.20-g sample of phosphorus was reacted with oxygen 
to form an oxide with a mass of 14.20 g. Calculate the 
percent composition of the compound. 

Answer the following by examining the formulas. Check 

your answers by calculation if you wish. Which compound 
has the 

(a) higher percent by mass of hydrogen, H,O or H,O,? 

(b) lower percent by mass of nitrogen, NO or N03? 

(c) higher percent by mass of oxygen, NO, or N,O,? 

Empirical and Molecular Formulas 

43. 

45. 

47. 

Calculate the empirical formula of each compound from 
the percent compositions given: 

(a) 63.6% N, 36.4% O 
(b) 46.7% N, 53.3% O 
(c) 25.9% N, 74.1% O 
(d) 43.4% Na, 11.3% C, 45.3% O 
(e) 18.8% Na, 29.0% Cl, 52.3% O 
(f) 72.02% Mn, 27.98% O 

A sample of tin having a mass of 3.996 g was oxidized 

and found to have combined with 1.077 g of oxygen. Calcu- 

late the empirical formula of this oxide of tin. 

Hydroquinone is an organic compound commonly used as 

a photographic developer. It has a molar mass of 110.1 g/ 

mol and a composition of 65.45% C, 5.45% H, and 29.09% 

O. Calculate the molecular formula of hydroquinone. 

itional Exercises 

These problems are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

49. 

50. 

51. 

White phosphorus is one of several forms of phosphorus 

and exists as a waxy solid consisting of P, molecules. How 

many atoms are present in 0.350 mol of P4? 

How many grams of sodium contain the same number of 

atoms as 10.0 g of potassium? 

One atom of an unknown element is found to have a mass 

of 1.79 X 10~7? g. What is the molar mass of this element? 

38. 

40. 

42. 

46. 

48. 

*52. 

Bb 

*54, 

Additional Exercises 

Which of the following chlorides has the highest and which 

has the lowest percentage of chlorine, by mass, in its 

formula? 

(a) KCl 
(b) BaCl, 
(c) SiCly 
(d) LiCl 

A sample of ethylene chloride was analyzed to contain 6.00 

g of C, 1.00 g of H, and 17.75 g of Cl. Calculate the percent 

composition of ethylene chloride. 

Answer the following by examining the formulas. Check 

your answers by calculation if you wish. Which compound 

has the 

(a) lower percent by mass of chlorine, NaClO3 or KCIO3? 

(b) higher percent by mass of sulfur, KHSO, or K,SO4? 

(c) lower percent by mass of chromium, Na ,CrO, or 

Na»Cr,07? 

. Calculate the empirical formula of each compound from 

the percent compositions given: 

(a) 64.1% Cu, 35.9% Cl 

(b) 47.2% Cu, 52.8% Cl 

(c) 51.9% Cr, 48.1% S 

(d) 55.3% K, 14.6% P, 30.1% O 

(e) 38.9% Ba, 29.4% Cr, 31.7% O 

(f) 3.99% P, 82.3% Br, 13.7% Cl 

A 3.054-g sample of vanadium (V) combined with oxygen 

to form 5.454 g of product. Calculate the empirical formula 

for this compound. 

Fructose is a very sweet natural sugar that is present in 

honey, fruits, and fruit juices. It has a molar mass of 180.1 

g/mol and a composition of 40.0% C, 6.7% H, and 53.3% 

O. Calculate the molecular formula of fructose. 

If a stack of 500 sheets of paper is 4.60 cm high, what will 

be the height, in meters, of a stack of Avogadro’s number 

of sheets of paper? 

There are about 5.0 billion (5.0 x 10”) people on earth. 

If exactly 1 mol of dollars were distributed equally among 

these people, how many dollars would each person receive? 

If 20. drops of water equal 1.0 mL (1.0 cm), 

(a) how many drops of water are there in a cubic mile 

of water? 

(b) what would be the volume in cubic miles of a mole 

of drops of water? 
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*56. 

5/5 

58. 

59. 

60. 

61. 

*62. 

63. 

64. 

65. 
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. Silver has a density of 10.5 g/cm?. If 1.00 mol of silver 
were shaped into a cube, 

(a) what would be the volume of the cube? 

(b) what would be the length of one side of the cube? 

A sulfuric acid solution contains 65.0% H>SO, by mass 
and has a density of 1.55 g/mL. How many moles of the 
acid are present in 1.00 L of the solution? 

A nitric acid solution containing 72.0% HNO; by mass has 
a density of 1.42 g/mL. How many moles of HNO are 
present in 100. mL of the solution? 

Given 1.00-g samples of each of the following compounds, 
CO, Oz, H,0, and CH;OH, 
(a) which sample will contain the largest number of mole- 

cules? 
(b) which sample will contain the largest number of atoms? 
Show proof for your answers. 

How many grams of Fe,S, will contain a total number of 
atoms equal to Avogadro’s number? 

How many grams of lithium will combine with 20.0 g of 
sulfur to form the compound Li,S? 

Calculate the percentage of 

(a) mercury in HgCO, 

(b) oxygen in Ca(ClO3), 

(c) nitrogen in C}gH,4N> (nicotine) 

(d) Mg in C5;H7>MgN,O, (chlorophyll) 

Zinc and sulfur react to form zinc sulfide, ZnS. If we mix 
19.5 g of zinc and 9.40 g of sulfur, have we added sufficient 
sulfur to fully react all the zinc? Show evidence for your 
answer. 

Aspirin is well known as a pain reliever (analgesic) and 
as a fever reducer (antipyretic). It has a molar mass of 
180.2 g/mol and a composition of 60.0% C, 4.48% H, and 
35.5% O. Calculate the molecular formula of aspirin. 

How many grams of oxygen are contained in 8.50 g 
Al,(SO4)3? 
Gallium arsenide is one of the newer materials used to 
make semiconductor chips for use in supercomputers. Its 
composition is 48.2% Ga and 51.8% As. What is the empiri- 
cal formula? 

ers to Practice Exercises 

10.0 g helium 

1.5 X 107? atoms 

101.1 g KNO, 

21.3 g Na SO, 

3.751 mol AICI; 

24.42% Ca; 17.07% N; 58.50% O 

66. Listed below are the compositions of four different com- 

pounds of carbon and chlorine. Determine both the empiri- 

cal formula and the molecular formula for each. 

67. How many years is a mole of seconds? 

68. A normal penny has a mass of about 2.5 g. If we assume 
the penny to be pure copper (which means the penny is 
very old since newer pennies are a mixture of copper and 
zinc), how many atoms of copper does it contain? 

69. What would be the mass (in grams) of one thousand trillion 
molecules of glycerin, C;H,03? 

70. If we assume there are 5.0 billion people on the earth, how 
many moles of people is this? 

71. An experimental catalyst used to make polymers has the 
following composition: Co, 23.3%; Mo, 25.3%; and Cl, 
51.4%. What is the empirical formula for this compound? 

72. If a student weighs 18 g of aluminum and needs twice as 
many atoms of magnesium as she has of aluminum, how 
many grams of Mg does she need? 

*73. If 10.0 g of an unknown compound composed of carbon, 
hydrogen, and nitrogen contains 17.7% N and 3.8 x 1023 
atoms of hydrogen, what is its empirical formula? 

74. A substance whose formula is A,O (A is a mystery element) 
is 60.0% A and 40.0% O. Identify the element A. 

75. For the following compounds whose molecular formulas 
are given, indicate the empirical formula: 
(a) CgH,20,¢ glucose 

(b) CgHi octane 
(c) C3H,03 lactic acid 
(d) Cy5Hs2 paraffin 
(e) Ci2H4Cl,O, dioxin (a powerful poison) 

7.7 40.27% K; 26.78% Cr; 32.96% O 
7.8 20.16% Al; 79.84% Cl 
7.9 C,H;O 

7.11 The empirical formula is CH;; the molecular formula 
is CHe. 
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In the world today, much of our energy is directed toward expressing information 
in a concise, useful manner. From our earliest days in childhood, we are taught to 
translate ideas and desires into sentences. In mathematics, we learn to translate 
numerical relationships and situations into mathematical expressions and equations. 
A historian translates a thousand years of history into a 500-page textbook. A 
secretary translates an entire letter or document into a few lines of shorthand. A 
film maker translates an entire event, such as the Olympics, into several hours 
of entertainment. 

And so it is with chemistry. A chemist uses a chemical equation to translate 
reactions that are observed in the laboratory or in nature. Chemical equations provide 
the necessary means (1) to summarize the reaction, (2) to display the substances 
that are reacting, (3) to show the products, and (4) to indicate the amounts of all 
component substances in the reaction. 

The Chemical Equation 

In a chemical reaction, the substances entering the reaction are called reactants and 
the substances formed are called the products. During a chemical reaction, atoms, 
molecules, or ions interact and rearrange themselves to form the products. In this 
process, chemical bonds are broken and new bonds are formed. The reactants and 
products may be in the solid, liquid, or gaseous state, or in solution. 

A chemical equation is a shorthand expression for a chemical change or 
reaction. A chemical equation uses the chemical symbols and formulas of the 
reactants and products and other symbolic terms to represent a chemical reaction. 
The equations are written according to this general format: 

1. The reactants are separated from the products by an arrow (—) that indicates 
the direction of the reaction. The reactants are placed to the left and the 
products to the right of the arrow. A plus sign (+) is placed between reactants 
and between products when needed. 
Coefficients (whole numbers) are placed in front of substances (e. g., 2 H,O) 
to balance the equation and to indicate the number of units (atoms, molecules, 
moles, ions) of each substance reacting or being produced. When no number 
is shown, it is understood that one unit of the substance is indicated. 

3. Conditions required to carry out the reaction may, if desired, be placed above 
or below the arrow or equality sign. For example, a delta sign placed over 
the arrow (4) indicates that heat is supplied to the reaction. 
The physical state of a substance is indicated by the following symbols: (s) 
for solid state: (/) for liquid state; (¢) for gaseous state; and (aq) for substances 
in aqueous solution. States are not always given in chemical equations. 

BS 

= 

The symbols commonly used in equations are given in Table 8.1. 
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Writing and Balancing 
Equations 

To represent the quantitative relationships of a reaction, the chemical equation must 

be balanced. A balanced equation contains the same number of each kind of atom _ balanced equation 

on each side of the equation. The balanced equation, therefore, obeys the Law of 

Conservation of Mass. 
Every chemistry student must learn to balance equations. Simple equations are 

easy to balance, but care and attention to detail are required. The way to balance 

an equation is to adjust the number of atoms of each element so that it is the same 

on each side of the equation, but a correct formula must not be changed in order 

to balance an equation. The following is a general procedure for balancing equations. 

Study this outline and refer to it as needed when working examples. 

Step 1. Identify the Reaction for Which the Equation Is to Be Written. 

Formulate a description or word equation for the reaction if needed 

(e.g., mercury(II) oxide decomposes yielding mercury and oxygen). 

Step 2. Write the Unbalanced, or Skeleton, Equation. Make sure that the 

formula for each substance is correct and that the reactants are written 

to the left and the products to the right of the arrow (e.g., HgO > Hg 

+ O,). The correct formulas must be known or ascertained from the 

periodic table, lists of ions, or experimental data. 
.Step 3. Balance the Equation. Use the following steps as necessary: 

(a) Count and compare the number of atoms of each element on each 

side of the equation and determine those that must be balanced. 

(b) Balance each element, one at a time, by placing whole numbers 

(coefficients) in front of the formulas containing the unbalanced 

element. It is usually best to balance metals first, then nonmetals, 

then hydrogen and oxygen. Select the smallest coefficients that eis often Helpiul:to leave 

will give the same number of atoms of the element on each side. elerines that arciin neo 

A coefficient placed before a formula multiplies every atom in the more formdaccantchetenns 

formula by that number (e.g., 2 H»SO, means two molecules of side of the equation until just 

sulfuric acid and also means four H atoms, two S atoms, and eight before balancing hydrogen 

O atoms.) and oxygen. 



(c) Check all other elements after each individual element is balanced 

to see whether, in balancing one element, other elements have 

become unbalanced. Make adjustments as needed. 

(d) Balance polyatomic ions such as SOC zs which remain unchanged 

from one side of the equation to the other, in the same way as 
individual atoms. 

(e) Doa final check, making sure that each element and/or polyatomic 
ion is balanced and that the smallest possible set of whole-number 
coefficients has been used. 

4 HgO —+ 4 Hg + 20, (incorrect form) 

2 HgO —~ 2 Hg + O, (correct form) 

A burst of UV light is emitted as 

metallic magnesium combusts in 

air, producing magnesium oxide. 

Not all chemical equations can be balanced by the simple method of inspection 
just described. The following examples show stepwise sequences leading to balanced 
equations. Study each one carefully. 

Example 8.1 Write the balanced equation for the reaction that takes place when magnesium metal 
is burned in air to produce magnesium oxide. 

Solution Step 1 Word equation: 

magnesium + oxygen ease magnesium oxide 

Step 2 Skeleton equation: 

Mg + O, —+ MgO (unbalanced) 

Step 3 Balance: 

(a) Mg is balanced. 
(b) Oxygen is not balanced. Two O atoms appear on the left side and one on 

the right side. 

Place the coefficient 2 before MgO: 

Mg + O, —>2 MgO (unbalanced) 

(c) Now Mg is not balanced. One Mg atom appears on the left side and two 
on the right side. Place a 2 before Mg: 

2 Mg + O, —+2 MgO (balanced) 

(d) Check: Each side has two Mg and two O atoms. 

Example 8.2 When methane, CH,, undergoes complete combustion, it reacts with oxygen to 
produce carbon dioxide and water. Write the balanced equation for this reaction. 

Solution Step 1 Word equation: 

methane + oxygen —> carbon dioxide + water 

Step 2 Skeleton equation: 

CH4, + O2 —+ CO, + H,0 (unbalanced) 

150 
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Step 3 Balance: 

(a) Carbon is balanced. 

(b) Hydrogen and oxygen are not balanced. Balance H atoms by placing 

a 2 before H,O: 

CH, Fr O, aa CO, me H,O (unbalanced) 

Each side of the equation has four H atoms; oxygen is still not 

balanced. Place a 2 before O, to balance the oxygen atoms: 

CH, + 2 0, —>+ CO, + 2H,0 (balanced) 

(c) Check: The equation is correctly balanced; it has one C, four O, 

and four H atoms on each side. 

Oxygen and potassium chloride are formed by heating potassium chlorate. Write a Example 8.3 

balanced equation for this reaction. 

Step 1 Word equation: Solution 

potassium chlorate is potassium chloride + oxygen 

Step 2 Skeleton equation: 

KCIO; —A,KCI + O, (unbalanced) 

Step 3 Balance: 

(a) Potassium and chlorine are balanced. 

(b) Oxygen is unbalanced (three O atoms on the left and two on the 

right side). 

(c) How many oxygen atoms are needed? The subscripts of oxygen 

(3 and 2) in KCIO3 and O, have a least common multiple of 6. 

Therefore, coefficients for KCIO3 and O, are needed to give six O 

atoms on each side. Place a 2 before KCIO3 and a 3 before O, to 

give six O atoms on each side: 

2 KCIO; -4> KCl + 3.0, (unbalanced) 

Now K and Cl are not balanced. Place a 2 before KCl, which 

balances both K and Cl at the same time: 

2 KCIO; -4> 2 KCI + 3.0, (balanced) 

(d) Check: Each side now contains two K, two Cl, and six O atoms. 

Silver nitrate reacts with hydrogen sulfide to produce silver sulfide and nitric acid. Example 8.4 

Write a balanced equation for this reaction. 

Step 1 Word equation: Solution 

silver nitrate + hydrogen sulfide —— silver sulfide + nitric acid 
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Step 2 Skeleton equation: 

AgNO; + H,S —+ Ag»S + HNO, (unbalanced) 

Step 3 Balance: 

(a) Ag and H are unbalanced. 
(b) Place a 2 in front of AgNO; to balance Ag: 

2 AgNO; + HS —+ Ag,S + HNO; (unbalanced) 

(c) H and NO3 are still unbalanced. Balance by placing a 2 in front 
of HNO: 

2 AgNO; + HS —+ Ag,S + 2 HNO; (balanced) 

(d) In this example N and O atoms are balanced by balancing the 
NO 3 ion as a unit. 

(e) Check: Each side has two Ag, two H, and one S atom. Also, each 
side has two NO; ions. 

Example 8.5 When aluminum hydroxide is mixed with sulfuric acid the products are aluminum 
sulfate and water. Write a balanced equation for this reaction. 

Solution Step 1 Word equation: 

aluminum hydroxide + sulfuric acid —+> aluminum sulfate + water 

Step 2 Skeleton equation: 

Al(OH)3 ate H,SO,4 ==> Al,(SO4)3 ts H,0 (unbalanced) 

Step 3 Balance: 

(a) All elements are unbalanced. 

(b) Balance Al by placing a 2 in front of Al(OH);. Treat the unbalanced 
SO” ion as a unit and balance by placing a 3 before H,SO,: 

2 Al(OH)3 oF H,SO, ——>. Al,(SO,4)3 ae H,0 (unbalanced) 

(c) Balance the unbalanced H and O by placing a 6 in front of H,O: 

2 Al(OH); a 3 H,SO, ———> Al,(SO4)3 Ta) H,O (balanced) 

(d) Check: Each side has two Al, twelve H, three S, and eighteen 
O atoms. 

Example 8.6 When the fuel in a butane gas stove undergoes complete combustion, it reacts 
with oxygen to form carbon dioxide and water. Write the balanced equation for 
this reaction. 

Solution Step 1 Word equation: 

butane + oxygen —> carbon dioxide + water 

Step 2 Skeleton equation: 

C4Hi9 + O27 —+ CO, + H,O (unbalanced) 
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Step 3 Balance: 

(a) All elements are unbalanced. 

(b) Balance C by placing a 4 in front of CO): 

C4Hi9 = O, —> 4 CO, ote H,0O (unbalanced) 

Balance H by placing a 5 in front of H,O: 

C4Hi9 “tr O, —4 CO, ata) H,O (unbalanced) 

Oxygen remains unbalanced. The oxygen atoms on the right side 

are fixed, because 4 CO, and 5 H,0 are derived from the single 

C,4H,9 molecule on the left. When we try to balance the O atoms, Coolans with gas. The fuel in 

we find that there is no whole number that can be placed in front Se eee Une S a 
fO Wives al, bal Th : note if complete combustion as it 

of O, to ring about a balance. The equation can be balanced i reacts with oxygen to form CO, 

we use 63 O, and then double the coefficients of each substance, _and water. 
including the 65 O,, to obtain the balanced equation: 

C4Hio + 65 O,—>4C0O, + 5H,O (balanced—incorrect form) 

2 C4Hjp + 13 Op —> 8 CO, + 10H;0 (balanced) 

(c) Check: Each side now has eight C, twenty H, and twenty-six O 

atoms. 

Practice 8.] 

Balance the following word equation. 

aluminum + oxygen —— aluminum oxide 

Practice 8.2 

_ Balance the following word equation. 

magnesium hydroxide + phosphoric acid —> 
magnesium phosphate + water 

What Information Does 

an Equation Tell Us? 

Depending on the particular context in which it is used, a formula can have different 

meanings. The meanings refer either to an individual chemical entity (atom, ion, 

molecule, or formula unit) or to a mole of that chemical entity. For example, the 

formula H5O can be used to indicate any of the following: 

1. 2 H atoms and | O atom 

2. 1 molecule of water 

3. 1 mol of water 

4. 6.022 xX 107% molecules of water 

5. 18.02 g of water 
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Chemical reactions can be the source of 
much natural beauty, even as they contrib- 
ute to the metabolic cycle in plants. The 
wondrous array of color seen in the leaf 
display of autumn is the result of chemi- 
cal reactions. 

Chlorophylls are responsible for the 
common green color in plants and are 
necessary for the plant to produce food 
in the process called photosynthesis. 
Photosynthesis involves many chemical 
reactions but can be summarized by the 
following equation: 

chlorophyll 6 CO, + 6H,0 
sunlight 

carbon water 
dioxide 

C>H,,0, + 60, 

glucose oxygen 

There are several types of chlorophyll, 
including chlorophyll a, chlorophyll b, 
and chlorophyll c. All photosynthetic 
plants contain chlorophyll a, and some 
contain chlorophyll b and chlorophyll c, 
which are called accessory pigments. The 
additional pigments extend the range of 
colored light that plants can use for photo- 

- synthesis. In addition, plants also contain 
carotenoids (orange, yellow, and red pig- 
ments), which protect the plant from the 

Chilly nights cause chlorophyll to 
decompose in leaves. As the 
green fades away, other 
pigments emerge, giving us our 
beautiful fall colors. 

destructive potential of chlorophyll. The 
carotenoids absorb the high-energy oxy- 
gen that is released when the chlorophyll 
absorbs light energy, and they release the 
oxygen when it can be used construc- 

tively. The least prevalent pigments are 
anthocyanins (red or blue). These pig- 
ments are responsible for the great diver- 
sity of combinations and concentrations 
of colors in the leaves. The carotenoids 
and anthocyanins are masked by the chlo- 
rophylls and can only be seen as the chlo- 
rophyll disintegrates in the autumn. 

To produce brilliant autumn color, the 
proper set of conditions must exist. The 
trees need a long, vigorous growing sea- 
son with plenty of water for photosynthe- 
sis. The autumn days should be bright to 
provide a longer photosynthetic period, 
with plenty of sugar production. When 
less intense sunlight and cold nights signal 
the leaves to stop photosynthesis, the pro- 
tein bound to the chlorophyll begins to 
release from it. The protein breaks down 
into amino acids that go to the roots for 
storage. The chlorophyll decomposes and 
the green color fades away. The other pig- 
ments, especially the yellows and reds of 
the carotenoids, can now be seen. Sugar, 
trapped in the leaves during the very chilly 
nights, is changed through a set of com- 
plex reactions into anthocyanins to pro- 
duce a variety of colors, mostly reds. The 
more productive a leaf has been, the 
greater the concentration of the other pig- 
ments and the more brilliant the color. 

Formulas used in equations can be expressed in units of individual chemical entities or as moles, the latter being more commonly used. For example, in the reaction of hydrogen and oxygen to form water, 

2H, ata O, — 2 H,0 

We usually use moles in 
equations because molecules 
are so small that we 
generally work with large 
collections at once. 

the 2 Hp can represent 2 molecules or 2 mol of hydrogen; the Op», 1 molecule or 1 mol of oxygen; and the 2 H,0, 2 molecules or 2 mol of water. In terms of moles, this equation is stated: 2 mol of Hp react with 1 mol of Op to give 2 mol of H,0. As indicated earlier, a chemical equation is a shorthand description of a chemical reaction. Interpretation of a balanced equation gives us the following information: 
1. What the reactants are and what the products are 
2. The formulas of the reactants and products 
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3. The number of molecules or formula units of reactants and products in 
the reaction 

4. The number of atoms of each element involved in the reaction 

5. The number of moles of each substance 

6. The number of grams of each substance used or produced 

Consider the equation 

Hp(g) + Clo(g) —> 2 HCI(g) 

Here, hydrogen gas reacts with chlorine gas to produce hydrogen chloride, also a 

gas. Let’s summarize all the information that can be stated about the relative amount 

of each substance, with respect to all other substances in the balanced equation: 

These data are very useful in calculating quantitative relationships that exist 

among substances in a chemical reaction. For example, if we react 2 mol of hydrogen 

(twice as much as is indicated by the equation) with 2 mol of chlorine, we can 

expect to obtain 4 mol, or 145.8 g, of hydrogen chloride as a product. We will 

study this phase of using equations in more detail in the next chapter. 

Let us try another equation. When propane gas (C3Hg) is burned in air, the 

products are carbon dioxide, CO2, and water, HO. The balanced equation and its 

‘interpretation are as follows: 

Types of Chemical Equations 

Chemical equations represent chemical changes or reactions. Reactions are classified 

into types to assist in writing equations and in predicting other reactions. Many 

chemical reactions fit one or another of the four principal reaction types that we 
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combination reaction 

decomposition reaction 

discuss in the following paragraphs. Reactions are also classified as oxidation— 
reduction. Special methods are used to balance complex oxidation—reduction equa- 
tions. 

Combination, or Synthesis, Reaction 

In a combination reaction, two reactants combine to give one product. The general 
form of the equation is 

Ab > AB 

in which A and B are either elements or compounds and AB is a compound. The 
formula of the compound in many cases can be determined from a knowledge of 
the ionic charges of the reactants in their combined states. Some reactions that fall into this category are given here. 

(a) metal + oxygen —~> metal oxide 

2 Mg(s) + O2(g) 4+ 2 MgO(s) 
4 Al(s) + 3 Ox(g) 4+ 2 AL,0,(s) 

(b) nonmetal + oxygen —> nonmetal oxide 

S(s) + O2(g) 4+ SO3(g) 
No(g) + Oo(g) -4+2 NOW) 

(c) metal + nonmetal —-+ salt: 

2 Na(s) + Cl(g) —> 2 NaC\(s) 

2-Alts) => 3 Br (1) 32 AIBr;3(s) 

(d) metal oxide + water —» metal hydroxide 

Na,O(s) + H,O(/) —> 2 NaOH(aq) 

CaO(s) + H,O(/) —> Ca(OH)>(aq) 

(e) nonmetal oxide + water —> oxy-acid 

SO3(g) + HO(/) —> H,SO,(aq) 
N5O55) + H,0().— > 2 HNO3(aq) 

Decomposition Reaction 

In a decomposition reaction, a single substance is decomposed or broken down to give two or more different substances. The reaction may be considered the reverse of combination. The starting material must be a compound, and the products may be elements or compounds. The general form of the equation is 
AB—+A +B 

Predicting the products of a decomposition reaction can be difficult and requires an understanding of each individual reaction. Heating oxygen-containing compounds often results in decomposition. Some reactions that fall into this category are: 
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(a) Metal oxides. Some metal oxides decompose to yield the free metal plus 
oxygen; others give another oxide, and some are very stable, resisting 

decomposition by heating: 

2 HgO(s) 4+ 2 Hail) + O5(g) 
2 PbO,(s) A> 2 PbO(s) + On(g) 

(b) Carbonates and hydrogen carbonates decompose to yield CO, when heated: 

CaCO,(s) 4+ CaO(s) + CO,(g) 

2 NaHCO;(s) 4+ Na5sCO3(s) + H,O(g) + CO3(g) 

(c) Miscellaneous: 

DRCIO“(s) 29> 2 KClGs)o 3 On(e) 

2 NaNO;(s) 4+ 2 NaNO (g) + O2(g) 

2 H,0,(I) > 2 H,0(I) + O2(g) 

Single-Displacement Reaction 

In a single-displacement reaction one element reacts with a compound to take the 

place of one of the elements of that compound, yielding a different element and a 

different compound. The general form of the equation is 

A + BC—~>B + AC or A + BC—~+C + BA 

If A is a metal, A will replace B to form AC, provided A is a more reactive metal 

than B. If A is a halogen, it will replace C to form BA, provided A is a more reactive 

halogen than C. 

A brief activity series of selected metals (and hydrogen) and halogens are shown 

in Table 8.2. This series is listed in descending order of chemical reactivity, with 

the most active metals and halogens at the top. From such series it is possible to 

predict many chemical reactions. In an activity series, the atoms of any element in 

the series will replace the atoms of those elements below it. For example, zinc metal 

will replace hydrogen from a hydrochloric acid solution. But copper metal, which 

is underneath hydrogen on the list and thus less reactive than hydrogen, will not 

replace hydrogen from a hydrochloric acid solution. Some reactions that fall into 

this category follow: 

(a) metal + acid —> hydrogen + salt 

Zn(s) + 2 HCl(aq) —> H2(g) + ZnClp(aq) 

2 Al(s) + 3 HySO4(aq) —> 3 Hy(g) + Aly(SO4)3(4q) 

(b) metal + water —~ hydrogen + metal hydroxide or metal oxide 

2 Na(s) + 2 H,O —> H,(g) + 2 NaOH(aq) 

Ca(s) + 2 HO ——> H(g) + Ca(OH)>(aq) 

3 Fe(s) + 4H,O(g) —> 4 Ho(g) + Fe30,4(s) 
steam 

A single-displacement reaction 

occurs as elemental zinc reacts 

with hydrochloric acid to 

produce bubbles of hydrogen. 

single-displacement reaction 
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Example 8.7 

Solution 

double-displacement reaction 

(c) metal + salt —~> metal + salt 

Fe(s) + CuSO,(aq) —> Cu(s) + FeSO,(aq) 

Cu(s) + 2 AgNO3(aq) —> 2 Ag(s) + Cu(NO3)>(aq) 

(d) halogen + halide salt —+ halogen + halide salt 

Cl,(g) + 2 NaBr(aq) —> Br(l) + 2 NaCl(aq) 

Cl,(g) + 2 KI(aq) —> I,(s) + 2 KCl(aq) 

A common chemical reaction is the displacement of hydrogen from water or 
acids. This reaction is a good illustration of the relative reactivity of metals and the 
use of the activity series. For example, 

* K, Ca, and Na displace hydrogen from cold water, steam, and acids. 
* Mg, Al, Zn, and Fe displace hydrogen from steam and acids. 
* Ni, Sn, and Pb displace hydrogen only from acids. 
* Cu, Ag, Hg, and Au do not displace hydrogen. 

Will a reaction occur between (a) nickel metal and hydrochloric acid and (b) tin metal 
and a solution of aluminum chloride? Write balanced equations for the reactions. 

(a) Nickel is more reactive than hydrogen, so it will displace hydrogen from hydro- 
chloric acid. The products are hydrogen gas and a salt of Ni** and Cl7~ ions: 

Ni(s) + 2 HCl(aq) —> Ho(g) + NiClp(aq) 
(b) According to the activity series, tin is less reactive than aluminum, so no reaction 

will occur: 

Sn(s) + AICI,(aq) —— no reaction 

Practice 8.3 

Write balanced equations for the reactions: 
(a) iron metal and a solution of Magnesium chloride 
(b) zinc metal and a solution of lead(II) nitrate 

Double-Displacement, or Metathesis, Reaction 
In a double-displacement reaction, two compounds exchange partners with each 
other to produce two different compounds. The general form of the equation is 

AB + CD —+AD + CB 

This reaction can be thought of as an exchange of positive and negative groups, in which A combines with D and C combines with B. In writing formulas for the products, we must account for the charges of the combining groups. 
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It is also possible to write an equation in the form of a double-displacement 

reaction when a reaction has not occurred. For example, when solutions of sodium 

chloride and potassium nitrate are mixed, the following equation can be written: 

NaCl(aq) + KNO3(aq) —~> NaNO;(aq) + KCl(aq) 

When the procedure is carried out, no physical changes are observed, indicating 

that no chemical reaction has taken place. 
A double-displacement reaction is accompanied by evidence of such reactions 

as the evolution of heat, the formation of an insoluble precipitate, or the production 

of gas bubbles. We will now look at some of these reactions. 

Neutralization of an acid and a base. The production of a molecule of water from 

an H* and an OH ion is accompanied by a release of heat, which can be detected 

by touching the reaction container. For neutralization reactions, 

H*t + OH” —~>H,0. 

acid + base —— salt + water 

HCl(aq) + NaOH(aq) —~ NaCl(aq) + H,O(/) A double-displacement reaction 
results from pouring a clear, 

H,SO,(aq) + Ba(OH).(aq) —> BaSO,(s) + 2 H,O(/) colorless solution of Pb(NO;), 

into a clear, colorless solution of 

Formation of an insoluble precipitate. The solubilities of the products can be Ki forming a yellow precipitate 

determined by consulting the Solubility Table in Appendix IV. One or both of the i 

products may be insoluble. 

BaCl,(aq) + 2 AgNO3(aq) —> 2 AgCl(s) + Ba(NO3)2(aq) 

FeCl,(aq) + 3 NaOH(aq) —~ Fe(OH)3(s) + 3 NaCl(aq) 

Metal oxide + acid. Heat is released by the production of a molecule of water. 

metal oxide + acid —— salt + water 

CuO(s) + 2 HNO3(aq) —> Cu(NO3)2(aq) + H20() 

CaO(s) + 2 HCl(ag) —> CaCl,(aq) + H,0(/) 

Formation of a gas. A gas such as HCl or H2S may be produced directly, as in 

these two examples: 

H,SO,(1) + NaCl(s) —> NaHSO,(s) + HCl(g) 

2 HCl(ag) + ZnS(s) —> ZnCl,(aq) + H,S(g) 

A gas can also be produced indirectly. Some unstable compounds formed in a 

double-displacement reaction, such as HyCO3, H,SO3, and NH,OH, will decompose 

to form water and a gas: 

2 HCl(ag) + NazCO3(aq) —> 2 NaCl(aq) + H,CO,(aq) —» 2 NaCl(ag) + H,O(/) + CO2(g) 

2 HNO;(aq) + K2SO3(aqg) —> 2 KNO;(ag) + H2SO3(aq) —> 2 KNO,(aq) + H2O(/) + SO2(g) 

NH,Cl(aq) + NaOH(aqg) — NaCl(aq) + NH,OH(aq) —> NaCl(ag) + H20(/) + NH3(g) 
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Example 8.8 

Solution 

Example 8.9 

Solution 

A double-displacement reaction 

occurs between solutions of 

barium chloride and sodium 

sulfate to form a sodium 

chloride solution (colorless) and 

a precipitate of barium sulfate 
(white). 

Write the equation for the reaction between aqueous solutions of hydrobromic acid 
and potassium hydroxide. 

First write the formulas for the reactants. (They are HBr and KOH.) Then classify 
the type of reaction that would occur between them. Because the reactants are 
compounds, one an acid and the other a base, the reaction will be of the neutraliza- 
tion type: 

acid + base —> salt + water 

Now rewrite the equation using the formulas for the known substances: 

HBr(aq) + KOH(ag) —> salt + H,O 

In this reaction, which is a double-displacement type, the H* from the acid combines 
with the OH~ from the base to form water. The ionic compound must be composed 
of the other two ions, K* and Br~ . We determine the formula of the ionic compound 
to be KBr from the fact that K is a +1 cation and Br is a —1 anion. The final 
balanced equation is 

HBr(aq) + KOH(aq) —> KBr(aq) + H,O(/) 

Complete and balance the equation for the reaction between aqueous solutions of 
barium chloride and sodium sulfate. 

First determine the formula for the reactants. (They are BaCl, and Na,SO,.) Then 
classify these substances as acids, bases, or ionic compounds. (Both substances are 
salts.) Since both substances are compounds, the reaction will be of the double- 
displacement type. Start writing the equation with the reactants: 

BaCl,(aq) + Na,SO,(aq) ——> 

If the reaction is double-displacement, Ba2+ will be written combined with 
SOla. and Na* with Cl7~ as the products. The balanced equation is 

BaCl,(aq) + Na,SO,(aq) —> BaSO, + 2 NaCl 
The final step is to determine the nature of the products, which controls whether 

or not the reaction will take place. If both products are soluble, we may merely 
have a mixture of all the ions in solution. But if an insoluble precipitate is formed, 
the reaction will definitely occur. We know from experience that NaCl is fairly 
soluble in water, but what about BaSO,? The Solubility Table in Appendix IV can 
give us this information. From this table we see that BaSOQ, is insoluble in water, 
so it will be a precipitate in the reaction. Thus the reaction will occur, forming a 
precipitate. The equation is 

BaCl,(aq) + NazSO,(aq) —> BaSO,(s) + 2 NaCl(aq) 

Practice 8.4 

Complete and balance the equations for the reactions: 
(a) potassium phosphate + barium chloride 
(b) hydrochloric acid + nickel carbonate 
(c) ammonium chloride + sodium nitrate 
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Some of the reactions we attempt may fail because the substances are not 

reactive or because the proper conditions for reaction are not present. For example, 

mercury(I) oxide does not decompose until it is heated; magnesium does not burn 

in air or oxygen until the temperature reaches a certain point. When silver is placed 

in a solution of copper(II) sulfate, no reaction occurs. When a strip of copper is 

placed in a solution of silver nitrate, a single-displacement reaction takes place, 

because copper is a more reactive metal than silver. 

The successful prediction of the products of a reaction is not always easy. The 
ability to predict products correctly comes with knowledge and experience. Although 

you may not be able to predict many reactions at this point, as you continue to 

experiment you will find that reactions can be categorized, and that prediction of 

the products thereby becomes easier, if not always certain. 

We have a great deal yet to learn about which substances react with each other, 
how they react, and what conditions are necessary to bring about their reaction. It 

is possible to make accurate predictions concerning the occurrence of proposed 

reactions, but they require, in addition to appropriate data, a good knowledge of 

thermodynamics—a subject usually reserved for advanced courses in chemistry and _In this single-displacement 
physics. Even without the formal use of thermodynamics, your knowledge of the _reaction between a strip of 
four general reaction types, the periodic table, atomic structure, and charges of ions — COPPer and 2 solugon teen 
can be put to good use in predicting reactions and in writing equations. nierates Cees are formed and the solution 

turns blue, indicating the 

presence of copper ions. 

Heat in Chemical Reactions 

Energy changes always accompany chemical reactions. One reason why reactions 

occur is that the products attain a lower, more stable energy state than the reactants. 

When the reaction leads to a more stable state, energy is released to the surroundings 

as heat (or as heat and work). When a solution of a base is neutralized by the 

addition of an acid, the liberation of heat energy is signaled by an immediate rise 

in the temperature of the solution. For example, when an automobile engine burns 

gasoline, heat is certainly liberated; at the same time, part of the liberated energy 

does the work of moving the automobile. 

Reactions are either exothermic or endothermic. Exothermic reactions liberate = exothermic reaction 

heat; endothermic reactions absorb heat. In an exothermic reaction, heat is a endothermic reaction 

product and may be written on the right side of the equation for the reaction. In an 

endothermic reaction, heat can be regarded as a reactant and is written on the left 

side of the equation. Here are two: 

Ho(g) + CL(g) —> 2 HCl(g) + 185kJ (exothermic) 

N2(g) + On(g) + 181 kJ —> 2 NO(g) (endothermic) 

The quantity of heat produced by a reaction is known as the heat of reaction. heat of reaction 

The units used can be kilojoules or kilocalories. Consider the reaction represented 

by this equation: 

C(s) + On(g) —> CO2(g) + 393 kJ 

When the heat liberated is expressed as part of the equation, the substances are 

expressed in units of moles. Thus, when | mol (12.01 g) of C combines with 1 mol 

(32.00 g) of Oz, 1 mol (44.01 g) of CO, is formed and 393 kJ of heat are liberated. 



This cornfield is a good example 

of the endothermic reactions 

happening through 

photosynthesis in plants. 

hydrocarbon 

activation energy 

In this reaction, as in many others, the heat energy is more useful than the chemi- 
cal products. 

Aside from relatively small amounts of energy from nuclear processes, the sun 

is the major provider of energy for life on earth. The sun maintains the temperature 

necessary for life and also supplies light energy for the endothermic photosynthetic 

reactions of green plants. In photosynthesis, carbon dioxide and water are converted 
to free oxygen and glucose: 

6.CO, + 6H,O + 2519 ki > C.H,,0, + 6 Op 
glucose 

Nearly all of the chemical energy used by living organisms is obtained from glucose 
or compounds derived from glucose. 

The major source of energy for modern technology is fossil fuel, such as coal, 
petroleum, and natural gas. The energy is obtained from the combustion (burning) 
of these fuels, which are converted to carbon dioxide and water. Fossil fuels are 
mixtures of hydrocarbons, compounds containing only hydrogen and carbon. 

Natural gas is primarily methane, CH,. Petroleum is a mixture of hydrocarbons 
(compounds of carbon and hydrogen). Liquefied petroleum gas (LPG) is a mixture 
of propane (C3Hg) and butane (C4H),). 

The combustion of these fuels releases a tremendous amount of energy, but 
reactions won’t occur to a significant extent at ordinary temperatures. A spark or a 
flame must be present before methane will ignite. The amount of energy that must 
be supplied to start a chemical reaction is called the activation energy. Once this 
activation energy is provided, enough energy is then generated to keep the reaction 
going. Here are some examples: 

CH,(g) + 2 On(g) —> CO,(g) + 2 HO(g) + 890 kJ 

C3Hg(g) + 5 O2(g) —> 3 CO,(g) + 4 H,O(g) + 2200 kI 
2 CgHig(l) + 25 O2(g) —> 16 CO,(g) + 18 H,O(g) + 10,900 kJ 
Be careful not to confuse an exothermic reaction that merely requires heat 

(activation energy) to get it started with a truly endothermic process. The combustion 
of magnesium, for example, is highly exothermic, yet magnesium must be heated 
to a fairly high temperature in air before combustion begins. Once started, however, 
the combustion reaction goes very vigorously until either the magnesium or the 
available supply of oxygen is exhausted. The electrolytic decomposition of water 
to hydrogen and oxygen is highly endothermic. If the electric current is shut off 
when this process is going on, the reaction stops instantly. The relative energy levels 
of reactants and products in exothermic and in endothermic processes are presented 
graphically in Figure 8.1. 

In reaction (a) of Figure 8.1, the products are at a lower potential energy than 
the reactants. Energy (heat) is given off, producing an exothermic reaction. In 
reaction (b) the products are at a higher potential energy than the reactants. Energy 
has therefore been absorbed, and the reaction is endothermic. 

Examples of endothermic and exothermic processes can be easily demonstrated 
in the laboratory. In Figure 8.2, solid Ba(OH), and solid NH4SCN are mixed in a 
beaker, which is standing in a puddle of water. The solids liquefy and absorb 
heat from the surroundings causing the beaker to freeze to the board. In another 
demonstration, potassium chlorate (KCIO3) and sugar are mixed and placed into a 
pile. A drop of concentrated sulfuric acid is added, creating a spectacular exothermic 
reaction (Figure 8.2). 
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<q FIGURE 8.1 
Energy changes in exothermic 

and endothermic reactions. 

FIGURE 8.2 
Left: Ba(OH), and NH,SCN are 

mixed (endothermic reaction). 

Right: Sugar and KCIO, ignite in 

a spectacular exothermic 

reaction. 

v 
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Carbon dioxide dissolves in 

the ocean, forming carbonates 

and hydrogen carbonates. 

> 

Outside the laboratory you can experience an endothermic process when 
applying a cold pack to an injury. In this case ammonium chloride (NH,Cl) dissolves 
in water. Temperature changes from 24.5°C to 18.1°C result when 10 g of NH,Cl 
are added to 100 mL of water. Energy, in the form of heat, is taken from the 
immediate surroundings (water) causing the salt solution to become cooler. 

Global Warming: 
The Greenhouse Effect 

Fossil fuels, derived from coal and petroleum, provide the energy we use to power 
our industries, heat and light our homes and workplaces, and run our cars. As these 
fuels are burned they produce carbon dioxide and water, releasing over 50 billion 
tons of carbon dioxide into our atomosphere each year. 

The concentration of carbon dioxide has been monitored by scientists since 
1958. Analysis of the air trapped in a core sample of snow from Antartica provides 
data on carbon dioxide levels for the past 160,000 years. The results of this study 
show that as the carbon dioxide increased, the global temperature increased as well. 
The levels of carbon dioxide remained reasonably constant from the last ice age, 
100,000 years ago, until the industrial revolution. Since then the concentration of 
carbon dioxide in our atmosphere has risen 15% to an all-time high. 

Carbon dioxide is a minor component in our atmosphere and is not usually 
considered to be a pollutant. The concern expressed by scientists arises from the 
dramatic increase occurring in the earth’s atmosphere. Without the influence of man 
in the environment, the exchange of carbon dioxide between plants and animals 
would be relatively balanced. Our continued use of fossil fuels has led to an increase 
of 7.4% in carbon dioxide between 1900 and 1970 and an additional 3.5% increase 
during the 1980s. See Figure 8.3. 

In addition to the larger consumption of fossil fuels, there are still other factors 
that increase carbon dioxide levels in the atmosphere: Rain forests are being de- 
stroyed by cutting and burning to make room for increased population and agricul- 
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tural needs. Carbon dioxide is added to the atmosphere during the burning, and the 

loss of trees diminishes the uptake of carbon dioxide by plants. 

About half of all the carbon dioxide released into our atmosphere each year 

remains there, thus increasing its concentration. The other half is absorbed by plants 

during photosynthesis or is dissolved in the ocean to form hydrogen carbonates 

and carbonates. 
Carbon dioxide and other greenhouse gases, such as methane and water, act to 

warm our atmosphere by trapping heat near the surface of the earth. Solar radiation 

strikes the earth and warms the surface. The warmed surface then reradiates this 

energy as heat. The greenhouse gases absorb some of this heat energy from the 

surface, which warms our atmosphere. A similar principle is illustrated in a green- 

house where sunlight comes through the glass yet heat cannot escape. The air in EI CURETSE 

the greenhouse warms, producing a climate considerably different than in nature. cena aan Blobel commerce 

In the atmosphere these greenhouse gases are acting to warm our air and produce ture warming are caused by the 

changes in our climate. See Figure 8.4. greenhouse effect. 
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Long-term effects of global warming are still a matter of speculation and debate. 
One consideration is whether the polar ice caps would melt; this would cause a rise 
in sea level and lead to major flooding on the coasts of our continents. Further 
effects could include shifts in rainfall patterns, producing droughts and extreme 
seasonal changes in such major agricultural regions as California. 

To reverse these trends will require major efforts in the following areas: 

* The development of new energy sources to cut our dependence on fossil fuels 
* An end to deforestation worldwide 
* Intense efforts to improve conservation 

On an individual basis each of us can play a significant role. For example, the 
simple conversion of a 100-watt incandescent light bulb to a compact fluorescent 
bulb can reduce the electrical consumption for that light 20%, and the bulb can last 
10 times longer. Recycling, switching to more fuel-efficient cars, and energy-efficient 
applicances, heaters, and air conditioners all would result in decreased energy 
consumption and less carbon dioxide being released into our atmosphere. 

cepts in Review 

- Know the format used in setting up chemical equations. 

- Recognize the various symbols commonly used in writing chemical equations. 
Be able to balance simple chemical equations. 

&w NN = Interpret a balanced equation in terms of the relative numbers or amounts of 
molecules, atoms, grams, or moles of each substance represented. 

_ Classify equations as combination, decomposition, single-displacement, or dou- 
ble-displacement reactions. 

6. Use the activity series to predict whether a single-displacement reaction will occur. 
7. Complete and balance equations for simple combination, decomposition, single- 

displacement, and double-displacement reactions when given the reactants. 
8. Distinguish between exothermic and endothermic reactions, and relate the quan- 

tity of heat to the amounts of substances involved in the reaction. 
9. Identify the major sources of chemical energy and their uses. 

Terms 

The terms listed here have all been defined within the chapter. Section numbers are 
referenced in parenthesis for each term. More detailed definitions are given in the 
Glossary. 

activation energy (8.5) decomposition reaction (8.4) heat of reaction (8.5) 
balanced equation (8.2) double-displacement hydrocarbons (8.5) 
chemical equation (8.1) reaction (8.4) single-displacement 
combination reaction (8.4) endothermic reaction (8.5) reaction (8.4) 
combustion (8.5) exothermic reaction (8.5) 



Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. What is the purpose of balancing equations? 

2. What is represented by the numbers (coefficients) that are 

placed in front of the formulas in a balanced equation? 

3. In a balanced chemical equation: 

(a) are atoms conserved? 

(b) are molecules conserved? 

(c) are moles conserved? 

Explain your answers briefly. ° 

4. Which of the following statements are correct? Rewrite the 

incorrect ones to make them correct. 

(a) The coefficients in front of the formulas in a balanced 

chemical equation give the relative number of moles 

of the reactants and products in the reaction. 

(b) A balanced chemical equation is one that has the same 

number of moles on each side of the equation. 

(c) Ina chemical equation, the symbol A, indicates that 

the reaction is exothermic. 

(d) A chemical change that absorbs heat energy is said to 

be endothermic. 

(e) Inthe reaction H, + Cl, —> 2 HCl, 100 molecules of 

HCl are produced for every 50 molecules of H reacted. 

(f) The symbol (aq) after a substance in an equation means 

that the substance is in a water solution. 

d Exercises 

Paired Exercises 167 
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(g) The equation H¥O —> H, + Op, can be balanced by 

placing a 2 in front of HO. 

(h) In the equation 3 H, + N, —~ 2 NHy, there are fewer 

moles of product than there are moles of reactants. 

(i) The total number of moles of reactants and products 

represented by this equation is 5 mol: 

Mg + 2 HCl —> MgCl, + H> 

(j) One mole of glucose, CgH;20,¢, contains 6 mol of 

carbon atoms. 
(k) The reactants are the substances produced by the chem- 

ical reaction. 

(1) Ina balanced equation, each side of the equation con- 

tains the same number of atoms of each element. 

(m) When a precipitate is formed in a chemical reaction, it 

can be indicated in the equation with an (s) immediately 

before the formula of the substance precipitated. 

(n) When a gas is involved in a chemical reaction, it can 

be indicated in the equation with a (g) immediately 

following the formula of the gas. 

(0) According to the equation 3 Hy + Nz, —~ 2 NH3, 

4 mol of NH; will be formed when 6 mol of Hz and 

2 mol of N> react. 

(p) The products of an exothermic reaction are at a lower 

potential energy than the reactants. 

(q) The combustion of hydrocarbons produces carbon di- 

oxide and water as products. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

5. Balance the following equations: 

(a) H, + O. —~> H,0 

(b) C + Fe,03; —> Fe + CO 

(c) H,SO4, + NaOH —~ H,0 + Na SO, 

(d) Al,(CO3)3 —4> Al,03 + CO, 
(e) NH, + Cl, —> NH,Cl + lL 

7. Classify the reactions in Exercise 5 as combination, decom- 

position, single displacement, or double displacement. 

6. Balance the following equations: 

(a) H, + Br. —~ HBr 

(bh) Alor C==5 ALG 
(c) Ba(C10;)) 42> BaCl, + O, 
(d) CrCl, + AgNO; —> Cr(NO3)3 + AgCl 
(e) H,O, —~> H,0 + O, 

8. Classify the reactions in Exercise 6 as combination, decom- 

position, single displacement, or double displacement. 
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9. 

11. 

CHAPTER 8 Chemical Equations 

Balance the following equations: 

(a) SO, + O, —> SO; 

(b) Al + MnO, —4> Mn + Al,0; 
(c) Na + H,O —~ NaOH + H, 

(d) AgNO, + Ni— > Ni(NO;), + Ag 
(e) BiyS; + HCl —> BiCl, + HS 
(f) PbO, 4+ PbO + 0, 
(g) LiAIH, > Li + Al + H, 
(h) KI + Bry —> KBr + I, 
(i) K3PO, + BaCl, —> KCl + Ba;(PO,), 

Change the following word equations into formula equa- 
tions and balance them: 

(a) copper + sulfur =— copper(I) sulfide 

(b) phosphoric acid + calcium hydroxide ——> 

calcium phosphate + water 
(c) silver oxide ae silver + oxygen 

(d) iron(II) chloride + sodium hydroxide —~> 

iron(II) hydroxide + sodium chloride 

(e) nickel(II) phosphate + sulfuric acid ——> 

nickel(II) sulfate + phosphoric acid 

' (f) zinc carbonate + hydrochloric acid ——> 

13. 

15. 

17. 

195 

zinc chloride + water + carbon dioxide 

(g) silver nitrate + aluminum chloride —~> 

silver chloride + aluminum nitrate 

Use the activity series to predict which of the following 
reactions will occur. Complete and balance the equations. 
Where no reaction will occur, write “no reaction” as the 
product. 

(a) Ag(s) + HjSO,(aq) —> 
(b) Clo(g) + NaBr(aq) —> 
(c) Mg(s) + ZnCl,(aqg) —> 

(d) Pb(s) + AgNO3(ag) —> 
Complete and balance the equations for these reactions. 
All reactions yield products. 
(a) Hy + L ——> 

(b) CaCO; —4> 
(c) Mg + H,SO, —> 

(d) FeCl, + NaOH ——> 

Complete and balance the equations for the following reac- 
tions. All reactions yield products. 

(a) Ba + O, —> 

(b) NaHCO, 4+ Na,CO; + 
(c) Ni + CuSO, —~> 

(d) MgO + HC] —> 

(e) H3PO, + KOH —> 

Interpret the following chemical reactions in terms of the 
number of moles of each reactant and product: 
(a) MgBr. + 2 AgNO; —> Mg(NO;), + 2 AgBr 
(b) No + 3H, => 2 NH, 

(c) 2 C3H;,OH + 9 O, —> 6 CO, + 8H,0 

10. 

12. 

14, 

16. 

18. 

20. 

Balance the following equations: 

(a) MnO, + CO —~> Mn,O; + CO, 

(b) Mg3N. + H,O —~> Mg(OH), + NH; 
(c) C3H5(NO3)3 —~ CO, + H,0 + Ny + O, 
(d) Bes =p O, ———>- Fe,03 =f SO, 

(e) Cu(NO3)2 —— CuO + NO, + O, 
(f) NO, + H,0 —~+ HNO, + NO 
(g) Al + H,SO, —> AL(SO,)3 + H, 
(h) HCN + O, —>N, + CO, + H,O 
(i) BsH) + O2 —~> B03 + H,O 

Change the following word equations into formula equa- 
tions and balance them: 

(a) water ——~ hydrogen + oxygen 

(b) acetic acid + potassium hydroxide ——> 

potassium acetate + water 

(c) phosphorus + iodine ——> phosphorus triiodide 
(d) aluminum + copper(II) sulfate —~ 

copper + aluminum sulfate 
(e) ammonium sulfate + barium chloride —~> 

ammonium chloride + barium sulfate 
(f) sulfur tetrafluoride + water —~> 

sulfur dioxide + hydrogen fluoride 
(g) chromium(III) carbonate —=> 

chromium(III) oxide + carbon dioxide 

Use the activity series to predict which of the following 
reactions will occur. Complete and balance the equations. 
Where no reaction will occur, write “no reaction” as the 
product. 

(a) Cu(s) + FeCl,(aqg) —> 

(b) H2(g) + Al,03(aq) —> 
(c) Al(s) + HBr(ag) —> 

(d) 1,(s) + HCl(aq) —> 

Complete and balance the equations for these reactions. 
All reactions yield products. 

(a) SO, + H,O ——> 

(b) SO; + H,O —> 
(c) Ca + H,0 —> 

(d) Bi(NO3)3 + HS —> 

Complete and balance the equations for the following reac- 
tions. All reactions yield products, 
(a) C + O, —> 
(b)*Al(C1O;) 74 O04 
(c) CuBr + Cl, —> 

(d) SbCl, + (NH,4)2S ae 

(e) NaNO; —> NaNO, + 

Interpret each of the following equations in terms of the 
relative number of moles of each substance involved and 
indicate whether the reaction is exothermic or endothermic: 
(a) 2 Na + Cl, —+2 NaCl + 822 kJ 
(b) PCl; + 92.9 kJ —> PCl, + Cl, 



21. Write balanced equations for each of these reactions, in- 
cluding the heat term: 
(a) Lime (CaO) is converted to slaked lime Ca(OH), by 

reaction with water. The reaction liberates 65.3 kJ of 
heat for each mole of lime reacted. 

(b) The industrial production of aluminum metal from alu- 
minum oxide is an endothermic electrolytic process 
requiring 1630 kJ per mole of Al,O3. Oxygen is also 
a product. 

22. 

These problems are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

23. 

24. 

25. 

26. 

27. 

28. 

29. 

Name one piece of evidence that a chemical reaction is 

actually taking place in each of these situations: 

(a) making a piece of toast 

(b) frying an egg 
(c) striking a match 

Balance this equation, using the smallest possible whole 

numbers. Then determine how many atoms of oxygen ap- 

pear on each side of the equation: 

P4019 a HClO, oe a Cl,07, =r H3PO,4 

Suppose that in a balanced equation the term 

7 Al,(SO,4)3 appears. 

(a) How many atoms of aluminum are represented? 

(b) How many atoms of sulfur are represented? 

(c) How many atoms of oxygen are represented? 

(d) How many atoms of all kinds are represented? 

Name two pieces of information that can be obtained from 

a balanced chemical equation. Name two pieces of informa- 

tion that the reaction does not provide. 

Make a drawing to show six molecules of ammonia gas 

decomposing to form hydrogen and nitrogen gases. 

Explain briefly why the following single-displacement reac- 

tion will not take place: 

Zn + Mg(NO3)2 —— no reaction 

A student does an experiment to determine where titanium 

metal should be placed on the activity series chart. He 

places newly cleaned pieces of titanium into solutions of 

30. 

31. 

32. 

33. 

34. 

Additional Exercises 

Write a balanced equation for each of the following descrip- 

tions. Include a heat term on the appropriate side of the 
equation. 

(a) Powdered aluminum will react with crystals of iodine 

when moistened with dishwashing detergent. The reac- 

tion produces violet sparks and flaming aluminum. The 

major product is aluminum iodide (AII,). The detergent 
is not a reactant. 

Copper(II) oxide (CuO), a black powder, can be decom- 

posed to produce pure copper by heating the powder 

in the presence of methane gas (CH,). The products 

are copper, carbon dioxide and water vapor. 

A form of rust, iron(II) oxide (Fe,03), reacts with 

powdered aluminum to produce molten iron and alumi- 

num oxide in the spectacular reaction shown in the 

opening photo for this chapter. 

(b — 

(c) 

nickel(II) nitrate, lead(II) nitrate, and magnesium nitrate. 

He finds that the titanium reacts with the nickel(II) nitrate 

and lead(II) nitrate solutions, but not with the magnesium 

nitrate solution. From this information place titanium in 

the activity series in a position relative to these ions. 

Complete and balance the equations for these combination 
reactions: 

(a) K + O, -— (c) CO, + H,O —> 

(b) Al + Cl— > (d) CaO + H,O —> 

Complete and balance the equations for these decomposi- 

tion reactions: 

(a) Heo —4> (c) MgCO, 4+ 
(b) NaClo; 4» (4) PbO, 4+ PbO + 
Complete and balance the equations for these single- 

displacement reactions: 

(a) Zn + H,SO,——> (c) Mg + AgNO; —> 
(b) All, + Cl,— > (d) Al + CoSO, —> 

Complete and balance the equations for these double- 
displacement reactions: 

(a) ZnCl, + KOH > (d) (NH4)3PO0,4 + Ni(NO3). > 
(b) CuSO, + HS > (e) Ba(OH)2 + HNO; > 
(c) Ca(OH), + H3PO, > (f) (NH4)2S + HCl > 

Predict which of the following double-displacement reac- 

tions will occur. Complete and balance the equations. 

Where no reaction will occur, write “no reaction” as the 

product. 

(a) AgNO3(aq) + KCl(aq) —> 
(b) Ba(NO3)2(aq) + MgSO4(aq) —> 
(c) H,SO,(aq) + Mg(OH)(aq) —> 
(d) MgO(s) + H,SO,(aq) ——> 

(e) Na,CO3(aqg) + NH4Cl(aq) ——> 
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35. Write balanced equations for the combustion of the follow- 39. List the factors that contribute to an increase in carbon 

ing hydrocarbons: dioxide in our atmosphere. 

(a) ethane, C,H. (c) heptane, C7Hi¢ 40. List three gases considered to be greenhouse gases. Explain 
(b) benzene, CeH, why they are given this name. 

36. List the various pigments found in plants and state the 41. How can the effects of global warming be reduced? 

function of each. aren : 
; 42. What happens to carbon dioxide released into our atmo- 

37. State the four necessary requirements for successful photo- ; sphere? 
synthesis. 

38. Draw a flowchart illustrating how leaves “change color” 

in the autumn of the year. 

ers to Practice Exercises 

8.1 4 Al + 3 O, —— 2 Al,O, 8.4 (a) 2 K3PO,4(aqg) + 3 BaCl,(aq) ——> 

8.2 3 Mg(OH), + 2 H3PO, —> Mg;(PO,). + 6 H,O Ba3(PO4)2(s) + 6 KCl(aq) 
(b) 2 HCl(aq) + NiCO3(aq) —> 

NiCl,(aq) + H,O(l) + CO,(g) 

(c) NH,4Cl(aq) + NaNO3(aq) —— no reaction 

8.3 (a) Fe + MgCl, —— no reaction 

(b) Zn(s) + Pb(NO3)2(aq) —~ Pb(s) + Zn(NO3)9(aq) 



Calculations from Chemical Equations 
a . 
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compounds for use in our 
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The old adage “waste not, want not” is appropriate in our daily life and in the 

laboratory. Determining correct amounts comes into play in most all professions. 

For example, a hostess determines the quantity of food and beverage necessary to 

serve her guests. These amounts are defined by specific recipes and a knowledge 

of the particular likes and dislikes of the guests. A seamstress determines the amount 
of material, lining, and trim necessary to produce a gown for her client by relying 

on a pattern or her own experience to guide the selection. A carpet layer determines 
the correct amount of carpet and padding necessary to recarpet a customer’s house 

by calculating the floor area. The IRS determines the correct deduction for federal 

income taxes from your paycheck based on your expected annual income. 

The chemist also finds it necessary to calculate amounts of products or reactants 

by using a balanced chemical equation. With these calculations, the chemist can 

control the amount of product by scaling the reaction up or down to fit the needs 

of the laboratory, and can thereby minimize waste or excess materials formed during 

the reaction. 

A Short Review 

Molar Mass. The molar mass is the sum of the atomic masses of all the atoms in 

a molecule. The molar mass also applies to the mass of a mole of any formula 

unit—atoms, molecules, or ions; it is the atomic mass of an atom, or the sum of 

the atomic masses in a molecule or an ion (in grams). 

Relationship Between Molecule and Mole. A molecule is the smallest unit of 

a molecular substance (e.g., Cl,), and a mole is Avogadro’s number 

(6.022 x 107%) of molecules of that substance. A mole of chlorine (Cl,) has the 

same number of molecules as a mole of carbon dioxide, a mole of water, or a mole 
of any other molecular substance. When we relate molecules to molar mass, 1 molar 

mass is equivalent to 1 mol, or 6.022 x 107? molecules. 
In addition to referring to molecular substances, the term mole may refer to 

any chemical species. It represents a quantity (6.022 x 107? particles) and may be 
applied to atoms, ions, electrons, and formula units of nonmolecular substances. In 
other words, 

6.022 x 1077 molecules 

6.022 X 107° formula units 
6.022 X 107° atoms 
6.022 X 107° ions 

1 mole = 

Other useful mole relationships are 

grams of a substance 
molar mass = —— 2A 

number of moles of the substance 

grams of a monatomic element 
molar mass = 

number of moles of the element 

number of molecules ber‘of moles! = on oni ee eee nhs Ossie 6 002s Ots SaOIe RIC oTRGne 



9.2 Introduction to Stoichiometry: The Mole-Ratio Method 

Balanced Equations. When using chemical equations for calculations of mole- 
mass—volume relationships between reactants and products, the equations must be 
balanced. Remember that the number in front of a formula in a balanced chemical 

equation can represent the number of moles of that substance in the chemical reaction. 

Introduction to Stoichiometry: 
The Mole-Ratio Method 

It is often necessary to calculate the amount of a substance that is produced from 

or needed to react with a given quantity of another substance. The area of chemistry 

that deals with the quantitative relationships among reactants and products is known 

as stoichiometry (stoy-key-ah-meh-tree). Although several methods are known, we 
firmly believe that the mole or mole-ratio method is generally best for solving 

problems in stoichiometry. 

A mole ratio is a ratio between the number of moles of any two species involved 

in a chemical reaction. For example, in the reaction 

‘2H, te O, — 2 H,O 

2mol 1 mol 2 mol 

only six mole ratios apply to this reaction. They are 

2 mol H, 2 mol H, 1 mol O, 

1 mol O, 2 mol H,O 2 mol H, 

1 mol O, 2 mol H,O 2 mol H,O 

2 mol H,0 2 mol H, 1 mol O, 

The mole ratio is a conversion factor used to convert the number of moles of one 

substance to the corresponding number of moles of another substance in a chemical 

reaction. For example, if we want to calculate the number of moles of H,O that 

can be obtained from 4.0 mol of Oz, we use the mole ratio 2 mol H,O/1 mol O3: 

2 mol H,O 
CRASS) ee 
ee 2“ 1 met05 

= 8.0 mol H,O 

Since stoichiometric problems are encountered throughout the entire field of 

chemistry, it is prudent to master this general method for their solution. The mole- 

ratio method makes use of three basic operations: 

1. Convert the quantity of starting substance to moles (if it is not given in moles). 

2. Convert the moles of starting substance to moles of desired substance. 

3. Convert the moles of desired substance to the units specified in the problem. 

Like learning to balance chemical equations, learning to make stoichiometric calcula- 

tions requires practice. A detailed step-by-step description of the general method, 

together with a variety of worked examples, is given in the following paragraphs. 

Study this material and apply the method to the problems at the end of this chapter. 

Use a balanced equation. 

Step 1 Determine the number of moles of starting substance. 

Identify the starting substance from the data given in the statement of 

the problem. If it is not in moles, convert the quantity of the starting 

substance to moles. 

stoichiometry 

mole ratio 

You may need to write the 

equation before beginning 

the problem. 
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Step 2 Determine the mole ratio of the desired substance to the starting 
As in all problems with units, 

substance. the desired quantity is in the . iar ‘ AeeVen: : : aCheniaiae eae ation is numerator, and the quantit The number of moles of each substance in the balanced equati 
to be eliminated is in the indicated by the coefficient in front of each substance. Use these coeffi- 
denominator. cients to set up the mole ratio: 

moles of desired substance in the equation 
mole ratio = : : 

moles of starting substance in the equation 

Multiply the number of moles of starting substance (from Step 1) by 

the mole ratio to obtain the number of moles of desired substance: 

From Step 1 
Units of moles of starting 

substance cancel in the 

numerator and denominator. 

Step 3 Calculate the desired substance in the units specified in the problem. 
If the answer is to be in moles, the problem is finished. If units other 
than moles are wanted, multiply the moles of the desired substance 
(from Step 2) by the appropriate factor to convert moles to the units 
required. For example, if grams of the desired_substance are wanted, 

From Step 2 

If moles ——> atoms use 

If moles —-> molecules use 

The steps for converting the mass of a starting substance A to either the mass 
atoms, or molecules of desired substance B are summarized in Figure 9.1. 

’ 

Step 2 
FIGURE 9.1 p> 

Steps for converting starting 

substance A to mass, atoms, or 

molecules of desired substance B. 
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Mole—Mole Calculations 

The first application of the mole-ratio method of solving stoichiometric problems 

is that of mole—mole calculations. 

The quantity of starting substance is given in moles and the quantity of desired 

substance is requested in moles. Understanding the use of mole ratios is very helpful 

in solving many problems. Some examples follow. 

How many moles of carbon dioxide will be produced by the complete reaction of 

2.0 mol of glucose (CgH;70¢), according to the following reaction? 

C6H120¢ + 6 O, <> 6 CO, ap 6 H,O 

1 mol 6 mol 6 mol 6 mol 

The balanced equation states that 6 mol of CO, will be produced from 1 mol of 

C.H,20¢. Even though we can readily see that 12 mol of CO, will be formed from 

2.0 mol of CgH;20¢, the mole-ratio method of solving the problem is shown below. 

Step 1 The number of moles of starting substance is 2.0 mol Cg6H,20¢. 
Step 2 The conversion needed is 

moles Cg5H,;,»O, —— moles CO, 

Multiply 2.0 mol of glucose (given in the problem) by this mole ratio: 

6 mol CO, 
2.0 mol —————— mol CO SI Or nee 2 

Again note the use of units. The moles of CgH;7O¢ cancel, leaving the answer in 

units of moles of CO;. 

How many moles of ammonia can be produced from 8.00 mol of hydrogen reacting 

with nitrogen? The balanced equation is 

3 H ct N, — 2 NH; 

Step 1 The starting substance is 8.00 mol of Hp. 
Step 2 The conversion needed is 

+ moles NH3 moles H, 

The balanced equation states that we get 2 mol of NH; for every 3 mol 

of H, that react. Set up the mole ratio of desired substance (NH3) to 

starting substance (H)): 

2 mol NH; 
ROL (from equation) mole ratio = 

Multiply the 8.00 mol H, by the mole ratio: 

2 mol NH; 
x — 8.00 mel 43 3 mol Hs = 5.33 mol NH; 
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Example 9.1 

Solution 

The numbers in the mole 

ratio are absolute and do not 

affect the number of 

significant figures in the 

answer. 

Example 9.2 

Solution 
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Example 9.3 Given the balanced equation 

K,Cr,0, + 6 KI + 7 H»SO4 —> Cr(SO4)3 + 4 K,SO4 + 31, + 7H,O 

1 mol 6 mol 3 mol 

calculate (a) the number of moles of potassium dichromate (K2Cr207) that will 

react with 2.0 mol of potassium iodide (KI); (b) the number of moles of iodine (I>) 

that will be produced from 2.0 mol of potassium iodide. 

Solution Since the equation is balanced, we are concerned only with KyCr207, KI, and L,, 

and we can ignore all the other substances. The equation states that 1 mol of KzCr207 

will react with 6 mol of KI to produce 3 mol of Ip. 

(a) Calculate the number of moles of K,Cr207. 

Step 1 The starting substance is 2.0 mol of KI. 

Step 2 The conversion needed is 

moles KI —~ moles KjCr20, 

Set up the mole ratio of desired substance to starting substance: 

1 mol K,Cr,07 

6 mol KI 

Multiply the moles of starting material by this ratio: 

1 mol K,Cr,07 

6 mel KI 

mole ratio = (from equation) 

2.0 met KI X =). 935)mol K,Cr,07 

(b) Calculate the number of moles of I. 

Step 1 The moles of starting substance are 2.0 mol KI as in part (a). 

Step 2 The conversion needed is 

moles KI —> moles I, 

Set up the mole ratio of desired substance to starting substance: 

3 mol I 
le ratio = ——— 1 mole ratio 6 mol KI (from equation) 

Multiply the moles of starting material by this ratio: 

3 mol I 2.0 aa mol KI 6 1.0 mol I, 

Example 9.4 How many molecules of water can be produced by reacting 0.010 mol of oxygen 
with hydrogen? 

Solution The balanced equation is 2 H, + O, > 2 H,O. 

The sequence of conversions needed in the calculation is 

moles O, ——> moles H,O —~+ molecules H,O 



Ome e ewer rere eee ee sees eeeeeeeeeee 

Step 1 The starting substance is 0.010 mol Op. 

Step 2 The conversion needed is moles O. —> moles HO. Set up the mole 

ratio of desired substance to starting substance: 

2 mol HO 
mole ratio = inchs (from equation) 

Multiply 0.010 mol O, by the mole ratio: 

2 mol HO 
01 ee 0.010 moO; x = 5 = 0.020 mol H,O 

Step 3 Since the problem asks for molecules instead of moles of HO, we 

must convert moles to molecules. Use the conversion factor 

(6.022 X 107? molecules)/mole: 

6.022 x 107? molecules 
1 mol 

0.020 mot H,O x = 1.2 x 10” molecules H,O 

Note that 0.020 mol is still quite a large number of water molecules. 
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<q The space shuttle is powered by 

H, and O,, which react to 

produce H,O. 

ST 
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Practice 9.1 

How many moles of aluminum oxide will be produced from 0.50 mol of 

oxygen? — - : 

4A1 430, 2 ALO. 

Practice 9.2 7 

How many moles of aluminum hydroxide are required to produce 22.0 mol 
of water? 

2 A(OH); + 3 HSO, —> Al,(SO,); + 6 H20 

Mole—Mass Calculations 

The object of this type of problem is to calculate the mass of one substance that 

reacts with or is produced from a given number of moles of another substance in 
a chemical reaction. If the mass of the starting substance is given, it is necessary 

to convert it to moles. The mole ratio is used to convert from moles of starting 

substance to moles of desired substance. Moles of desired substance can then be 

changed to mass if required. Each example is solved in two ways: 

¢ Method 1: Step-by-Step. 

* Method 2: Continuous Calculation where all the individual steps are combined 

in a single line. 

Select the method that is easiest for you and focus your attention on solving problems 
that way. 

Example 9.5 What mass of hydrogen can be produced by reacting 6.0 mol of aluminum with 
hydrochloric acid? 

Solution The balanced equation is 2 Al(s) + 6 HCl(aq) —> 2 AICl;(aq) + 3 H3(g). 

Method 1: Step-by-Step 

First calculate the moles of hydrogen produced, using the mole-ratio method; then 
calculate the mass of hydrogen by multiplying the moles of hydrogen by its grams 
per mole. The sequence of conversions in the calculation is 

moles Al —+ moles H, ——> grams H, 

Step 1 The starting substance is 6.0 mol of aluminum. 

Step 2 Calculate moles of Hz by the mole-ratio method: 

3 mol H, 
6.0 merAl <i———— 

2 metAl 
= 9.0 mol H, 
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Step 3 Convert moles of H, to grams [g = mol X (g/mol)]: 

2.016 g Hp 
9.0 met Hy X ——>— 

1 mel 45 
= 18 gH, (Answer) 

We see that 18 g of H» can be produced by reacting 6.0 mol of Al 

with HCl. 

Method 2: Continuous Calculation 

3 met H5 _, 2.016 g H> 
6.0 merAl <.————_ x —___=—= = Peneas Tinhorte ohn eee 

How many moles of water can be produced by burning 325 g of octane (CgHjg)? Example 9.6 

The balanced equation is 2 CgH;g(g) + 25 Oo(g) > 16 CO2(g) + 18 H,O(g). 

Method 1: Step-by-Step Solution 

The sequence of conversions in the calculation is 

- grams CgH;g ——~ moles CgH,;g —~> moles H,O 

Step 1 The starting substance is 325 g CgHjg. Convert 325 g of CgHig to 

moles: 

1 mol CgH 
325 ¢-Esti3 X 1142 gC, = 2.85 mol CgHis 

Step 2 Calculate the moles of water by the mole-ratio method: , 
Notice the answers for the 

18 mol H,O different methods vary in the 
2.85 mol €gH\, X = 25.7 mol H,O (Answer) last digit. This results from 

rounding off at different 

Method 2: Continuous Calculation times in the calculation. 
Check with your instructor 

_1 mol €gHi3_ x 18 mol HO = 25.6 mol H,O to find the appropriate rules 325 se as eg a 
e€sHlis 114.2 g€sHig 2 molt€gHj, for your course. 

2 mol €gHij 

Practice 9.3 

How many moles of potassium chloride can be produced from 100.0 g of 

potassium chlorate? 

Practice 9.4 

How many grams of silver nitrate are required to produce 0.25 mol of 

silver sulfide? 
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Mass—Mass Calculations 

Remember to select either tes. 
step-by-step method or Solving mass—mass stoichiometry problems requires all the steps of the mole-ratio 

continuous calculation for method. The mass of starting substance is converted to moles. The mole ratio is 

solving these problems. then used to determine moles of desired substance, which in turn is converted to mass. 

Example 9.7 What mass of carbon dioxide is produced by the complete combustion of 100. g 

of the hydrocarbon pentane, C;H,2? The balanced equation is 

C5H)2 + 8 O27 > 5 CO, + 6H,0. 

Solution Method 1: Step-by-Step 

The sequence of conversions in the calculation is 

grams C;H,;. —~> moles C5;H,;, —~ moles CO, —— grams CO, 

Step 1 The starting substance is 100. g of C5H,2. Convert 100. g of C5H,> to 

moles: 

1 mol C5Hy> 
100. x —— > = 1. 8-€sllin X 7045 came 1.39 mol CsHj2 

Step 2 Calculate the moles of CO, by the mole-ratio method: 

5 mol CO 
1.39 mel €sH,, X —————* = 6.95 mol CO 

2.1 morGaties 2 

Step 3 Convert moles of CO, to grams: 

molar mass CO l ee mol CO, 1 inal GOs grams CO, 

44.01 g CO, 
6.95 meL€0, <x ——-—~ = 2 1 = 306 g CO, 

Method 2: Continuous Calculation 

Remember to round off as 1 LEH, 5 mel C05 44.0] g CO, 

appropriate for your 100. g-€<H,> X 
particular course. 

x ———S®— + = 
FINS Pe ¢ SEmeLeH a, adobe a a ee oe 

Example 9.8 How many grams of nitric acid, HNO, are required to produce 8.75 g of dinitrogen 
monoxide (N50) according to the following equation? 

4 Zn(s) + 10 HNO3(aq) —+ 4 Zn(NO3)2(aq) + N>O(g) + 5 H,O(I) 
10 mol 1 mol 

Solution Method 1: Step-by-Step 

The sequence of conversions in the calculation is 

grams N50 —> moles N,0 —+ moles HNO; —> grams HNO; 



In the high-tech world of computers, the 

microchip has miniaturized the field of 
electronics. In order to produce. ever 

smaller computers, calculators, and even 

microbots (microsized robots) precise 

quantities of chemicals in exact propor- 

tions are required. 

Engineers at Bell Laboratories, Massa- 

chusetts Institute of Technology. Univer- 

sity of California, and Stanford University 

are busy trying to produce parts for tiny 

machines and robots. New techniques are ~ 

allowing them to produce gears smaller 

than a grain of sand, and motors lighter 

than a speck of dust. 

_ The secret behind these tiny circuits is 

_ to print the entire circuit or blueprint at 

oné time. Computers are used to draw a 

design of how the chip will look. This 

image is then transferred into a pattern, 

or mask, with details finer than a human 

hair. Light is then shone through the mask 
onto a silicon-coated surface. The process 
is similar to photography. The areas cre- 

ated on the silicon exhibit high or low 

resistance to chemical etching. Chemicals 

are then applied to etch away the silicon. 

Micromachinery is produced in the 

same way. First a thin layer of silicon 

dioxide is applied (sacrificial material). 

Then a layer of polysilicon is carefully 

applied (structural material). A mask is 

then applied and the whole structure is 

covered with plasma (excited gas). The 

plasma acts as a tiny sandblaster removing 

everything the mask doesn’t protect. This 

process is repeated as the entire machine 

is constructed. When the entire assembly 
is complete, the whole machine is placed — 

in hydrofluoric acid, which dissolves all 

the sacrificial material and permits the var- _ 

ious parts of the machine to move. 
More development is necessary to turn 

these micromachines into true microbots, 

but research is currently underway to de- 

sign methods of locomotion and sensing 

imaging systems. Possible uses for these 

microbots include “smart” pills, which — 
could contain sensors (see Chemistry in 

Action, page 34), or drug reservoirs (cur- _ 

rently done for birth control). Tiny 

pumps, once inside the body, will be 

able to dispense the proper amount of 

medication at precisely the correct site. 

Chemistry in Action 

These microbots are currently in produc- 

tion for the treatment of diabetes (to 

release insulin). 

An endoscopic image of a 
micromotor in an artery. 

Step 1 The starting substance is 8.75 g of NO. Convert 8.75 g of NO to 

moles: 

1 mol me = 0.199 mol N,O 8 ENDO mol N> 

. Step 2 Calculate the moles of ne by the mole-ratio method: 

10 mol HNO 
0.199 mel N50 X aT ae = 1.99 mol HNO; 

Step 3 Convert moles of HNO3 to grams: 

63.02 g HNO; 
x 2 = 125 g HNO 1.99 mo L HNO; i ; g 3 

Method 2: Continuous Calculation 

1 mol Nz0 10 moH HNO; 63.02 g HNO3 _ 
g- Nxt y ey 

S12 * 44.02 gN5O 44.02 g N50 1 mol N50 1 moH HNO; 
= 125 g HNO; 
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Practice 9.5 

How many grams of chromium(III) chloride are required to produce 75.0 g 

of silver chloride? 

CrCl; + 3 AgNO; —> Cr(NO;); + 3 AgCl 

Practice 9.6 

What mass of water is produced by the complete combustion of 225.0 g of 
butane (C,H)? 

2 C4Hi9 ae 13 O, ae 8 CO, ae 10 H,O 

limiting reactant 

The number of bicycles that p> 

can be built from this pile of 

parts is determined by the 

limiting reactant (the pedal 
assemblies). 

Limiting-Reactant 
and Yield Calculations 

In many chemical processes the quantities of the reactants used are such that the 
amount of one reactant is in excess of the amount of a second reactant in the re- 
action. The amount of the product(s) formed in such a case will depend on the 
reactant that is not in excess. Thus the reactant that is not in excess is known as 
the limiting reactant (sometimes called the limiting reagent), because it limits the 
amount of product that can be formed. 

Consider the case illustrated in Figure 9.2. How many bicycles can be assembled 
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<q The amount of product formed 

into each medicine is 

determined by the limiting 

reactant. 

The limiting reactant in this case is the number of pedal assemblies. This part limits 

the number of bicycles that can be built. The wheels and frames are reactants 

in excess. 

Now let’s consider a chemical situation in which solutions containing 1.0 mol 

of sodium hydroxide and 1.5 mol of hydrochloric acid are mixed: 

NaOH + HCl —> NaCl + H,O 
1 mol 1 mol 1 mol 1 mol 

According to the equation it is possible to obtain 1.0 mol of NaCl from 1.0 mol of 

NaOH, and 1.5 mol of NaCl from 1.5 mol of HCl. However, we cannot have two 

different yields of NaCl from the reaction. When 1.0 mol of NaOH and 1.5 mol of 

HCI are mixed, there is insufficient NaOH to react with all of the HCI. Therefore, 

HCI is the reactant in excess and NaOH is the limiting reactant. Since the amount 

of NaCl formed is dependent on the limiting reactant, only 1.0 mol of NaCl will 

be formed. Because 1.0 mol of NaOH reacts with 1.0 mol of HCl, 0.5 mol of HCl 

remains unreacted: 

1.0 mol Na ee + 0.5 mol HCI unreacted 
1.5 molHCl {~  1.0mol H,O 

Problems giving the amounts of two reactants are generally of the limiting- 

reactant type, and there are several methods used to identify them in a chemical 

reaction. In the most direct method two steps are needed to determine the limiting 

reactant and the amount of product formed. 

1. Calculate the amount of product (moles or grams, as needed) that can be 

formed from each reactant. 

2. Determine which reactant is limiting. (The reactant that gives the least 

amount of product.is the limiting reactant; the other reactant is in excess. 

The limiting reactant will determine the amount of product formed in the re- 

action.) 

Sometimes, however, it is necessary to calculate the amount of excess reactant. 
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3. This can be done by first calculating the amount of excess reactant required 
to react with the limiting reactant. Then subtract the amount that reacts from 

the starting quantity of the reactant in excess. This result is the amount of 

that substance that remains unreacted. 

Example 9.9 How many moles of Fe3O, can be obtained by reacting 16.8 g Fe with 10.0 g HO? 
Which substance is the limiting reactant? Which substance is in excess? 

Solution 3 Fe(s) + 4 HjO(g) 4+ Fe,O4(s) + 4 Hy(g) 
Step 1 Calculate the moles of FeO, that can be formed from each reactant: 

g reactant —-> mol reactant —~ mol Fe30, 
The continuous calculation 

method is shown here. You 1 met Fe 1 mol Fe,;0, _ 16.8 x SS SN = 0100 molthe- 0 can also use the step-by-step eer 55.85 g Fé 3 mel Fe Se 
method to determine the 

1 meHt0 1 mol Fe30,4 requested substance. 10.0 gH50 x SC vase. ee ee 
M 0 gH 18.02 gH50 ~ 4 moelH50 

= 0.139 mol Fe30,4 

Step 2 Determine the limiting reactant. The limiting reactant is Fe because it 
produces less Fe30,; the HO is in excess. The yield of product is 
0.100 mol of Fe3O,. 

Example 9.10 | How many grams of silver bromide (AgBr) can be formed when solutions containing 
50.0 g of MgBr, and 100.0 g of AgNO; are mixed together? How many grams of 
the excess reactant remain unreacted? 

Solution MgBr,(aq) + 2 AgNO3(aq) —> 2 AgBr(s) + Mg(NO3)(aq) 

Step 1 Calculate the grams of AgBr that can be formed from each reactant. 

g reactant —-> mol reactant —+ mol AgBr —~ g AgBr 

1 mol MgBr, 2molAgBr _ 187.8 g AgBr 50.0 gMgBr, X —-—__3= +. x —__—_" >» ee 2” 184.1 gMgBr, © mol MgBr, © ImelAgsr ~ 1028 AsBr 
1 mol AgNO; 2 mol AgBr 187.8 g AgBr 100.0 g AgNO Ra eS eee : > 169.9 g AgNO; ~ 2molAgNO, ~~ ImotAgpr — 1105 8 AgBr 

Step 2 Determine the limiting reactant. The limiting reactant is MgBr> because 
it gives less AgBr; AgNO; is in excess. The yield is 102 g AgBr. 

Step 3 Calculate the grams of unreacted AgNO. Calculate the grams of AgNO, 
that will react with 50.0 g of MgBr,: 

g MgBr. —> mol MgBr, —> mol AgNO; —> g AgNO, 

| mol MgBr, | 2 molAgNO; _ 169.9 g AgNO 50.0 Ko a ® ee SSS LT Sa uaa gMgBr, | molMgBr, ~ ImolAgNO, ~~? & AgNO; 
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Thus, 92.3 g of AgNO; react with 50.0 g of MgBry. The amount of 
AgNO, that remains unreacted is 

100.0 g AgNO; — 92.3 g AgNO; = 7.7 g AgNO; unreacted 

The final mixture will contain 102 g AgBr(s), 7.7 g AgNO3 and an undetermined 

amount of Mg(NO3), in solution. 

The quantities of the products we have been calculating from equations represent 

the maximum yield (100%) of product according to the reaction represented by the 

equation. Many reactions, especially those involving organic substances, fail to give 

a 100% yield of product. The main reasons for this failure are the side reactions 

that give products other than the main product and the fact that many reactions are 

reversible. In addition, some product may be lost in handling and transferring from 

- one vessel to another. The theoretical yield of a reaction is the calculated amount _ theoretical yield 

of product that can be obtained from a given amount or reactant, according to the 

chemical equation. The actual yield is the amount of product that we finally obtain. _—_actual_ yield 

The percent yield is the ratio of the actual yield to the theoretical yield multiplied —_ percent yield 

by 100. Both the theoretical and the actual yields must have the same units to obtain 

a percent: 

actual yield 

Poneman _theoretical yield 
percent yie 

For example, if the theoretical yield calculated for a reaction is 14.8 g and the 

amount of product obtained is 9.25 g, the percent yield is 
Remember to round off as 

ae x 100 = 62.5% appropriate for your 
14.8 g particular course. 

percent yield = 

—————— EE 

Carbon tetrachloride (CCl,) was prepared by reacting 100. g of carbon disulfide Example 9.11 

and 100. g of chlorine. Calculate the percent yield if 65.0 g of CCl, was obtained 

from the reaction: — 

GS, 4.3 Cl,—> CCl,’ + S.C 
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Solution In this problem we need to determine the limiting reactant in order to calculate the 

quantity of CCl, (theoretical yield) that can be formed. Then we can compare that 
amount with the 65.0 g CCl, (actual yield) to calculate the percent yield. 

Step 1 Determine the theoretical yield. Calculate the grams of CCl, that can 

be formed from each reactant: 

g reactant —> mol reactant —> mol CCl, —> g CCl, 

lmet€S, _ I met€Cl, _ 153.82 CCl, Res, 5 en i els Eee ert UN Ee red aig CSS Sirah Gx san ere eas 
|mot€l, | lmol€Cy | 153.8 g CCl, 

70.90 g€l, ~~ 3met€l, ~ 1 mol €Ct, 
Step 2 Determine the limiting reactant. The limiting reactant is Cl, because 

it gives less CCl,. The CS, is in excess. The theoretical yield is 

72.3 g CCly. 

Step 3 Calculate the percent yield. According to the equation, 72.3 g of CCly 

is the maximum amount or theoretical yield of CCl, possible from 

100. g of Cly. Actual yield is 65.0 g of CCly: 

65.0 ¢ 
72.3 ¢ 

100. g€l, x = 72.3 g CCl 

xX 100 = 89.9% percent yield = 

Example 9.12 Silver bromide was prepared by reacting 200.0 g of magnesium bromide and an 
adequate amount of silver nitrate. Calculate the percent yield if 375.0 g of silver 
bromide was obtained from the reaction: 

MgBr, + 2 AgNO; —> Mg(NO3)3 + 2 AgBr 

Solution Step 1 Determine the theoretical yield. Calculate the grams of AgBr that can be 
formed: 

| mol MgBr, 2 mol 2 mol Agbr 187.8 g AgBr 
200.0 g MgBr, X ———_2-~+ x 8 = ; Boe > FRAT g Mehr)” Tmol MeBr, 1 nol AeREL ee ee 

The theoretical yield is 408.0 g AgBr. 
Step 2 Calculate the percent yield. According to the equation, 408.0 g AgBr is the 

maximum amount of AgBr possible from 200.0 g MgBr>. Actual yield is 
375.0 g AgBr: 

a uF 
tae x 100 = 91.91% Percent yield = 

en en eect myc AR RN 

: ‘Practice | 9. 9 

2 lacuna oxide was prepued by bea 225 g of chemaeett oxide 
_ 125 g of aluminum. Calculate the percent yield if ~ 0 g of aluminum ( 
was obtained: 

2Al i. 3. CrO —- ALO; +3Cr. 
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When solving problems, you will achieve better results if you work in an 

organized manner. 

1. Write the data and numbers in a logical, orderly manner. 
2. Make certain that the equations are balanced and that the computations are 

accurate and expressed to the correct number of significant figures. 

3. Remember that units are very important; a number without units has little 

meaning. 

cepts in Review 

—_ . Write mole ratios for any two substances involved in a chemical reaction. 

Outline the mole or mole-ratio method for making stoichiometric calculations. 

oe Calculate the number of moles of a desired substance obtainable from a given 

number of moles of a starting substance in a chemical reaction (mole—mole calcu- 

lations). 

4. Calculate the mass of a desired substance obtainable from a given number of 

moles of a starting substance in a chemical reaction, and vice versa (mole—mass 

and mass—mole calculations). 

on Calculate the mass of a desired substance involved in a chemical reaction from 

a given mass of a starting substance (mass—mass calculation). 

6. Deduce the limiting reactant or reagent when given the amounts of starting 

substances, and then calculate the moles or mass of desired substance obtainable 

from a given chemical reaction (limiting reactant calculation). 

7. Apply theoretical yield or actual yield to any of the foregoing types of problems, 

or calculate theoretical and actual yields of a chemical reaction. 

Terms 

The terms listed here have all been defined within the chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 1 

actual yield (9.6) percent yield (9.6) 

limiting reactant (9.6) stoichiometry (9.2) 

mole ratio (9.2) theoretical yield (9.6) 
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Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. Phosphine (PH3) can be prepared by the hydrolysis of cal- 

cium phosphide, Ca3P>: 

Ca3P, + 6 H,O —> 3 Ca(OH), + 2 PH; 

Based on this equation, which of the following statements 

are correct? Show evidence to support your answer. 

(a) One mole of Ca3P, produces 2 mol of PH3. 

(b) One gram of Ca3P produces 2 g of PH3. 

(c) Three moles of Ca(OH), are produced for each 2 mol 

of PH3 produced. 

(d) The mole ratio between phosphine and calcium phos- 

2 mol PH, 

1 mol Ca3P, 

(e) When 2.0 mol of Ca3P and 3.0 mol of H,O react, 4.0 

mol of PH; can be formed. 

(f) When 2.0 mol of Ca3P, and 15.0 mol of H,O react, 6.0 

mol of Ca(OH), can be formed. 

phide is 

ed Exercises 

(g) When 200. g of Ca3Pz and 100. g of H2O react, CazP, 

is the limiting reactant. 

(h) When 200. g of Ca3Pz and 100. g of HO react, the 

theoretical yield of PH3 is 57.4 g. 

. The equation representing the reaction used for the commer- 

cial preparation of hydrogen cyanide is 

2 CH, + 3 O2 + 2 NH; —> 2 HCN + 6H,O 

Based on this equation, which of the following statements are 

correct? Rewrite incorrect statements to make them correct. 

(a) Three moles of O, are required for 2 mol of NH3. 

(b) Twelve moles of HCN are produced for every 16 mol 

of O, that react. 

6 mol H,O 
(c) The mole ratio between H,O and CH, is 2 mol CH, 

(d) When 12 mol of HCN are produced, 4 mol of H,O will 

be formed. 

(e) When 10 mol of CHy, 10 mol of O,, and 10 mol of 

NH are mixed and reacted, Op is the limiting reactant. 

(f) When 3 mol each of CHy, Oz, and NH; are mixed and 

reacted, 3 mol of HCN will be produced. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 
numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

Mole Review Exercises 

3. Calculate the number of moles in each of the following 
quantities: 

(a) 25.0 g KNO3 
(b) 56 millimol NaOH 
(c) 5.4 X 10? g (NH4),C0, 
(d) 16.8 mL H,SO, solution (d = 1.727 g/mL, 80.0% 

H,SO, by mass) 

5. Calculate the number of grams in each of the following 
quantities: 

(a) 2.55 mol Fe(OH)3 

(b) 125 kg CaCO; 
(c) 10.5 mol NH; 
(d) 72 millimol HCl 

(e) 500.0 mL of liquid Bry (d = 3.119 g/mL) 

4. Calculate the number of moles in each of the following 
quantities: 

(a) 2.10 kg NaHCO, 

(b) 525 mg ZnCl, 

(c) 9.8 X 1074 molecules CO, 

(d) 250 mL ethyl alcohol, C,Hs;OH (d = 0.789 g/mL) 

- Calculate the number of grams in each of the following 
quantities: 

(a) 0.00844 mol NiSO, 
(b) 0.0600 mol HC;H;0, 
(c) 0.725 mol Bi,S3 
(d) 4.50 x 10°! molecules glucose, CgH30¢ 
(e) 75 mL K3CrO, solution (d = 1.175 g/mL, 20.0% 

K5CrO, by mass) 



oe Which contains the larger number of molecules, 10.0 g 

H,0 or 10.0 g H,O,? 

Mole-Ratio Exercises 

9. 

oT 

13. 

i: 

17. 

19. 

Given the equation for the combustion of isopropyl alcohol 

2 C3H7OH + 9 O, —~> 6 CO, + 8 HO 

what is the mole ratio of 

(a) CO, to C;H7;OH 

(b) C3H7OH to O, (e) CO, to H,0 

(c) Oy to CO, (f) HO to O, 

How many moles of Cl, can be produced from 5.60 mol 

HCl? 

(d) H,O to C3H7OH 

4 HC) 4/0; => 2 Cl,+.2°H,0 
Given the equation 

Alc, +12, H,O0 —> 4 AI(OH), + 3 CH, 

_(a) How many moles of water are needed to react with 

100. eS of Al4C3? 

(b) How many moles of Al(OH)3 will be produced when 

0.600 mol of CH, is formed? 

How many grams of sodium hydroxide can be produced 

from 500 g of calcium hydroxide according to this equation? 

Ca(OH), + NayxCO, —> 2 NaOH + CaCO; 
In a blast furnace, iron(II) oxide reacts with coke (carbon) 

to produce molten iron and carbon monoxide: 

Fe,0, + 3 C—— 2 Fe-+"3.CO 

How many kilograms of iron would be formed from 125 

kg of Fe,03? 

Ethane gas, C,H, burns in air (i.e., reacts with the oxygen 

in air) to form carbon dioxide and water: 

2 CoH¢ ois 7 O, —> 4 CO, Ste 6 H,O 

(a) How many moles of O, are needed for the complete 

combustion of 15.0 mol of ethane? 

(b) How many grams of CO, are produced for each 8.00 

’  g of H,O produced? 

(c) How many grams of CO, will be produced by the 

combustion of 75.0 g of C2H,? 

10. 

12. 

14. 

16. 

18. 

20. 

Paired Exercises 

. Which contains the larger numbers of molecules, 25.0 g 

HCI or 85.0 g CoH, 20,6? 

For the reaction 

3 CaCl, + 2 H3PO, —> Ca;(PO,)2 + 6 HCl 

set up the mole ratio of 

(a) CaCl, to Ca3(PO4)2 
(b) HCl to H3PO, (e) HCl to Ca3(PO4). 
(c) CaCl, to H3PO,4 (f) H3PO, to HCl 

How many moles of CO, can be produced from 7.75 mol 

C,H;OH? (Balance the equation first.) 

(d) Ca3(PO4)> to H3PO,4 

C,H;0H + Oo aig CO, + H,O 

An early method of producing chlorine was by the reaction 

of pyrolusite (MnO) and hydrochloric acid. How many 

moles of HCI will react with 1.05 mol of MnO,? (Balance 

the equation first.) 

MnO,(s) + HCl(aqg) —> Cl(g) + MnCl,(aq) + H,0() 

How many grams of zinc phosphate, Zn3(PO4)2, are formed 

when 10.0 g of Zn are reacted with phosphoric acid? 

3 Zn + 2 H3PO,—> Zn3(PO,). + 3 Hp 
How many grams of steam and iron must react to produce 

375 g of magnetic iron oxide, Fe304? 

3 Fe(s) + 4 H,O(g) —— Fe30,(s) + 4 Hp(g) 

Given the equation 

4 FeS, + 11 0, ——> 2 Fe,03 + 8 SO, 

(a) How many moles of Fe,O3 can be made from 1.00 

mol of FeS,? 

How many moles of O, are required to react with 4.50 

mol of FeS5? 
(c) If the reaction produces 1.55 mol of Fe2zO3, how many 

moles of SO, are produced? 

How many grams of SO, can be formed from 0.512 

mol of FeS,? 
(e) If the reaction produces 40.6 g of SO, how many 

moles of O, were reacted? 

(f) How many grams of FeS, are needed to produce 221 

g of Fe,03? 

(b) 

(d) 
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Limiting-Reactant and Percent-Yield Exercises 

21. In the following equations, determine which reactant is 

the limiting reactant and which reactant is in excess. The 

amounts mixed together are shown below each reactant. 

Show evidence for your answers. 

(a) KOH + HNO; —~> KNO; + H,O 
16.0 g 12.0 g 

(b) 2 NaOH + H,SO, —> Na,SO, + 2 H,O 
100g 100g 

23. The reaction for the combustion of propane is 

Clip.) 05> 3 CO, +140 

(a) If 5.0 mol of C3Hg and 5.0 mol of O; are reacted, how 

many moles of CO, can be produced? 

(b) If 3.0 mol of C3Hg and 20.0 mol of O, are reacted, 

how many moles of CO, are produced? 

(c) If 20.0 mol of C3Hg and 3.0 mol of O, are reacted, 

how many moles of CO, can be produced? 

*25. When a particular metal X reacts with HCl, the resulting 

products are XCl, and H3. Write and balance the equation. 

When 78.5 g of the metal completely react, 2.42 g of 

hydrogen gas results. Identify the element X. 

27. Aluminum reacts with bromine to form aluminum bromide: 

2 Al + 3 Bry —> 2 AIBr; 

If 25.0 g of Al and 100. g of Br are reacted, and 64.2 g 

of AlBr3 product are recovered, what is the percent yield 

for the reaction? 

*29. Carbon disulfide, CS, can be made from coke, C, and 

sulfur dioxide, SO,: 

BICn 250s CS 2 CO, 

If the actual yield of CS, is 86.0% of the theoretical yield, 

what mass of coke is needed to produce 950 g of CS,? 

tional Exercises 

These problems are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 
chapter. 

31. A tool set contains 6 wrenches, 4 screwdrivers, and 2 pliers. 

The manufacturer has 1000 pliers, 2000 screwdrivers, and 

3000 wrenches in stock. Can an order for 600 tool sets be 

filled? Explain briefly. 

22. 

24. 

*26. 

28. 

*30. 

32. 

D5 

In the following equations, determine which reactant is 

the limiting reactant and which reactant is in excess. The 

amounts mixed together are shown below each reactant. 

Show evidence for your answers. 

(a) 2 Bi(NO3)3 + 3 HoS ——> Bi,S3 + 6 HNO; 
50.0 g 6.00 g 

(b) 3 Fe + 4 H,O —» Fe304 =) 4 H, 

40.0¢g 160¢ 

The reaction for the combustion of propane is 

C3Hg + 5 O, —~> 3 CO, + 4H,O 

(a) If 20.0 g of C3Hg and 20.0 g of Op are reacted, how 

many moles of CO, can be produced? 

(b) If 20.0 g of C3Hg and 80.0 g of Oz are reacted, how 

many moles of CO, are produced? 

(c) If 2.0 mol of C3Hg and 14.0 mol of O, are placed in 

a closed container and they react to completion (until 

one reactant is completely used up), what compounds 

will be present in the container after the reaction, and 

how many moles of each compound are present? 

When a certain nonmetal whose formula is Xz combusts 

in air, XO3 forms. Write a balanced equation for this reac- 

tion. If 120.0 g of oxygen gas are consumed completely, 
along with 80.0 g of Xg, identify element X. 

Iron was reacted with a solution containing 400. g of cop- 

per(II) sulfate. The reaction was stopped after 1 hour, and 

151 g of copper were obtained. Calculate the percent yield 
of copper obtained: 

Fe(s) + CuSO,(aq) —> Cu(s) + FeSO,(aq) 

Acetylene (C,H) can be manufactured by the reaction of 
water and calcium carbide, CaC,: 

CaC2(s) + 2 H)O() —+ C,H>(g) + Ca(OH),(s) 

When 44.5 g of commercial grade (impure) calcium carbide 
is reacted, 0.540 mol of C,H, is produced. Assuming that 
all of the CaC, was reacted to C,H), what is the percent 
of CaC, in the commercial grade material? 

What is the difference between using a number as a sub- 
script and using a number as a coefficient in a chemical 
equation? 

Oxygen masks for producing O, in emergency situations 
contain potassium superoxide (KO,). It reacts according 
to the following equation: 

4 KO, + 2H,0 + 4CO, —> 4 KHCO, + 30, 



RE 

Se 

38. 

39. 

(a) Ifa person wearing such a mask exhales 0.85 g of CO, 

every minute, how many moles of KO, are consumed 

in 10.0 minutes? 

(b) How many grams of oxygen are produced in 1.0 hour? 

. Ethyl alcohol is the result of fermentation of sugar, 

C6H120¢: 

C6H120¢6 — 2 C,H;0H + 2 CO, 

(a) How many grams of ethyl alcohol and how many grams 

of carbon dioxide can be produced from 750 g of sugar? 

(b) How many milliliters of alcohol (d = 0.79 g/mL) can 

be produced from 750 g of sugar? 

Phosphoric acid, H,PO,, can be synthesized from phospho- 

rus, oxygen, and water according to these two reactions 

4P+ 5 O, —— P,0Oi0 

P,Oi0 + 6 H,O — 4 H3PO, 

Starting with 20.0 g P, 30.0 g Op, and 15.0 g H,O, what 

is the mass of phosphoric acid that can be formed? 

. The methyl alcohol (CH3OH) used in alcohol burners com- 

bines with oxygen gas to form carbon dioxide and water. 

How many grams of oxygen are required to burn 60.0 mL 

of methyl alcohol (d = 0.72 g/mL)? 

Hydrazine (NjH4) and hydrogen peroxide (HO ) have 

been used as rocket propellants. They react according to 

the following equation: 

i H,0, ate NjHy, — 2 HNO; + 8 H,O. 

(a) How many moles of HNO; are formed from 0.33 mol 

of hydrazine? 

(b) How many moles of hydrogen peroxide are required 

if 2.75 mol of water are to be produced? 

(c) How many moles of water are produced if 8.72 mol 

of HNO; are also produced? 

(d) How many grams of hydrogen peroxide are needed to 

completely react with 120 g of hydrazine? 

Silver tarnishes in the presence of hydrogen sulfide (which 

smells like rotten eggs) and oxygen because of the reaction: 

4 Ag + 2H)S + 0, —>2 Ag,S + 2 H,0 

How many grams of silver sulfide can be formed from a 

mixture of 1.1 g Ag, 0.14 g H,S, and 0.080 g O2? 

After 180.0 g of zinc were dropped into a beaker of hydro- 

chloric acid and the reaction ceased, 35 g of unreacted zinc 

remained in the beaker: 

nets HCl —— ZnCl, =a H, 

Balance the equation first. 

(a) How many moles of hydrogen gas were produced? 

(b) How many grams of HCl were reacted? 

40. 

41. 

*42. 

#43. 

*44, 

*45, 

*46. 

*A7, 

Additional Exercises 

Given the following equation, answer (a) and (b) below: 

Fe(s) + CuSO,(aqg) —~ Cu(s) + FeSO,(aq) 

(a) When 2.0 mol of Fe and 3.0 mol of CuSO, are reacted, 

what substances will be present when the reaction is 

over? How many moles of each substance are present? 

(b) When 20.0 g of Fe and 40.0 g of CuSO, are reacted, 

what substances will be present when the reaction is 

over? How many grams of each substance are present? 

Methyl alcohol (CH3OH) is made by reacting carbon mon- 

oxide and hydrogen in the presence of certain metal oxide 

catalysts. How much alcohol can be obtained by reacting 

40.0 g of CO and 10.0 g of H,? How many grams of excess 

reactant remain unreacted? 

CO(g) + 2 H(g) —> CH;,OH()) 

Ethyl alcohol (C,;H;OH), also called grain alcohol, can be 

made by the fermentation of sugar, which often comes from 

starch in grain: 

C.H,,0;--=> 2. ©, H,OH 2 CO, 
glucose ethyl! alcohol 

If an 84.6% yield of ethyl alcohol is obtained, 
(a) what mass of ethyl alcohol will be produced from 750 

g glucose? 

(b) what mass of glucose should be used to produce 475 

g of C,H;OH? 

Both CaCl, and MgCl, react with AgNO; to precipitate 

AgCl. When solutions containing equal masses of CaCl, 

and MgCl, are reacted with AgNO3 solutions that will 

produce the larger amount of AgCl? Show proof. 

An astronaut excretes about 2500 g of water a day. If 

lithium oxide (Li,O) is used in the spaceship to absorb this 

water, how many kilograms of Li,O must be carried for a 

30-day space trip for three astronauts? 

Li,0 4,0 — 2. 140H 

Much commercial hydrochloric acid is prepared by the 

reaction of concentrated sulfuric acid with sodium chloride: 

H,SO, + 2 NaCl —> Na,SO, + 2 HCl 

How many kilograms of concentrated H.SO,, 96% H2SO4 

by mass, are required to produce 20.0 L of concentrated 

hydrochloric acid (d = 1.20 g/mL, 42.0% HCl by mass)? 

Gastric juice contains about 3.0 g HCI per liter. If a person 

produces about 2.5 L of gastric juice per day, how many 

antacid tablets, each containing 400. mg of Al(OH)3, are 

needed to neutralize all the HCl produced in 1 day? 

AI(OH)3(s) + 3 HCl(aq) —> AICl;(aq) + 3 HOW) 

When 12.82 g of a mixture of KCIO; and NaCl is heated 

strongly, the KCIO3 reacts according to the following equa- 

tion: 
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2 KCIO3(s) —> 2 KC\(s) + 3 O2(g) 48. What is the purpose of a mask in the manufacture of tiny 
: ‘ circuits and machines? 

The NaCl does not undergo any reaction. After the heating, 
the mass of the residue (KCI and NaCl) is 9.45 g. Assuming 49, Why is silicon dioxide called a sacrificial material in the 

that all the loss of mass represents loss of oxygen gas, production of micromachinery? 
calculate the percent of KCIO; in the original mixture. 50. What are some possible uses for micromachines in our 

society? Indicate some of the difficulties that must be over- 

come to implement these uses. 

ers to Practice Exercises 

9.1 0.33 mol Al,O3 9.6 348.8 g HO 
9.2 7.33 mol Al(OH); 9.7 17.7 g HCI 
9.3 0.8157 mol KCI 9.8 164.4 g BaSO, 
9.4 85 g AgNO; 9.9 88.5% yield 
9.5 27.6 g CrCl; 
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<q Chapter Opening Photo: 

The brilliance of these neon 

signs is the result of electrons 

being transferred between 

energy levels. 
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How do we go about studying an object that is too small to see? Think back to that 

birthday when you had a present you could look at but not yet open. Simply judging 

from the wrapping and size of the box was not very useful. Shaking, turning, and 

lifting the package all gave clues, indirectly, to the contents. After all the experiments 

were done on the package, a fairly good hypothesis of the contents could be made. 

But was it correct? The only means of absolute verification would be to open 

the package. 

The same is true for chemists in their study of the atom. Atoms are so very 

small that it is not possible to use the normal senses and rules to describe them. 

Chemists are essentially working in the dark with this package we call the atom. Yet, 

as instruments (x-ray machines and scanning-tunneling microscopes) and measuring 

devices (spectrophotometers and magnetic resonance imaging, MRI) have pro- 

gressed, along with our skill in mathematics and probability, the secrets of the atom 

are beginning to unravel. 

A Brief History 

In the last 200 years, vast amounts of data have been accumulated to support atomic 

theory. When atoms were originally suggested by the early Greeks, no evidence 

existed to physically support their ideas. Faraday, Arrhenius, and others did a variety 

of experiments, which culminated in Dalton’s theory of the atom. Because of the 

limitations of Dalton’s model, modifications were proposed by Thomson and then 

by Rutherford, which eventually led to our modern concept of the nuclear atom. 

These early models of the atom work reasonably well—in fact, we continue to use 

them today to visualize a variety of chemical concepts. There remain, however, 

questions that these models cannot answer, including an explanation of how atomic 

structure relates to the periodic table. In this chapter, we will look at our modern 

model of the atom to see how it varies from and improves upon the earlier 
atomic theories. 

Electromagnetic Radiation 

Scientists have studied energy and light for centuries, and several models have been 

proposed to explain how energy is transferred from place to place. One of the ways 
that energy travels through space is by electromagnetic radiation. Examples of 
electromagnetic radiation include light from the sun, X rays in your dentist’s office, 
microwaves from your microwave oven, radio and television waves, and radiant 
heat from your fireplace. While these examples seem quite different, they are all 
similar in some important ways. Each shows wave-like behavior, and all travel at 
the same speed in a vacuum (3.00 x 10° m/s). 

The study of wave behavior is a topic for another course, but we shall need 
some basic terminology in order to understand atoms. Waves have three basic 
characteristics: wavelength, frequency, and speed. Wavelength (lambda, )) is the 
distance between consecutive peaks (or troughs) in a wave, as shown in Figure 10.1. 



omic Clocks 

Imagine a clock that keeps time to within 

one second over a million years. The Na- 

tional Institute of Standards and Technol- 

ogy in Boulder, Colorado, has an atomic 

clock that does just that—a little better 

than your average alarm, grandfather, or 

cuckoo clock! This atomic clock serves 

as the international standard for time and 

frequency. How does it work? 

Within the glistening case are several 

layers of magnetic shielding. In the heart 

of the clock is a small oven that heats 
cesium metal to release cesium atoms, 

which are collected into a narrow beam 

(1 mm wide). The beam of atoms passes 

down a long evacuated tube while being 

excited by a laser until all the cesium 

atoms are in the same electron state. 

The atomic clock at the National 

Institute of Standards and 

Technology in Boulder, CO, 

loses only | second in a million 

years. 

Chemistry in Action 

The atoms then enter another chamber 

filled with reflecting microwaves. The fre- 

quency of the microwaves (9,192,631,770 

cycles per second) is exactly the same 

frequency required to excite a cesium 

atom from its ground state to the next 

higher energy level. These excited cesium 

atoms then release electromagnetic radia- 

tion in a process known as fluorescence. 

Electronic circuits maintain the micro- 

wave frequency at precisely the right level 

to keep the cesium atoms moving from 

one level to the next. One second is equal 

to 9,192,631,770 of these vibrations. The 

clock is set to this frequency and can keep 

accurate time for over a million years. 

4x 1077 
107" 19" 10% 

X-rays Ultraviolet 

7x 10° 10>" 10-2 10? 

Infrared Microwave 
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Radio waves 

<q FIGURE 10.1 
The wavelength of this wave is 

shown by X. It can be measured 

from peak to peak or trough to 

trough. 

<q FIGURE 10.2 
The electromagnetic spectrum. 
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Frequency (nu, v) tells how many waves pass a particular point per second. Speed 

(v) tells how fast a wave moves through space. 

Light is one form of electromagnetic radiation and is usually classified by its 

frequency 

speed 

wavelength, as shown in Figure 10.2. Notice that visible light is only a tiny part of 

the electromagnetic spectrum. Some examples of electromagnetic radiation involved 

195 
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photons 

Niels Bohr (1885-1962). 

line spectrum 

quanta 

ground state 

in energy transfer outside the visible region are hot coals in your backyard grill, 
which transfer infrared radiation to cook your food; and microwaves, which transfer 

energy to water molecules in the food, causing them to move more quickly and 

thus raise the temperature of your food. 
Scientists have evidence for the wave-like nature of light. They also know that 

a beam of light behaves like a stream of tiny packets of energy called photons. So 

what is light exactly? Is it a particle? Is it a wave? Scientists have agreed to 

explain the properties of electromagnetic radiation by using both wave and particle 

properties. Neither explanation is ideal, but currently these are our best models. 

The Bohr Atom 

As scientists struggled to understand the properties of electromagnetic radiation, 

evidence began to accumulate that atoms could radiate light. At high temperatures, 

or when subjected to high voltages, elements in the gaseous state give off colored 

light. Brightly colored neon signs illustrate this property of matter very well. When 

the light emitted by a gas is passed through a prism or diffraction grating, a set of 

brightly colored lines called a line spectrum results. These colored lines indicate 

that the light is being emitted only at certain wavelengths, or frequencies, that 

correspond to specific colors. Each element possesses a unique set of these spectral 

lines that is different from the sets of all the other elements. This is illustrated in 
Figure 10.3. 

In 1912-1913, while studying the line spectra of hydrogen, Niels Bohr (1885-— 

1962), a Danish physicist, made a significant contribution to the rapidly growing 

knowledge of atomic structure. His research led him to believe that electrons in an 

atom exist in specific regions at various distances from the nucleus. He also visualized 

the electrons as revolving in orbits around the nucleus, like planets rotating around 
the sun. 

Bohr’s first paper in this field dealt with the hydrogen atom, which he described 
as a single electron revolving in an orbit about a relatively heavy nucleus. He applied 
the concept of energy quanta, proposed in 1900 by the German physicist Max Planck 
(1858-1947), to the observed line spectra of hydrogen. Planck stated that energy 
is never emitted in a continuous stream but only in small discrete packets called 
quanta (Latin, guantus, how much). From this, Bohr theorized that electrons have 
several possible energies corresponding to several possible orbits at different dis- 
tances from the nucleus. Therefore, an electron has to be in one specific energy 
level; it cannot exist between energy levels. In other words, the energy of the 
electron is said to be quantized. Bohr also stated that when a hydrogen atom absorbed 
one or more quanta of energy, its electron would “jump” to a higher energy level. 

Bohr was able to account for spectral lines of hydrogen this way. A number 
of energy levels are available, the lowest of which is called the ground state. When 
an electron falls from a high-energy level to a lower one (say, from the fourth to 
the second), a quantum of energy is emitted as light at a specific frequency, or 
wavelength. This light corresponds to one of the lines visible in the hydrogen 
spectrum (see Figure 10.3). Several lines are visible in this spectrum, each one 
corresponding to a specific electron energy-level shift within the hydrogen atom. 
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The chemical properties of an element and its position in the periodic table 

depend on electron behavior within the atoms. In turn, much of our knowledge of the 

behavior of electrons within atoms is based on spectroscopy. Niels Bohr contributed a 
great deal to our knowledge of atomic structure by (1) suggesting quantized energy 

levels for electrons and (2) showing that spectral lines result from the radiation of 

small increments of energy (Planck’s quanta) when electrons shift from one energy 

level to another. Bohr’s calculations succeeded very well in correlating the experi- 

mentally observed spectral lines with electron energy levels for the hydrogen atom. 

However, Bohr’s methods of calculation did not succeed for heavier atoms. More 

theoretical work on atomic structure was needed. 

In 1924, the French physicist Louis de Broglie suggested a surprising hypothesis: 

All objects have wave properties. De Broglie used sophisticated mathematics to 

show that the wave properties for an object of ordinary size, such as a baseball, are 

too small to be observed. But for small objects, such as an electron, the wave 

properties become significant. Other scientists confirmed de Broglie’s hypothesis, 

showing that electrons do exhibit wave properties. In 1926, Erwin Schrédinger, an 

Austrian physicist, created a mathematical model that described electrons as waves. 

Using Schrédinger’s wave mechanics, it is possible to determine the probability of 

finding an electron in a certain region around the atom. 
This treatment of the atom led to a new branch of physics called wave mechanics 

or quantum mechanics, which forms the basis for the modern understanding of atomic 

structure. Although the wave-mechanical description of the atom is mathematical it 

can be translated, at least in part, into a visual model. It is important to recognize 

that we cannot locate an electron precisely within an atom; however, it is clear that 

electrons are not revolving around the nucleus in orbits as Bohr postulated. The 

electrons are instead found in orbitals. An orbital can be pictured as a region in 

space around the nucleus where there is a high probability of finding a given electron. 

We will have more to say about the meaning of orbitals in the next section. 

Energy Levels of Electrons 

One of the ideas Bohr contributed to the modern concept of the atom was that the 

energy of the electron is quantized—that is, the electron is restricted to only certain 

allowed energies. The wave-mechanical model of the atom also predicts discrete 

principal energy levels within the atom. These energy levels are designated by the 

letter-n, where n is a positive integer. The lowest principal energy level corresponds 

ton = 1, the next ton = 2, and so on. As n increases, the energy of the electron 

increases, and the electron is found on average farther from the nucleus. 

neon se eeeseesenas 

This stamp commemorates the 

work of Max Planck (1858-1947). 

orbital 

principal energy levels 

<q FIGURE 10.3 
Line spectrum of hydrogen. 

Each line corresponds to the 

wavelength of the energy 

emitted when the electron of a 

hydrogen atom, which has 

absorbed energy, falls back to a 

lower principal energy level. 
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Modern physicists Have astounded us with 
the idea that particles have wave proper- 

“ties, Protons, electrons, and all other ele- _ 
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Number of sublevels Corresponding to each energy level are orbitals (the regions of space where 

the electrons are found). The first principal energy level has one type of orbital or 

sublevel. The second principal energy level has two sublevels, and so on. A good 

way to visualize this is to use an inverted triangle as shown in Figure 10.4. 

In each sublevel the electrons are found within orbitals. Let’s consider each 

principal energy level in turn. The first principal energy level (n = 1) has one 

sublevel. This orbital is spherical in shape and is designated as 1s. It is important 

to understand what the spherical shape of the 1s orbital means. The electron does 

not move around on the surface of the sphere, but rather the surface encloses a 

space where there is a 90% probability that the electron may be found. It might 

help to consider these orbital shapes in the same way we consider the atmosphere. 
There is no distinct dividing line between the atmosphere and “space.” The boundary 
is quite fuzzy. The same is true for atomic orbitals. Each has a region of highest 
density roughly corresponding to its shape. The probability of finding the electron 
outside this region drops rapidly but never quite reaches zero. Scientists often speak 
of orbitals as electron “clouds” to emphasize the fuzzy nature of their boundaries. 

How many electrons can fit into a 1s orbital? To answer this question we need 
to consider one more property of electrons. This property is called spin. Each 
electron appears to be spinning on an axis, like a globe. It can only spin in two 
directions. We represent this spin with an arrow, 7 or J. In order to occupy the 
same orbital, electrons must have opposite spins. That is, two electrons with the 
same spin cannot occupy the same orbital. This gives us the answer to our question: 
An atomic orbital can hold a maximum of two electrons, which must have opposite 
spins. This rule is called the Pauli exclusion principle. To summarize, the first 
principal energy level contains one type of orbital (1s) that holds a maximum of 
two electrons. 

FIGURE 10.4 

The types of orbitals on each of 

the first four principal energy 

levels. 

orbital or sublevel 

spin 

Pauli exclusion principle 
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What happens with the second principal energy level (n = 2)? Here we find 

two types of orbitals (sublevels), 2s and 2p. The 2s orbital is spherical in shape as 

it is for the first principal energy level but is larger in size and higher in energy 

than the 1s. It can also hold a maximum of two electrons. The second type of orbital 

is designated by 2p. The shape of these orbitals is quite different from the s orbitals. 

The shapes of the p orbitals are shown in Figure 10.5. 

<q FIGURE 10.5 
Perspective representation of 

the p,, py, and p, atomic orbitals. 

<4 The light in this neon sign is the 

result of electrons falling from 

one principal energy level to 

another. 
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FIGURE 10.6 > 

Orbitals on the second principal 

energy level are one 2s and 

three 2p orbitals. 

“nN 

d,, orbital 

FIGURE 10.7 

The five d orbitals are found in 

the third principal energy level 

along with one 3s orbital and 

three 3p orbitals. 

FIGURE 10.8 

The modern concept of a 

hydrogen atom is shown here. It 

consists of an electron in an s 

orbital as a cloud of negative 

charge surrounding the proton in 

the nucleus. 

p orbitals 5 orbital 
Z Zz 

dyy orbital d,, orbital d,2 orbital d,2—,2 orbital 

Each p orbital has two “lobes.” Remember, the space enclosed by these surfaces 
represents the regions of probability for finding the electrons 90% of the time. 
Notice there are three. separate p orbitals, each oriented in a different direction. 
Each p orbital can hold a maximum of two electrons. Thus the total number of 
electrons that can reside in all three p orbitals is six. To summarize once again, the 
first principal energy level of an atom has a 1s orbital. The second principal energy 
level has a 2s and three 2p orbitals labeled 2p,., 2p,, and 2p, as shown in Figure 10.6. 

The third principal energy level has three types of orbitals (sublevels) labeled 
3s, 3p, and 3d. The 3s orbital is spherical and larger than the 1s and 2s orbitals. 
The 3p,, 3p,, 3p, orbitals are shaped like those of the second level, only larger. 
There are five 3d orbitals with the shapes shown in Figure 10.7. You do not need 
to memorize these shapes, but notice that they look different from the s or p orbitals. 

Each time a new principal energy level is added, we also add a new type of 
orbital. This makes sense when we realize that each energy level corresponds to a 
larger average distance from the nucleus, which provides more room on each level 
for new orbitals. 

The pattern continues with the fourth principal energy level. It has 4s, Ap, 4d, 
and 4f orbitals. There are one 45, three 4p, five 4d, and seven 4f orbitals. The shapes 
of the s, p, and d orbitals are the same as those for lower levels, only larger. We 
will not consider the shapes of the f orbitals. To summarize atomic structure, we 
can show the types of orbitals associated with each principal energy level: 

=] ls 

n= 2 2s 2p 2p 2p 
n = 3 eh 3p 3p 3p 3d 3d 3d 3d 3d 
n=4 4s 4p 4p 4p 4d 4d 4d 4d 4d 4f 4f 4f 4f 4f 4f 4f 

The hydrogen atom consists of a nucleus (containing one proton) and an electron 
moving around the outside of the nucleus. In its ground state the electron occupies 
a 1s orbital, but by absorbing energy the electron can become excited and move to 
a higher energy level. 



Neurons, optical microscope. 

For centuries, scientists have argued and 

theorized over the nature and existence of 

atoms. Today, physicists and chemists can 

produce pictures of atoms and even move 

them individually from place to place. 

This new-found ability to see atoms, mol- 

ecules, and even watch chemical reactions 

occur is the direct result of the evolution 

of the microscope. 

An optical microscope is capable of 

viewing objects as small as the size of a 

cell. To see smaller objects an electron 

microscope is necessary. Since the eye 

cannot respond to a beam of electrons, the 

image is produced on a fluorescent screen 

or on film. These microscopes have been 

used for some time to photograph large 

molecules. To see tiny objects, however, 

the objects must be placed in a vacuum 

and the electrons must be in a high energy 

state. If the sample is fragile, as are most 

molecules, it can be destroyed before the 

image is formed. 
In 1981, Gerd Binnig and Heinrich 

Neurons, electron microscope. — 

Rohrer, two scientists from IBM, invented 

the first scanning-probe microscope. 

These instruments are fundamentally dif- 

ferent from previous microscopes. Ina 

scanning-probe microscope a probe is | 

placed near the surface of a sample and a 

parameter of some sort (voltage, magnetic © 

field, etc.) is measured. As the probe is 
moved across the surface, an image is pro-. . 

duced—in the same manner a child would 

determine the identity of an object sealed : 
in an opaque bag. The first of the scan- | 
ning-probe instruments was called a scan-_ 
ning-tunneling microscope. It produced 

the first clear pictures of silicon atoms in — 
January 1983. The greatest limitation for 

the scanning-tunneling microscope is that, 

in order to be viewed, organic molecules 

must be given a thin coating of metal so 

that electrons are free to jump from the 

surface to the probe. 

In 1985, a team of physicists ee 

Stanford University and IBM found a so-- 

lution to this problem. In a new instru- 

a ment nasa as an atomic- force micro- 
"scope, ‘the probe measures tiny electric. a 
forces between electrons | ‘instead of th ) 

actual movement of electrons fro: | 

this. approach i is that the probe is so gentle 

‘that even very fragile ‘molecules remain 

_ intact. The probe is a tiny shard of a 

and it works like a phonograph needle. At 

University of California, Santa Barbara, 

Chemistry in Action 

DNA molecule, s scanning-— : 

furmeling microscope, 

face to probe. The greatest advanta e of 

mond attached to a tiny piece of silico 

a group of scientists has even succeeded 

in making a movie of the formation ofa 
blood clot on the molecular level. — 

In industry, another type of conn — 

oe instrument has been developed to 

check the quality of microelectronic — 

equipment. Researchers at IBM have de- 
veloped a laser-force microscope in which 

atiny wire probe measures small attractive 
forces (surface tension of water on the ie 

- sample) to show imperfections as small a 

~as 25 atoms across. 

The hydrogen atom can be represented as shown in Figure 10.8. The diameter 

of the nucleus is about 107 AB cm, and the diameter of the electron orbital is about 

10~® cm. The diameter of the electron cloud of a hydrogen atom is about 100,000 

times greater than the diameter of the nucleus. 
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FIGURE 10.9 

Atomic structure diagrams of 

fluorine, sodium, and magnesium 

atoms. The number of protons 

and neutrons is shown in the 

nucleus. The number of 

electrons is shown in each 

principal energy level outside the 

nucleus. p> 

electron configuration 

orbital diagram 

Atomic Structures 
10.5 of the First 18 Elements 

We have seen that hydrogen has one electron that can occupy a variety of orbitals 

in different principal energy levels. Now we must consider the structure of atoms 

with more than one electron. We have learned that all atoms contain orbitals similar 

to those found in hydrogen. Therefore, we can describe the structures of atoms 

beyond hydrogen by systematically placing electrons in these hydrogen-like orbitals. 

The following guidelines apply to this process: 

1. No more than two electrons can occupy one orbital. 

2. Electrons occupy the lowest energy orbitals available. They enter a higher 

energy orbital only when the lower orbitals are filled. For the atoms beyond 

hydrogen, orbital energies vary as s < p < d < f for a given value of n. 

3. Each one of a given type of orbital is occupied by a single electron before 

a second electron enters. For example, all three p orbitals must contain one 

electron before a second electron enters a p orbital. 

We can use several methods to represent the atomic structures of atoms, depending 

on what we are trying to illustrate. When we want to show both the nuclear make- 

up and the electron structure of each principal energy level (without orbital detail), 

we can use a diagram such as Figure 10.9. 

nih 2 n= 2 3 

oe Gap Be Bee ie 

Fluorine atom Sodium atom Magnesium atom 

Often we are interested in showing the arrangement of the electrons in an atom 

in their orbitals. There are two ways to show this. The first method is called the 

electron configuration. In this method we list each type of orbital, showing the 

number of electrons in it as an exponent. The following diagram shows how to 
read these: 

Number of 

electrons in sublevel 

6 Gs 
Principal 77 2p *—— Type of electron 

energy level sublevel 

We can also represent this configuration by using an orbital diagram in which the 
orbitals are represented by boxes grouped by sublevel with small arrows indicating 
the electrons. When the orbital contains one electron, an arrow, pointing upward 
(1), is placed in the box. A second arrow, pointing downward (J), indicates the 
second electron in that orbital. 

Let’s consider each of the first 20 elements on the periodic table in turn. The 
order of filling for the orbitals in these elements is 1s, 2s, 2p, 3s, 3p, and 4s. 
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Hydrogen, the first element, has only one electron. The electron will be in the 1s 
orbital since this is the most favorable position (where it will have the greatest 
attraction for the nucleus). Both representations for hydrogen are shown below: 

H: 1s! 
Orbital Electron 

diagram configuration 

Helium with two electrons can be shown as 

He: 1s? 
Orbital Electron 

diagram configuration 

The first energy level is now full. An atom with three electrons will have its third 

electron in the second energy level. Thus in lithium (atomic number 3), the third 

electron is in the 2s orbital of the second energy level. Lithium has the following 

structure: 

i 1572s! 

All four electrons of beryllium are s electrons: 

Be 1s*2s” Gerd Bennig and Heinrich 
; ‘ ; : Rohrer won the Nobel Prize in 

The next six elements illustrate the filling of the p orbitals. Boron has the first p 1986 for inventing the scanning- 

electron. Because all of the p orbitals have the same energy, it does not matter tunneling microscope, which 

which of these orbitals fills first: measures electron patterns. 

B ety 1s72s72p! 

Carbon is the sixth element. It has two electrons in the 1s orbital, 2 electrons in 

the 2s orbital and 2 electrons to place in 2p orbitals. Because it is energetically 

more difficult for the p electrons to pair up than to occupy a second p orbital, the 

second p electron is located in a different p orbital. We could show this by writing 

2p2p), but usually it is written as 2p” and it is understood that the electrons are 

in different p orbitals. The spins on these electrons are alike for reasons we will 

not explain here. 

C aan 1s?2s?2p* 

Nitrogen has 7 electrons. They are in 1s, 2s, and 2p orbitals. The third p electron 

in nitrogen is still unpaired and is found in the 2p, orbital: 

N 1s?2s72p 

Oxygen is the eighth element. It has 2 electrons in both the 1s and 2s orbitals, and 

4 electrons in the 2p orbitals. One of the 2p orbitals is now occupied by a second 

electron, which has a spin opposite the electron already in that orbital: 

O 1s?2s?2p* 

The next two elements are fluorine with 9 electrons and neon with 10 electrons: 

in 1s?2s*2p° 

Ne 1s?2s2p® 

With neon, the first and second energy levels are filled. 
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valence electrons 

TABLE 10.1 Orbital Diagrams and Electron Configurations for Elements 11-18 

Electron 
configuration © 5 E: 5 Number Element 

1s?2s?2p%3s! 
1s?2s72p%3s? 

1572s*2p°35*3p! 
1572s*2p°3s*3p7 
1572s72p°3573p° 
1s?2572p°3573p4 
1s?2s*2p°3s73p> 
1s72s72p%35s*3p® 

11 Na 

12 Mg 

13 Al 

14 Si 

15 2 

16 S 

17 Cl 

18 Ar 

eelele eeeeys eelell2 
2 =| 2 

ee a2 eae 
AReReeaA AReeeeee = AReeeeeea> 2 2 2 

Sodium, element 11, has 2 electrons in the first energy level and 8 electrons 

in the second energy level, with the remaining electron occupying the 3s orbital in 

the third energy level: 

Na 1s?2s?2p%3s! 
ls 2s 2p 35 

Magnesium (12), aluminum (13), silicon (14), phosphorus (15), sulfur (16), chlorine 

(17), and argon (18) follow in order. Table 10.1 summarizes the filling of the orbitals 
for elements 11-18. 

The electrons in the outermost (highest) energy level of an atom are called the 

valence electrons. For example, oxygen, which has the electron configuration of 

1s?2s?2p*, has electrons in the first and second energy levels. Therefore, the second 

level (2) is the valence level for oxygen. The 2s and 2p electrons are the valence 

electrons. In the case of magnesium (1s72s72p°35°), the valence electrons are in the 

3s orbital since the outermost level containing electrons is the third energy level. 

The valence electrons are involved in bonding atoms together to form compounds 

and are of particular interest to chemists, as we will see in Chapter 11. 

Electron Structures and the Periodic Table 

We have seen how the electrons are assigned for the atoms of elements 1-18. How 
do the electron structures of these atoms relate to their position on the periodic 
table? To answer this question we need to look at the periodic table more closely. 

The periodic table represents the efforts of chemists to organize the elements 
logically. Chemists of the early 19th century had sufficient knowledge of the proper- 
ties of elements to recognize similarities among groups of elements. In 1869 Dimitri 
Mendeleev (1834-1907) of Russia and Lothar Meyer (1830-1895) of Germany 
independently published periodic arrangements of the elements that were based on 
increasing atomic masses. Mendeleev’s arrangement is the precursor to the modern 
periodic table and his name is associated with it. The periodic table is shown in 
Figure 10.10. 
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Group number 
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Each horizontal row in the periodic table is called a period as shown in Figure 

10.10. The number of each period corresponds with the number of the outermost 

energy level that contains electrons for elements in that period. Those in the first 

row contain electrons only in energy level 1, while those in the second row contain 

electrons in levels 1 and 2. In the third row, electrons are found in levels 1, 2, and 

3, and so on. 
Elements that behave in a similar manner are found in groups or families. 

These form the vertical columns on the periodic table. There are several systems 

used for numbering the groups. In one system the columns are numbered from left 

to right using the numbers 1-18. We use a system that numbers the columns with 

Roman numerals and the letters A and B, as shown in Figure 10.10. The A groups 

are known as the representative elements. The B groups and Group VIII are called 

the transition elements. In this book we will focus on the representative elements. 

In addition, the groups (columns) of the periodic table often have family names. 

For example, the group on the far right side of the periodic table (He, Ne, Ar, Kr, 

Xe, and Rn) is called the noble gases. Group IA is called the alkali metals, Group 

IIA the alkaline earth metals, and Group VIIA the halogens. 

How does the structure of the periodic table connect to the atomic structures 

of the elements? We’ve just seen that the rows of the periodic table are associated 

with the energy level of the outermost electrons of the atoms in that row. Let’s 

summarize the valence electron configurations for the elements we have examined 

so far. Figure 10.11 gives the valence electron configurations for the first eighteen 

elements. Notice that a pattern is emerging. The valence configuration for the 

elements in columns is the same. Only the number for the energy level is different. 

This is expected since each new row is associated with a different energy level for 

the valence electrons. The chemical behavior and properties of elements in a particu- 

lar family must therefore be associated with the electronic configuration of the ele- 

ments. 
The electron configurations for elements beyond these eighteen become long 

and tedious to write. We often abbreviate the electron configuration by using the 

following notation: 

Na  [Ne]3s! 

. 20 2} . 24 25 26 21 28 29 30 

Ca | Se Ti Cr | Mn | Fe | Co | Ni | Cu | Zn 

SF 38 _ 40) @ 42 43 44 A5 46 47 48 . 50 51 a2 - 54 

Rb | Sr Zr Mo | Tc | Ru | Rh | Pd | Ag | Cd Sn | Sb ] Te Xe 

55 56 |S7-71| 72 73 A 1D 716 Te 718 19 80 $1 82 83 84 85 

Cs | Ba |La-Lu| Hf | Ta Re | Os | Ir Pt | Au | Hg | Tl | Pb | Bi | Po | At 

Atomic number 2 

F Symbol IIA IVA VA _ VIA VIIA| He 

: 10 
Ne 

: - 171 18 
a Cl Ar 

33 34 ao 36 

As Se Br | Kr 

A 
FIGURE 10.10 

The periodic table of the 

elements. 

period 

groups, families 

representative elements 

transition elements 
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FIGURE 10.11 > 

Valence shell electron 

configurations for the first 18 

elements. 

Noble 

IIA THA IVA VA 

Look carefully at Figure 10.11. Notice that the p orbitals are full at the noble gases 
on the periodic table. By placing the symbol for the noble gas in square brackets 
we can abbreviate the complete electron configuration and focus our attention on 

the valence electrons (the electrons we will be interested in when we discuss bonding 

in Chapter 11). To write the abbreviated electron configuration for any element, go 

back to the previous noble gas and place it in square brackets. Then list the valence 

electrons. Several examples are given below: 

B 1s* 2s” 2p} [He]2s72p! 

Cl _—_1s?25?2p°3s23p? [Ne]3s73p° 

Na _— 1572s?2p°35? [Ne]3s7 

The sequence for filling the orbitals is exactly as expected up through the 3p 

orbitals. The third energy level might logically be expected to fill with 3d electrons 

before electrons enter the 4s orbital, but this is not the case. The behavior and 

properties of the next two elements, potassium and calcium, are very similar to the 

elements in Groups IA and IIA. They clearly belong in these groups. The other 

elements in Group IA and Group IIA have electron configurations that indicate 

valence electrons in the s orbitals. For example, since the electron configuration is 

connected to the element’s properties, we should place the last electrons for potas- 

sium and calcium in the 4s orbital. Their electron configurations are 

K 1572s72p°3573p4s! or [Ar]4s! 

Ca 1572s72p°3573p°4s* or [Ar]4s? 

Elements 21—30 belong to the elements known as transition elements on the periodic 

table. Electrons are placed in the 3d orbitals for each of these elements. When the 

3d orbitals are full, the electrons fill the 4p orbitals to complete the fourth row of 

the periodic table. Let’s consider the overall relationship between filling of the 
orbitals and the periodic table. Figure 10.12 illustrates the type of orbital filling and 
its location on the periodic table. The tall columns on the table (labeled [A-VIIA, 

and noble gases) are often called the representative elements. Valence electrons in 
these elements occupy s and p orbitals. The row number of the periodic table 
corresponds to the energy level of the valence electrons. The elements in the center 
of the periodic table (shown in !) are the transition elements where the d orbitals 
are being filled. Notice that the number for the d orbitals is one behind the row 
number on the periodic table. The two rows shown at the bottom of the table in 
Figure 10.12 are called the inner transition elements. The last electrons in these 
elements are placed in the f orbitals. The number for the f orbitals is always two 
behind that of the s and p orbitals. A periodic table is almost always available to 
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Transition elements 
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IB IVB VB VIB VIIB 

Period 
aw 

Inner transition elements 

A 
FIGURE 10.12 

you, so if you understand the relationship between the orbitals and the periodic | Arrangement of elements 
according to the sublevel of 

table you can write the electron configuration for any element. There are several ; 5 3 
: ee : ene electrons being filled in their 

minor variations to these rules. We shall not concern ourselves with these variations ee te etrceicee 

in this course. 

Use the periodic table to write the electron configuration for phosphorus and tin. Example 10.1 

Phosphorus is element 15 and is located in Period 3, Group VA. The electron Solution 

configuration must have a full first and second energy level: 

P. 1s?2s72p°3s73p? \ 

You can determine the electron configuration by looking across the row and counting 

the element blocks. 
Tin is element 50 in Period 5, Group IVA, two places after the transition metals. 

It must have two electrons in the 5p series. Its electron configuration is 

Sn 1 572s72p°3573p°4s73d 104°5 574d! 5px 

Notice that the d series of electrons is always one energy level behind the period 

number. 

‘Practice 1 0. I 

‘Use ‘the periodic tablet to write the electron configuration for (a) O, (b) Ca, 

and oe i ae . ce 
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Period 

FIGURE 10.13 

Outermost electron 

configurations of the elements. 

IIIA 

Vill 

The early chemists classified the elements based only on their observed proper- 

ties, but modern atomic theory gives us an explanation for why the properties of 

elements vary periodically. For example, as we build up atoms by filling orbitals 

with electrons, the same type of orbitals occur on each energy level. This means 

that the same electron configuration reappears regularly for each level. Groups of 

elements show similar chemical properties because of these outermost electron simi- 
larities. 

Consider the periodic table shown in Figure 10.13. For the representative ele- 

ments in this table only the electron configuration of the outer shell electrons is 

given. This table illustrates the following important points: 

1. In each row the number of the period corresponds with the highest energy 
level occupied by electrons. 

2. The group numbers for the representative elements are equal to the total 

number of outer shell electrons in the atoms of the group. For example, the 

elements in Group VIIA always have the electron configuration ns*np>. The 

d and f electrons are always in a lower energy level than the highest energy 

level and so are not considered as outermost electrons. 

3. The elements of a family have the same outer shell electron configuration 
except that the electrons are in different energy levels. 

4. The elements within each of the s, p, d, f blocks are filling the s, p, d, f 

orbitals, as shown in Figure 10.12. 

5. Within the transition elements some discrepancies in the order of filling 
occur. (Explanation of these discrepancies and the similar ones that occur 
in the inner transition elements are beyond the scope of this book.) 

Example 10.2 

Solution 

208 

Write the electron configuration of a zinc atom and a rubidium atom. 

The atomic number of zinc is 30; therefore it has 30 protons and 30 electrons in a 
neutral atom. Using Figure 10.10, the electron configuration of a zinc atom is 
1572s72p°3573p°4s*3d!©. Check by adding the superscripts, which should equal 30. 
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The atomic number of rubidium is 37; therefore it has 37 protons and 37 

electrons in a neutral atom. With a little practice using a periodic table, the electron 

configuration may be written directly. The electron configuration of a rubidium atom 

is 1572s*2p°3573p°4s73d!°4p°5s!. Check by adding the superscripts, which should 
equal 37. 

cepts in Review 

1. Describe the atom as conceived by Niels Bohr. 

2. Discuss the contributions to atomic theory made by Dalton, Thomson, Ruther- 

ford, Bohr, and Schrédinger. (See Chapter 5 as well.) 

. Explain what is meant by:an electron orbital. 3 

4. Explain how an electron configuration can be determined from the periodic table. 

5. Write the electron configuration for any of the first 56 elements. 

6 . Indicate the locations of the metals, nonmetals, metalloids, and noble gases in 

the periodic table. (See Chapter 3 for help.) 

7. Indicate the areas in the periodic table where the s, p, d, and f orbitals are 

being filled. 

8. Determine the number of valence electrons in any atom in the Group A elements. 

9. Distinguish between representative elements and transition elements. 

10. Identify groups of elements by their special family names. 

11. Describe the changes in outer shell electron structure (a) when moving from 

left to right in a period, and (b) when going from top to bottom in a group. 

12. Explain the relationship between group number and the number of outer shell 

electrons for the representative elements. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

electron configuration (10.5) Pauli exclusion principle speed (10.2) 

frequency (10.2) (10.4) spin (10.4) 

ground state (10.3) period (10.6) transition elements (10.6) 

groups, families (10.6) photons (10.2) valence electrons (10.5) 

line spectrum (10.3) principal energy levels (10.4) wavelength (10.2) 

orbital (10.3), (10.4) quanta (10.3) 

orbital diagram (10.5) representative elements (10.6) 
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Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. 

2. 

3. 

Ss 

a 

= 

10 

11. 

12. 

13. 

14. 

15. 

16. 

17. 

18. 

19. 

What is an electron orbital? 

Under what conditions can a second electron enter an orbital 

already containing one electron? 

What is meant when we say that the electron structure of 

an atom is in its ground state? 

4. How do 1s and 2s orbitals differ? How are they alike? 

. What letters are used to designate the types of orbitals? 

List the following sublevels in order of increasing energy: 

2s, 2p, 4s, 1s, 3d, 3p, 4p, 3s. 

How many s electrons, p electrons, and d electrons are 

possible in any energy level? 

What is the major difference between an orbital and a 

Bohr orbit? 

. Explain how and why Bohr’s model of the atom was modi- 

fied to include the cloud model of the atom. 

Sketch the s, p,, py, and p, orbitals. 

In the designation 3d’, give the significance of 3, d, and 7. 

Describe the difference between transition and representa- 

tive elements. 

From the standpoint of electron structure, what do the ele- 

ments in the s block have in common? 

Write symbols for elements with atomic numbers 8, 16, 

34, 52, and 84. What do these elements have in common? 

Write the symbols of the family of elements that have seven 

electrons in their outermost energy level. 

What is the greatest number of elements to be found in 

any period? Which periods have this number? 

From the standpoint of energy level, how does the place- 

ment of the last electron in the Group A elements differ 

from that of the Group B elements? 

Find the places in the modern periodic table where elements 

are not in proper sequence according to atomic mass. (See 

inside of front cover for periodic table.) 

Which of the following statements are correct? Rewrite 

each incorrect statement to make it correct. 

(a) In the ground state, electrons tend to occupy orbitals 

having the lowest possible energy. 

(b) The maximum number of p electrons in the first energy 

level is six. 

(c) A 2s electron is in a lower energy state than a 2p 
electron. 

(d) The electron structure for a carbon atom is 15725*2p?. 

20. 

(e) The 2p,, 2p,; and 2p, electron orbitals are all in the 

same energy state. 

(f) The energy level of a 3d electron is higher than that 

of a 4s electron. 

(g) The electron structure for a calcium atom is 

1972s72p°3s73p°3a". 
(h) The third energy level can have a maximum of 18 elec- 

trons. 

(i) The number of possible d electrons in the third energy 

. level is ten. 

(j) The first f electron occurs in the fourth principal en- 

ergy level. 

(k) Atoms of all the noble gases (except helium) have eight 

electrons in their outermost energy level. 

(l) A p orbital is spherically symmetrical around the nu- 

cleus. 

(m) An atom of nitrogen has two electrons in a 1s orbital, 

two electrons in a 2s orbital, and one electron in each 

of three different 2p orbitals. 

(n) When an orbital contains two electrons, the electrons 

have parallel spins. 

(0) The Bohr theory proposed that electrons move around 

the nucleus in circular orbits. 

(p) Bohr concluded from his experiment that the positive 

charge and almost all the mass were concentrated in a 

very small nucleus. 

Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) Properties of the elements are periodic functions of 

their atomic numbers. 

(b) There are more nonmetallic elements than metallic ele- 

ments. 

(c) Calcium is a member of the alkaline earth metal family. 

(d) Iron belongs to the alkali metal family. 

(e) Bromine belongs to the halogen family. 

(f) Neon is a noble gas. 

(g) Group A elements do not contain partially filled d or 
f sublevels. 

(h) An atom of aluminum (Group IIIA) has five electrons 

in its outer shell. 

(i) The element [Ar]4s°3d'°4p° is a halogen. 
(j) The element [Kr]5s* is a nonmetal. 

(k) The element with Z = 12 forms compounds similar 

to the element with Z = 37. 

(1) Nitrogen, fluorine, neon, gallium, and bromine are 
all nonmetals. 

(m) The atom having an outer shell electron structure of 
5s°5p* would be in period 6, Group IVA. 

(n) The yet-to-be-discovered element with an atomic num- 
ber of 118 would be a noble gas. 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

21. 

23. 

25. 

27. 

29. 

31. 

33: 

35. 

37. 

39. 

41. 

43. 

How many protons are in the nucleus of an atom of each 

of these elements? 

(a) H 
(b) B 
(c) Sc 

(d) U 
Give the electron configuration for the following: 

(a) B 

(b) Ti 
(c) Zn 
(d) Br 
(e) Sr 

Explain how the spectral lines of hydrogen occur. 

How many orbitals exist in the third energy level? What 

are they? 

Write orbital diagrams for the following: 

(a) N 

(b) Cl 

(c) Zn 

(d) Zr 

(e) I 

Which atoms have the following electron configurations? 

(a) 1s72s?2p%3s? 

(b) 1572s?2p°3s73p' 

(c) 1572s22p°3s73p°4s73.d® 
(d) 1522s?2p°3s73p°4s73a° 

Show the electron configurations for elements with atomic 

numbers of: 

(a) 8 

(b) 11 

(c) 17 

(d) 23 

-(e) 28 

(f) 34 

Identify these atoms from their atomic structure diagrams: 

(a) (2) 26° ScmamOc es 

ow GBP) 26° Sem mlGem= = Ze 

Why is the eleventh electron of the sodium atom located in 

the third energy level rather than in the second energy level? 

What electron structure do the noble gases have in 

common? 

How are elements in a period related to one another? 

What is common about the electron structures of the al- 

kali metals? 

22. 

24. 

26. 

28. 

30. 

32. 

34. 

36. 

38. 

40. 

42. 

44. 

How many protons are in the nucleus of an atom of each 

of these elements? 

(a) F 

(b) Ag 
(c) Br 

(d) Sb 

Give the electron configuration for the following: 

(a) chlorine 

(b) silver 

(c) lithium 

(d) iron 

(e) iodine 

Explain how Bohr used the data from the hydrogen spec- 

trum to support his model of the atom. 

How many electrons can be present in the fourth energy 

level? 

Write orbital diagrams for the following: 

(a) Si 

(b) S 
(c) Ar 

(d) V 

(e) P 

Which atoms have the following electron configurations? 

(a) [Ar]4s73d" 
(b) [Ar]4s°3d'° 
(c) [Kr]5s74d!°Sp* 
(d) [Xe]6s! 
Show the electron configurations for elements with atomic 

numbers of: 

(a) 9 
(b) 26 
(c) 31 

(d) 39 
(e) 52 

(f) 10 
Diagram the atomic structures (as you see in Exercise 35) 

for these atoms: 

(a) 73Al 

(b) 33Ti 
Why is the last electron in potassium located in the fourth 

energy level rather than in the third energy level? 

What is unique about the noble gases, from an electron 

point of view? 

How are elements in a group related to one another? 

Why would you expect the elements zinc, cadmium, and 

mercury to be in the same chemical family? 
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45. Pick the electron structures below that represent elements 

in the same chemical family: 

(a) 1572s! 

(b) 1572s?2p4 

(c) 1s?2s72p? 

(d) 1572s?2p°3s*3p* 
(e) 1572s*2p°3s*3p° 
(f) 1572s72p°3573p%4s* 

(g) 1s?2s?2p°3s*3p4s! 

(h) 1572s72p°35*3p°4s73d! 

47. In the periodic table, calcium, element 20, is surrounded 

by elements 12, 19, 21, and 38. Which of these have physi- 

cal and chemical properties most resembling calcium? 

49. Classify each of the following elements as metals, nonmet- 

als, or metalloids (review Chapter 3 if you need help): 
(a) potassium 

(b) plutonium 

(c) sulfur 

(d) antimony 

51. In which period and group does an electron first appear in 
a d orbital? 

53. How many electrons occur in the valence level of Group 

INA and IIIB elements? Why are they different? 

itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on the concepts covered in this 

chapter. 

55. If all the orbitals within an atom could hold three electrons 

rather than two, what would be the atomic numbers and 

identities of the first three noble gases? 

56. Why does the emission spectrum for nitrogen reveal many 

more spectral lines than that for hydrogen? 

57. Among the first 100 elements on the periodic table, how 
many have 

(a) at least one s electron? 

(b) at least one p electron? 

(c) at least one d electron? 

(d) at least one f electron? 

58. For each of the following elements, what percent of their 

electrons are s electrons? 

(a) He (d) Se 
(b) Be (e) Cs 
(c) Xe 

46. Pick the electron structures below that represent elements 

in the same chemical family: 

(a) [He]2s72p° 
(b) [Ne]3s! 
(c) [Ne]3s? 
(d) [Ne]3s73p? 
(e) [Ar]4s?3d"° 
(f) [Ar]4s73d!°4p° 
(g) [Ar]4s73d° 
(h) [Kr]5s*4d'° 

48. In the periodic table, phosphorus, element 15, is surrounded 

by elements 14, 7, 16, and 33. Which of these have physical 

and chemical properties most resembling phosphorus? 

50. Classify each of the following elements as metals, nonmet- 

als, or metalloids (review Chapter 3 if you need help): 

(a) iodine 

(b) tungsten 

(c) molybdenum 

(d) germanium 

52. In which period and group does an electron first appear in 

an f orbital? 

54. How many electrons occur in the valence level of Group 

VIIA and VIIB elements? Why are they different? 

59. How many pairs of valence electrons do these elements 
have? 

(a) O (d) Xe 

(b) P (e) Rb 

(c) I 
60. Suppose we use a foam ball to represent a typical atom. If 

the radius of the ball is 1.5 cm and the radius of a typical 

atom is 1.0 x 107° cm, how much of an enlargement is 

this? Use a ratio to express your answer. 

61. List the first element on the periodic table that satisfies 
each of these conditions: 

(a) a completed set of p orbitals 

(b) two 4p electrons 

(c) seven valence electrons 

(d) three unpaired electrons 

62. Explain how scanning-probe microscopes are different 
from earlier microscopes. 

63. Describe the functioning of a scanning-tunneling micro- 
scope. 



64. What is the difference between a scanning-tunneling micro- 

scope and an atomic-force microscope? 

65. Oxygen is a gas. Sulfur is a solid. What is it about their 

electron structures that causes them to be grouped in the 

same chemical family? 

66. In which groups are the transition elements located? 

67. How do the electron structures of the transition elements 

differ from the representative elements? 

Try to answer Exercises 68-71 without referring to the 

periodic table. 

68. The atomic numbers of the noble gases are 2, 10, 18, 36, 

54, and 86. What are the atomic numbers for the elements 

with six electrons in their outer electron shells? 

69. Element number 87 is in Group IA, Period 7. Describe its 
outermost energy level. How many energy levels of elec- 

trons does it have? 

70. If element 36 is a noble gas, in which groups would you 

expect elements 35 and 37 to occur? 

nswers to Practice Exercises 

10.1 (a)O  1572s?2p* 
(b) Ca 1572s?2p°3s*3p%4s* 
(c) Ti 15?2s72p°3573p°4s73a~ 

71. 

72. 

us 

74. 

Answers to Practice Exercises 213 

Write a paragraph describing the general features of the 

periodic table. 

Some scientists have proposed the existence of element 

117. If it were to exist: 

(a) what would its electron configuration be? 

(b) how many valence electrons would it have? 

(c) what element would it likely resemble? 

(d) to what family and period would it belong? 

What is the relationship between two elements if 

(a) one of them has 10 electrons, 10 protons, and 10 neu- 

trons and the other has 10 electrons, 10 protons, and 

12 neutrons? 
(b) one of them has 23 electrons, 23 protons, and 27 neu- 

trons and the other has 24 electrons, 24 protons, and 

26 neutrons? 

Is there any pattern to the location of gases on the periodic 

table? Is there a pattern for the location of liquids? Is there 

a pattern for the location of solids? 
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For centuries, we have been aware that certain metals cling to a magnet. Balloons 

may stick to a wall. Why? The activity of a superconductor floating in air has been 

the subject of television commercials. High-speed levitation trains are heralded to 

be the wave of the future. How do they function? In each case, forces of attraction 

and repulsion are at work. 
Interestingly, human interactions also suggest that “opposites attract” and “likes 

repel.” Attractions draw us into friendships and significant relationships, whereas 

repulsive forces may produce debate and antagonism. We form and break apart 

interpersonal bonds throughout our lives. 

In chemistry, we also see this phenomenon. Substances form chemical bonds 

as a result of electrical attractions. These bonds provide the tremendous diversity 

of compounds found in nature. 

Periodic Trends in Atomic Properties 

Although atomic theory and electron configuration can help us to understand the 

arrangement and behavior of the elements, it is important to remember that the 

design of the periodic table is based on the observation of properties of the elements. 

Before we proceed to use the concept of atomic structure to explain how and 

why atoms combine to form compounds, we need to understand the characteristic 

properties of the elements and the trends that occur in these properties on the periodic 

table. These trends in observed properties allow us to use the periodic table to 

accurately predict properties and reactions of a diversity of substances without 

needing to possess the substance or complete the reaction. 

Metals and Nonmetals 

In Section 3.8 we began our study of the periodic table by classifying elements as 

metals, nonmetals, or metalloids. The heavy stair-step line beginning at boron and 

running diagonally down the periodic table separates the elements into metals and 

nonmetals. Metals are usually lustrous, malleable, and good conductors of heat 

and electricity. Nonmetals are just the opposite—nonlustrous, brittle, and poor 

conductors. Metalloids are found bordering the heavy diagonal line and may have 

properties of both metals and nonmetals. 

Most elements are classified as metals (see Figure 11.1). Metals are found on 

the left side of the stair-step line, while the nonmetals are located toward the upper 

right of the table. Note that hydrogen does not fit into the division of metals and 

nonmetals. It displays nonmetallic properties under normal conditions, even though 

it has only one outermost electron like the alkali metals. Hydrogen is considered 

to be a unique element. 

It is the chemical properties of metals and nonmetals that are most interesting. 

Metals tend to lose electrons and form positive ions, while nonmetals tend to gain 

electrons and form negative ions. When a metal reacts with a nonmetal a transfer 

of electrons from the metal to the nonmetal frequently occurs. 

eh aro) 
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A 
FIGURE I1.1 

Classification of the elements 

into metals, nonmetals, and 

metalloids. 

ionization energy 

Metals 

Metalloids 

Nonmetals 

Atomic Radius 

The relative radii of the representative elements are shown in Figure 11.2. Notice 

that the radii of the atoms tend to increase down each group and that they tend to 
decrease from left to right across a period. 

The increase in radius down a column can be understood if we consider the 
electron structure of the atoms. For each step down a column an additional energy 
level is added to the atom. The average distance from the nucleus to the outside 
edge of the atom must increase as each new energy level is added. The atoms get 
bigger as electrons are placed in these new higher energy levels. 

Understanding the decrease in atomic radius across a row requires more thought, 
however. As we move from left to right across a period electrons within the same 
block are being added to the same energy level. Within a given energy level we 
expect the orbitals to have about the same size. We would then expect the atoms 
to be about the same size across the period. But each time an electron is added a 
proton is added to the nucleus as well. The increase in positive charge (in the 
nucleus) pulls the electrons closer to the nucleus resulting in a gradual decrease in 
atomic radius across a row. 

lonization Energy 

The ionization energy of an atom is the energy required to remove an electron 
from the atom. For example, 

Na + ionization energy —> Nat + e~ 

The first ionization energy is the amount of energy required to remove the first 
electron from an atom, the second is the amount required to remove the second 
electron from that atom, and so on. 
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Noble 

VIA VIIA gases 

@ 
He 

eo ° © 
O F Ne 

TABLE 11.1 Ionization Energies for Selected Elements* _ 

Required amounts of energy (kJ/mol) 
Co ee eee 

oe ist. 2nd 3rd 4h 3th 

‘Element _ ee eo] e- eo Se 

H a 
He a3 5a 
ao ee 
Be 900 1,757 AS” 
a 800 2430 3659 5020 82 B10 
C= 1,088 2,352 4,619 6220 37,800 
Neo Ct«i<‘“i RC 88 OTK 987 12,190. 
Ne a A565 6912. 9540 13,355 

-* Values are expressed in kilojoules per mole, showing energies required to remove 1 to 5 electrons per — 

atom. Color indicates the energy needed to remove an electron from a noble-gas electron structure. 

Table 11.1 gives the ionization energies for the removal of one to five electrons 

from several elements. The table shows that even higher amounts of energy are 

needed to remove the second, third, fourth, and fifth electrons. This makes sense 

because removing electrons does not decrease the positive charge in the nucleus; 

the remaining electrons are held even more tightly. The data in Table 11.1 also 

show that an extra large ionization energy (red) is needed when an electron is 

removed from a noble gas structure, clearly showing the stability of this configu- 

ration. 

<q FIGURE 11.2 
Relative atomic radii for 

representative elements. Atomic 

radius decreases across a period 

and increases down a group. 
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FIGURE 11.3 > 
Periodic relationship of the 

first ionization energy for 

representative elements in the 

first four periods. 

So errr erry 

First ionization energies have been experimentally determined for most ele- 

ments. Figure 11.3 is a graphic plot of these ionization energies for representative 

elements in the first four periods. Note these important points: 

1. Ionization energy in Group A elements decreases from top to bottom in a 

group. For example, in Group IA the ionization energy changes from 520 

kJ/mol for Li to 419 kJ/mol for K. 
2. From left to right across a period the ionization energy gradually increases. 

Noble gases have a relatively high value, confirming the nonreactive nature 
of these elements. 

All metals do not behave in exactly the same manner. Some metals give up 

electrons much more easily than others. In the alkali metal family, cesium gives up 

its 6s electron much more easily than the metal lithium gives up its 2s electron. 

This makes sense when we consider that the size of the atoms increases down the 

group. The distance between the nucleus and the outer electrons increases and the 

ionization energy decreases. The most chemically active metals are located on the 
lower left of the periodic table. 

Nonmetals have relatively large ionization energies compared to metals. Non- 

metals tend to gain electrons and form anions. Since the nonmetals are located at 
the right side of the periodic table it is not surprising that ionization energies tend 

to increase from left to right across a period. The most active nonmetals are found 
in the upper right corner of the periodic table. 

Lewis Structures of Atoms 

Metals tend to form cations (positively charged ions) and nonmetals form anions 
(negatively charged ions) in order to attain a stable valence electron structure. For 

Ionization energy (kJ/mol) 

IA IA THA IVA VA VIA VITA 

Periodic group number 
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many elements this stable valence level contains eight electrons (two s and six p), 

identical to the valence electron configuration of the noble gases. Atoms undergo 

rearrangements of electron structure to lower their chemical potential energy (or 

become more stable). These rearrangements are accomplished by losing, gaining, 

or sharing electrons with other atoms. For example, a hydrogen atom could accept 

a second electron and attain an electron structure the same as the noble gas helium. 

A fluorine atom could gain an electron and attain an electron structure like neon. 

A sodium atom could lose one electron to attain an electron structure like neon. 

The valence electrons in the outermost energy level of an atom are responsible 

for the electron activity that occurs to form chemical bonds. The Lewis structure 

of an atom is a representation that shows the valence electrons for that atom. 

American chemist, Gilbert N. Lewis (1875-1946) proposed using the symbol for 

the element and dots for electrons. The number of dots placed around the symbol 

equals the number of s and p electrons in the outermost energy level of the atom. 

Paired dots represent paired electrons; unpaired dots represent unpaired electrons. 

For example, H: is the Lewis symbol for a hydrogen atom, 1s': :B is the Lewis 

symbol for a boron atom, with valence electrons 2572p}. In the case of boron, the 

symbol B represents the boron nucleus and the 1s” electrons; the dots represent 

only the 2572p! electrons. 

¢<— Unpaired electron 

ae - ae Peon “—~ symbol of the atom 

The Lewis method is often used not only because of its simplicity of expression 

but also because much of the chemistry of the atom is directly associated with the 

electrons in the outermost energy level. Figure 11.4 shows Lewis structures for the 

elements hydrogen through calcium. 

eee meee een eee eee e eee eens seers ee eeeesessseesessees 

<q Gilbert N. Lewis (1875-1946) in 

his laboratory. 

Lewis structure 
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FIGURE 11.4 
Lewis structures of the first 20 

elements. Dots represent 
electrons in the outermost 
energy level only. 

Senne e eee e renee eee ne eee ea eee eewneeeees 

Example 11.1 

Solution 

A quick way to determine 

the correct number of dots 

(electrons) for a Lewis 

structure is to use the group 

number. For the A groups on 
the periodic table, the roman 

numeral is the same as the 

number of electrons in the 

Lewis structure. 

Write the Lewis structure for a phosphorus atom. 

First establish the electron structure for a phosphorus atom. It is 1s72s?2p°3s73p?. 
Note that there are five electrons in the outermost energy level; they are 3s73p>. 
Write the symbol for phosphorus and place the five electrons as dots around it. 

The 3s” electrons are paired and are represented by the paired dots. The 3p’ electrons, 
which are unpaired, are represented by the single dots. 

Practice Tid 

/ Write the Lewis structure for the following elements: 
(a) N (b) Al (c) Sr (d) Br 

The lonic Bond: Transfer of Electrons from 
One Atom to Another 

The chemistry of many elements, especially the representative ones, is to attain an 
outer shell electron structure like that of the chemically stable noble gases. With 
the exception of helium, this stable structure consists of eight electrons in the outer 
shell (see Table 11.2). 

Let us look at the electron structures of sodium and chlorine to see how each 
element can attain a structure of eight electrons in its outer shell. A sodium atom 
has eleven electrons: two in the first energy level, eight in the second energy level, 
and one in the third energy level. A chlorine atom has seventeen electrons: two in 
the first energy level, eight in the second energy level, and seven in the third energy 
level. If a sodium atom transfers or loses its 3s electron, its third energy level 
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becomes vacant, and it becomes a sodium ion with an electron configuration identical 

to that of the noble gas neon. This process requires energy: 

1+ @ =< ——- [@=«|* = 
Na atom (1522s?2p°3s!) Nat ion (1s?2s22p®) 

An atom that has lost or gained electrons will have a positive or negative charge, 

depending on which particles, protons or electrons are in excess. Remember that a 

charged atom or group of atoms is called an ion. 
By losing a negatively charged electron, the sodium atom becomes a positively 

charged particle known as a sodium ion. The charge, + 1, results because the nucleus 

still contains eleven positively charged protons, and the electron orbitals contain 

only ten negatively charged electrons. The charge is indicated by a plus sign (+ ) 

and is written with a superscript after the symbol of the element (Na*). 

A chlorine atom with seven electrons in the third energy level needs one electron 

to pair up with its one unpaired 3p electron to attain the stable outer shell electron 

structure of argon. By gaining one electron the chlorine atom becomes a chloride 

ion (C17 ), a negatively charged particle containing seventeen protons and eighteen 

electrons. This process releases energy: 

2e 8e— eh 2e 8e Se 

Cl atom (15s22s22p%3s73p>) CI ion (1522s22p%3s?3p°) 

Consider sodium and chlorine atoms reacting with each other. The 3s electron 

from the sodium atom transfers to the half-filled 3p orbital in the chlorine atom to 

form a positive sodium ion and a negative chloride ion. The compound sodium 

chloride results because the Na* and Cl ions are strongly attracted to each other 

TABLE 11.2 Arrangement of Electrons in the Noble Gases* 

Electron structure 

Noble gas Symbol 

Helium He 2 

_ Neon Ne 
24.6 

Argon Ar 3573p 

Krypton Kr 3573p°3d!° 4y74p® 

Xenon xe 35°3p°3d'0 4574p°4d'° 5s Sp. 

Radon Rn 3573p°3d'° As?4p°4d!4p4 = 5s*5p°5d'° 6876p" 

ee 

* Each gas except helium has eight electrons in its outermost energy level. 
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2e° 8e le 

Na atom 

It is helpful to remember 

that a cation is always 

smaller than its parent atom 

whereas an anion is always 

larger than its parent atom. 

ionic bond 

by their opposite electrostatic charges. The force holding the oppositely charged 

ions together is an ionic bond: 

Electron transfer 

1+ {= 

2e° 8e7 2e— 8e— 8e~ 

Cl atom Nat Cl- 

Sodium chloride 

The Lewis representation of sodium chloride formation is shown here: 

Nai + iC} —> [Na]*[:Ch:] 
The chemical reaction between sodium and chlorine is a very vigorous one, 

producing considerable heat in addition to the salt formed. When energy is released 

in a chemical reaction, the products are more stable than the reactants. Note that 

in NaCl both atoms attain a noble-gas electron structure. 

Sodium chloride is made up of cubic crystals in which each sodium ion is 

surrounded by six chloride ions and each chloride ion by six sodium ions, except 

at the crystal surface. A visible crystal is a regularly arranged aggregate of millions 

of these ions, but the ratio of sodium to chloride ions is 1:1, hence the formula 

NaCl. The cubic crystalline lattice arrangement of sodium chloride is shown in 
Figure 11.5. 

Figure 11.6 contrasts the relative sizes of sodium and chlorine atoms with those 

of their ions. The sodium ion is smaller than the atom due primarily to two factors: 

(1) The sodium atom has lost its outer shell of one electron, thereby reducing its 
size; and (2) the ten remaining electrons are now attracted by eleven protons and 
are thus drawn closer to the nucleus. Conversely, the chloride ion is larger than the 
atom because (1) it has eighteen electrons but only seventeen protons; and (2) the 
nuclear attraction on each electron is thereby decreased, allowing the chlorine atom 
to expand as it forms an ion. 

We have seen that when sodium reacts with chlorine, each atom becomes an 
ion. Sodium chloride, like all ionic substances, is held together by the attraction 
existing between positive and negative charges. An ionic bond is the attraction 
between oppositely charged ions. 

Ionic bonds are formed whenever one or more electrons are transferred from 
one atom to another. Metals, which have relatively little attraction for their valence 
electrons, tend to form ionic bonds when they combine with nonmetals. 

It is important to recognize that substances with ionic bonds do not exist as 
molecules. In sodium chloride, for example, the bond does not exist solely between 
a single sodium ion and a single chloride ion. Each sodium ion in the crystal attracts 
six near-neighbor negative chloride ions; in turn, each negative chloride ion attracts 
six near-neighbor positive sodium ions (see Figure 11.5). 

A metal will usually have one, two, or three electrons in its outer energy level. 
In reacting, metal atoms characteristically lose these electrons, attain the electron 
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<q FIGURE 11.5 
Sodium chloride crystal. 

Diagram represents a small 

fragment of sodium chloride, 

which forms cubic crystals. Each 

sodium ion is surrounded by six 

chloride ions, and each chloride 

ion is surrounded by six sodium 

ions. 

structure of a noble gas, and become positive ions. A nonmetal, on the other hand, 

is only a few electrons short of having a noble gas electron structure in its outer 

energy level and thus has a tendency to gain electrons. In reacting with metals, 

nonmetal atoms characteristically gain one, two or three electrons, attain the electron 

structure of a noble gas, and become negative ions. The ions formed by loss of 

electrons are much smaller than the corresponding metal atoms; the ions formed 

by gaining electrons are larger than the corresponding nonmetal atoms. The actual 

dimensions of the atomic and ionic radii of several metals and nonmetals are given 

in Table 11.3. 

Study the following examples. Note the loss and gain of electrons between 

atoms; also note that the ions in each compound have a noble-gas electron structure. 

0.186 nm 0.095 nm 0.099 nm 0.181 nm <q FIGURE 11.6 
Relative radii of sodium and 

chlorine atoms and their ions. 

Na atom Nat ion Cl atom Cl ion 

Metals and Nonmetals* 

“Atomic —_Tonie radius 

or 00 
| CL 0009 Ol OB 

oe Br 0.114 Bi 0195 © 
te O.. 0014. 2... OF OID. 

7S 010s 

become positive ions. The nonmetals gain electrons to becom 



Chemistry in Action 

When electric current flows through a 

wire, resistance slows the current and 

heats the wire. In order to keep the current 

flowing this electrical “friction” must be 

overcome by adding energy to the system. 

In fact the existence of electrical resist- 

ance limits the efficiency of all electri- 

cal devices. 

When chilled in liquid nitrogen, 

the superconductor acts as a 
perfect mirror to the magnet, 

causing it to levitate as it “sees” 
its reflection in the 

superconductor. 

Superconductors—A New Fronti 

In 1911, a Dutch scientist, Heike 

Kamerlingh Onnes, discovered that at 

very cold temperatures (near 0 K), electri- 

cal resistance disappears. Onnes named 

this phenomenon superconductivity. Sci- 

entists have been fascinated by it ever 

since. Unfortunately, because such low 

temperatures were required, liquid helium 

was necessary to cool the wires. With he- 

lium costing $7 per liter, commercial ap- 

plications were far too expensive to be 

considered. 

For many years scientists were con- 

vinced that superconductivity was not 

possible at higher temperatures (not even 

as high as 77 K, the boiling point of liquid 

nitrogen, a bargain at $0.17 per liter). The 

first high-temperature superconductor, de- 

veloped in 1986, was superconducting at 

30 K. This material is a complex metal 

oxide that has a sandwich-like crystal 

structure with copper and oxygen atoms 

on the inside and barium and lanthanum 

atoms on the outside. 

Scientists immediately tried to de- 

velop materials that would be supercon- 

ducting at even higher temperatures. To 

do this they relied on their knowledge of 

the periodic table and the properties of 

chemical families. Paul Chu at the Univer- 

sity of Houston, Texas, found the critical 

temperature could be raised by compress- 

ing the superconducting oxide. The pres- 

sure was too intense to be useful commer- 

cially, so Chu looked for another way to 

bring the layers closer together. He recog- 

nized that this could be accomplished by 

replacing the barium with strontium, an 

element in the same family with similar 

chemical properties and a smaller ionic 

radius. The idea was successful—the criti- 

cal temperature changed from 30 K to 40 

K. He then tried replacing the strontium 

with calcium (same family, smaller still) 

but to no avail. The new material had a 

lower critical temperature! But Chu per- 

sisted, and on January 12, 1987, by substi- 

tuting yttrium for lanthanum (same fam- 

ily, smaller radius) he produced a new 

superconductor having a critical tempera- 

ture of 95 K, well above the 77 K boiling 

point of liquid nitrogen. This material has 

the formula YBa,Cu307 and is a good 

candidate for commercial applications. 

There are several barriers to cross 

before superconductors are in wide use. 

The material is brittle and easily broken, 

nonmalleable, and does not carry as high 

a current per unit cross section as conven- 

tional conductors. Many researchers are 

currently working to surmount these prob- 

lems and develop potential uses for super- 

conductors, including high-speed levita- 

tion trains, tiny efficient electric motors, 

and smaller, faster computers. 
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Example 11.2 

Solution 

Explain how magnesium and chlorine combine to form magnesium chloride, MgCl. 

A magnesium atom of electron structure 1s*2s?2p°3s? must lose two electrons or 
gain six to reach a stable electron structure. If magnesium reacts with chlorine and 
each chlorine atom can accept only one electron, two chlorine atoms will be needed 
for the two electrons from each magnesium atom. The compound formed will contain 
one magnesium ion and two chloride ions. The magnesium atom, having lost two 
electrons, becomes a magnesium ion with a +2 charge. Each chloride ion will have 
a —1 charge. The transfer of electrons from a magnesium atom to two chlorine 
atoms is shown in the following illustration: 

224 
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2e° 8e> 8e7 

2e 8e° 8e~ 

2+ [a] : 
Mg: fy “Ch: i: “Ch: Py | ee See een Ses [Mg| ~ i. or ech, 

Eee | 
Mg atom 2 Cl atom Magnesium chloride 

Explain the formation of sodium fluoride, NaF, from its elements. Example 11.3 

1+ ‘ 1- 

ay 2e- 8e° le + em icn —————— |@ Dem se L a 2e- se | 

+: +peq- 

Na: ok + [ Na} [:#:] 

Sodium atom Fluorine atom Sodium fluoride 

The fluorine atom, with seven electrons in its outer shell, behaves similarly to the Solution 

chlorine atom. 

Explain the formation of aluminum fluoride, AIF3, from its elements. Example 11.4 

vet F: (: F:| M Solution 

A ae -F: —> [AIP*;F:] or AIF, 

aluminum fluorine aluminum flouride 

atom atoms 

Each fluorine atom can accept only one electron. Therefore three fluorine atoms are 

needed to combine with the three outer shell electrons of one aluminum atom. The 

aluminum atom has lost three electrons to become an aluminum ion, AP*, with a 

+3 charge. 
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Example 11.5 Explain the formation of magnesium oxide, MgO, from its elements. 

2+ 2 

26 se | |@ Jes se | 2e- 8e— 2e7 fe 

ee Suen tea De 
Mg: a -O: ————c@qoK~ [Mg] *[:6:] 

Magnesium atom Oxygen atom Magnesium oxide 

Solution The magnesium atom, with two electrons in the outer energy level, exactly fills the 

need of one oxygen atom for two electrons. The resulting compound has a ratio of 

one atom of magnesium to one atom of oxygen. The oxygen (oxide) ion has a —2 

charge, having gained two electrons. In combining with oxygen, magnesium behaves 

the same way as when combining with chlorine; it loses two electrons. 

Example 11.6 Explain the formation of sodium sulfide, NaS, from its elements. 

Solution Nd er [Nalieecea 
eee Oe [:S:] or Na,S 

Naseer: : [Na]* 

sodium sulfur sodium sulfide 

atoms atom 

Two sodium atoms supply the electrons that one sulfur atom needs to make eight 

in its outer shell. 

Example I1.7 Explain the formation of aluminum oxide, Al,O3, from its elements. 
St 

4 Solution Alea 5G [:6:]? 
x ° 3+ ee ES EAT ee 

+.%0: — [O:| ion eo. 
ae ; 3-bh to ee [Al] om 

Al--~ +O: [:0:] ae oe ar 

aluminum oxygen aluminum oxide 
atoms atoms 

One oxygen atom, needing two electrons, cannot accommodate the three electrons 
from one aluminum atom. One aluminum atom falls one electron short of the four 
electrons needed by two oxygen atoms. A ratio of two atoms of aluminum to three 
atoms of oxygen, involving the transfer of six electrons (two to each oxygen atom), 
gives each atom a stable electron configuration. 

Note that in each of the examples above, outer shells containing eight electrons 
were formed in all the negative ions. This formation resulted from the pairing of all 
the s and p electrons in these outer shells. 
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Predicting Formulas of lonic Compounds 

In the previous examples we have seen that when a metal and a nonmetal react to 

form an ionic compound, the metal loses one or more electrons to the nonmetal. In 

Chapter 6, where we learned to name compounds and write formulas, we saw that 

Group IA metals always formed + 1 cations, whereas Group IIA formed + 2 cations. 

Group VIIA elements formed —1 anions and Group VIA formed —2 anions. 

We now realize that this pattern is directly related to the stability of the noble 

gas configuration. Metals lose electrons to attain the electron configuration of a 

noble gas (the previous one on the periodic table). A nonmetal forms an ion by 

gaining enough electrons to achieve the electron configuration of the noble gas 

following it on the periodic table. These observations lead us to an important chemical 

principle: In almost all stable chemical compounds of representative elements, each 

atom attains a noble gas electron configuration. This concept forms the basis for 

our understanding of chemical bonding. 

We can apply this principle in predicting the formulas of ionic compounds. To 

predict the formula of an ionic compound we must recognize that chemical com- 

pounds are always electrically neutral. In addition, the metal will lose electrons to 

achieve noble gas configuration and the nonmetal will gain electrons to achieve 

noble gas configuration. Consider the compound formed between barium and sulfur. 

Barium has two valence electrons whereas sulfur has six valence electrons: 

Ba [Xe]6s* S [Ne]3s*3p* 

If barium loses two electrons it will achieve the configuration of Xenon. By gaining 

two electrons sulfur achieves the configuration of argon. Consequently a pair of 

electrons is transferred between atoms. Now we have Ba** and S?—. Since com- 

pounds are electrically neutral there must be a ratio of one Ba to one S, giving the 

empirical formula BaS. 

The same principle works for many other cases. Since the key to the principle 

lies in the electron configuration, the periodic table can be used to extend the 

prediction even further. Because of similar electron structures, the elements in 

a family generally form compounds with the same atomic ratios. In general, if 

we know the atomic ratio of a particular compound, say NaCl, we can predict the 

atomic ratios and formulas of the other alkali metal chlorides. These formulas are 

LiCl, KCl, RbCl, CsCl, and FrCl (see Table 11.4). 

In a similar way, if we know that the formula of the oxide of hydrogen is H,O, 

we can predict that the formula of the sulfide will be HS, because sulfur has the 

same valence electron structure as oxygen. It must be recognized, however, that 

these are only predictions; it does not necessarily follow that every element in a 

group will behave like the others or even that a predicted compound will actually 

exist. Knowing the formulas for potassium chlorate, bromate, and iodate to be 

KCIO3, KBrO3, and KIO3, we can correctly predict the corresponding sodium 

compounds to have the formulas NaClO3, NaBrO3, and NalO3. Fluorine belongs 

to the same family of elements (Group VIIA) as chlorine, bromine, and iodine. So 

we could predict that potassium and sodium fluorates would have the formulas 
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TABLE 11.4 Formulas of Compounds Formed by Alkali Metals 

Lewis 
structure Monoxides Chlorides Bromides Sulfates 

hie Li,0 Eich LiBr Li,SO, 
Na: Na,O NaCl Na ,SO4 
K: K,0 KCl K5SO,4 

Rb: Rb,O RbC! Rb,SO, 
Cs: Cs,O CsCl Cs»SO,4 

KFO, and NaFO3. But this prediction would not be correct, because potassium and 

sodium fluorates are not known to exist. However, if they did exist, the formulas 

could very well be correct, for these predictions are based on comparisons with 

known formulas and similar electron structures. 

In the discussion in this section we refer only to representative metals (Groups 

IA, IIA, IIA). The transition metals (Group B) show more complicated behavior 

(they form multiple ions) and their formulas are not as easily predicted. 

Example 11.8 The formula for calcium sulfide is CaS and that for lithium phosphide is Li3P. 

Solution 

Predict formulas for (a) magnesium sulfide, (b) potassium phosphide, and (c) magne- 

sium selenide. 

(a) Look in the periodic table for calcium and magnesium. They are both in 

Group IIA. Since the formula for calcium sulfide is CaS, it is reasonable 

to predict that the formula for magnesium sulfide is MgS. 

(b) Find lithium and potassium in the periodic table. They are in Group IA. 

Since the formula for lithium phosphide is Li3P, it is reasonable to predict 
that K3P is the formula for potassium phosphide. 

(c) Find selenium in the periodic table. It is in Group VIA just below sulfur. 
Therefore, it is reasonable to assume that selenium forms selenide in the 
same way that sulfur forms sulfide. Since MgS was the predicted formula 
for magnesium sulfide in part (a), it is reasonable to assume that the formula 
for magnesium selenide is MgSe. 

Practice 11.2 

The formula for sodium oxide is Na,O. Predict the formula for 
(a) sodium sulfide 

(b) rubidium oxide 

Practice 11.3 

The formula for barium phosphide is Ba3P5. Predict the formula for 
(a) magnesium nitride 

(b) barium arsenide 
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The Covalent Bond: Sharing Electrons 

Some atoms do not transfer electrons from one atom to another to form ions. Instead 

they form a chemical bond by sharing pairs of electrons between them. 
A covalent bond consists of a pair of electrons shared between two atoms. 

This bonding concept was introduced in 1916 by G. N. Lewis. In the millions of 

compounds that are known, the covalent bond is the predominant chemical bond. 

True molecules exist in substances in which the atoms are covalently bonded. 

It is proper to refer to molecules of such substances as hydrogen, chlorine, hydrogen 

chloride, carbon dioxide, water, or sugar. These substances contain only covalent 

bonds and exist as aggregates of molecules. We do not use the term molecule when 

talking about ionically bonded compounds such as sodium chloride, because such 

substances exist as large aggregates of positive and negative ions, not as molecules. 

A study of the hydrogen molecule gives us an insight into the nature of the 

covalent bond and its formation. The formation of a hydrogen molecule, H5, involves 

the overlapping and pairing of 1s electron orbitals from two hydrogen atoms. This 

overlapping and pairing is shown in Figure 11.7. Each atom contributes one electron 

of the pair that is shared jointly by two hydrogen nuclei. The orbital of the electrons 

now includes both hydrogen nuclei, but probability factors show that the most likely 

place to find the electrons (the point of highest electron density) is between the two 

nuclei. The two nuclei are shielded from each other by the pair of electrons, allowing 

the two nuclei to be drawn very close to each other. 

The formula for chlorine gas is Cl,. When the two atoms of chlorine combine 

to form this molecule, the electrons must interact in a manner that is similar to that 

shown in the preceding example. Each chlorine atom would be more stable with 

eight electrons in its outer shell. But chlorine atoms are identical, and neither is 

able to pull an electron away from the other. What happens is this: The unpaired 

3p electron orbital of one chlorine atom overlaps the unpaired 3p electron orbital 

of the other atom, resulting in a pair of electrons that are mutually shared between 

the two atoms. Each atom furnishes one of the pair of shared electrons. Thus, each 

atom attains a stable structure of eight electrons by sharing an electron pair with 

the other atom. The pairing of the p electrons and the formation of a chlorine 

molecule are illustrated in Figure 11.8. Neither chlorine atom has a positive or 

negative charge, since both contain the same number of protons and have equal 

attraction for the pair of electrons being shared. Other examples of molecules in 

which electrons are equally shared between two atoms are hydrogen, Hp; oxygen, 

1s orbitals Overlapping 1s orbitals 

is oe 

oe: 
H- H:- H:H Shared pair 

\———_ of electrons 

Hydrogen atoms Hydrogen molecule 

OTOH OTHE REE P EF EEE E REET ee ee ee EE e ET eee TET ETE EE ee 

covalent bond 

<q FIGURE 11.7 
The formation of a hydrogen 

molecule from two hydrogen 

atoms. The two Is orbitals 

overlap, forming the H, 

molecule. In this molecule the 

two electrons are shared 

between the atoms, forming a 

covalent bond. 
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FIGURE 11.8 > 

Pairing of p electrons in the 

formation of a chlorine 

molecule. 

Remember that a dash 
represents a shared pair of 

electrons. 

polar covalent bond 

electronegativity 

Pp orbitals Overlap of p orbitals Paired p orbital 

Chlorine atoms Chlorine molecule 

Unshared p orbitals Shared pair of p electrons 

O,; nitrogen, N>; fluorine, F,; bromine, Br; and iodine, I,. Note that more than 

one pair of electrons may be shared between atoms: 

H:H :F:F: :Br:Br: 3 S(O Ole eNices ING 

hydrogen fluorine bromine iodine oxygen nitrogen 

The Lewis structure given for oxygen does not adequately account for all the 

properties of the oxygen molecule. Other theories explaining the bonding in oxygen 

molecules have been advanced, but they are complex and beyond the scope of 
this book. 

A common practice in writing structures is to replace the pair of dots used to 

represent a shared pair of electrons by a dash (—). One dash represents a single 

bond; two dashes, a double bond; and three dashes, a triple bond. The six structures 

just shown may be written thus: 

H—H :F—F: :Br—Br: :I—I: :0=0: IN== Ns 

The ionic bond and the covalent bond represent two extremes. In ionic bonding 

the atoms are so different that electrons are transferred between them, forming a 
charged pair of ions. In covalent bonding two identical atoms share electrons equally. 

The bond is the mutual attraction of the two nuclei for the shared electrons. Between 

these extremes lie many cases in which the atoms are not different enough for a 
transfer of electrons, but are different enough that the electrons cannot be shared 
equally. This unequal sharing of electrons results in the formation of a polar 
covalent bond. 

Electronegativity 

When two different kinds of atoms share a pair of electrons a bond forms in which 
electrons are shared unequally. One atom assumes a partial positive charge and the 
other a partial negative charge with respect to each other. This difference in charge 
occurs because the two atoms exert unequal attraction for the pair of shared electrons. 
The attractive force that an atom of an element has for shared electrons in a 
molecule or polyatomic ion is known as its electronegativity. Elements differ in 
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<q Nobel laureate Linus Pauling 

(1901-1994). 

their electronegativities. For example, both hydrogen and chlorine need one electron 

to form stable electron configurations. They share a pair of electrons in hydrogen 

chloride, HCl. Chlorine is more electronegative and therefore has a greater attraction 

for the shared electrons than does hydrogen. As a result, the pair of electrons is 

displaced toward the chlorine atom, giving it a partial negative charge and leaving 

the hydrogen atom with a partial positive charge. It should be understood that the 

electron is not transferred entirely to the chlorine atom, as in the case of sodium 

chloride, and no ions are formed. The entire molecule, HCl, is electrically neutral. 

A partial charge is usually indicated by the Greek letter delta, 5. Thus, a partial 

positive charge is represented by 5+ and a partial negative charge by O= 

{ The p pair of bhued Hoes in HCl is ae 6 >the i 

no ores eon atom than to the | bias 

ie 

Ascale of relative electronegativities, in which the most electronegative element, 

fluorine, is assigned a value of 4.0, was developed by the Nobel laureate (1954 and 

1962) Linus Pauling (1901-1994). Table 11.5 shows that the relative electronegativ- 

ity of the nonmetals is high and that of the metals is low. These electronegativities 

indicate that atoms of metals have a greater tendency to lose electrons than do atoms 

of nonmetals and that nonmetals have a greater tendency to gain electrons than do 

metals. The higher the electronegativity value, the greater the attraction for electrons. 

Notice that electronegativity generally increases from left to right across a period 

and decreases down a group for the representative elements. The highest electronega- 

tivity is 4.0 for fluorine, and the lowest is 0.7 for francium and cesium. It is important 

to remember that the higher the electronegativity the stronger an atom holds electrons. 

The polarity of a bond is determined by the difference in electronegativity 
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One of the most diverse elements in the 

periodic table is carbon. Although it is 

much less abundant than many other ele- 

ments, it is readily available. Two well- 

known forms of elemental carbon are 

graphite and diamond. Both contain ex- 

tended arrays of carbon atoms. In graphite, 

the carbon atoms are arranged in sheets, 

the bonds forming hexagons that look like 

chicken wire (see figure). The bonding 

between the sheets is very weak and the 

atoms can slide past each other. This slip- 

pery property makes graphite useful as a 

lubricant. Diamond consists of transparent 

octahedral crystals in which each carbon 

atom is bonded to four other carbon atoms. 

This three-dimensional network of bonds 

gives diamond the property of hardness 

for which it is noted. In the 1980s, a new 

form of carbon was discovered in which 

the atoms are arranged in relatively 

small clusters. 

__ Just how do scientists discover a new 

form of an element? Harold Kroto of the 

_ University of Sussex, England, and Rich- | 

ard Smalley of Rice University, Texas, 

were investigating the effect of light on 

the surface of graphite. As they analyzed 

the surface clusters with a mass spectrom- 

eter, they discovered a strange molecule 

whose formula is Cgg. What could be the 

structure of such a molecule? They de- 

duced that the most stable arrangement 

for the atoms would be in the shape of 

a soccer ball. In thinking about possible 

arrangements, the scientists considered 

the geodesic domes designed by R. Buck- 

minster Fuller in the 1960s. The C¢, form 

of carbon was named buckminsterfuller- 

ene. Its structure is shown in the diagram. 

The amounts of buckminsterfullerene 

(now known as buckyballs or fullerenes) 

prepared by laser were very small; thus 

much effort went into finding a way to 

prepare larger amounts of the new allo- 

Buckminsterfullerene 

trope. In 1990, a group led by Donald 

Huffman of the University of Arizona dis- 

covered that by vaporizing graphite elec- 

trodes, fullerenes could be manufactured 

in large quantities. Now that relatively 

large amounts of C¢p are available, bucky- 

balls have captured the imagination of a 

variety of chemists. 

Research on fullerenes has led to a host 

of possible applications for the molecules. 

If metals are bound to the carbon atoms 

the fullerenes become superconducting; 

that is, they conduct electrical current 

without resistance, at very low tempera- 

ture. Scientists are now able to make 

buckyball compounds that superconduct 

at temperatures of 45 K. Other fullerenes 

Goal! A Spherical Mole 

are being used in lubricants and optical 

materials. 
Chemists at Yale University have 

managed to trap helium and neon inside 

buckyballs. This is the first time chemists 

have ever observed helium or neon in a 

compound of any kind. They found that 

at temperatures from 1000 °F to 1500 °F 

one of the covalent bonds linking neigh- 

boring carbon atoms in the buckyball 

breaks. This opens a window in the fuller- 

ene molecule through which a helium or 

neon atom can enter the buckyball. When 

the fulierene is allowed to cool, the broken 

bond between carbon atoms re-forms, 

shutting the window and trapping the he- 

lium or neon atom inside the buckyball. 

Since the visiting helium or neon cannot 

react or share electrons with its host, the 

resulting compound has forced scientists 

to invent a new kind of chemical formula 

to describe the compound. The relation- 

ship between the “prisoner” helium or 

neon and the host buckyball is shown with 

an @ sign. Therefore, a helium fullerene 

containing 60 carbon atoms would be 

He@Cgpo. 

The noble-gas fullerenes could be used 

to “label” crude oil and other pollutants 

in order to identify and track down the 

polluter. Two different isotopes of helium 

could be trapped with buckyballs in a spe- 

cific ratio to create a coding system for 

each manufacturer. This ratio of fullerenes 

could then be detected even in a small 

quantity of oil recovered from an oil slick 

at sea and could be used to identify the 
source of the oil. 

Buckyballs can also be tailored to fit 

a particular size requirement. Raymond 

Schinazi of the Emory University School 

of Medicine made a buckyball to fit the 

active site of a key HIV enzyme that para- 

lyzes the virus, making it noninfectious 

continued > 
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the baie: site of the. enzyme. an is also 

toxic to the virus but does not appear to 

harm the host cells. 
Fullerenes also are being tested as e 

bricants to protect surfaces under condi- 

tions present i in space. Bharat Bhushan of 

_ Ohio State University is depositing thin 
fullerene films on silicon surfaces, and 

= then peng the film by sliding steel balls 

“Raspberries” of worn fullerene 

lubricant. : os 

in human cells. The a to making Ae : O1 

compound was preparing a water-soluble 

buckyball that would fit in the active site 
_ of the enzyme. Eventually, scientists cr 

Sc ndium atoms trapped in a 

soluble and has two charged arms to grasp 

Cocccccccccccecccceccoceeeeelee © 00000000 000O8HOCCOOOE 

TABLE 11.5 Relative Electronegativity of the Elements* 

Atomic number 

Symbol 

Electronegativity 

: * The electronegativity value is given below the symbol of each element. 

233 



234 CHAPTER I! Chemical Bonds: The Formation of Compounds from Atoms 

FIGURE I|1.9 > 

Nonpolar, polar covalent, and 

ionic compounds. 

nonpolar bond 

dipole 

<p eo 
HCl NaCl 

Nonpolar Polar covalent Ionic 

molecules molecule compound 

values of the atoms forming the bond (see Figure 11.9). If the electronegativities 

are the same the bond is nonpolar and the electrons are shared equally. If the atoms 

have greatly different electronegativities the bond is very polar. At the extreme, 

one or more electrons are actually transferred and an ionic bond results. 

A dipole is a molecule that is electrically asymmetrical, causing it to be oppo- 

sitely charged at two points. A dipole is often written as @ >>. A hydrogen chloride 

molecule is polar and behaves as a small dipole. The HCI dipole may be written 

as H ++ Cl. The arrow points toward the negative end of the dipole. Molecules 

of HO, HBr, and ICI are polar: 

aN 
Haz Cl H+— Br | a | H H 

How do we know whether a bond between two atoms is ionic or covalent? The 

difference in electronéegativity between two atoms determines the character of 

the bond formed between them. As the difference in electronegativity increases, 

the polarity of the bond (or percent ionic character) increases. As a rule, if the 

electronegativity difference between two bonded atoms is greater than 1.7—1.9, the 

bond will be more ionic than covalent. If the electronegativity difference is greater 

than 2.0, the bond is strongly ionic. If the electronegativity difference is less than 

1.5, the bond is strongly covalent. 

Care must be taken to distinguish between polar bonds and polar molecules. 

A covalent bond between different kinds of atoms is always polar. But a molecule 

containing different kinds of atoms may or may not be polar, depending on its shape 

or geometry. Molecules of HF, HCl, HBr, HI, and ICI are all polar because each 

contains a single polar bond. However, CO», CHy, and CCl, are nonpolar molecules 

despite the fact that all three contain polar bonds. The carbon dioxide molecule 

O=C=O is nonpolar because the carbon—oxygen dipoles cancel each other by 

acting in opposite directions. 

ee ee 

Oo=C=0 
dipoles in opposite directions 

Methane (CH,) and carbon tetrachloride (CCl4) are nonpolar because the four C—H 

and C—Cl polar bonds are identical, and, because these bonds emanate from the 

center to the corners of a tetrahedron in the molecule, the effect of their polarities 
cancel one another. We shall discuss the shapes of molecules later in this chapter. 

We have said that water is a polar molecule. If the atoms in water were linear 

like those in carbon dioxide, the two O—H dipoles would cancel each other, and 

the molecule would be nonpolar. However, water is definitely polar and has a 
nonlinear (bent) structure with an angle of 105° between the two O—H bonds. 
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Bond type <q FIGURE 11.10 
Covalent Polar covalent Ionic Relating bond type to 

We Ny electronegativity difference 

between atoms. 

0 Intermediate 3.3 

Electronegativity difference 

The relationships among types of bonds are summarized in Figure 11.10. It is 

important to realize that bonding is a continuum, the difference between ionic and 

covalent is a gradual change. 

Lewis Structures of Compounds 

As we have seen, Lewis structures are a convenient way of showing the covalent 

bonds in many molecules or ions of the representative elements. In writing Lewis 
structures the most important consideration for forming a stable compound is that 

the atoms attain a noble gas configuration. 

The most difficult part of writing Lewis structures is determining the arrange- 

ment of the atoms in a molecule or an ion. In simple molecules with more than 

two atoms, one atom will be the central atom surrounded by the other atoms. Thus 

Cl,O has two possible arrangements, CI—Cl—O or CI—O— CL. Usually, but not 

always, the single atom in the formula (except H) will be the central atom. 

Athough Lewis structures for many molecules and ions can be written by 

inspection, the following procedure is helpful for learning to write these structures: 

Step 1. Obtain the total number of valence electrons to be used in the structure Remember, the number of 

by adding the number of valence electrons in all of the atoms in the valence electrons of Group A 

molecule or ion. If you are writing the structure of an ion, add one — elements is the same as their 

electron for each negative charge or subtract one electron for each  8FOUP number in the periodic 
positive charge on the ion. table. 

Step 2. Write down the skeletal arrangement of the atoms and connect them 

with a single covalent bond (two dots or one dash). Hydrogen, which 

contains only one bonding electron, can form only one covalent bond. 

Oxygen atoms are not normally bonded to each other, except in com- 

pounds known to be peroxides. Oxygen atoms normally have a maxi- 

’ mum of two covalent bonds, two single bonds or one double bond. 

Step 3. Subtract two electrons for each single bond you used in Step 2 from 

the total number of electrons calculated in Step 1. This calculation gives 

you the net number of electrons available for completing the structure. 

Step 4. Distribute pairs of electrons (pairs of dots) around each atom (except 

hydrogen) to give each atom a noble gas structure. 

Step 5. If there are not enough electrons to give these atoms eight electrons, 

change single bonds between atoms to double or triple bonds by shifting 

unbonded pairs of electrons as needed. Check to see that each atom 
has a noble gas electron structure (two electrons for hydrogen and 

eight for the others). A double bond counts as four electrons for each 

atom to which it is bonded. 
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Example 11.9 How many valence electrons are in each of these atoms: Cl, H,.GHORN,. 5; /P, 17 

Solution You can look at the periodic table to determine the electron structure, or, if the 

element is in Group A of the periodic table, the number of valence electrons is equal 

to the group number: 

jee eas 

Example I1.10 Write the Lewis structure for water, H,O. 

Solution Step 1 The total number of valence electrons is eight, two from the two 

hydrogen atoms and six from the oxygen atom. 

Step 2 The two hydrogen atoms are connected to the oxygen atom. Write the 

skeletal structure: 

HO or HOH 

H 

Place two dots between the hydrogen and oxygen atoms to form the 

covalent bonds: 

H:O or H:O:H 

H 

Step 3 Subtract the four electrons used in Step 2 from eight to obtain four 

electrons yet to be used. 

Step 4 Distribute the four electrons around the oxygen atom. Hydrogen atoms 

cannot accommodate any more electrons: 

Haa 8 Obs oo bse O Se. 

H 

This arrangement is the Lewis structure. Each atom has a noble-gas electron 

structure. Notice the shape of the molecule is not shown by the Lewis structure. 

Example I1.11 Write Lewis structures for a molecule of (a) methane, CHy, and (b) carbon tetrachlo- 

ride, CCl). 

Solution Part A 

Step 1 The total number of valence electrons is eight, one from each hydrogen 
atom and four from the carbon atom. 
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Step 2 The skeletal structure contains four H atoms around a central C atom. 

Place two electrons between the C and each H. 

H 
HCH H:C:H 

H H 
Step 3 Subtract the eight electrons used in Step 2 from eight to obtain zero 

electrons yet to be placed. Therefore, the Lewis structure must be as 
written in Step 2: 

Part B 

Step 1 The total number of valence electrons to be used is 32, four from the 

carbon atom and seven from each of the four chlorine atoms. 

_ Step 2 The skeletal structure contains the four Cl atoms around a central C 

atom. Place two electrons between the C and each Cl: 

Cl Cl 
Creu ecrec) 
cl Cl 

Step 3 Subtract the eight electrons used in Step 2 from 32, to obtain 24 electrons 

yet to be placed. 

Step 4 Distribute the 24 electrons (12 pairs) around the Cl atoms so that each 

Cl atom has eight electrons around it: 

S :Cl: 
OE GIS: yah WINE 913, 

>C1:C: Cl: or 2Cl—= CaCl: 

“Gls | 
ae Cl: 

This arrangement is the Lewis structure; CCl, contains four covalent bonds. 

Write a Lewis structure for CO). Example 11.12 

‘Step 1 The total number of valence electrons is 16, four from the C atom and Solution 

six from each O atom. 

Step 2 The two O atoms are bonded to a central C atom. Write the skeletal 

structure and place two electrons between the C and each O atom. 

O:C:0 

Step 3 Subtract the four electrons used in Step 2 from 16 to obtain 12 electrons 

yet to be placed. 

Step 4 Distribute the 12 electrons around the C and O atoms. Several possibili- 

ties exist: 

10 C70: 502G-0; sO: C10: 

I I Il 
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Step 5 All the atoms do not have eight electrons around them (noble gas 

structure). Remove one pair of unbonded electrons from each O atom 

in structure I and place one pair between each O and the C atom forming 

two double bonds: 

(O:CO! or %O=C=0: 

Each atom now has eight electrons around it. The carbon is sharing four pairs 

of electrons, and each oxygen is sharing two pairs. These bonds are known as 

double bonds since each involves sharing two pairs of electrons. 

Practice 11.4 

Write the Lewis structure for each of the following: 

(a) PBr3, (b) CHCl, (c) HF, (d) H2CO. 

Although many compounds attain a noble gas structure in covalent bonding, 

there are numerous exceptions. Sometimes it is impossible to write a structure in 

which each atom has eight electrons around it. For example, in BF, the boron atom 

has only six electrons around it, and in SF the sulfur atom has 12 electrons around it. 

Even though there are exceptions, many molecules can be described using 

Lewis structures where each atom has a noble gas electron configuration. This is a 

useful model for understanding chemistry. 

Complex Lewis Structures 

Most Lewis structures give bonding pictures that are consistent with experimental 

information on bond strength and length. There are some molecules and polyatomic 

ions for which no single Lewis structure consistent with all characteristics and 

bonding information can be written. For example, consider the nitrate ion, NO3. 

To write a Lewis structure for this polyatomic ion we would use the following steps. 

Step 1 The total number of valence electrons is 24, five from the nitrogen 
atom, and six from each oxygen atom, plus one electron from the 

— 1 charge. 

Step 2 The three O atoms are bonded to a central N atom. Write the skeletal 

structure and place two electrons between each pair of atoms: 

pital 

Step 3 Subtract the six electrons used in Step 2 from 24 to obtain eighteen 

electrons yet to be placed. 

Step 4 Distribute the eighteen electrons around the N and O atoms: 
ne 

:O0+<—— electron deficient 

:0:N:0: 
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Step 5 One pair of electrons is still needed to give all the N and O atoms a 

noble gas structure. Move the unbonded pair of electrons from the N 

atom and place it between the N and the electron-deficient O atom, 

making a double bond. 

:0 . :0: 7 :0: 

vie or eee eee or ot? io 
tO =-IN —-(: -O—N=O: O=N—O: 

Are these all valid Lewis structures? Yes, so there are really three possible Lewis 

structures for NO3. 

A molecule or ion that has multiple correct Lewis structures shows resonance. 

Each of these Lewis structures is called a resonance structure. In this book, 

however, we will not be concerned with how to choose the correct resonance 

structure for a molecule or ion. Therefore, any of the possible resonance structures 

may be used to represent the ion or molecule. 

Write the Lewis structure for a carbonate ion, CO3%~. 

Step 1 These four atoms have 22 valence electrons plus two electrons from 

the —2 charge, which makes 24 electrons to be placed. 

Step 2 In the carbonate ion the carbon is the central atom surrounded by the 

three oxygen atoms. Write the skeletal structure and place two electrons 

between each pair of atoms: 

1 
Fry 

O 

Step 3 Subtract the six electrons used in Step 2 from 24 to give 18 electrons 

yet to be placed. 

Step 4 Distribute the 18 electrons around the three oxygen atoms and indicate 

that the carbonate ion has a —2 charge: 

eis = 
te 

C hae 
20: tO: 

The difficulty with this structure is that the carbon atom has only six electrons 

around it instead of a noble gas octet. 

Step 5 Move one of the nonbonding pairs of electrons from one of the oxygens 

and place them between the carbon and the oxygen. These Lewis struc- 

tures are possible: 

ar ae 7 ae a= 

C or C or 

ZA ee . 

resonance structure 

Example 11.13 

Solution 
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: Practice I. - 

: Write the Lewis. structure ‘for os of he following (a) NH3, ) io 

© a ? HCO3._ 

Compounds Containing 
Polyatomic lons 

A polyatomic ion is a stable group of atoms that has either a positive or a negative 

charge and behaves as a single unit in many chemical reactions. Sodium carbonate, 

Na»CO3, contains two sodium ions and a carbonate ion. The carbonate ion, COs 

is a polyatomic ion composed of one carbon atom and three oxygen atoms and has 

a charge of —2. One carbon and three oxygen atoms have a total of 22 electrons 

in their outer shells. The carbonate ion contains 24 outer shell electrons and therefore 

has a charge of —2. In this case, the two additional electrons come from the two 

sodium atoms, which are now sodium ions: 

: O: te : © : don 

[Na]* ¢_ | walt i" 
0 aes 0 Ogee 

sodium carbonate carbonate ion 

Sodium carbonate has both ionic and covalent bonds. Ionic bonds exist between 

each of the sodium ions and the carbonate ion. Covalent bonds are present between 

the carbon and oxygen atoms within the carbonate ion. One important difference 

between the ionic and covalent bonds in this compound can be demonstrated by 

dissolving sodium carbonate in water. It dissolves in water forming three charged 

particles, two sodium ions and one carbonate ion, per formula unit of NayCO3: 

NaCO;” = 2 Nasaeoe COm 
sodium carbonate sodium ions carbonate ion 

The CO%~ ion remains as a unit, held together by covalent bonds; but where the 
bonds are ionic, dissociation of the ions takes place. Do not think, however, that 
polyatomic ions are so stable that they cannot be altered. Chemical reactions by 

which polyatomic ions can be changed to other substances do exist. 

Molecular Structure 

So far in our discussion of bonding we have used Lewis structures to represent 

valence electrons in molecules and ions, but they do not indicate anything regarding 
the molecular or geometric structure of a molecule. The three-dimensional arrange- 

ment of the atoms within a molecule is a significant feature in understanding 

molecular interactions. Let’s consider several examples. Water is known to have 
the geometric structure: 
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known as “bent” or “V-shaped.” Carbon dioxide exhibits a linear shape: 

O—=C=O 

whereas BF; forms a third molecular structure: 

ro ea F 

| 
F 

Methane, CH, 

This last structure is called trigonal planar since all the atoms lie in one plane in 

a triangular arrangement. One of the more common molecular structures is the 

tetrahedron illustrated by the molecule methane, CH,, shown in the margin. 

How can chemists predict the geometric structure of a molecule? We will now 

study a model developed to assist in making predictions from the Lewis structure. 

The Valence Shell Electron Pair 

Repulsion (VSEPR) Model 

The chemical properties of a substance are closely related to the structure of its 

molecules. A change in a single site on a large biomolecule can make a difference 

in whether or not a particular reaction occurs. 
Instrumental analysis can be used to determine exact spatial arrangements of 

atoms. Quite often, though, we only need to be able to predict the approximate 

structure of a molecule. A relatively simple model has been developed by chemists 

to allow us to make predictions of shape from Lewis structures. 

The VSEPR model is based on the idea that electron pairs will repel each other 

electrically and will seek to minimize this repulsion. In order to accomplish this 

minimization, the electron pairs will be arranged around a central atom as far apart 

as possible. Consider BeCly, a molecule with only two pairs of electrons surrounding 

the central atom. These electrons are arranged 180° apart for maximum separation: 

180° 

ape “a 
The molecular structure can now be labeled as a linear structure. When only two _sfinear structure 

pairs of electrons surround an atom they should be placed 180° apart to give a 

linear structure. 

What occurs when there are three pairs of electrons on the central atom? 

Consider the BF; molecule. The greatest separation of electron pairs occurs when 

the angles between atoms are 120°: 

F 120° F 

ey 120° 120° 

FE 

This arrangement of atoms is flat (planar) and is usually called trigonal planar. trigonal planar 

When three pairs of electrons surround an atom they should be placed 120° apart 

to show the trigonal planar structure. 
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tetrahedral structure 

H 

Methane, CH, 

FIGURE I1.11 A 
Ball-and-stick models of methane 

and carbon tetrachloride. 

Methane and carbon tetra- 

chloride are nonpolar molecules 

because their polar bonds cancel 

each other in the tetrahedral 

arrangement of their atoms. The 

carbon atoms are located in the 

centers of the tetrahedrons. 

Now consider the most common situation, CH4, with four pairs of electrons 

on the central carbon atom. In this case, the central atom exhibits a noble gas 

electron structure. What arrangement will best minimize the electron pair repulsions? 

At first it seems that an obvious choice is a 90° angle with all the atoms in a 

single as 

90° i 

‘woo 

However, we must consider that molecules are three-dimensional. This concept 

results in a structure in which the electron pairs are actually 109.5° apart: 

109.5° 
HoH 

por H on 

In this diagram the wedged line seems to protrude from the page whereas the dashed 

line recedes. Two examples showing representations of this arrangement, known as 

tetrahedral structure, are illustrated in Figure 11.11. When four pairs of electrons 

surround an atom they should be placed 109.5° apart to give them a tetrahedral 

structure. 

GC] 

CH, Carbon tetrachloride, CCl 4 CCl, 

The VSEPR model is based on the premise that we are counting electron pairs. 

It is quite possible that one or more of these electron pairs may be nonbonding or 

lone pairs. What happens to the molecular structure in these cases? Consider the 

ammonia molecule. First draw the Lewis structure to determine the number of 
electron pairs around the central atom: 

H:N:H 
H 

Since there are four pairs of electrons the arrangement of electrons around the 
central atom will be tetrahedral. However, only three of the pairs are bonded to 
another atom, so the shape of the molecule itself is pyramidal. It is important to 
understand that the placement of the electron pairs determines the structure but the 
name of the shape of the molecule is determined by the position of the atoms 
themselves. Therefore, ammonia has a pyramidal shape, not a tetrahedral shape. 
See Figure 11.12. 

Now consider the effect of two unbonded pairs of electrons in the water mole- 
cule. The Lewis structure for water is 
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<q FIGURE 11.12 
(a) The tetrahedral arrangement 

of electron pairs around the N 

atom in the NH; molecule. 

(b) Three pairs are shared and 

one is unshared. (c) The NH, 

molecule has a trigonal 

(c) pyramidal structure. 

<q FIGURE 11.13 
(a) The tetrahedral arrangement 

of the four electron pairs around 

oxygen in the H,O molecule. (b) 

ae Two of the pairs are shared and 
two are unshared. (c) The H,O 

molecule has a bent molecular 

structure. 

(a) 

aC: 

H 

The four electron pairs indicate a tetrahedral arrangement is necessary (see Figure 

11.11). The molecule is not tetrahedral because two of the electron pairs are unbonded 

pairs. The atoms in the water molecule form a “bent” shape as shown in Figure 

11.13. Using the VSEPR model helps to explain some of the unique properties of 

the water molecule. Because it is bent and not linear we can see that the molecule 

is polar. 

The properties of water that cause it to be involved in so many interesting and 

important roles are largely a function of its shape and polarity. We will consider 

water in greater detail in Chapter 13. 

Predict the molecular structure for each molecule: HS, CCly, AIF3. Example 11.14 

1. Draw the Lewis structure. Solution 

2. Count the electron pairs and determine the arrangement that will mini- 

mize repulsions. 

3. Determine the positions of the atoms and name the structure. 

Number of Electron pair Molecular 

Molecule Lewis structure electron pairs arrangement structure 
Cee aes a RET Eee Se eI an 

HS Hse 4 Tetrahedral Bent 

le 
enc Cr: A Wetahedral «=—s tetrahedral 

rCle 

Trigonal planar Trigonal planar 



Chemistry in Action 

What do color-changing pens or toy cars, 

bullet-resistant vests, wristwatches, calcu-— 

lators, and color-changing thermometers 2 
have in common? The chemicals _ that [- 

make each of them work are liquid crys- | | 
tals. In a normal crystal the molecules _ 

have an orderly arrangement. In a liquid 

: crystal the molecules can flow and main- 

time. 
‘The molecules in all typ 

tain an nea ae at the same one 

~ erystals are linear and polar. Th toms of 

- linear molecules tend to lie 

straight line and the molecules are g gener- e ae a 

ally much longer than they are wide. Polar 6. 

_ molecules are attracted to. each other, and : 

certain linear « ones are able to line upin 
idifying, to 
bslancecal 

be used as a liquid crystal display (LED), a a 
to change color with changing temperaa 
“re, OF to make a ete synthetic Oe 

ilar. Normally the LCD acts as a mirror 
- reflecting the light that enters it. The dis- 
“play is created by a series of layers, con- 

sisting of a filter, a glass etched with tiny 

_ lines, a liquid crystal chamber, a second 

etched glass, a bottom filter, and a mirror 

_ (see diagram). The molecules at the top 

- an orderly fashion, without s ( 
iG form liquid crystals, Such a 

Les Re 
_ © The key to these’ produc 

: color with temperature 1; 

In the liquid crystal the molecules lie side 

by side in a nearly flat layer. The next 

layer i is similar but at an angle to the one 

: below. These closely packed flat layers © 

: have a special effect on light. AS the light | 

~ strikes the surface, some of it is reflected 

from the top layer and more from lower 

layers. When the same wavelength i is re- ; 3 

- flected from many layers a color is ob- — 

served. This is similar to the rainbow of 

colors formed by oil in a puddle on the — 
street or the film of a soap bubble. As the | 
temperature increases the molecules move 

faster, causing a change in the angle and 

the space between the layers. These 

changes result in a color change in the 

reflected light. Different 

change color within different temperature 

ranges, allowing a variety of ee and 

- amusing applications. 

In liquid crystal displays (LCDs) in 

watches and calculators the process is sim- 

at cae < 
the twisted 

_ arrangement of the molecules. The linear | 

- molecules form a generally flat surface. 

compounds 

of the liquid crystal chamber align with 

the lines on the top layer of glass whereas 
_ those at the bottom align with the grooves 
_ on that glass (90-degree turn from the top). 
In between the molecules line up as 

closely as possible with neighboring mol- 
ecules to form a twisted spiral. To display 

a number a tiny current is sent to the 

proper SiO, segments on the etched piece 

of glass. The plates become charged, and 

the polar molecules of the liquid crystal 

are attracted to the charged segments, thus 

destroying the carefully arranged spirals. 

The pattern of reflected light is changed 

and a numeral appears. 

Another type of liquid crystal (ne- 
matic) contains molecules that all point in 

the same direction. These liquid crystals 

are used to manufacture very strong syn- 

thetic fibers. The molecules in nematic 

Top filter 

Transparent electrode 

(Etched glass) 

Liquid crystal 
chamber 

Transparent electrode 
(Etched glass) 

Bottom filter (90° angle 
from top filter) 

Mirror 

ae Adapted from Chem Matters Magazine. 

crystals all line up in the same direction 

but are free to slide past one another. 

Perhaps the best example of these liq- 

uid crystals is the manufacture of Kevlar, 
a synthetic fiber used in bullet-resistant 

vests, canoes, and parts of the space shut- 

tle. Kevlar is a synthetic polymer, like 

nylon or polyester, that gains strength by 

passing through a liquid crystal state dur- 

ing its manufacture. In a typical polymer 

the long molecular chains are jumbled to- 

gether, somewhat like spaghetti. The 

strength of the material is limited by the 

disorderly arrangement. 

The trick is to get the molecules to line 

up parallel to each other. Once the giant 

molecules have been synthesized they are 

dissolved in sulfuric acid. At the proper 

concentration the molecules align, and the 

solution is forced through tiny holes in a 

nozzle and further aligned. The sulfuric 

acid is removed in a water bath forming 

solid fibers in near perfect alignment. One 

strand of Kevlar is stronger than an equal- 

sized strand of steel. It has a much lower 

density as well, making it a material of 

choice in bullet-resistant vests. 

244 
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| Practice 11.6. 

| Predict the shape for CF,, NF3, and BeF>, 

cepts in Review 

1. Describe how atomic radii vary (a) from left to right in a period, and (b) from 

top to bottom in a group. 

2. Describe how the ionization energies of the elements vary with respect to (a) 

the position in the periodic table and (b) the removal of successive electrons. 

3. Write Lewis structures for the representative elements from their position in 

the periodic table. 

4. Describe (a) the formation of ions by electron transfer and (b) the nature of the 

chemical bond formed by electron transfer. 

5. Show by means of Lewis structures the formation of an ionic compound 

from atoms. 

6. Describe a crystal of sodium chloride. 

7. Predict the relative sizes of an atom and a monatomic ion for a given element. 

8. Describe the covalent bond and predict whether a given covalent bond will be 

polar or nonpolar. 

9, Draw Lewis structures for the diatomic elements. 

10. Identify single, double, and triple covalent bonds. 

11. Describe the changes in electronegativity in (1) moving across a period and (2) 

moving down a group in the periodic table. 

12. Predict formulas of simple compounds formed between the representative 

(Group A) elements using the periodic table. 

13. Describe the effect of electronegativity on the type of chemical bonds in a com- 

pound. 

14. Draw Lewis structures for (a) the molecules of covalent compounds and (b) 

polyatomic ions. 

15.. Describe the difference between polar and nonpolar bonds. 

16. Distinguish clearly between ionic and molecular substances. 

17. Predict whether the bonding in a compound will be primarily ionic or covalent. 

18. Describe the VSEPR model for molecular shape. 

19. Use the VSEPR model to determine molecular structure from Lewis structure 

for given compounds. 
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The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

covalent bond (11.5) 

dipole (11.6) 

electronegativity (11.6) 

ionic bond (11.3) 

stions 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. 

10. 

Rank the following five elements according to the radii of 

their atoms, from smallest to largest: Na, Mg, Cl, K, and 

Rb. (Figure 11.2) 

. Explain why much more ionization energy is required to 

remove the first electron from neon than from sodium. 

(Table 11.1) 

. Explain the large increase in ionization energy needed to 

remove the third electron from beryllium compared with 

that needed for the second electron. (Table 11.1) 

. Does the first ionization energy increase or decrease from 

top to bottom in the periodic table for the alkali metal 
family? Explain. (Figure 11.3) 

. Does the first ionization energy increase or decrease from 

top to bottom in the periodic table for the noble gas family? 

Explain. (Figure 11.3) 

. Why does barium (Ba) have a lower ionization energy than 
beryllium (Be)? (Figure 11.3) 

. Why is there such a large increase in the ionization energy 

required to remove the second electron from a sodium atom 

as opposed to the first? (Table 11.1) 

- Which element in each of the following pairs has the larger 
atomic radius? (Figure 11.2) 

(a) Na or K (c) O or F 
(b) Na or Mg (d) Br or I 

(e) Ti or Zr 

. Which element in each of Groups IA—VIIA has the smallest 
atomic radius? (Figure 11.2) 

Why does the atomic size increase in going down any 

family of the periodic table? 

ionization energy (11.1) 

Lewis structure (11.2) 

linear structure (11.11) 

nonpolar bond (11.6) 

11. 

12. 

13. 

14. 

15. 

16. 

17. 

polar covalent bond (11.5) 

resonance structure (11.8) 

tetrahedral structure (11.11) 

trigonal planar (11.11) 

All the atoms within each Group A family of elements can 

be represented by the same Lewis structure. Complete the 

table below, expressing the Lewis structure for each group. 

(Use E to represent the elements.) (Figure 11.4) 

Group IA IIA THA IVA VA_ VIA_ VIIA 
E: 

Draw the Lewis structure for Cs, Ba, Tl, Pb, Po, At, and 

Rn. How do these structures correlate with the group in 

which each element occurs? 

In which general areas of the periodic table are the elements 

with (a) the highest and (b) the lowest electronegativities 

found? 

What are valence electrons? 

Explain why potassium usually forms a Kt ion but not a 
K?* ion. 

Why does an aluminum ion have a +3 charge? 

Which of these statements are correct? (Try to answer 
this exercise using only the periodic table.) Rewrite each 
incorrect statement to make it correct. 
(a) If the formula for calcium iodide is Cal,, then the 

formula for cesium iodide is CsI). 
(b) Metallic elements tend to have relatively low electro- 

negativities. 
(c) If the formula for aluminum oxide is Al,O3, then the 

formula for gallium oxide is Ga,O3. 
(d) Sodium and chlorine react to form molecules of NaCl. 
(e) A chlorine atom has fewer electrons than a chloride ion. 
(f) The noble gases have a tendency to lose one electron 

to become positively charged ions. 
(g) The chemical bonds in a water molecule are ionic. 
(h) The chemical bonds in a water molecule are polar. 



18. 

(i) Valence electrons are those electrons in the outermost 

shell of an atom. 

(j) An atom with eight electrons in its outer shell has all 

its s and p orbitals filled. 

(k) Fluorine has the lowest electronegativity of all the ele- 

ments. 

(1) Oxygen has a greater electronegativity than carbon. 

(m) A cation is larger than its corresponding neutral atom. 

(n) Cl, is more ionic in character than HCl. 

(o) A neutral atom with eight electrons in its valence shell 

will likely be an atom of a noble gas. 

(p) A nitrogen atom has four valence electrons. 

(q) Analuminum atom must lose three electrons to become 

an aluminum ion, Alas 

(r) A stable group of atoms that has either a positive or 

a negative charge and behaves as a single unit in many 

chemical reactions is called a polyatomic ion. 

(s) Sodium sulfate, Na,SOuz, has covalent bonds between 

sulfur and the oxygen atoms, and ionic bonds between 

the sodium ions and the sulfate ion. 

-(t) The water molecule is a dipole. 

(u) In an ethylene molecule, C,Hy, 

Hm as vu 
ie 

H aH 
two pairs of electrons are shared between the carbon 

atoms. 

(v) When electrons are transferred from one atom to an- 

other, the resulting compound contains ionic bonds. 

(w) A phosphorus atom, P., needs three additional elec- 

trons to attain a noble-gas electron structure. 

(x) The simplest compound between oxygen, ‘O-, and flu- 

orine, F-, atoms is FO. 

(y) The H:Cl: molecule has three unshared pairs of elec- 

trons. 

Which of these statements are correct? (Try to answer 

this exercise using only the periodic table.) Rewrite each 

incorrect statement to make it correct. 

d Exercises 
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(a) The smaller the difference in electronegativity between 

two atoms, the more ionic the bond between them 

will be. 

(b) Lewis structures are mainly useful for the representa- 

tive elements. 

(c) The correct Lewis structure for NH; is 

H:N:H 
H 

(d) The correct Lewis structure for CO, is 

103630: | 

(e) The Lewis structure for the noble gas helium is 

:He: 
(f) In Period 5 of the periodic table, the element having 

the lowest ionization energy is Xe. 

(g) An atom having an _ electron structure of 

1s?2s72p°3s*3p* has four valence electrons. 

(h) When an atom of bromine becomes a bromide ion, its 

size increases. 

(i) The structures that show that H,O is a dipole and that 

CO, is not a dipole are 

H—O—H and :;O=C=0: 

(j) The Cl” and S*7~ ions have the same electron structure. 

(k) A molecule with the central atom surrounded by two 

pairs of electrons has a linear shape. 

(1) A molecule with a central atom having three bonding 

pairs and one nonbonding electron pair will have a 

tetrahedral electron structure and a tetrahedral shape. 

(m) A molecule in which the central atom is surrounded 

by three bonding pairs of electrons will have a trigonal 

planar shape. 
(n) A molecule with two bonding and two nonbonding 

pairs of electrons will have a bent shape. 

(0) The Lewis structure for nitrogen is :N- : 

(p) The Lewis structure for potassium issee 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

19. 

21. 

Which is larger, a magnesium atom or a magnesium ion? 

Explain. 

Using the table of electronegativity values (Table 11.5), 

indicate which element is more positive and which is more 

negative in the following compounds: 

(a) H,O (c) NH3 (e) NO 

(b) NaF (d) PbS (f) CH, 

20. Which is smaller, a bromine atom or a bromide ion? Ex- 

plain. 

. Using the table of electronegativity values (Table 11.5), 

indicate which element is more positive and which is more 

negative in the following compounds: 

(a) HCl (c) CCly (e) MGgH, 

(b) LiH (d) [Br (f) OF, 
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23. 

25. 

27. 

29. 

31. 

33. 

35s 

37. 

39. 

41. 

43. 

45. 
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Classify the bond between the following pairs of elements 

as principally ionic or principally covalent (use Table 11.5): 

(a) sodium and chlorine 

(b) carbon and hydrogen 

(c) chlorine and carbon 

(d) calcium and oxygen 

Explain what happens to the electron structures of Mg and 

Cl atoms when they react to form MgCl. 

Use Lewis structures to show the electron transfer for the 

formation of the following ionic compounds from the 

atoms: 

(a) MgF, (b) K,0 

How many valence electrons are in each of these atoms? 

H, K, Mg, He, Al 

How many electrons must be gained or lost for each of the 

following to achieve a noble-gas electron structure? 

(a) a calcium atom 

(b) a sulfur atom 

(c) a helium atom 

Which is larger? Explain. 

(a) a potassium atom or a potassium ion 

(b) a bromine atom or a bromide ion 

Let E be any representative element. Following the pattern 

in the table, write the formulas for the hydrogen and oxygen 

compounds of 

(a) Na (c) Al 
(b) Ca (d) Sn 

Group 

IA WA WA IVA VA VIA VIIA 

EH Presb ee EM SHB i HE: 
E,0 EO  £,0; EQ, £,0; EO; £,0, 

The formula for sodium sulfate is NaySO,. Write the names 

and formulas for the other alkaline earth metal sulfates. 

Write Lewis structures for 

(a) Na (b) Br (c) O?- 

Classify the bonding in each compound as ionic or covalent: 

(a) HO (c) MgO 
(b) NaCl (d) Bro 

Predict the type of bond that would be formed between 
each of the following pairs of atoms: 

(a) Na and N 

(b) N and S 
(c) Br and I 

Draw Lewis structures for 

(a) H (b) No (c) Cl, 

24. Classify the bond between the following pairs of elements 

26. 

28. 

30. 

32. 

34. 

36. 

38. 

40. 

42. 

44, 

46. 

as principally ionic or principally covalent (use Table 11.5): 

(a) hydrogen and sulfur 

(b) barium and oxygen 

(c) fluorine and fluorine 

(d) potassium and fluorine 

Write an equation representing 

(a) the change of a fluorine atom to a fluoride ion and 

(b) the change of a calcium atom to a calcium ion 

Use Lewis structures to show the electron transfer for the 

formation of the following ionic compounds from the 

atoms: 

(a) CaO (b) NaBr 

How many valence electrons are in each of these atoms? 

SiNe EO el 

How many electrons must be gained or lost for each of the 

following to achieve a noble-gas electron structure? 

(a) a chloride ion 

(b) a nitrogen atom 

(c) a potassium atom 

Which is larger? Explain. 

(a) a magnesium ion or an aluminum ion 

(b) Fe?* or Fe? : 

Let E be any representative element. Following the pattern 

in the table, write the formulas for the hydrogen and oxygen 

compounds of 

(a) Sb (c) Cl 

(b) Se (d) C 

Group 

IA WA WIA IVA VA VIA VIIA 

EH EH, EH; EH, EH; H,E HE 

E,0 EO £0; EQ, £,05 “EO, £0, 

The formula for calcium bromide is CaBr5. Write the names 
and formulas for the other alkaline earth metal bromides. 

Write Lewis structures for 

(a) Ga (b) Ga? t+ (c) Ca2* 

Classify the bonding in each compound as ionic or covalent: 
(a) HCl (c) NH; 
(b) BaCl, (d) SO, 
Predict the type of bond that would be formed between 
each of the following pairs of atoms: 
(a) H and Si 

(b) O and F 

(c) Ca and I 

Draw Lewis structures for 

(a) O (b) Br, (c) Ip 



47. 

49. 

51. 

53. 

Ss 

57. 

So 

Draw Lewis structures for 

(a) NCl, (c) CH, 

(b) H,CO,; (d) NaNO, 

Draw Lewis structures for 

(a) Ba*t (d) CN7 
(b) ABT (e) HCOZ 
(c) SOZ%7 
Classify the following molecules as polar or nonpolar: 

(a) H,O 
(b) HBr 

(c) CFy 

Give the number and arrangement of the electron pairs 

around the central atom: 

(a) C in CCl, 

(b) S in H5S 

(c) Al in AIH; 

Use VSEPR theory to predict the structure of the following 

polyatomic ions: 

(a) sulfate ion 

(b) chlorate ion 

(c) periodate ion 

Use VSEPR theory to predict the shape of the following 

molecules: 

(a) SiH, 

(b) PH3 
(c) SeF, 

Identify this element, from the following description: 

Element X reacts with sodium to form the compound NajX 

and is in the second period on the periodic table. 

itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

61. Identify the element on the periodic table that satisfies each 

of the following descriptions: 

(a) the transition metal with the largest atomic radius 

(b) the alkaline earth metal with the greatest ionization 

energy 

(c) the least dense member of nitrogen’s family 

(d) the alkali metal with the greatest ratio of neutrons 

to protons 

(e) the most electronegative transition metal 

50. 

52. 

54. 

56. 

58. 

60. 

62. 

63. 

64. 

Additional Exercises 

. Draw Lewis structures for 

(a) H,S (c) NH; 

(b) CS5 (d) NH,Cl 

Draw Lewis structures for 

(a) I (d) ClO3 

(b) S77 (e) NOZ 

(c) COZ” 
Classify the following molecules as polar or nonpolar: 

(a) Fy 

(b) CO 
(c) NH, 

Give the number and arrangement of the electron pairs 

around the central atom: 

(a) Be in BeF, 

(b) N in NF3 
(c) Cl in HCl 

Use VSEPR theory to predict the structure of the following 

polyatomic ions: 

(a) ammonium ion 

(b) sulfite ion 

(c) phosphate ion 

Use VSEPR theory to predict the shape of the following 

molecules: 

(a) SiF, 

(b) OF, 

(c) ClO 

Identify this element from the following description: 

Element Y reacts with oxygen to form the compound Y,0 

and has the lowest ionization energy of any fourth-period 

element on the periodic table. 

Choose the element that fits each of the following descrip- 

tions: 
(a) the lower electronegativity As or Zn 

(b) the lower chemical reactivity Ba or Be 

(c) the fewer valence electrons N or Ne 

Identify two reasons for the fact that fluorine has a much 

higher electronegativity than neon. 

When one electron is removed from an atom of Li, it has 

two left. Helium atoms also have two electrons. Why is 

more energy required to remove the second electron from 

Li than to remove the first from He? 
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65. Group IB elements (see the periodic table on the inside de 

cover of your book) have one electron in their outer shell, 

as do Group IA elements. Would you expect them to form 78 

compounds such as CuCl, AgCl, and AuCl? Explain. 

66. The formula for lead(II) bromide is PbBr,: predict formulas 

for tind) and germanium(II) bromides. 

67. Why is it not proper to speak of sodium chloride molecules? 

68. What is a covalent bond? How does it differ from an 

ionic bond? 82. 

69. Briefly comment on the structure Na:O:Na for the com- 

pound Na,O. 

70. What are the four most electronegative elements? 

71. Rank these elements from highest electronegativity to low- 
est: Mg, S, F, H, O, Cs. 

72. Is it possible for a molecule to be nonpolar even though it 

contains polar covalent bonds? Explain. 

73. Why is CO, a nonpolar molecule, whereas CO is a polar 

molecule? 

74. Estimate the bond angle between atoms in each of these 
molecules. 
(a) HS 85. 
(b) NH; 
(c) NHZ 
(d) SiC, 

75. What is meant by the term superconductor? 86. 

76. What is the important relationship between 77 K and super- 

conductivity? 

ers to Practice Exercises 

83. 

84. 

What was the relationship on the periodic table that enabled 

Chu to find a high temperature superconductor? 

. Indicate the limitations of current superconducting material. 

79. 

80. 

81. 

Indicate three uses for liquid crystals. 

Explain how a liquid crystal display works. 

What is Kevlar? How does it attain the property of super- 

strength? 

Consider the two molecules BF; and NF3. Compare and 

contrast these two in terms of 

(a) the valence level orbitals on the central atom that are 

used for bonding 

(b) the shape of the molecule 

(c) the number of lone electron pairs on the central atom 

(d) the type and number of bonds found in the molecule 

With respect to electronegativity, why is fluorine such an 

important atom? What combination of atoms on the periodic 
table results in the most ionic bond? 

Why does the Lewis structure of each element in a given 

group of representative elements on the periodic table have 
the same number of dots? 

A sample of an air pollutant composed of sulfur and oxygen 

was found to contain 1.40 g sulfur and 2.10 g oxygen. 

What is the empirical formula for this compound? Draw a 

Lewis structure to represent it. 

A dry-cleaning fluid composed of carbon and chlorine was 

found to have the composition 14.5% carbon and 85.5% 

chlorine. Its known molar mass is 166 g/mol. Draw a Lewis 
structure to represent it. 

11.1 (@):N-  (b) :Al_— ©) Sr?) :Br- is @ Ww (b) Gch 
11.2 (a) NaS (b) PbO : H H 
11.3 (a) Mg3N> (b) Ba3As> . a (c) H + (d) :0: = 

LASER a | ICES qa) G H:N:H lisg:ted| 
Br: Cl: 

11.6 CF, tetrahedral, NF3 pyramidal, BeF, linear 
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Chapter 12 

12.1 General Properties Our atmosphere is composed of a mixture of gases, including nitrogen, oxygen, 
er carbon dioxide, ozone, and trace amounts of other gases. But there are cautions to 

12.2 The Kinetic-Molecular : ; 
Theory be observed and respected when dealing with our atmosphere. For example, carbon 

dioxide is valuable as it is taken in by plants and converted to carbohydrates, but 
12.3 Measurement of it also is associated with the potentially hazardous greenhouse effect. Ozone sur- 

Pressure of Gases rounds the earth at high altitudes and protects us from harmful ultraviolet rays, but 

12.4 Dependence of it also destroys rubber and plastics. We require air to live, yet scuba divers must 

Pressure on Number be concerned about oxygen poisoning, and the “bends.” 

of Molecules and In chemistry, the study of the behavior of gases allows us to lay a foundation 
Temperature for understanding our atmosphere and the effects that gases have on our lives. 

12.5 Boyle’s Law 

meee. General Properties 
12.7. Gay-Lussac’s Law | 

eae mre In Chapter 3, solids, liquids, and gases were described briefly. In this chapter we and Pressure : ; ; : 
shall consider the behavior of gases in greater detail. 

12.9 Combined Gas Laws: Gases are the least dense and most mobile of the three states of matter. A solid 
Simultaneous Changes _has a rigid structure, and its particles remain in essentially fixed positions. When a 
in Pressure, Volume, solid absorbs sufficient heat, it melts and changes into a liquid. Melting occurs 
and Temperature because the molecules (or ions) have absorbed enough energy to break out of the 

12.10 Dalton’s Law of Partial rigid crystal lattice structure of the solid. The molecules or ions in the liquid are 
Pressures more energetic than they were in the solid, as indicated by their increased mobility. 

A Molecules in the liquid state cling to one another. When the liquid absorbs additional 
beac Rano shaw, heat, the more energetic molecules break away from the liquid surface and go into 
12.12 Mole-—Mass—Volume the gaseous state—the most mobile state of matter. Gas molecules move at very 

Relationships of Gases high velocities and have high kinetic energy (KE). The average velocity of hydrogen 
: molecules at 0°C is over 1600 meters (1 mile) per second. Mixtures of gases are 

fee bent tty OL Gaees uniformly distributed within the container in whieh they are confined. ‘ 
12.14 Ideal Gas Equation A quantity of a substance occupies a much greater volume as a gas than it does 
12.15 Stoichiometry as a gous or a solid. For example, 1 mol of water (18.02 g) has a volume of 18 

livolyinetGases mL at 4°C. This same amount of water would occupy about 22,400 mL in the 
gaseous state—more than a 1200-fold increase in volume. We may assume from 

12.16 Real Gases this difference in volume that (1) gas molecules are relatively far apart, (2) gases can 
12.17 Air Pollution be greatly compressed, and (3) the volume occupied by a gas is mostly empty space. 

Kinetic-Molecular Theory (KMT) 

The Kinetic-Molecular Theory 

Careful scientific studies of the behavior and properties of gases were begun in the 
17th century by Robert Boyle (1627-1691). This work was carried forward by many 
investigators, and the accumulated data were used in the second half of the 19th 
century to formulate a general theory to explain the behavior and properties of <q Chapter Opening Photo: 

The colorful art of hot air 

ballooning illustrates the 

multiple properties of gases. 

gases. This theory is called the Kinetic-Molecular Theory (KMT). The KMT has 
since been extended to cover, in part, the behavior of liquids and solids. It ranks 
today with the atomic theory as one of the greatest generalizations of modern science. 

252 
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The KMT is based on the motion of particles, particularly gas molecules. A 

gas that behaves exactly as outlined by the theory is known as an ideal gas. Actually 

no ideal gases exist, but under certain conditions of temperature and pressure, gases 

approach ideal behavior, or at least show only small deviations from it. Under 

extreme conditions, such as very high pressure and low temperature, real gases may 

deviate greatly from ideal behavior. For example, at low temperature and high 

pressure many gases become liquids. 

The principal assumptions of the Kinetic-Molecular Theory are: 

1. Gases consist of tiny (submicroscopic) particles. 
2. The distance between particles is large compared with the size of the particles 

themselves. The volume occupied by a gas consists mostly of empty space. 

3. Gas particles have no attraction for one another. 

4. Gas particles move in straight lines in all directions, colliding frequently 

with one another and with the walls of the container. 
5. No energy is lost by the collision of a gas particle with another gas particle 

or with the walls of the container. All collisions are perfectly elastic. 

The average kinetic energy for particles is the same for all gases at the same 

temperature, and its value is directly proportional to the Kelvin temperature. 
a 

The kinetic energy (KE) of a particle is one-half its mass times its velocity 

squared. It is expressed by the equation 

KE = sy? 

where m is the mass and v is the velocity of the particle. 

All gases have the same kinetic energy at the same temperature. Therefore, 

from the kinetic energy equation we can see that, if we compare the velocities of 

the molecules of two gases, the lighter molecules will have a greater velocity than 

the heavier ones. For example, calculations show that the velocity of a hydrogen 

molecule is four times the velocity of an oxygen molecule. 

Due to their molecular motion, gases have the property of diffusion, the ability 

of two or more gases to mix spontaneously until they form a uniform mixture. The 

diffusion of gases may be illustrated by use of the apparatus shown in Figure 12.1. 

Two large flasks, one containing reddish brown bromine vapors and the other dry 

air, are connected by a side tube. When the stopcock between the flasks is opened, 

the bromine and air will diffuse into each other. After standing awhile, both flasks 

will contain bromine and air. 

Bromine Air Bromine and air Bromine and air 

ideal gas 

diffusion 

<q FIGURE 12.1 
Diffusion of gases. When the 

stopcock between the two flasks 

is opened, colored bromine 

molecules can be seen diffusing 

into the flask containing air. 
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effusion 

Graham’s law of effusion 

pressure 

atmospheric pressure 

If we put a pinhole in a balloon, the gas inside will effuse or flow out of the 

balloon. Effusion is a process by which gas molecules pass through a very small 

orifice (opening) from a container at higher pressure to one at lower pressure. 

Thomas Graham (1805-1869), a Scottish chemist, observed that the rate of 

effusion was dependent on the density of a gas. This observation led to Graham’s 
law of effusion. 

_ The rates of effusion of two gases at the same temperature and : oe = 

_ pressure are inversely proportional to the square roots of their Se 
| densities or molar masses: 

‘/molar mass B _ Tate of effusion of gas. __ molar mass # 
rate of effusion of gas B a 

A major application of Graham’s law occurred during World War II with 

the separation of the isotopes of uranium-235 (U-235) and uranium-238 (U-238). 

Naturally occurring uranium consists of 0.7% U-235, 99.3% U-238, and a trace of 

U-234. However, only U-235 is useful as fuel for nuclear reactors and atomic bombs, 

so the concentration of U-235 in the mixture of isotopes had to be increased. 

Uranium was first changed to uranium hexafluoride, UF., a white solid that 

readily goes into the gaseous state. The gaseous mixture of 77°UF, and 238UF, was 
then allowed to effuse through porous walls. Although the effusion rate of the lighter 
gas is only slightly faster than that of the heavier one, 

effusion rate 77°UF, molar mass 738UF, 352 
: 238 a 235 — aa 1.0043 

effusion rate ~°°UF, molar mass “~°UF, 349 

the separation and enrichment of U-235 was accomplished by subjecting the gaseous 
mixture to several thousand stages of effusion. 

Measurement of Pressure of Gases 

Pressure is defined as force per unit area. When a rubber balloon is inflated with 
air, it stretches and maintains its larger size because the pressure on the inside is 
greater than that on the outside. Pressure results from the collisions of gas molecules 
with the walls of the balloon (see Figure 12.2). When the gas is released, the force 
or pressure of the air escaping from the small neck propels the balloon in a rapid, 
irregular flight. If the balloon is inflated until it bursts, the gas escaping all at once 
causes an explosive noise. 

The effects of pressure are also observed in the mixture of gases surrounding 
the earth—our atmosphere. It is composed of about 78% nitrogen, 21% oxygen, 
and 1% argon, and other minor constituents by volume (see Table 12.1). The outer 
boundary of the atmosphere is not known precisely, but more than 99% of the 
atmosphere is below an altitude of 20 miles (32 km). Thus, the concentration of 
gas molecules in the atmosphere decreases with altitude, and at about 4 miles the 
amount of oxygen is insufficient to sustain human life. The gases in the atmosphere 
exert a pressure known as atmospheric pressure. The pressure exerted by a gas 
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depends on the number of molecules of gas present, the temperature, and the volume 
in which the gas is confined. Gravitational forces hold the atmosphere relatively 

close to the earth and prevent air molecules from flying off into outer space. Thus, 

the atmospheric pressure at any point is due to the mass of the atmosphere pressing 

downward at that point. 
The pressure of the gases in the atmosphere can be measured with a barometer. 

A mercury barometer may be prepared by completely filling a long tube with pure, 

dry mercury and inverting the open end into an open dish of mercury. If the 

tube is longer than 760 mm, the mercury level will drop to a point at which the 

column of mercury in the tube is just supported by the pressure of the atmosphere. 

If the tube is properly prepared, a vacuum will exist above the mercury column. 

The weight of mercury, per unit area, is equal to the pressure of the atmosphere. 

The column of mercury is supported by the pressure of the atmosphere, and the 

height of the column is a measure of this pressure (see Figure 12.3). The mercury 

barometer was invented in 1643 by the Italian physicist E. Torricelli (1608-1647), 

for whom the unit of pressure torr was named. 
Air pressure is measured and expressed in many units. The standard atmospheric 

pressure, or simply 1 atmosphere (atm), is the pressure exerted by a column of 

mercury 760 mm high at a temperature of 0°C. The normal pressure of the atmosphere 

at sea level is 1 atm or 760 torr or 760 mm Hg. The SI unit for pressure is the 

pascal (Pa), where 1 atm = 101,325 Pa or 101.3 kPa. Other units for expressing 

7 TABLE 121 Average Composition of Normal al Dry Air S 

a 3 Percent by volume 2 

Vacuum 

760 mm (height of Hg column 
supported by atmospheric 

pressure at sea level) 

Atmospheric 

pressure 

Hg} 

FIGURE 12.2 
Here we see the pressure 

resulting from the collisions of 

gas molecules with the walls of 

the balloon. This pressure keeps 

the balloon inflated. 

barometer 

| atmosphere 

<q FIGURE 12.3 
Preparation of a mercury 

barometer. The full tube of 

mercury at the left is inverted 

and placed in a dish of mercury. 
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pressure are inches of mercury, centimeters of mercury, the millibar (mbar), and 

pounds per square inch (Ib/in.” or psi). The meteorologist uses inches of mercury 

in reporting atmospheric pressure. The values of these units equivalent to 1 atm are 

summarized in Table 12.2 (1 atm = 760 torr = 760 mm Hg = 76 cm Hg = 101,325 

Pa = 1013 mbar = 29.9 in. Hg = 14.7 Ib/in.7). (The symbol = means identical with.) 

Atmospheric pressure varies with altitude. The average pressure at Denver, 

Colorado, 1.61 km (1 mile) above sea level, is 630 torr (0.83 atm). Atmospheric 

pressure is 0.5 atm at about 5.5 km (3.4 miles) altitude. 

Pressure is often measured by reading the heights of mercury columns in 
millimeters on barometers. Thus pressure may be recorded as mm Hg. But in many 

applications the torr is superseding mm Hg as a unit of pressure. In problems dealing 

with gases it is necessary to make interconversions among the various pressure 

units. Since atm, torr, and mm Hg are common pressure units, we use illustrative 

problems involving all three of these units. 

1 atm = 760 torr = 760 mm Hg 

Example 12.1 The average atmospheric pressure at Walnut, California, is 740. mm Hg. Calculate 

this pressure in (a) torr and (b) atmospheres. 

Solution This problem can be solved using conversion factors, relating one unit of pressure 
to another. 

(a) To convert mm Hg to torr, use the conversion factor 760 torr/760 mm Hg 
(1 torr/1 mm Hg): 

1 torr 
————— = 740. 1 5 QO. torr 740. mmHe X 

(b) To convert mm Hg to atm, use the conversion factor 1 atm/760. mm Hg: 

1 atm 

760. mmHg 
740. mmHg X = 0.974 atm 

I ads 1.12 atm. Calculate the corresponding pressure in (a) ae 

Dependence of Pressure on Number 
of Molecules and Temperature 

Pressure is produced by gas molecules colliding with the walls of a container. At 
a specific temperature and volume the number of collisions depends on the number 
of gas molecules present. The number of collisions can be increased by increasing 
the number of gas molecules present. If we double the number of molecules, the 
frequency of collisions and the pressure should double. We find, for an ideal gas, 
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<q FIGURE 12.4 
The pressure exerted by a gas is 

directly proportional to the 

number of molecules present. In 

each case shown, the volume is 

22.4 L and the temperature is 

o°c. 

0.5 mol H 

P=0.5 atm 

6.022 x 1023 molecules H 1 mol OJ 0.5 mol Hz + 0.5 mol O, 
P=1atm P=l1atm P=1atm 

<q FIGURE 12.5 
The pressure of a gas in a fixed 

volume increases with increasing 

temperature. The increased 

pressure is due to more frequent 

and more energetic collisions of 

the gas molecules with the walls 

of the container at the higher 

temperature. 

OLe€ TOO 4E 

Volume = | liter Volume = | liter 

0.1 mole gas 0.1 mole gas 

P=2.24 atm P =3.06 atm 

kept constant, the pressure is directly proportional to the number of moles or 

molecules of gas present. Figure 12.4 illustrates this concept. 

A good example of this molecule—pressure relationship may be observed in an 

ordinary cylinder of compressed gas that is equipped with a pressure gauge. When 

the valve is opened, gas escapes from the cylinder. The volume of the cylinder is 

constant, and the decrease in quantity (moles) of gas is registered by a drop in 

pressure indicated on the gauge. 

The pressure of a gas in a fixed volume also varies with temperature. When 

the temperature is increased, the kinetic energy of the molecules increases, causing 

more frequent and more energetic collisions of the molecules with the walls of the 

container. This increase in collision frequency and energy results in a pressure 

increase (see Figure 12.5). 
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Robert Boyle (1627-1691). 

Boyle’s law 

Boyle’s Law 

Through a series of experiments, Robert Boyle determined the relationship between 

the pressure (P) and volume (V) of a particular quantity of a gas. This relationship 

of P and V is known as Boyle’s law. 

This equation says that the volume varies («) inversely with the pressure, at constant 

mass and temperature. When the pressure on a gas is increased, its volume will 

decrease, and vice versa. The inverse relationship of pressure and volume is shown 

graphically in Figure 12.6. 

Boyle demonstrated that, when he doubled the pressure on a specific quantity 

of a gas, keeping the temperature constant, the volume was reduced to one-half the 

original volume; when he tripled the pressure on the system, the new volume was 

one-third the original volume; and so on. His demonstration showed that the product 

of volume and pressure is constant if the temperature is not changed: 

PV = constant or PV =k _ (mass and temperature are constant) 

Let us demonstrate this law by using a cylinder with a movable piston so that 

the volume of gas inside the cylinder may be varied by changing the external 

pressure (see Figure 12.7). Assume that the temperature and the number of gas 

molecules do not change. Let us start with a volume of 1000 mL and a pressure of 
1 atm. When we change the pressure to 2 atm, the gas molecules are crowded closer 
together, and the volume is reduced to 500 mL. When we increase the pressure to 
4 atm, the volume becomes 250 mL. 

Note that the product of the pressure times the volume is the same number in 
each case, substantiating Boyle’s law. We may then say that 

P\V,; = PoV2 

where P,V, is the pressure-volume product at one set of conditions, and PxV> is 
the product at another set of conditions. In each case the new volume may be 
calculated by multiplying the starting volume by a ratio of the two pressures involved. 
Of course, the ratio of pressures used must reflect the direction in which the volume 
should change. When the pressure is changed from 1 atm to 2 atm, the ratio to be 
used is 1 atm/2 atm. Now we can verify the results given in Figure 12.7: 

(a) Starting volume, 1000 mL; pressure change, 1 atm —> 2 atm 

1 atm 
1 Lx — = 000 m 5 500 mL 

(b) Starting volume, 1000 mL; pressure change, 1 atm —~> 4 atm 



q 
S 
2 
a 
8 
a 

Ot as Pas 6 it, 78 
Volume (liters) 

P=2 atm P=4atm 

V= 1000 mL 

PV => — 

1 atm x 1000 mL = 2 atm xX 500 mL = 4 atm x 250 mL 

(a) (b) (c) 

1 ati 
1000 mL * —— = 250 mL 

4 atm 

(c) Starting volume, 500 mL; pressure change, 2 atm —~> 4 atm 

AA ee ROLE een 

In summary, a change in the volume of a gas due to a change in pressure can 

be calculated by multiplying the original volume by a ratio of the two pressures. If 

the pressure is increased, the ratio should have the smaller pressure in the numerator 

and the larger pressure in the denominator. If the pressure is decreased, the larger 

pressure should be in the numerator and the smaller pressure in the denominator. 

new volume = original volume X ratio of pressures 

The following examples are problems based on Boyle’s law. If no mention is made 

of temperature, assume that it remains constant. 
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<q FIGURE 12.6 
Graph of pressure versus volume 

showing the inverse PV 

relationship of an ideal gas. 

<q FIGURE 12.7 
The effect of pressure on the 

volume of a gas. 
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Example 12.2 What volume will 2.50 L of a gas occupy if the pressure is changed from 760. 

mm Hg to 630. mm Hg? 

Solution Method A: Conversion Factors 

Step 1 Determine whether pressure is being increased or decreased: 

pressure decreases —— volume increases 

Step 2 Multiply the original volume by a ratio of pressures that will result in 

an increase in volume: 

760. mmHg 

630. mmHg 

Decide which method is the Method B: Algebraic Equation 
best for you and stick with it. 

V =2.50L X = 3.02 L (new volume) 

Step 1 Organize the given information: 

P, = 760. mm Hg VY, = 2.50L 

P, = 630. mm Hg VY, =? 

Step 2 Write and solve this equation for the unknown: 

ey 
PyVi= PoV, Vo P5 

Step 3 Put the given information into this equation and calculate: 

_ 760. mmHg X 2.50 L 
M2 630. mmHg 

= 3.02 L 

Example 12.3 A given mass of hydrogen occupies 40.0 L at 700. torr. What volume will it occupy 

at 5.00 atm pressure? 

Solution Method A: Conversion Factors 

Step 1 Determine whether the pressure is being increased or decreased. Notice 

that in order to compare the values the units must be the same. 

1 atm 700. torr Xx erat at = 0.921 atm 

pressure increases ——> volume decreases 

Step 2 Multiply the original volume by a ratio of pressures that will result in 
a decrease in volume: 

0.921 atm _ 
V = 40.0L X = 7.3 

7 5.00 atm seat 

Method B: Algebraic Equation 

Step 1 Organize the given information. Remember to make the pressure units 
the same. 
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P, = 700. torr = 0,921 atm V, = 40.0L 

P, = 5.00 atm Vv, = ? 

Step 2 Write and solve this equation for the unknown: 

PV, = PV, © Vy ei 
Py 

Step 3 Put the given information into this equation and calculate: 

0.921 atm 40-0L Vv, = w. 

5 deca Me SsOGahicfiuae Gomie Aad 

A gas occupies a volume of 200. mL at 400. torr pressure. To what pressure must Example 12.4 

the gas be subjected in order to change the volume to 75.0 mL? 

Method A: Conversion Factors 

Step 1 Determine whether volume is being increased or decreased: 

volume decreases —— pressure increases 

Step 2 Multiply the original pressure by a ratio of volumes that will result in 

an increase in pressure: 

new pressure = original pressure X ratio of volumes 

200. mi 

75.0 mat 

Method B: Algebraic Equation 

peel mt Orie. = 1067 torr or 1.07 X 10° torr (new pressure) 

Step 1 Organize the given information. Remember to make units the same. 

P, = 400. torr V, = 200. mL 

P, =? V2 = 75.0 mL 

Step 2 Write and solve this equation for the unknown: 

PV, = Po2V2 P, = “ye 

Step 3 Put the given information into the equation and calculate: 

P,V,; _ 400. torr x 200. mb 
= =1.07 X 107% V5 75.0 mab e P, = 

: Practice 12. 2 

A gas ‘occupies a volume of 3. 86 L at & 750 atm. At what eo oe the 

volume be 4.86 L? 7 ee 
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absolute zero 

Charles’ law 

A capital T is usually used for 

absolute temperature, K, and 

a small t for °C. 

Don’t forget to change 

temperature to Kelvin when 

doing gas law calculations. 

Rename eee ree ee eee eaeeneneeaseseseueeee 

Charles’ Law 

The effect of temperature on the volume of a gas was observed in about 1787 by 

the French physicist J. A. C. Charles (1746-1823). Charles found that various gases 

expanded by the same fractional amount when they underwent the same change in 

temperature. Later it was found that if a given volume of any gas initially at 0°C 

was cooled by 1°C, the volume decreased by OTE if cooled by 2°C, it decreased by 

3 if cooled by 20°C, by a; and so on. Since each degree of cooling reduced the 

volume by TER it was apparent that any quantity of any gas would have zero volume 

if it could be cooled to — 273°C. Of course, no real gas can be cooled to — 273°C 
for the simple reason that it would liquefy before that temperature is reached. 
However, — 273°C (more precisely —273.15°C) is referred to as absolute zero; 

this temperature is the zero point on the Kelvin (absolute) temperature scale—the 

temperature at which the volume of an ideal, or perfect, gas would become zero. 

The volume—temperature relationship for methane is shown graphically in Fig- 
ure 12.8. Experimental data show the graph to be a straight line that, when extrapo- 

lated, crosses the temperature axis at — 273.15°C, or absolute zero. This is character- 

istic for all gases. 

In modern form, Charles’ law is as follows: 

Mathematically this states that the volume of a gas varies directly with the absolute 

temperature when the pressure remains constant. In equation form Charles’ law may 
be written as 

V = kT or - =k (at constant pressure) 

where k is a constant for a fixed mass of the gas. If the absolute temperature of a 
gas is doubled, the volume will double. 

To illustrate, let us return to the gas cylinder with the movable or free-floating 

piston (see Figure 12.9). Assume that the cylinder labeled (a) contains a quantity 

of gas and the pressure on it is 1 atm. When the gas is heated, the molecules move 

faster, and their kinetic energy increases. This action should increase the number of 

collisions per unit of time and therefore increase the pressure. However, the increased 
internal pressure will cause the piston to rise to a level at which the internal and 
external pressures again equal | atm, as we see in cylinder (b). The net result is an 
increase in volume due to an increase in temperature. 

Another equation relating the volume of a gas at two different temperatures is 

Vitevs T, = T> (constant P) 

where V, and 7; are one set of conditions and V> and T> are another set of conditions. 
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<q FIGURE 12.8 
Volume-temperature 

relationship of methane (CH,). 

Extrapolated portion of the 

graph is shown by the broken 

line. 

V(L) 

-300 -200 -100 0 100 200 300 400 

<q FIGURE 12.9 
The effect of temperature on 

the volume of a gas. The gas in 

cylinder (a) is heated from T, to 

T,. With the external pressure 

constant at | atm, the free- 

floating piston rises, resulting in 
Increase in volume 

due to increased 

temperature an increased volume, as shown 

in cylinder (b). 

Free-floating 

piston 

(a) (b) 

A simple experiment showing the variation of the volume of a gas with tempera- 

ture is illustrated in Figure 12.10. A balloon is placed in a beaker and liquid N) is 

poured over it. The volume is reduced, as shown by the collapse of the balloon; 

when the balloon is removed from the liquid N>, the gas expands and the balloon 

increases in size. 

(a) (b) 
A 
FIGURE 12.10 

The air-filled balloons in (a) are placed in liquid nitrogen (b). The volume of the air 

decreases tremendously at this temperature. In (c) the balloons are removed from the 

beaker and are beginning to return to their original volume as they warm back to room 

temperature. 
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Example 12.5 

Solution 

Remember temperature 

must be changed to Kelvin in 

gas problems. Note that we 

use 273 to convert instead of 

273.15 since our original 

measurements are to the 

nearest degree. 

Three liters of hydrogen at —20.°C are allowed to warm to a room temperature of 

27°C. What is the volume at room temperature if the pressure remains constant? 

Method A: Conversion Factors 

Step 1 Determine whether temperature is being increased or decreased. 

= 2X) G2 oe 

27°C + 273 = 300. K 

temperature increases ——> volume increases 

Step 2 Multiply the original volume by a ratio of temperatures that will result 

in an increase in volume. 

300. K 

253 K 

Method B: Algebraic Equation 

V = 3.00L X = 3.56L (new volume) 

Step 1 Organize the given information. Remember to make units the same. 

V, = 3.00L T, = 20.°C = 253K 

VY, =? Ty = 27°C = 300. K 

Step 2 Write and solve the equation for the unknown: 

Vy _ Vp ee 
De 2 qT 

Step 3 Put the given information into the equation and calculate: 

_ViT _ 3.00L x 300.K 
i 253K ae Vo 

soeeeseseces Reese ee tennant eennnnceensseses 

Example 12.6 

Solution 

If 20.0 L of oxygen are cooled from 100°C to 0°C, what is the new volume? 

Since no mention is made of pressure, assume that pressure does not change. 

Method A: Conversion Factors 

Step 1 Change °C to K: 

100°C. + 273 = 373K 

O°C + 273 = 273K 

Step 2 The ratio of temperature to be used is 273 K/373 K, because the final 
volume should be smaller than the original volume. The calculation is 

273 K 

373, K 

Method B: Algebraic Equation 

V = 20.0L xX = 14.6L (new volume) 

Step 1 Organize the given information. Remember to make units coincide. 

V, = 20.0L T, = 100°C = 373K 

Vo =? T, = 0°C = 273K 



12.7 Gay-Lussac’s Law 265 
SHER eee eee eres renee eee ee ese eE ete ee ea sees e see e eee eE eee eeeeeeeesesesessesessssssesssssses 

Step 2 Write and solve equation for the unknown: 

Vea ga HOt Vils 
Tus neo TS 

Step 3 Put the given information into the equation and calculate: 

ViT, _ 20.0L x 273K 
i, 373 K v2 = = 14.6L 

Gay-Lussac’s Law 

J. L. Gay-Lussac was a French chemist involved in the study of volume relationships 

of gases. The three variables (pressure, P; volume, V; and temperature, 7) are needed , 
‘ ; Joseph Louis Gay-Lussac 

to describe a fixed amount of a gas. Boyle’s law, PV = k, relates pressure and volume (1778-1850) 

at constant temperature; Charles’ law, V = kT, relates volume and temperature at 

constant pressure. A third relationship involving pressure and temperature at constant 
volume is a modification of Charles’ law and is sometimes called Gay-Lussac’s law: Gay-Lussac’s law 

The pressure of a container of helium is 650. torr at 25°C. If the sealed container Example 12.7 
is cooled to 0°C, what will the pressure be? 

Method A: Conversion Factors Solution 

Step 1 Determine whether temperature is being increased or decreased. 

temperature decreases ——> pressure decreases 

Step 2 Multiply the original pressure by a ratio of Kelvin temperatures that 
will result in a decrease in pressure: 

273 K 
=e t 650. torr xX 708K = 595 torr 
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Method B: Algebraic Equation 

Step 1 Organize the given information. Remember to make units the same. 

P, = 650. torr T, = 25°C = 298K 

P, =? T, = 0°C = 273K 

Step 2 Write and solve equation for the unknown: 

Epa eit: 
Tie te T 

Step 3 Put given information into equation and calculate: 

650. torr X 273 K 
P» 298 K 595 torr 

‘Practice 12: 4 

A gas. cylinder contains 40.0 i oe gas at 45.0°C and i a pressure or oo 

oO torr. What will ne a be if the temperature is changed to 100. 7 

We may summarize the effects of changes in pressure, temperature, and quantity 

of a gas as follows: 

1. In the case of a constant volume, 

(a) when the temperature is increased, the pressure increases. 

(b) when the quantity of a gas is increased, the pressure increases 

(T remaining constant). 

2. In the case of a variable volume, 

(a) when the external pressure is increased, the volume decreases (T remain- 

ing constant). 

(b) when the temperature of a gas is increased, the volume increases 

(P remaining constant). 

(c) when the quantity of a gas is increased, the volume increases (P and 

T remaining constant). 

Standard Temperature and Pressure 

In order to compare volumes of gases, common reference points of temperature and 

standard conditions | pressure were selected and called standard conditions or standard temperature 

standard temperature and and pressure (abbreviated STP). Standard temperature is 273.15 K (O°C), and 
pressure (STP) _ standard pressure is | atm or 760 torr or 760 mm Hg or 101.325 kPa. For purposes 

of comparison, volumes of gases are usually changed to STP conditions. 
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Combined Gas Laws: Simultaneous Changes 
in Pressure, Volume, and Temperature 

When temperature and pressure change at the same time, the new volume may be 
calculated by multiplying the initial volume by the correct ratios of both pressure 
and temperature, as follows: 

final volume = initial volume X ( ratio of x ( 
ratio of 

pressures temperatures 

This equation combines Boyle’s and Charles’ laws, and the same considerations 

for the pressure and temperature ratios should be used in the calculation. The four 
possible variations are as follows: 

1. Both T and P cause an increase in volume. 

2. Both T and P cause a decrease in volume. 

3. T causes an increase and P causes a decrease in volume. 

4. T causes a decrease and P causes an increase in volume. 

The P, V, and T relationships for a given mass of any gas, in fact, may be 

expressed as a single equation, PV/T = k. For problem solving this equation is 
usually written 

FIG 22 
ny rie 

where P,, V;, and 7; are the initial conditions and P>, V>, and T> are the final condi- 

tions. 

This equation can be solved for any one of the six variables and is useful in 

dealing with the pressure—volume-temperature relationships of gases. Note that 

when T is constant (T; = T>), Boyle’s law is represented; when P is constant 

(P; = P>), Charles’ law is represented; and when V is constant (V; = V>), Gay- 

Lussac’s law is represented. 

Given 20.0 L of ammonia gas at 5°C and 730. torr, calculate the volume at 50.°C 

and 800. torr. 

Step 1 Organize the given information, putting temperatures in Kelvin: 

P, = 730. torr P, = 800. torr 

V, = 20.0L Vv, =? 

T, = S°C = 278K Ty = 50.°C = 323K 

FORO e meen ene eee e rene nese nantes eee esesesseseseses 

In this text we’ll use 273 K 

for temperature conversions 

and calculations. Check with 

your instructor for rules in 

your class. 

Note, in the examples below, 

the use of 273 K does not 

change the number of 

significant figures in the 
temperature. 

The converted tempera- 

ture is expressed to the same 

precision as the original 

measurement. 

Example 12.8 

Solution 
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Method A: Conversion Factors 

Step 2 Set up ratios of T and P: 

T ratio = = (increase in T should increase V) 

730. torr 

800. torr 
P ratio = (increase in P should decrease V) 

Step 3 Multiply the original pressure by the ratios: 

730. tert , 323 K 

800. terr 278K 

Method B: Algebraic Equation 

= 21.2L V> = 20.0L x 

Step 2 Write and solve the equation for the unknown. Solve 

PiVy ~ P2V2 

Leaner 
for V> by multiplying both sides of the equation by T>/P, and rearranging 

to obtain 

rele 
PoT, 

Step 3 Put the given information into the equation and calculate: 

_ 20.0L X 730. tert X 323 K 
V> = = 21.2L 
Z 800. ter X 278 K oe 

Example 12.9 To what temperature (°C) must 10.0 L of nitrogen at 25°C and 700. torr be heated 

in order to have a volume of 15.0 L and a pressure of 760. torr? 

Solution Step 1 Organize the given information, putting temperatures in Kelvin: 

P, = 700. torr P, = 760. torr 

V, = 10.0L Vo = 15.0L 

T, = 25°C = 298K T,=? 

Method A: Conversion Factors 

Step 2 Set up ratios of V and P. 

760. torr BD ratio ee : : 
ratio 700. torr (increase in P should increase T) 

Vratio = a (incr in V should i T 100L ease in V should increase T) 

Step 3 Multiply the original temperature by the ratios: 

760. teré X 15.0% 
T2008 ee ee ee 
e 700.tet X109E = 
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Method B: Algebraic Equation 

Step 2 Write and solve the equation for the unknown: 

EVIE Vay ATELY, 
T; T, fee PV 

Step 3 Put the given information into the equation and calculate: 

_ 298K X 760. toré x 15.0% T> = = 
2 700. ter X 10.0L¥ tees 

In either method, since the problem asks for °C, we must subtract 273 from the 
Kelvin answer: 

ASS Kose 273. = 212°C 

The volume of a gas-filled balloon is 50.0 L at 20.°C and 742 torr. What volume 

will it occupy at standard temperature and pressure (STP)? 

Step 1 Organize the given information, putting temperatures in Kelvin. 

P, = 742 torr P, = 760. torr (standard pressure) 

Vi = SOO, V> =e 

T, = 20.°C = 293K T> = 273 K (standard temperature) 

Method A: Conversion Factors 

Step 2 Set up ratios of T and P: 

T ratio = ae (decrease in T should decrease V) 

P ratio = eas (increase in P should decrease V) 
760. torr 

Step 3 Multiply the original volume by the ratios: 

273 K _, 742 terr 
= 45.5L 

293K 760. tert ae 
V> = 50.0L x 

Method B: Algebraic Equation 

Step 2 Write and solve the equation for the unknown: 

Va hv 2 meV Se eee V> ae eee 

qT; T, PoT 

Step 3 Put the given information into the equation and calculate: 

_ 742 tert x 50.0L Xx 273 K as = 45.5L 
"2 760. terk X 293 K 

Example 12.10 

Solution 
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Nitrogen monoxide, NO, and carbon mon- 

oxide, CO, are small, gaseous molecules, 

often considered toxic to the body and the 

environment because of their contribution 

to photochemical smog and acid rain. But 

now, biochemists have found that these 

molecules are important playersinanewly — 

discovered group of biological messen- 

gers called neurotransmitter molecules. 
Traditional neurotransmitter mole- 

cules, such as acetylcholine, norepineph- 

rine, and epinephrine, 

amines. In the 1950s, scientists discovered 

that amino acids could signal nerve cells, 

and in the 1970s researchers produced an- 

other class of transmitter molecules 
known as peptides—short strings of 
amino acids commonly called endorphins 

and enkephalins (associated with “run 

_ner’s high”). In the late 1980s, nitrogen 
monoxide was discovered to be the first 

gas that could act as a neurotransmitter. 

Until recently, neurotransmitter mole-_ 

cules were thought to be specific. That is, 

each neurotransmitter would fit into the — 

next cell like a key in a lock. These trans- 

mitters were thought to be stored in tiny 

pouches in the cells where they were man-— 

Incoming synaptic transmission 

ignites a neuron on impulse 

neural pathway. 

are biogenic 

Messenger Molect 

ufactured and released through transport- 
ers or channels only when needed. Nitro- 

_ gen monoxide and carbon monoxide gases 

break the rules for explaining neurotrans- 

mission because gases are volatile and 
nonspecific. A gas freely diffuses into any 

nearby cell and must be made only when 

needed. The actions of gas molecules de- 
pend on their chemical properties rather 

_ than their molecular shape, as the lock- 

and-key model for neurotransmitters had 

suggested. 

Nitrogen monoxide ie been used for 

nearly a century to dilate blood vessels 

and i increase blood flow, thereby lowering 

blood pressure. 

In the late 1980s, scientists discovered 
that biologically derived NO is an im- 

_ portant signaling molecule in both the cen- 

tral and peripheral nervous system. Nitro- 

_ gen monoxide was found to be a mediator 
_ of certain neurons that do not respond to 
‘the normal chemical neurotransmitters 
(acetylcholine or norepinephrine). These 

NO-sensitive neurons are in the cardiovas- 

cular, respiratory, digestive, and urogeni- 

tal systems. One study suggests that nitro- 

gen monoxide may be a way to treat 

impotence by mediating the relaxation of 

the smooth muscle of the major erectile 

tissue in the penis, causing erection. Cur- 

rent research indicates that nitrogen mon- 

oxide plays a role in regulating blood 

pressure, blood clotting, and neurotrans- 

mission, and it may play a role in the 
_ ability of the immune system to kill tu- 

‘mor cells. 

Researchers at Johns Hopkins Medical 
School reasoned that if one gas could act 

_ asatransmitter molecule, others might also 
be found. They began searching for other 

gases that might exhibit this biological 

activity. Carbon monoxide was proposed 

as a possible transmitter because the en- 

zyme used to make it is localized within 

specific parts of the brain, such as the 

olfactory neurons and those cells thought 

to play a role in long-term memory. The 

enzyme used to make an intracellular mes- 

senger was found in exactly the same loca- 

tions. Researchers then showed that nerve 

cells made the intracellular messenger 

when stimulated with carbon monoxide. 

An inhibitor for carbon monoxide blocked © 

the production of the same messenger 

molecule. — 
Dr. Charles Stevens, from Salk Insti- 

tute in La Jolla, California, thinks carbon 

monoxide might be an important factor in 

understanding long-term memory. Re- 

searchers think that in order to lay down 

a memory, a nerve cell is signaled repeat- 

edly in a process called long-term potenti- 

ation. An important feature of the potenti- 

ation process is that the cell receiving the 

signal sends a message back to the cell 

that first signaled it. This message stimu- 

lates the originating cell to release its neu- 

rotransmitter molecule more easily. Inves- 

-tigators have never been able to find the 

message that the receiving cell sends to 

the originating cell. 

When nitrogen monoxide was discov- 

ered to be a neurotransmitter, scientists 

thought that it might be the return signal. 

But the enzymes necessary to produce ni- 

trogen monoxide were not found in the 

cells where long-term potentiation occurs. 

The enzyme that makes carbon monoxide, 

however, is abundant in these cells, and 

so Stevens began testing his theory. He 

found that inhibitors for carbon monoxide 

prevented long-term potentiation, and 

when CO was blocked from these cells, 

memories that were already there were 

erased. Further research may uncover still 

other roles for these gaseous molecules. 

270 
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Practice 12.5 

15.00 L of gas at 45.0°C and 800. torr is heated to 400.°C, and the pressure 
changed to 300. torr. What is the new volume? 

Practice 12.6 

To what temperature must 5.00 L of oxygen at 50.°C and 600. torr be heated 
in order to have a volume of 10.0 L and a pressure of 800. torr? 

Dalton’s Law of Partial Pressures 

If gases behave according to the Kinetic-Molecular Theory, there should be no 

difference in the pressure-volume-—temperature relationships whether the gas mole- 

cules are all the same or different. This similarity in the behavior of gases is the 

basis for an understanding of Dalton’s law of partial pressures: 

The total pressure of a mixture of gases is the sum of the parti 
pressures exerted by each of the gases in the mixture. 

Each gas in the mixture exerts a pressure that is independent of the other gases 

present. These pressures are called partial pressures. Thus, if we have a mixture 

of three gases, A, B, and C, exerting partial pressures of 50 torr, 150 torr, and 400 

torr, respectively, the total pressure will be 600 torr: 

Protal = PA + PB + Pc 

Protal = 50 torr + 150 torr + 400 torr = 600 torr 

We can see an application of Dalton’s law in the collection of insoluble gases 

over water. When prepared in the laboratory, oxygen is commonly collected by the 

downward displacement of water. Thus, the oxygen is not pure but is mixed with 

water vapor (see Figure 12.11). When the water levels are adjusted to the same 

height inside and outside the bottle, the pressure of the oxygen plus water vapor 

inside the bottle is equal to the atmospheric pressure: 

fare = Por 1 P20 

To determine the amount of O, or any other gas collected over water, we must 

subtract the pressure of the water vapor from the total pressure of the gas. The 

vapor pressure of water at various temperatures is tabulated in Appendix II. 

Po. = Fatima — PH20 

Dalton’s law of partial pressures 

partial pressure 
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FIGURE 12.11 

Oxygen collected over water. > Oxygen plus 

water vapor 

Oxygen from 

generator 

pe SSS 

Example 12.11 A 500.-mL sample of oxygen was collected over water at 23°C and 760. torr. What 

volume will the dry O occupy at 23°C and 760. torr? The vapor pressure of water 

at 23°C is 21.2 torr. 

Solution To solve this problem, we must first determine the pressure of the oxygen alone, 

by subtracting the pressure of the water vapor present. 

Step 1 Determine the pressure of dry O): 

Protai = 760. torr = Po, + Pro 

Po, = 760. torr — 21.2 torr = 739 torr (dry Op) 

Step 2 Organize the given information: 

P, = 739 torr P, = 760. torr 

V, = 500. mL VY, =? 

T is constant 

Step 3 Solve as a Boyle’s law problem: 

500. mL X 739 tert v= mae = 486 mL dry O, 

Poe. 2. - 

drogen gas ‘was collec downward displacement of water. A volume 
.0 mL of gas was collected at 25.0°C and 740.0 torr. What volume will 

+ the dry hydrogen occupy at a 

Avogadro’s Law 

Early in the 19th century Gay-Lussac studied the volume relationships of reacting 

Gay-Lussac’s law of combining gases. His results, published in 1809, were summarized in a statement known as 

volumes Gay-Lussac’s law of combining volumes: 
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<q FIGURE 12.12 

2 Ho(g) ec O,(g) 2 H,0(g) Gay-Lussac’s law of combining 
volumes of gases applied to the 

reaction of hydrogen and 
oxygen. When measured at the 

same temperature and pressure, 
hydrogen and oxygen react in a 

volume ratio of 2:1. 

2 volumes 1 volume 2 volumes 

Thus, H, and O, combine to form water vapor in a volume ratio of 2:1 (Figure 

12.12); H, and Cl, react to form HCl in a volume ratio of 1:1; and H, and N> react 

to form NH; in a volume ratio of 3:1. 
Two years later, in 1811, Amedeo Avogadro used the law of combining volumes 

of gases to make a simple but significant and far-reaching generalization concerning 
gases. Avogadro’s law states: Avogadro’s law 

This law was a real breakthrough in understanding the nature of gases. 

1. It. offered a rational explanation of Gay-Lussac’s law of combining volumes 
of gases and indicated the diatomic nature of such elemental gases as hydro- 

gen, chlorine, and oxygen. 

2. It provided a method for determining the molar masses of gases and for 
comparing the densities of gases of known molar mass (see Sections 12.12 

and 12.13). 
3. It afforded a firm foundation for the development of the Kinetic- 

Molecular Theory. 

By Avogadro’s law, equal volumes of hydrogen and chlorine contain the same 

number of molecules. On a volume basis, hydrogen and chlorine react thus: 

hydrogen + chlorine —> hydrogen chloride 

1 volume 1 volume 2 volumes 

Therefore, hydrogen molecules react with chlorine molecules in a 1:1 ratio. Since 

two volumes of hydrogen chloride are produced, one molecule of hydrogen and 

one molecule of chlorine must produce two molecules of hydrogen chloride. There- 

fore, each hydrogen molecule and each chlorine molecule must be made up of two 

atoms. The coefficients of the balanced equation for the reaction give the correct 

ratios for volumes, molecules, and moles of reactants and products: 

tech, tee 2:HC! 
1 volume 1 volume 2 volumes 

1 molecule 1 molecule 2 molecules 

1 mol 1 mol 2 mol 
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molar volume 

As with many constants, the 

molar volume is known more 

exactly to be 22.414 L.We 

use 22.4 L in our calculations 

since the extra figures do not 

often affect the result, given 

the other measurements in 

the calculation. 

FIGURE 12.13 » 
One mole of a gas occupies 

22.4 L at STP. The mass given 

for each gas is the mass of 

| mol. 

Seem emcee eee e eee e sees sess eresaseeas 

By like reasoning, oxygen molecules also must contain at least two atoms because 

one volume of oxygen reacts with two volumes of hydrogen to produce two volumes 

of water vapor. 
The volume of a gas depends on the temperature, the pressure, and the number 

of gas molecules. Different gases at the same temperature have the same average 

kinetic energy. Hence, if two different gases are at the same temperature, occupy 

equal volumes, and exhibit equal pressures, each gas must contain the same number 

of molecules. This statement is true because systems with identical PVT properties 

can be produced only by equal numbers of molecules having the same average 

kinetic energy. 

Mole—Mass—Volume Relationships of Gases 

Because a mole contains 6.022 X 107? molecules (Avogadro’s number), a mole of 

any gas will have the same volume as a mole of any other gas at the same temperature 

and pressure. It has been experimentally determined that the volume occupied by 

a mole of any gas is 22.4 L at STP. This volume, 22.4 L, is known as the molar 

volume of a gas. The molar volume is a cube about 28.2 cm (11.1 in.) on a side. 

The molar masses of several gases, each occupying 22.4 L at STP, are shown in 

Figure 12.13. 

The molar volume is useful for determining the molar mass of a gas or of 

substances that can be easily vaporized. If the mass and the volume of a gas at STP 

are known, we can calculate its molar mass. For example, 1 L of pure oxygen at 

STP has a mass of 1.429 g. The molar mass of oxygen may be calculated by 

137.4 a 29 oo 
Ex, Q, 
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multiplying the mass of 1 L by 22.4 L/mol: 

ae Xx we = 32.00 g/mol (molar mass) 

If the mass and volume are at other than standard conditions, we change the volume Standard conditions apply 

to STP and then calculate the molar mass. only to pressure, 

The molar volume, 22.4 L/mol, is used as a conversion factor to convert grams temperature, and volume. 

per liter to grams per mole (molar mass) and also to convert liters to moles. The “ass is not affected. 
two conversion factors are 

22.4 L 1 mol 
an 

1 mol 22.41L 

These conversions must be done at STP except under certain special circumstances. 

Examples follow. 
ee EOS 

If 2.00 L of a gas measured at STP have a mass of 3.23 g, what is the molar mass Example 12.12 

of the gas? 

The unit of molar mass is g/mol; the conversion is from Solution 

g g = > 

L mol 

B23. 2, ; 22 aly 
Sh 2 7.00 L The conversion factor is anal 

g Bas DO Ae 

2.00 Vv 1 mol 

The starting amount is 

The calculation is = 36.2 g/mol (molar mass) 

Measured at 40°C and 630. torr, the mass of 691 mL of ethyl ether is 1.65 g. Example 12.13 

Calculate the molar mass of ethyl ether. 

Step 1 Organize the given information, converting temperatures to Kelvin. Solution 

Note that we must change to STP in order to determine molar mass. 

P, = 630. torr P, = 760. torr 

V, = 691 mL VY,=? 

T, = 313 K (40.°C) Tp = 273K 

Step 2 Use either the conversion factor method or the algebraic method and 

the combined gas law to correct the volume (V2) to STP: 

_ 691 mL x 273K X 630. tert = = 500. mL = 0.500L (at STP 
ie 313K X 760. torr oe 

Step 3 In the example, V2 is the volume for 1.65 g of the gas, so we can now 

find the molar mass by converting g/L to g/mol: 

165g \ 224% =.73,9 g/mol 
Renietemor ee ne 
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Practice 12. 8 

A gas with a mass of 86 g occupies 5.00 1. at 25°C and 3.00 atm Pressure. 

What is the molar mass of the gas? 

Density of Gases 

The density, d, of a gas is its mass per unit volume, which is generally expressed 

in grams per liter as follows: 

iass sos £ 

volume L 

Because the volume of a gas depends on temperature and pressure, both should be 

given when stating the density of a gas. The volume of a solid or liquid is hardly 

affected by changes in pressure and is changed only slightly when the temperature 

is varied. Increasing the temperature from O0°C to 50°C will reduce the density of 

a gas by about 18% if the gas is allowed to expand, whereas a 50°C rise in the 

temperature of water (0°C ——~ 50°C) will change its density by less than 0.2%. 

The density of a gas at any temperature and pressure can be determined by 

calculating the mass of gas present in 1 L. At STP, in particular, the density can 

be calculated by multiplying the molar mass of the gas by 1 mol/22.4 L: 

1 mol 
d (at STP) = molar mass X AL 

molar mass = d (at STP) X Bk 
1 mol 

Table 12.3 lists the densities of some common gases. 

TABLE 12.3 Density of Common Gases at STP 

Molar © Molar 
mass Density : mass Density 

(g/mol) (g/LatSTP) | (g/mol) (g/L at STP) / 

2.016 0.0900 . oo 
16.04 0.716 34.08 1.52. 
17.03 0.760 - 36.45 163 
26.04 1.16 , 7 3800 1.70 
27.03 Lot oo 44.01 1.96. 
28.01 1.25 oO A409: = 1 
28.02. 105 48.00 2.14 
(28.9) (1.29) 6406 286 

1.43 “70.90 = 347 



Chemistry in Action 

The human body has a variety of methods — 

for coping with the changes in atmo- 

spheric pressure. As we travel to the 

mountains, fly in an airplane, or take a 

high-speed elevator to the top of a sky- 

scraper, the pressure around us decreases. 

Our ears are sensitive to this because the 

eardrum (tympanic membrane) has air on — 
both sides of it. The difference in pressure 

is relieved by yawning or moving the jaw 

to open the (Eustacian) tubes that connect 

the middle ear and throat and allow the 

pressure inside the eardrum to equalize — 

with the outside. 

Divers must also contend with the ef- 

fects of pressure, most notably in body 

cavities containing air, such as the lungs, 

~ ears, and sinuses. Scuba divers do not ex- 

perience a crushing effect of pressure at 

increased depths because the tank regula- 

tors deliver air at the same pressure 

as that of the surroundings. The diver must — 

always breathe out regularly while as- 

cending to the surface. Failure to do so 

may cause the lungs to expand, thus rup- 

turing some of the alveoli, and resulting 

in loss of consciousness, brain damage, 

or heart attack. This is a clear application 

of Boyle’s law. 
Divers are also affected by conse- 

quences of Henry’s law, which states that 

Physiological Effects of Pressure Changes 

the amount of gas that will dissolve in 

a liquid varies directly with the pressure 

above the liquid. This means that during 

a dive the gases entering the lungs are 

absorbed into the blood to a greater extent 

than at the water’s surface. If the diver 

returns too rapidly to the surface, the swift 

pressure reduction may cause dissolved 

gases to produce bubbles in the blood, 

- resulting in a condition known as decom- 

pression sickness or “the bends.” The only 

successful method of treatment for this 

involves the use of a decompression 

chamber to increase the pressure once 

again and slowly decompress the diver 

back to normal pressure. 
In the medical field, hyperbaric units _ 

are used to treat patients who have cells 
- starved for oxygen. In these units the 
whole room may be placed at high pres- — 
sure (2 or 3 atm), and the entire staff as 

well as the patient undergo gradual com- 
pression and, following treatment, decom- 

pression. These units are widely used to 

treat carbon monoxide poisoning. Oxygen 
is dissolved directly into the plasma giving 

the tissues temporary relief from oxygen 

deprivation. Hyperbaric units are also ef- 

fective in treating other problems such as 

skin grafts, severe thermal burns, and radi- 

ation tissue damage. 

If a diver returns too quickly to 

the surface, the pressure 

reduction may produce bubbles 

in the blood—a condition known 

as “the bends.” 

Calculate the density of Cl, at STP. 

First calculate the molar mass of Cl. It is 70.90 g/mol. Since d = 

the conversion is 

ee 5 
mol Ie 

Th See tore | 1 mol. 
e conversion factor 1S a4 if 

pepe E OL 3165 pL 
Imot © 22.1L 

Example 12.14 

Solution 

277 
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ideal gas equation 

Practice 12.9 

The molar mass of a gas is 20. g/mol. Calculate the density of the gas at STP. 

Ideal Gas Equation 

We have used four variables in calculations involving gases: the volume, V; the 

pressure, P; the absolute temperature, 7; and the number of molecules or moles, 

(abbreviated n). Combining these variables into a single expression, we obtain 

nT nRT 
Wee or — 

P EB 

where R is a proportionality constant known as the ideal gas constant. The equation 

is commonly written as 

PV = nRT 

and is known as the ideal gas equation. This equation states in a single expression 

what we have considered in our earlier discussions: The volume of a gas varies 

directly with the number of gas molecules and the absolute temperature, and varies 

inversely with the pressure. The value and units of R depend on the units of P, V, 

and T. We can calculate one value of R by taking 1 mol of a gas at STP conditions. 
Solve the equation for R: 

PY. 1 atm, x 22.4.1 L-atm 

any Sa ee ols 

The units of R in this case are liter-atmospheres (L-atm) per mole Kelvin (mol-K). 

When the value of R = 0.0821 L-atm/mol-K, P is in atmospheres, n is in moles, 

V is in liters, and T is in Kelvin. 

The ideal gas equation can be used to calculate any one of the four variables 
when the other three are known. 

Example 12.15 What pressure will be exerted by 0.400 mol of a gas in a 5.00-L container at 17.0°C? 

Solution Step 1 Organize the given information, putting temperatures in Kelvin: 

P=? 

V = 5.00L 

T = 290. K 

n = 0.400 mol 

Step 2 Write and solve equation for the unknown: 

nRT 
V 

PV = nRT or P= 
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Step 3 Put given information into the equation and calculate: 

_ 0.400 moi x 0.0821 L-atm/meFK x 290. K 
P= Pear aes (i) pe ete ee = 1.90 atm 

How many moles of oxygen gas are in a 50.0-L tank at 22.0°C if the pressure gauge Example 12.16 

reads 2000. Ib/in.*? 

Step 1 Organize the given information, putting the temperature in Kelvin and Solution 

changing pressure to atmospheres: 

2000. ls 1 atm 
P= a Sabine ae 

V = 50.0L 

T = 295K 

n=? 

Step 2 Write and solve the equation for the unknown: 

ENS 
PY = nkT or n 

DeRT 

Step 3 Put given information into the equation and calculate: 

136.1 atm X 50.0 L 

(0.0821 L-atm/mol-K) x 295 K peo. 

Practice 12.10 

A 23.8-L cylinder contains oxygen gas at 20.0°C and 732 torr. How ay 

‘moles of oxygen are in the cylinder? 

The molar mass of a gaseous substance can be determined using the ideal gas 

equation. Since molar mass = g/mol, then mol = g/molar mass. Using M for molar 

mass, we can substitute g/M for n (moles) in the ideal gas equation to get This form of the gas equation 

RT is most useful in problems 

pv==£rr or M=%— (modified ideal gas equation) containing mass instead of 
M moles. 

which will allow us to calculate the molar mass, M, for any substance in the 

gaseous state. 

Calculate the molar mass of butane gas, if 3.69 g occupy 1.53 L at 20.0°C and Example 12.17 

1.00 atm. 

Change 20°C to 293 K and substitute the data into the modified ideal gas equation: Solution 

pg REY 3.09 BX 0.0821 L-atm/mol-K x 293 K Sey enol 
PV 1.00 atm X 1.53L Pe 
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Practice 12. i : 

A sample of 0.286 2 ofa a certain gas occupies 50. 0 aL at standard temperature : 

and 76.0 cm Hg. Determine the molar mass of the oa iS 

Example 12.18 

Solution 

Stoichiometry Involving Gases 

Mole—Volume and Mass—Volume Calculations 

Stoichiometric problems involving gas volumes can be solved by the general mole- 

ratio method outlined in Chapter 9. The factors 1 mol/22.4 L and 22.4 L/1 mol are 

used for converting volume to moles and moles to volume, respectively. (See Figure 

12.14.) These conversion factors are used under the assumption that the gases are 

at STP and that they behave as ideal gases. In actual practice, gases are measured 

at other than STP conditions, and the volumes are converted to STP for stoichiomet- 

ric calculations. 

In a balanced equation, the number preceding the formula of a gaseous substance 

represents the number of moles or molar volumes (22.4 L at STP) of that substance. 

The following are examples of typical problems involving gases and chemi- 
cal equations. 

What volume of oxygen (at STP) can be formed from 0.500 mol of potassium 
chlorate? 

Step 1 Write the balanced equation: 

2 KCIO, —~> 2 KCl + 3 O,(g) 

2 mol 3 mol 

Step 2 The starting amount is 0.500 mol KCIO3. The conversion is from 

moles KCIO; —-+ moles O. ——> liters O5 

Step 3 Calculate the moles of O5, using the mole-ratio method: 

3 mol O, 

2 mol KEIO; 

Step 4 Convert moles of O, to liters of 02. The moles of a gas at STP are 
converted to liters by multiplying by the molar volume, 22.4 L/mol: 

22.4L 

0.500 meHK€TO; X = 0.750 mol O, 

0.750 moi O2 X = 16.8LO, 

Setting up a continuous calculation, we obtain 

3molO, | 22.4L 
2 mol KEIO; © 1 mot 

0.500 meHKETO; x = 168LO, 
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<q FIGURE 12.14 

_ Volume B Summary of the primary 
conversions involved in 

eee : stoichiometry. The conversion 

mk 
c Moles BO-_—_

 Game Boxe for volumes of gases is included. 

_ molecules B 

How many grams of aluminum must react with sulfuric acid to produce 1.25 L of Example 12.19 

hydrogen gas at STP? 

Step 1 The balanced equation is Solution 

2 Al(s) + 3 HySO4(aq) —> Al,(SO4)3(aq) + 3 H2(g) 
2 mol 3 mol 

Step 2 We first convert liters of H, to moles of Hj. Then the familiar stoichio- 

metric calculation from the equation is used. The conversion is 

L H, —> mol H, —— mol Al——> g Al 

lmol _ 2 mot At _ 26.98 ¢ Al 
1.25L Hy X —— X ————_ 

= 994A. 3mcl; | mot Al 
= 1.00gAl 

What volume of hydrogen, collected at 30°C and 700. torr, will be formed by Example 12.20 

reacting 50.0 g of aluminum with hydrochloric acid? 

2 Al(s) + 6 HCl(aq) —> 2 AICl,(ag) + 3 Hy(g) 

2 mol 3 mol 

In this problem the conditions are not at STP, so we cannot use the method shown Solution 

in Example 12.18. Either we need to calculate the volume at STP from the equation 

and then convert this volume to the conditions given in the problem, or we can use 

the ideal gas equation. Let’s use the ideal gas equation. 

First calculate the moles of H, obtained from 50.0 g of Al. Then, using the 

ideal gas equation, calculate the volume of Hp at the conditions given in the problem. 

Step 1 Moles of H2: The conversion is 

grams Al —> moles Al —> moles H) 

1 mel Al 3 mol H> 
3 oesinccebra Po aanollt 

50.0 gAl X 56 08 Al © 2 met AT Rae 

Step 2 Liters of Hj: Solve PV = nRT for V and substitute the data into the 

equation. 

Convert °C to K: 30°C + 273 = 303 K. 

Convert torr to atm: 700. terf < 1 atm/760. terf = 0.921 atm. 

nRT ~~ 2.78 molt Hy X 0.0821 L-atm Xx 303 K 
_7N 4° = ALE 

it 0.921 atm < mek-K 

Note: The volume at STP is 62.3 L Hp. 
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Practice 12.12 

If 10.0 g of sodium peroxide, Na,O>, react with water to produce sodium 
hydroxide and oxygen, how many liters of oxygen will be produced at 20°C 

and 750. torr? 

2 Na,0,(s) + 2 H,O() —> 4 NaOH(aq) + O(g) 

Example 12.21 

Solution 

Volume-Volume Calculations 

When all substances in a reaction are in the gaseous state, simplifications in the 

calculation can be made. These are based on Avogadro’s law, which states that 

gases under identical conditions of temperature and pressure contain the same 

number of molecules and occupy the same volume. Using this same law, we can 

also state that, under the same conditions of temperature and pressure, the volumes 

of gases reacting are proportional to the numbers of moles of the gases in the 
balanced equation. Consider the reaction: 

H,(g) + Cl(g) —> 2 HCl(g) 
1 mol 1 mol 2 mol 

2A Ny 204A DOA 

1 volume 1 volume 2 volumes 

Y volume  /Y volume 2 Y volumes 

In this reaction 22.4 L of hydrogen will react with 22.4 L of chlorine to give 

2 X 22.4 = 44.8 L of hydrogen chloride gas. This statement is true because these 
volumes are equivalent to the number of reacting moles in the equation. Therefore, 
Y volume of H, will combine with Y volume of Cl, to give 2 Y volumes of HCI. 
For example, 100 L of H, react with 100 L of Cl, to give 200 L of HCI; if the 
100 L of Hy and of Cl, are at 50°C, they will give 200 L of HCI at 50°C. When 
the temperature and pressure before and after a reaction are the same, volumes can 
be calculated without changing the volumes to STP. 

if For reacting gases at constant temperature and pressure: Volume— 
volume relationships are the same as mole—mole relationships. 

What volume of oxygen will react with 150 L of hydrogen to form water vapor? 
What volume of water vapor will be formed? 

Assume that both reactants and products are measured at the same conditions. 
Calculate by using reacting volumes: 

2 Ho(g) + On(g) —> 2 H,O(g) 

2 mol 1 mol 2 mol 

Dae als 22. Aals Deals 

2 volumes 1 volume 2 volumes 

ISO, WAL 150 L 

For every two volumes of H, that react, one volume of QO, reacts and two volumes 
of H,O(g) are produced: 
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1 volume O 
150 Lec 

* “ 2 volumes H, Ita 2 

PSO ee OO 
2 volume H, 

The equation for the preparation of ammonia is 

400°C 
3H»(g) + No(g) ——> 2 NH3(g) 

Assuming that the reaction goes to completion. 

(a) What volume of H, will react with 50.0 L of Nz? 

(b) What volume of NH; will be formed from 50.0 L of Nj? 

(c) What volume of N, will react with 100. mL of Hz? 

(d) What volume of NH; will be produced from 100. mL of H,? 

(e) If 600. mL of H, and 400. mL of Nz are sealed in a flask and allowed to react, 

what amounts of H>, N>, and NH; are in the flask at the end of the reaction? 

The answers to parts (a)—(d) are shown in the boxes and can be determined from 

the equation by inspection, using the principle of reacting volumes: 

3Ho(e) + 8=©69N2(g) ——> 2 NH;(g) 
3 volumes 1 volume 2 volumes 

(a) 50.0 L 
(b) 50.0 L 
(c) 100. mL 33.3 mL 
(d) 100. mL 66.7 mL 

3 volumes H> 

1 volume N> 

600. mL H, _ 3 volumes H, 

400.mLN, 2 volumes Np 

(e) Volume ratio from the equation = 

Volume ratio used = 

Comparing these two ratios, we see that an excess of N» is present in the gas 

mixture. Therefore, the reactant limiting the amount of NH; that can be formed is Hy: 

3 Ho(g) + Nog) —> 2NH;(g) 

600 mL 200 mL 400 mL 

To have a 3:1 ratio of volumes reacting, 600 mL of Hy will react with 

200 mL of N, to produce 400 mL of NH3, leaving 200 mL of N» unreacted. At 

the end of the reaction the flask will contain 400 mL of NH; and 200 mL of Np. 

Practice 12.13 

What volume of oxygen will react with 15.0 L of propane (C3Hg) to form — 

carbon dioxide and water? How much carbon dioxide will be formed? How 

much water? 

C3Hs(g) + 5 On(g) —> 3 CO,(g) + 4 H20@) 

Example 12.22 

Solution 
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allotrope 

A free radical is a species 

containing an odd number of 

electrons. Free radicals are 

highly reactive. 

Real Gases 

All the gas laws are based on the behavior of an ideal gas—that is, a gas with a 

behavior that is described exactly by the gas laws for all possible values of P, V, 
and T. Most real gases actually do behave very nearly as predicted by the gas laws 

over a fairly wide range of temperatures and pressures. However, when conditions 

are such that the gas molecules are crowded closely together (high pressure and/or 

low temperature), they show marked deviations from ideal behavior. Deviations 

occur because molecules have finite volumes and also have intermolecular attract- 

ions, which result in less compressibility at high pressures and greater compressibility 

at low temperatures than predicted by the gas laws. Many gases become liquids at 

high pressure and low temperature. 

Air Pollution 

Chemical reactions occur among the gases that are emitted into our atmosphere. In 

recent years, there has been growing concern over the effects these reactions have 

on our environment and our lives. 

The outer portion (stratosphere) of the atmosphere plays a significant role in 

determining the conditions for life at the surface of the earth. This stratosphere 
protects the surface from the intense radiation and particles bombarding our planet. 

Some of the high-energy radiation from the sun acts upon oxygen molecules in the 

stratosphere, converting them into ozone, O3. Different molecular forms of an 

element are called allotropes of that element. Thus oxygen and ozone are allotropic 
forms of oxygen: 

sunlight 
O.—-——=== O0 

oxygen atoms 

0, + O—>0, 

Ultraviolet radiation from the sun is highly damaging to living tissues of plants and 
animals. The ozone layer, however, shields the earth by absorbing ultraviolet radia- 
tion and thus prevents most of this lethal radiation from reaching the earth’s surface. 
The reaction that occurs is the reverse of the preceding one: 

ultraviolet 

3 radiation Oz + O + heat 

Scientists have become concerned about a growing hazard to the ozone layer. 
Chlorofluorocarbon propellants, such as the Freons, CCI,F and CCI,F5, which were 
used in aerosol spray cans and are used in refrigeration and air-conditioning units, 
are stable compounds and remain unchanged in the lower atmosphere. But when 
these chlorofluorocarbons are carried by convection currents to the stratosphere, 
they absorb ultraviolet radiation and produce chlorine atoms (chlorine free radicals), 
which in turn react with ozone. The following reaction sequence involving free 
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era <q FIGURE 12.15 
Satellite map showing a severe 

depletion or “hole” in the ozone 

layer over Antarctica in 

October, 1990. The hole is 

believed to be due to pollution 

of the atmosphere by 

chlorofluorocarbons used in 

aerosols and refrigerants. 

30 

radicals has been proposed to explain the partial destruction of the ozone layer by 

chlorofluorocarbons. 

CCI,F ultraviolet §=-CC],F + Cl: (1) 

radiation 
fluorocarbon fluorocarbon chlorine free 
molecule free radical radical (atom) 

Cia 0, —> ClO- + 0, (2) 

clo: + O —-O, + Cl: (3) 

Because a chlorine atom is generated for each ozone molecule that is destroyed 

(reactions 2 and 3 can proceed repeatedly), a single chlorofluorocarbon molecule 

can be responsible for the destruction of many ozone molecules. During the past 

decade, scientists have discovered an annual thinning in the ozone layer over Antarc- 

tica. This is what we call the “hole” in the ozone layer. If this hole were to occur 

over populated regions of the world, severe effects would result, including a rise 

in the cancer rate, increased climatic temperatures, and vision problems. See Fig- 

ure, 12 15. 

Ozone can be prepared by passing air or oxygen through an electrical discharge: 

electrical 
3 On(g) + 286 kJ 2 O3(g) ————> 

discharge 

The characteristic pungent odor of ozone is noticeable in the vicinity of electrical 

machines and power transmission lines. Ozone is formed in the atmosphere during 

electrical storms and by the photochemical action of ultraviolet radiation ona mixture 

of nitrogen dioxide and oxygen. Areas with high air pollution are subject to high 

atmospheric ozone concentrations. 

Ozone is not a desirable low-altitude constituent of the atmosphere because it 

is known to cause extensive plant damage, cracking of rubber, and the formation 

of eye-irritating substances. Concentrations of ozone greater than 0.1 part per million 

(ppm) of air cause coughing, choking, headache, fatigue, and reduced resistance to 

respiratory infection. Concentrations between 10 and 20 ppm are fatal to humans. 



286 CHAPTER 12 The Gaseous State of Matter 

A smoggy day in Los Angeles, »> 

California. High concentrations 

of ozone near the surface of the 

earth can cause plant damage, 

headaches, and deterioration of 

rubber, among other things. 

In addition to ozone, the air in urban areas contains nitrogen oxides, which are 

components of smog. The term smog refers to air pollution in urban environments. 

Often the chemical reactions occur as part of a photochemical process. Nitrogen 

monoxide (NO) is oxidized in the air or in automobile engines to produce nitrogen 
dioxide (NO3). In the presence of light, 

NO = NOLO 

In addition to nitrogen oxides, combustion of fossil fuels releases CO>, CO, and 

sulfur oxides. Incomplete combustion releases unburned and partially burned 
hydrocarbons. 

Society is continually attempting to discover, understand, and control emissions 

that contribute to this sort of atmospheric chemistry. It is a problem that each one 
of us faces as we look to the future if we want to continue to support life as we 
know it on our planet. 

cepts in Review 

. State the principal assumptions of the Kinetic-Molecular Theory. 

. Estimate the relative rates of effusion of two gases of known molar mass. 

Sketch and explain the operation of a mercury barometer. 

List two factors that determine gas pressure in a vessel of fixed volume. 

State Boyle’s, Charles’ and Gay-Lussac’s laws. Use all of them in problems. 

State the combined gas law. Indicate when it is used. 

1 

2 

3 

4. 

5 

6 

‘o - Use Dalton’s law of partial pressures and the combined gas law to determine 
the dry STP volume of a gas collected over water. 
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8. State Avogadro’s law. 

9. Understand the mole—mass—volume relationship of gases. 

10. Determine the density of any gas at STP. 

11. Determine the molar mass of a gas from its density at a known temperature 

and pressure. 

12. Solve problems involving the ideal gas equation. e 

13. Make mole—volume, mass—volume, and volume—volume stoichiometric calcula- 

tions from balanced chemical equations. 

14 State two reasons why real gases may deviate from the behavior predicted for 

an ideal gas. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

absolute zero (12.6) 

allotrope (12.17) 

1 (one) atmosphere (12.3) 

atmospheric pressure (12.3) 

Avogadro’s law (12.11) 

barometer (12.3) 

Boyle’s law (12.5) 

Charles’ law (12.6) 

Dalton’s law of partial pressures (12.10) 

diffusion (12.2) 

effusion (12.2) 

Gay Lussac’s law (12.7) 

Gay Lussac’s law of combining volumes (12.11) 

Graham’s law of effusion (12.2) 

Henry’s law (CIA) 

ideal gas (12.2) 

ideal gas equation (12.14) 

Kinetic-Molecular Theory (KMT) (12.2) 

molar volume (12.12) 

partial pressure (12.10) 

pressure (12.3) 

standard conditions (12.8) 

standard temperature and pressure (STP) (12.8) 

Questions refer to tables, figures, and key words and 4 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

. How does the pressure represented by | torr compare in 

magnitude to the pressure represented by 1 mm Hg? See 

Table 12.2. 

5. In which container illustrated in Figure 12.5 are the mole- 

1. What evidence is used to show diffusion in Figure 12.1? 

If H, and O, were in the two flasks, how could you prove 

that diffusion had taken place? 

2. How does the air pressure inside the balloon shown in 

Figure 12.2 compare with the air pressure outside the 

balloon? Explain. 

3. According to Table 12.1, what two gases are the major 

constituents of dry air? 

cules of gas moving faster? Assume both gases to be 

hydrogen. 

. In Figure 12.6, what gas pressure corresponds to a volume 

of 4 L? 

. How do the data illustrated in Figure 12.6 substantiate 

Boyle’s law? 

. What effect would you observe in Figure 12.9 if 7, were 

lower than T,? 
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In the diagram shown in Figure 12.11, is the pressure of 

the oxygen plus water vapor inside the bottle equal to, 

greater than, or less than the atmospheric pressure outside 

the bottle? Explain. 

List five gases in Table 12.3 that are more dense than air. 

Explain the basis for your selection. 

What are the basic assumptions of the Kinetic-Molecu- 

lar Theory? 

Arrange the following gases, all at standard temperature, 

in order of increasing relative molecular velocities: H>, 

CHy,, Rn, No, F>, He. What is your basis for determining 

the order? 

List, in descending order, the average kinetic energies of 

the molecules in Question 12. 

What are the four parameters used to describe the behavior 

of a gas? 

What are the characteristics of an ideal gas? 

Under what condition of temperature, high or low, is a 

gas least likely to exhibit ideal behavior? Explain. 

Under what condition of pressure, high or low, is a gas 

least likely to exhibit ideal behavior? Explain. 

Compare, at the same temperature and pressure, equal 

volumes of H, and O; as to 

(a) number of molecules 

(b) mass 

(c) number of moles 

(d) average kinetic energy of the molecules 

(e) rate of effusion 

(f) density 

How does the Kinetic-Molecular Theory account for the 

behavior of gases as described by 

(a) Boyle’s law? 

(b) Charles’ law? 

(c) Dalton’s law of partial pressures? 

Explain how the reaction 

No(g) + On(g) 2 NO(g) proves that nitrogen and 
oxygen are diatomic molecules. 

What is the reason for referring gases to STP? 

Is the conversion of oxygen to ozone an exothermic or 

endothermic reaction? How do you know? 

Write formulas for an oxygen atom, an oxygen molecule, 

and an ozone molecule. How many electrons are in an 

oxygen molecule? 

When constant pressure is maintained, what effect does 

heating a mole of N> gas have on 

(a) its density? 

(b) its mass? 

(c) the average kinetic energy of its molecules? 

(d) the average velocity of its molecules? 

(e) the number of N» molecules in the sample? 

State Henry’s law and indicate its significance to a 

scuba diver. 

26. Assuming ideal gas behavior, which of the following state- 

ments are correct? (Try to answer without referring to your 

text.) Rewrite each incorrect statement to make it correct. 

(a) The pressure exerted by a gas at constant volume is 

independent of the temperature of the gas. 

(b) At constant temperature, increasing the pressure ex- 

erted on a gas sample will cause a decrease in the 

volume of the gas sample. 

(c) At constant pressure, the volume of a gas is inversely 

proportional to the absolute temperature. 

(d) At constant temperature, doubling the pressure on a 

gas sample will cause the volume of the gas sample 

to decrease to one-half its original volume. 

(e) Compressing a gas at constant temperature will cause 

its density and mass to increase. 

(f) Equal volumes of CO, and CHy gases at the same 

temperature and pressure contain 

(1) the same number of molecules 

(2) the same mass 

(3) the same densities 

(4) the same number of moles 

(5) the same number of atoms 

(g) At constant temperature, the average kinetic energy 

of Oz molecules at 200 atm pressure is greater than 

the average kinetic energy of O, molecules at 100 

atm pressure. 

(h) According to Charles’ law, the volume of a gas be- 

comes zero at — 273°C. 

(i) One liter of O2 gas at STP has the same mass as 1 L 

of O, gas at 273°C and 2 atm pressure. 

(j) The volume occupied by a gas depends only on its 

temperature and pressure. 

(k) In a mixture containing O, molecules and N> mole- 

cules, the O2 molecules, on the average, are moving 

faster than the N» molecules. 

() PV = kis a statement of Charles’ law. 

(m) If the temperature of a sample of gas is increased 

from 25°C to 50°C, the volume of the gas will increase 
by 100%. 

(n) One mole of chlorine, Cl, at 20°C and 600 torr pres- 

sure contains 6.022 x 107? molecules. 

(0) One mole of H, plus 1 mol of O, in an 11.2-L con- 

tainer exert a pressure of 4 atm at 0°C. 

(p) When the pressure on a sample of gas is halved, with 

the temperature remaining constant, the density of the 

gas is also halved. 

(q) When the temperature of a sample of gas is increased 

at constant pressure, the density of the gas will de- 
crease. 

(r) According to the equation 

2 KCIO,(s) A,s KC\(s) + 3 O2(g) 

1 mol of KCIO; will produce 67.2 L of O, at STP. 
(s) PV = nRT is a statement of Avogadro’s law. 

(t) STP conditions are 1 atm and 0°C. 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

Pressure Units 

27. 

29. 

The barometer reads 715 mm Hg. Calculate the corres- 

ponding pressure in 

(a) atmospheres 

(b) inches of Hg 

(c) Ib/in.? 
Express the following pressures in atmospheres: 

(a) 28 mm Hg 

(b) 6000. cm Hg 

(c) 795 torr 

(d) 5.00 kPa 

Boyle’s and Charles’ laws 

31. 

a3. 

35. 

A gas occupies a volume of 400. mL at 500. mm Hg 

pressure. What will be its volume, at constant temperature, 

if the pressure is changed to (a) 760 mm Hg? (b) 250 torr? 

A 500.-mL sample of a gas is at a pressure of 640. mm 

Hg. What must be the pressure, at constant temperature, 

if the volume is changed to 855 mL? 

Given 6.00 L of N> gas at —25°C, what volume will 

the nitrogen occupy at (a) 0.0°C? (b) 100. K? (Assume 

constant pressure.) 

Combined Gas Laws 

37. 

39. 

A gas occupies a volume of 410 mL at 27°C and 740 mm 

Hg pressure. Calculate the volume the gas would occupy 

at STP. 

An expandable balloon contains 1400. L of He at 0.950 

atm pressure and 18°C. At an altitude of 22 miles (temper- 

ature 2.0°C and pressure 4.0 torr), what will be the volume 

of the balloon? 

Dalton’s Law of Partial Pressures 

41. 

43. 

What would be the partial pressure of N> gas collected over 

water at 20°C and 720. torr pressure? (Check Appendix II 

for the vapor pressure of water.) 

A mixture contains H at 600. torr pressure, N> at 200. 

torr pressure, and O, at 300. torr pressure. What is the 

total pressure of the gases in the system? 

28. 

30. 

32. 

34. 

36. 

38. 

40. 

42. 

The barometer reads 715 mm Hg. Calculate the corres- 

ponding pressure in 

(a) torrs 

(b) millibars 

(c) kilopascals 

Express the following pressures in atmospheres: 

(a) 62 mm Hg 

(b) 4250. cm Hg 

(c) 225 torr 
(d) 0.67 kPa 

A gas occupies a volume of 400. mL at 500. mm Hg 

pressure. What will be its volume, at constant temperature, 

if the pressure is changed to (a) 2.00 atm? (b) 325 torr? 

A 500.-mL sample of a gas is at a pressure of 640. mm 

Hg. What must be the pressure, at constant temperature, 

if the volume is changed to 450. mL? 

Given 6.00 L of N, gas at —25°C, what volume will 

the nitrogen occupy at (a) 0.0°F? (b) 345. K? (Assume 

constant pressure.) 

A gas occupies a volume of 410 mL at 27°C and 740 mm 

Hg pressure. Calculate the volume the gas would occupy 

at 250.°C and 680 mm Hg pressure. 

A gas occupies 22.4 L at 2.50 atm and 27°C. What will 

be its volume at 1.50 atm and —5.00°C? 

What would be the partial pressure of N> gas collected over 

water at 25°C and 705. torr pressure? (Check Appendix II 

for the vapor pressure of water.) 

. A mixture contains H, at 325. torr pressure, N> at 475. 

torr pressure, and O, at 650. torr pressure. What is the 

total pressure of the gases in the system? 
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. A sample of methane gas, CH, was collected over water 

at 25.0°C and 720. torr. The volume of the wet gas is 

2.50 L. What will be the volume of the dry methane at 

standard pressure? 

Mole—Mass—Volume Relationships 

47. 

49. 

51. 

53. 

What volume will 2.5 mol of Cl, occupy at STP? 

How many grams of CO, are present in 2500 mL of CO, 

at STP? 

What volume will each of the following occupy at STP? 

(a) 1.0 mol of NO, 

(b) 17.05 g of NO, 
(c) 1.20 x 10°* molecules of NO, 

How many molecules of NH3 gas are present in a 1.00-L 

flask of NH3 gas at STP? 

Density of Gases 

Sos 

ile 

Calculate the density of the following gases at STP: 

(a) Kr 
(b) SO3 

Calculate the density of: 

(a) F, gas at STP 

(b) F5 gas at 27°C and 1.00 atm pressure 

Ideal Gas Equation and Stoichiometry 

59. 

61. 

63. 

65. 

At 27°C and 750 torr pressure, what will be the volume 

of 2.3 mol of Ne? 

What volume will a mixture of 5.00 mol of H, and 0.500 

mol of CO, occupy at STP? 

Given the equation: 

4 NH3(g) + 5 O2(g) —> 4 NO(g) + 6 H,O(g) 

(a) How many moles of NH3 are required to produce 5.5 

mol of NO? 

(b) How many liters of NO can be made from 12 L of 

O, and 10. L of NH3 at STP? 

(c) At constant temperature and pressure, what is the 

maximum volume, in liters, of NO that can be made 

from 3.0 L of NH3 and 3.0 L of O,? 

Given the equation: 

4 FeS(s) + 7 On(g) A, 2 Fe,03(s) + 4 SO.(g) 

how many liters of O>, measured at STP, will react with 

0.600 kg of FeS? 

46. 

48. 

50. 

52. 

54. 

56. 

58. 

60. 

62. 

66. 

A sample of propane gas, C3Hg, was collected over water 

at 22.5°C and 745 torr. The volume of the wet gas is 

1.25 L. What will be the volume of the dry propane at 

standard pressure? 

What volume will 1.25 mol of Nz occupy at STP? 

How many grams of NH; are present in 1.75 L of NH; 

at STP? 

What volume will each of the following occupy at STP? 

(a) 0.50 mol of H,S 

(b) 22.41 g of H,S 
(c) 8.55 X 107° molecules of HS 

How many molecules of CH, gas are present in a 1.00-L 

flask of CH, gas at STP? 

Calculate the density of the following gases at STP: 

(a) He 

(b) C,H 
Calculate the density of: 

(a) Cly gas at STP 

(b) Cl, gas at 22°C and 0.500 atm pressure 

At 25°C and 725 torr pressure, what will be the volume 

of 0.75 mol of Kr? 

What volume will a mixture of 2.50 mol of N> and 0.750 

mol of HCl occupy at STP? 

. Given the equation: 

4 NH3(g) + 5 O2(g) —> 4 NO(g) + 6 H2O(g) 

(a) How many moles of NH3 will react with 7.0 mol 

of O,? 

(b) Atconstant temperature and pressure, how many liters 

of NO can be made by the reaction of 800. mL of O,? 

(c) How many grams of O> must react to produce 60. L 
of NO measured at STP? 

Given the equation: 

4 FeS(s) + 7 O2(g) A, 2 Fe,03(s) + 4 SO(g) 

how many liters of SO2, measured at STP, will be pro- 
duced from 0.600 kg of FeS? 
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These exercises are not paired or labeled by topic and 76. 

provide additional practice on concepts covered in this 

chapter. 

67. Sketch a graph to show each of the following relationships: 

(a) P vs V at constant temperature and number of moles 

(b) T vs V at constant pressure and number of moles 

(c) T vs P at constant volume and number of moles 

(d) n vs V at constant temperature and pressure 
ils 

68. Why is it dangerous to incinerate an aerosol can? 

69. What volume does 1 mol of an ideal gas occupy at stan- 

dard conditions? 

70. Which of these occupies the greatest volume? 78. 

(a) 0.2 mol of chlorine gas at 48°C and 80 cm Hg 

(b) 4.2 g of ammonia at 0.65 atm and — 112°C 

(c) 21 g of sulfur trioxide at room temperature and 79. 

110 kPa 

71. Which of these has the greatest density? 
(a) SF, at STP 80. 
(b) C,H, at room conditions 

(c) He at — 80°C and 2.15 atm 

72. A chemist carried out a chemical reaction that produced 

a gas. It was found that the gas contained 80.0% carbon 

and 20.0% hydrogen. It was also noticed that 1500 mL 

of the gas at STP had a mass of 2.01 g. 82. 
(a) What is the empirical formula of the compound? 

(b) What is the molecular formula of the compound? 

(c) What Lewis structure fits this compound? 83. 

* 73, Three gases were added to the same 2.0-L container. The 

total pressure of the gases was 790 torr at room tempera- 

ture (25.0°C). If the mixture contained 0.65 g of oxygen 

gas, 0.58 g of carbon dioxide, and an unknown amount 84. 

of nitrogen gas, determine: 

(a) the total number of moles of gas in the container 85. 

(b) the number of grams of nitrogen in the container 

(c) the partial pressure of each gas in the mixture 86 

* 74, When carbon monoxide and oxygen gas react, carbon 

dioxide results. If 500. mL of O, at 1.8 atm and 15°C are 

mixed with 500. mL of CO at 800 mm Hg and 60°C, how 87. 

many milliliters of CO, at STP could possibly result? 

75. One of the methods for estimating the temperature at the 

center of the sun is based on the ideal gas equation. If 88. 

the center is assumed to be a mixture of gases whose 

average molar mass is 2.0 g/mol, and if the density and 

pressure are 1.4 g/cm? and 1.3 X 10° atm, respectively, 

find the temperature. 

81. 
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A soccer ball of constant volume 2.24 L is pumped up 

with air to a gauge pressure of 13 Ib/in.” at 20.0°C. The 

molar mass of air is about 29 g/mol. 

(a) How many moles of air are in the ball? 

(b) What mass of air is in the ball? 

(c) During the game, the temperature rises to 30.0°C. 

What mass of air must be allowed to escape to bring 

the gauge pressure back to its original value? 

A balloon will burst at a volume of 2.00 L. If it is partially 

filled at a temperature of 20.0°C and a pressure of 65 cm 

Hg to occupy 1.75 L, at what temperature will it burst if 

the pressure is exactly 1 atm at the time that it breaks? 

At constant temperature, what pressure would be required 

to compress 2500 L of hydrogen gas at 1.0 atm pressure 

into a 25-L tank? 

Given a sample of a gas at 27°C, at what temperature 

would the volume of the gas sample be doubled, the 

pressure remaining constant? 

A gas sample at 22°C and 740 torr pressure is heated until 

its volume is doubled. What pressure would restore the 

sample to its original volume? 

A gas occupies 250 mL at 700. torr and 22°C. When the 

pressure is changed to 500. torr, what temperature (°C) 

is needed to maintain the same volume? 

Hydrogen stored in a metal cylinder has a pressure of 252 

atm at 25°C. What will be the pressure in the cylinder when 

the cylinder is lowered into liquid nitrogen at — 196°C? 

The tires on an automobile were filled with air to 30. psi 

at 71.0°F. When driving at high speeds, the tires become 

hot. If the tires have a bursting pressure of 44 psi, at what 

temperature (°F) will the tires “blow out”? 

What volume would 5.30 L of H, gas at STP occupy at 

70°C and 830 torr pressure? 

What pressure will 800. mL of a gas at STP exert when 

its volume is 250. mL at 30°C? 

. How many gas molecules are present in 600. mL of N»O 

at 40°C and 400. torr pressure? How many atoms are 

present? What would be the volume of the sample at STP? 

5.00 L of CO, at 500. torr and 3.00 L of CH, at 400. torr are 

put into a 10.0-L container. What is the pressure exerted by 

the gases in the container? 

A steel cylinder contains 60.0 mol of H, at a pressure of 

1500 Ib/in.”. 
(a) How many moles of Hy, are in the cylinder when the 

pressure reads 850 Ib/in.?? 
(b) How many grams of H, were initially in the cylinder? 
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. At STP, 560. mL of a gas have a mass of 1.08 g. What 

is the molar mass of the gas? 

How many moles of Cl, are in one cubic meter (1.00 m?) 

of Cl, gas at STP? 

A gas has a density at STP of 1.78 g/L. What is its 

molar mass? 

At what temperature (°C) will the density of methane, 

CHzy, be 1.0 g/L at 1.0 atm pressure? 

Using the ideal gas equation, PV = nRT, calculate: 

(a) the volume of 0.510 mol of Hz at 47°C and 

1.6 atm pressure 

(b) the number of grams in 16.0 L of CH, at 27°C and 

600. torr pressure 

*(c) the density of CO, at 4.00 atm pressure and — 20.0°C 

*(d) the molar mass of a gas having a density of 

2.58 g/L at 27°C and 1.00 atm pressure. 

What is the molar mass of a gas if 1.15 g occupy 

0.215 L at 0.813 atm and 30.0°C? 

What is the Kelvin temperature of a system in which 

4.50 mol of a gas occupies 0.250 L at 4.15 atm? 

How many moles of N» gas occupy 5.20 L at 250 K and 

0.500 atm? 

What volume of hydrogen at STP can be produced by 

reacting 8.30 mol of Al with sulfuric acid? The equation 

is 

2 Al(s) + 3 H2SO,4(aq) —~ Al(SO4)3(aq) + 3 Ho(g) 
Acetylene, C,H, and hydrogen fluoride, HF, react to give 

difluoroethane. 

C,H2(g) + 2 HF(g) —> C,Hy4F2(g) 

When 1.0 mol of C,H, and 5.0 mol of HF are reacted in 

a 10.0-L flask, what will be the pressure in the flask at 

0°C when the reaction is complete? 

What are the relative rates of effusion of N» and He? 

(a) What are the relative rates of effusion of CH, and He? 

(b) If these two gases are simultaneously introduced into 

opposite ends of a 100.-cm tube and allowed to diffuse 

toward each other, at what distance from the helium 

end will molecules of the two gases meet? 

A gas has a percent composition by mass of 85.7% carbon 

and 14.3% hydrogen. At STP the density of the gas is 

2.50 g/L. What is the molecular formula of the gas? 

Assume that the reaction 

2 CO(g) + O2(g) —> 2 CO,(g) 

goes to completion. When 10. mol of CO and 8.0 mol of 

O, react in a closed 10.-L vessel, 

(a) how many moles of CO, O, and CO, are present at 

the end of the reaction? 

(b) what will be the total pressure in the flask at 0°C? 

*103. 

*104. 

*105. 

250 mL of O5, measured at STP, were obtained by the 

decomposition of the KCIO3 in a 1.20-g mixture of KCl 

and KCIO3: 

2 KCIO3(s) —> 2 KCK(s) + 3 O,(g) 

What is the percent by mass of KCI1O3 in the mixture? 

Look at the apparatus below. When a small amount of 

water is squirted into the flask containing ammonia gas 

(by squeezing the bulb of the medicine dropper), water 

from the beaker fills the flask through the long glass 

tubing. Explain this phenomenon. (Remember that ammo- 

nia dissolves in water.) 

Determine the pressure of the gas in each of the figures 

below: 
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*106. Consider the arrangement of gases shown below. *107. Air has a density of 1.29 g/L at STP. Calculate the density 
If the valve between the gases is opened and the tempera- of air on Pikes Peak, where the pressure is 450 torr and 

ture is held constant: the temperature is 17°C. 

(a) determine the pressure of each gas *108. A room is 16 ft < 12 ft x 12 ft. Would air enter or leave 
(b) determine the total pressure in the system the room and how much, if the temperature in the room 

changed from 27°C to —3°C with the pressure remaining 

constant? Show evidence. 

*109. A steel cylinder contained 50.0 L of oxygen gas under a 

pressure of 40.0 atm and a temperature of 25°C. What 

was the pressure in the cylinder during a storeroom fire 

that caused the temperature to rise 152°C? (Be careful!) 

ers to Practice Exercises 

12.1 (a) 851 torr, (b) 851 mm Hg 12.8 1.4 x 10? g/mol 

12.2 0.596 atm 12.9 0.89 g/L 
12.3 4.92L 12.10 0.953 mol 
12.4 762 torr 12.11 128 g/mol 

125 84.7 L 12.12 1.56 L Op 

12.6 861 K (588°C) 12.13 75.0 L Op, 45.0 L COs, 60.0 L H,O 

12.7 518 mL 
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Chapter 13 

Planet earth, that magnificent blue sphere we enjoy viewing from the space shuttle, 13.1 Liquids and Solids 
is spectacular. Over 75% of the earth is covered with water. We are born from it, 

drink it, bathe in it, cook with it, enjoy its beauty in waterfalls and rainbows, and 
stand in awe of the majesty of icebergs. Water supports and enhances life. 13.3 Vapor Pressure 

In chemistry, water provides the medium for numerous reactions. The shape 

of the water molecule is the basis for hydrogen bonds. These bonds determine the 

unique properties and reactions of water. The tiny water molecule holds the answers 13.5 Boiling Point 

to many of the mysteries of chemical reactions. 

13.2 Evaporation 

13.4 Surface Tension 

13.6 Freezing Point or 

Melting Point 

iqui i 13.7. Ch f Stat 
Liquids and Solids anges of State 

13.8 Occurrence of Water 

13.9 Physical Properties of 
In the last chapter, we found that a gas can be a substance containing particles that Water 
are far apart, in rapid random motion, and independent of each other. The Kinetic- 

Molecular Theory, along with the ideal gas equation, summarizes the behavior of 3-10 Structure of the Water 
most gases at relatively high temperatures and low pressures. rolecis 

Solids are obviously very different from gases. A solid contains particles that 13.11 The Hydrogen Bond 

are very close together, has a high density, compresses negligibly, and maintains 

its shape regardless of container. These characteristics indicate large attractive forces 

between particles. The model for solids is very different from the one for gases. 

Liquids, on the other hand, lie somewhere in between the extremes of gases 

and solids. A liquid contains particles that are close together, is essentially incom- 13.13 Hydrates 

pressible, and has a definite volume. These properties are very similar to solids. 

But, a liquid also takes the shape of its container, which is closer to the model of 

a gas. 
Although liquids and solids show similar properties, they differ tremendously 13.15 Natural Waters 

from gases. No simple mathematical relationship, like the ideal gas equation, works 

well for liquids or solids. Instead, these models are directly related to the forces of 

attraction between molecules. With these general statements in mind, let us consider 

some of the specific properties of liquids. 

13.12 Formation and 

Chemical Properties of 

Water 

13.14 Hygroscopic 

Substances 

13.16 Water Pollution 

Evaporation 

When beakers of water, ethyl ether, and ethyl! alcohol are allowed to stand uncovered 

in an open room, their volumes gradually decrease. The process by which this 

change takes place is called evaporation. 

Attractive forces exist between molecules in the liquid state. Not all of these 

molecules, however, have the same kinetic energy. Molecules that have greater than 

average kinetic energy can overcome the attractive forces and break away from the 

surface of the liquid to become a gas. Evaporation or vaporization is the escape 

of molecules from the liquid state to the gas or vapor state. 

In evaporation, molecules of higher-than-average kinetic energy escape from “Chapter Opening Photo: 

a liquid, leaving it cooler than it was before they escaped. For this reason, evaporation —_ Water on planet earth as viewed 

of perspiration is one way the human body cools itself and keeps its temperature from an Apollo spacecraft. 

evaporation 

vaporization 

295 
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FIGURE 13.1 > 

(a) Molecules in an open beaker 

evaporate from the liquid and 

disperse into the atmosphere. 

Evaporation will continue until 

all the liquid is gone. 

(b) Molecules leaving the liquid 

are confined to a limited space. 

With time, the concentration in 

the vapor phase will increase 

until an equilibrium between 

liquid and vapor is established. 

sublimation 

condensation 

vapor pressure 

(a) (b) 

constant. When volatile liquids such as ethyl chloride, C,H;Cl, are sprayed on the 

skin, they evaporate rapidly, cooling the area by removing heat. The numbing effect 

of the low temperature produced by evaporation of ethyl chloride allows it to be 

used as a local anesthetic for minor surgery. 

Solids such as iodine, camphor, naphthalene (moth balls), and, to a small extent, 

even ice will go directly from the solid to the gaseous state, bypassing the liquid 

state. This change is a form of evaporation and is called sublimation: 

evaporation 
oe liquid vapor 

: sublimation 
solid vapor 

Vapor Pressure 

When a liquid vaporizes in a closed system as shown in Figure 13.1, part (b), some 

of the molecules in the vapor or gaseous state strike the surface and return to the 

liquid state by the process of condensation. The rate of condensation increases 

until it is equal to the rate of vaporization. At this point, the space above the liquid 
is said to be saturated with vapor, and an equilibrium, or steady state, exists between 
the liquid and the vapor. The equilibrium equation is 

vaporization 
ee Vapor 
condensation 

liquid 

This equilibrium is dynamic; both processes—vaporization and condensation—are 
taking place, even though one cannot see or measure a change. The number of 
molecules leaving the liquid in a given time interval is equal to the number of 
molecules returning to the liquid. 

At equilibrium the molecules in the vapor exert a pressure like any other gas. 
The pressure exerted by a vapor in equilibrium with its liquid is known as the vapor 
pressure of the liquid. The vapor pressure may be thought of as a measure of the 
“escaping” tendency of molecules to go from the liquid to the vapor state. The 



To 

(a) Evacuated flask (b) Water added at 20°C (c) Water-vapor 

equilibrium at 20° C 

vapor pressure of a liquid is independent of the amount of liquid and vapor present, 

but it increases as the temperature rises. Figure 13.2 illustrates a liquid—vapor 

equilibrium and the measurement of vapor pressure. 
When equal volumes of water, ethyl ether, and ethyl alcohol are placed in 

separate beakers and allowed to evaporate at the same temperature, we observe that 

the ether evaporates faster than the alcohol, which evaporates faster than the water. 

This order of evaporation is consistent with the fact that ether has a higher vapor 

pressure at any particular temperature than ethyl alcohol or water. One reason for 

this higher vapor pressure is that the attraction is less between ether molecules than 

between alcohol molecules or between water molecules. The vapor pressures of 

these three compounds at various temperatures are compared in Table 13.1. 

Substances that evaporate readily are said to be volatile. A volatile liquid has 

a relatively high vapor pressure at room temperature. Ethyl ether is a very volatile 

liquid, water is not too volatile, and mercury, which has a vapor pressure of 0.0012 

torr at 20°C, is essentially a nonvolatile liquid. Most substances that are normally 

in a solid state are nonvolatile (solids that sublime are exceptions). 

Surface Tension 

Have you ever observed water and mercury in the form of small drops? These 

liquids occur as drops due to surface tension of liquids. A droplet of liquid that is 

not falling or under the influence of gravity (as on the space shuttle) will form a 

sphere. Minimum surface area is found in the geometrical form of the sphere. 

The molecules within the liquid are attracted to the surrounding liquid molecules. 

However, at the surface of the liquid, the attraction is nearly all inward, pulling the 

surface into a spherical shape. The resistance of a liquid to an increase in its surface 
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(d) Water-vapor 

equilibrium at 30° C 

A 
FIGURE 13.2 
Measurement of the vapor 

pressure of water at 20°C and 
30°C. In flask (a) the system is 

evacuated. The mercury 

manometer attached to the flask 

shows equal pressure in both 

legs. In (b) water has been added 

to the flask and begins to 

evaporate, exerting pressure as 
indicated by the manometer. In 

(c), when equilibrium is 

established, the pressure inside 

the flask remains constant at 

17.5 torr. In (d) the temperature 

is changed to 30°C, and 

equilibrium is reestablished with 

the vapor pressure at 31.8 torr. 

volatile 



298 CHAPTER I3 Water and the Properties of Liquids 

Water beading on a newly 

waxed car is an example of 

surface tension. 

surface tension 

capillary action 

meniscus 

area is called the surface tension of the liquid. Substances with large attractive 

forces between molecules have high surface tensions. The effect of surface tension 

in water is illustrated by the phenomenon of floating a needle on the surface of still 

water. Other examples include the movement of the water strider insect across a 

calm pond, or the beading of water on a freshly waxed car. 

Liquids also exhibit a phenomenon known as capillary action, which is the 

spontaneous rising of a liquid in a narrow tube. This action results from the cohesive 

forces within the liquid, and the adhesive forces between the liquid and the walls 

of the container. If the forces between the liquid and the container are greater than 

those within the liquid itself, the liquid will climb the walls of the container. For 

example, consider the California sequoia tree, which can be over 200 feet in height. 

Under atmospheric pressure, water will only rise 33 feet in a glass tube, but capillary 

action will cause water to rise from the roots to all parts of the tree. 

The meniscus in liquids is further evidence of these cohesive and adhesive 

forces. When a liquid is placed in a glass cylinder the surface of the liquid shows 

a curve called the meniscus (see Figure 13.3). The concave shape of the meniscus 

of water shows that the adhesive forces between the glass and the liquid are stronger 

than the cohesive forces within the liquid. In a nonpolar substance such as mercury, 

the meniscus is convex, indicating that the cohesive forces within the mercury are 

greater than the adhesive forces between the glass wall and the mercury. 

Boiling Point 

The boiling temperature of a liquid is associated with its vapor pressure. We have 

seen that the vapor pressure increases as the temperature increases. When the internal 

or vapor pressure of a liquid becomes equal to the external pressure, the liquid 

boils. (By external pressure we mean the pressure of the atmosphere above the 



liquid.) The boiling temperature of a pure liquid remains constant as long as the 

external pressure does not vary. 

The boiling point (bp) of water is 100°C at 1 atm pressure. Table 13.1 shows 

that the vapor pressure of water at 100°C is 760 torr, a figure we have seen many 

times before. The significant fact here is that the boiling point is the temperature 

at which the vapor pressure of the water or other liquid is equal to standard, or 

atmospheric, pressure at sea level. These relationships lead to the following defini- 

tion: The boiling point is the temperature at which the vapor pressure of a liquid 
is equal to the external pressure above the liquid. 

We can readily see that a liquid has an infinite number of boiling points. When 

we give the boiling point of a liquid, we should also state the pressure. When we 

express the boiling point without stating the pressure, we mean it to be the normal 

boiling point at standard pressure (760 torr). Using Table 13.1 again, we see that 

the normal boiling point of ethyl ether is between 30°C and 40°C, and for ethyl 

alcohol it is between 70°C and 80°C, because, for each compound, 760 torr pressure 

lies within these stated temperature ranges. At the normal boiling point, 1 g of a 

liquid changing to a vapor (gas) absorbs an amount of energy equal to its heat of 

vaporization (see Table 13.2). 

The boiling point at various pressures may be evaluated by plotting the data 

of Table 13.2 on the graph in Figure 13.4, where temperature is plotted horizontally 

along the x axis and vapor pressure is plotted vertically along the y axis. The 

resulting curves are known as vapor-pressure curves. Any point on these curves 

represents a vapor—liquid equilibrium at a particular temperature and pressure. We 

may find the boiling point at any pressure by tracing a horizontal line from the 

designated pressure to a point on the vapor-pressure curve. From this point we draw 

a vertical line to obtain the boiling point on the temperature axis. Four such points 

are shown in Figure 13.4; they represent the normal boiling points of the four 

compounds at 760 torr pressure. By reversing this process, you can ascertain at 

what pressure a substance will boil at a specific temperature. The boiling point is 

one of the most commonly used physical properties for characterizing and identi- 

fying substances. 

: Practice 13. 1 

: ] Use the graph i in sue 1B. 4 to “doienaine the boiling oa of so chlonde, 

fe = ether, 7 alone, and water at 600 torr. 
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FIGURE 13.3 
The meniscus is the 
characteristic curve of the 

surface of a liquid in a narrow 

capillary tube. Here we see the 

meniscus of mercury (left) and 

water (right) 

boiling point 

normal boiling point 

vapor-pressure curves 
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FIGURE 13.4 > 
Vapor-pressure—temperature 

curves for ethyl chloride, ethyl 
ether, ethyl alcohol, and water. 

freezing or melting point 

1300 = 

1200 

1100 - 

Vapor pressure (torr) 

-10 0 10 20 30 40 50 60 70 80 90 100 110 

Temperature (°C) 

As heat is removed from a liquid, the liquid becomes colder and colder, until a 

temperature is reached at which it begins to solidify. A liquid changing into a solid 

is said to be freezing, or solidifying. When a solid is heated continuously, a tempera- 

ture is reached at which the solid begins to liquefy. A solid that is changing into a 

liquid is said to be melting. The temperature at which the solid phase of a substance 
is in equilibrium with its liquid phase is known as the freezing point or melting 
point of that substance. The equilibrium equation is 

: Iti cme: 
solid oe liquid 

“freezing 

When a solid is slowly and carefully heated so that a solid—liquid equilibrium is 
achieved and then maintained, the temperature will remain constant as long as both 

phases are present. The energy is used solely to change the solid to the liquid. The 



melting point is another physical property that is commonly used for characteriz- 
ing substances. 

The most common example of a solid—liquid equilibrium is ice and water. In 
a well-stirred system of ice and water, the temperature remains at 0°C as long as 
both phases are present. The melting point changes with pressure but only slightly 
unless the pressure change is very large. 

Changes of State 

The majority of solids undergo two changes of state upon heating. A solid changes 

to a liquid at its melting point, and a liquid changes to a gas at its boiling point. 

This warming process can be represented by a graph called a heating curve (Figure 

13.5). This figure shows ice being heated at a constant rate. As energy flows into 

the ice, the vibrations within the crystal increase and the temperature rises 

(A —— B). Eventually, the molecules begin to break free from the crystal and 

melting occurs (B ——+C). During the melting process all energy goes into breaking 

down the crystal structure; the temperature remains constant. 

The energy required to change 1 g of a solid at its melting point into a liquid 

is called the heat of fusion. When the solid has completely melted, the temperature 
once again rises (C——> D); the energy input is increasing the molecular motion 

within the water. At 100°C, the water reaches its boiling point; the temperature 

remains constant while the added energy is used to vaporize the water to steam 

(D ——E). The heat of vaporization is the energy required to change 1 g of liquid 

to vapor at its normal boiling point. The attractive forces between the liquid molecules 

are overcome during vaporization. Beyond this temperature, all the water exists as 

steam and is being heated further (E —— F). 

120 . 
Vapor (steam) 

100 - 

Liquid to vapor 
(water to steam) 

80 | 

60 cS 

: Liquid heating 

40 f 
- Solid to liquid 

(ice to water) Temperature (°C) 

—_—> Heat added —————~— 
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heat of fusion 

heat of vaporization 

<q FIGURE 13.5 

Heating curve for a pure 

substance—the absorption of 

heat by a substance from the 

solid state to the vapor state. 

Using water as an example, the 

AB interval represents the ice 

phase; BC interval, the melting 

of ice to water; CD interval, the 

elevation of the temperature of 

water from 0°C to 100°C; DE 

interval, the boiling of water to 

steam; and EF interval, the 

heating of steam. 



Chemistry in Action 

— When a comet i is near the sun, some Of 

the ice on its surface sublimates into ‘the 

- vacuum of space. This rapidly moving 

water vapor drags comet dust along with - 

it, creating two of the characteristic fea- 
tures of a comet, its. tail and its dusty 
shroud (usually called a coma). Scientists ae 

- ~ understand that the production of atail on 
oe comet traveling near the sun is the result a 

2 of the rapid conversion of ice to water 
2 vapor from the heat of the sun. But why 

would a comet traveling far from the sun 

a mystery. Ho VC 

such celestial wonders? — oo. 

Example 13.1 

have a tail when there is not enough heat 
to transform ice to water vapor? This is - 

an these comets produce so 

New observations from the Univesity 

of Hawaii, Honolulu, suggest that there- / 

= lease of ¢ carbon monoxide Provides the ie 

at. 200°C? 

Solution 

spectacle. “Astronomers s Matthew C. Senay | 
and David Jewitt used two short-wave- poe 

= length radio telescopes to detect the emis- _ : 

- sions of gases from Comet Schwassmann- my 

- Wachmann 1. This particular cometnever 
gets closer to the sun than Jupiter. SURG a 

~ telescopes revealed that the comet releases _ | 
a startling amount of carbon monoxide. 

Carbon monoxide sublimes at atempera- 

ture of 25 K. The carbon monoxide com- 
- ing from the comet has about the same 

speed as the comet but moves in general 

- toward the sun. Senay and Jewitt suggest — = 

_ that the gas comes from the surface | of the 
comet most illuminated by the sun. The 
sun sublimes the carbon monoxide at a 

_ rate of nearly 2000 kg/sec, producing the 

tail of f gas headed toward the sun. 

How many joules of energy are needed to change 10.0 g of ice at 0.00°C to water 

Ice will absorb 335 J/g (heat of fusion) in going from a solid at 0°C to a liquid at 
0°C. An additional 4.184 J/g°C (specific heat of water) are needed to raise the 

temperature of the water for each 1°C. 

Joules needed to melt the ice: 

10.0 ae 
: 1g 

Seed 
= 3.35 X 10°J (801 cal) 

Joules needed to heat the water from 0.00°C to 20.0°C: 

Thus3350 J°--%837'J 

Example 13.2 

100 gc 4.184 J 

1g°€ 

steam at 100.°C? 

Solution 

302 

Ea 4.1847 
1 g€ 

X 20.0°€ = 837 J (200. cal) 

= 419 xX 10°J (1.00 X 10° cal) are needed. 

xX 
1 kJ 

1000 J 

How many kilojoules of energy are needed to change 20.0 g of water at 20.°C to 

Kilojoules needed to heat the water from 20.°C to 100.°C: 

xX 80.°S = 6.7kIJ 
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Kilojoules needed to change water at 100.°C to steam at 100.°C: 

2.26 kJ 

lg 

Thus, 6.7 kJ + 45.2 kJ = 51.9 kJ are needed. 

20.0 ¢ x = 45.2 KJ 

Practice 13.3 

: How many kilojoules oF energy are faa to change 50. 0 g of aby oe : 
from 60.0°C to a at 78. 4°C? The oe heat of ns alcohol i is 2. 138 

_ dig? C. 

Occurrence of Water 

Water is our most common natural resource. It covers about 75% of the earth’s 

surface. Not only is it found in the oceans and seas, in lakes, rivers, streams, 

and in glacial ice deposits, it is also always present in the atmosphere and in 

cloud formations. 

About 97% of the earth’s water is in the oceans. This saline water contains 

vast amounts of dissolved minerals. More than 70 elements have been detected in 

the mineral content of seawater. Only four of these—chlorine, sodium, magnesium, 

and bromine—are now commercially obtained from the sea. The world’s fresh water 

comprises the other 3%, of which about two-thirds is locked up in polar ice caps 

and glaciers. The remaining fresh water is found in groundwater, lakes, and the atmo- 

sphere. 
Water is an essential constituent of all living matter. It is the most abundant 

compound in the human body, making up about 70% of total body mass. About 

92% of blood plasma is water; about 80% of muscle tissue is water; and about 60% 

of a red blood cell is water. Water is more important than food in the sense that a 

person can survive much longer without food than without water. 

Physical Properties of Water 

Water is a colorless, odorless, tasteless liquid with a melting point of 0°C and a 

boiling point of 100°C at 1 atm. The heat of fusion of water is 335 J/g (80 cal/g). 

The heat of vaporization of water is 2.26 kJ/g (540 cal/g). The values for water for 

both the heat of fusion and the heat of vaporization are high compared with those 

for other substances; these high values indicate that strong attractive forces are 

acting between the molecules. 

Ice and water exist together in equilibrium at 0°C, as shown in Figure 13.6. 

When ice at 0°C melts, it absorbs 335 J/g (80 cal/g) in changing into a liquid; the 

temperature remains at 0°C. In order to refreeze the water we have to remove 335 

J/g (80 cal/g) from the liquid at 0°C. 
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FIGURE 13.6 > 

Water equilibrium systems. In 

the beaker on the left, ice and 

water are in equilibrium at 0°C; 

in the flask on the right, boiling 

water and steam are in 

equilibrium at 100°C. 

In Figure 13.6 both boiling water and steam are shown to have a temperature 

of 100°C. It takes 418 J (100 cal) to heat 1 g of water from 0°C to 100°C, but 

water at its boiling point absorbs 2.26 kJ/g (540 cal/g) in changing to steam. 

Although boiling water and steam are both at the same temperature, steam contains 

considerably more heat per gram and can cause more severe burns than hot water. 

In Table 13.3 the physical properties of water are tabulated and compared with 

those of other hydrogen compounds of Group VIA elements. 

The maximum density of water is 1.000 g/mL at 4°C. Water has the unusual 

property of contracting in volume as it is cooled to 4°C and then expanding when 

cooled from 4°C to 0°C. Therefore 1 g of water occupies a volume greater than 

1 mL at all temperatures except 4°C. Although most liquids contract in volume all 

the way down to the point at which they solidify, a large increase (about 9%) in 

volume occurs when water changes from a liquid at 0°C to a solid (ice) at 0°C. 

The density of ice at 0°C is 0.917 g/mL, which means that ice, being less dense - 

than water, will float in water. 

3 Phy ee of Water and Other Hydrcen Compounds of Group VIA { Elements 

‘Melting _ Boiling point, Heat of Heat of 
point — 1 atm fusion _ Vaporization © 
CC) CC) J/g (cal/g) = Jie (cal/g) 

7 8 | 000 100.0 335 (80.0) 2.26 X 10° (540) 
Clones - | = 355 08 69.9 (16.7) 548 (131) 
Colorless 800 057 —41.3 31 (7.4) 2 28610” 
Colorless eo ao i 2 oe a 179 (42.8) 
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A single water molecule consists of two hydrogen atoms and one oxygen atom. 

Each hydrogen atom is attached to the oxygen atom by a single covalent bond. This 

bond is formed by the overlap of the 1s orbital of hydrogen with an unpaired 2p 

orbital of oxygen. The average distance between the two nuclei is known as the 

bond length. The O—H bond length in water is 0.096 nm. The water molecule is 

nonlinear and has a bent structure with an angle of about 105 degrees between the 
two bonds (see Figure 13.7). 

Oxygen is the second most electronegative element. As a result, the two covalent 

OH bonds in water are polar. If the three atoms in a water molecule were aligned 

in a linear structure, such as Ht+—>+O+4H,, the two polar bonds would be acting 

in equal and opposite directions and the molecule would be nonpolar. However, 

water is a highly polar molecule. Therefore, it does not have a linear structure. 

When atoms are bonded together in a nonlinear fashion, the angle formed by the 

bonds is called the bond angle. In water, the HOH bond angle is 105°. The two 

polar covalent bonds and the bent structure result in a partial negative charge on 

the oxygen atom and a partial positive charge on each hydrogen atom. The polar 

nature of water is responsible for many of its properties, including its behavior as 

a solvent. 

(a) (b) (c) (d) 

The Hydrogen Bond 

Table 13.3 compares the physical properties of HyO, H2S, H2Se, and HjTe. From 

this comparison it is apparent that four physical properties of water—melting point, 

boiling point, heat of fusion, and heat of vaporization—are extremely high and do 

not fit the trend relative to the molar masses of the four compounds. If the properties 

of water followed the progression shown by the other three compounds, we would 

expect the melting point of water to be below — 85°C and the boiling point to be 

below — 60°C. 

Why does water have these anomalous physical properties? It is because liquid 

water molecules are held together more strongly than other molecules in the same 

family. The intermolecular force acting between water molecules is called a hydro- 

gen bond, which acts like a very weak bond between two polar molecules. A 

<q FIGURE 13.7 
Diagrams of a water molecule: 
(a) electron distribution, (b) 

bond angle and O—H bond 

length, (c) molecular orbital 

structure, and (d) dipole 

representation. 

hydrogen bond 
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FIGURE 13.8 > 
Hydrogen bonding. Water in the 

liquid and solid states exists as 

aggregates in which the water 

molecules are linked together by 

hydrogen bonds. 

ween weer e eee ec ce eeeeecrseessessessaseene 

hydrogen bond is formed between polar molecules that contain hydrogen covalently 

bonded to a small, highly electronegative atom such as fluorine, oxygen, or nitrogen 

(F—H, O—H, N—H). A hydrogen bond is actually the dipole-dipole attraction 

between polar molecules containing these three types of polar bonds. 

Because a hydrogen atom has only one electron, it can form only one covalent 

bond. When it is attached to a strong electronegative atom such as oxygen, a 

hydrogen atom will also be attracted to an oxygen atom of another molecule, forming 

a dipole-dipole attraction (H-bond) between the two molecules. Water has two 

types of bonds: covalent bonds that exist between hydrogen and oxygen atoms 

within a molecule and hydrogen bonds that exist between hydrogen and oxygen 

atoms in different water molecules. 

Hydrogen bonds are intermolecular bonds; that is, they are formed between 

atoms in different molecules. They are somewhat ionic in character because they 

are formed by electrostatic attraction. Hydrogen bonds are much weaker than the 

ionic or covalent bonds that unite atoms to form compounds. Despite their weakness, 

they are of great chemical importance. 

The oxygen atom in water can form two hydrogen bonds—one through each 

of the unbonded pairs of electrons. Figure 13.8 shows (a) two water molecules 

linked by a hydrogen bond and (b) six water molecules linked by hydrogen bonds. 

A dash (—) is used for the covalent bond and a dotted line (.-.-) for the hydrogen 

bond. In water each molecule is linked to others through hydrogen bonds to form 

a three-dimensional aggregate of water molecules. This intermolecular hydrogen 

bonding effectively gives water the properties of a much larger, heavier molecule, 

explaining in part its relatively high melting point, boiling point, heat of fusion, 

and heat of vaporization. As water is heated and energy is absorbed, hydrogen bonds 

are continually being broken until at 100°C, with the absorption of an additional 

2.26 kJ/g (540 cal/g), water separates into individual molecules, going into the 

gaseous state. Sulfur, selenium, and tellurium are not sufficiently electronegative 

for their hydrogen compounds to behave like water. The lack of hydrogen bonding 

is one reason why H,S is a gas and not a liquid at room temperature. 

os! Hydrogen 

— Covalent bonds 

<5 Hydrogen bonds 

(a) (b) 
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Fluorine, the most electronegative element, forms the strongest hydrogen bonds. 
This bonding is strong enough to link hydrogen fluoride molecules together as 
dimers, H2F>, or as larger (HF), molecular units. The dimer structure may be 
represented in this way: 

H re Ree 
F: So bondl 

Hydrogen bonding can occur between two different atoms that are capable of 

forming H-bonds. Thus we may have an O.-.-H—N or O—H....N linkage in which 
the hydrogen atom forming the H-bond is between an oxygen and a nitrogen atom. 
This form of the H-bond exists in certain types of protein molecules and many 
biologically active substances. 

Would you expect hydrogen bonding to occur between molecules of the follow- Example 14.3 
ing substances? 

eee) een 
(a) a ears (b) at alien 

H H H H 
ethyl alcohol dimethyl ether 

(a) Hydrogen bonding should occur in ethyl alcohol because one hydrogen atom Solution 

is bonded to an oxygen atom: 

aa Tee 
H—C—C—Q—H4:Q—C—C—H 

i H H-bond | H 
(b) There is no hydrogen bonding in dimethyl ether because all the hydrogen atoms 

are bonded only to carbon atoms. 

Both ethyl alcohol and dimethyl ether have the same molar mass (46.07). 

Although both compounds have the same molecular formula, C,H,O, ethyl alcohol 
has a much higher boiling point (78.4°C) than dimethyl ether (—23.7°C) because 

of hydrogen bonding between the alcohol molecules. 
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Intermolecular forces provide the chemi- 

cal basis for the sweet taste of many con- 

sumer products. The artificial sweetener 

industry was built on the sweet taste of 

chemicals discovered quite by accident in 

the chemistry laboratory. In 1878, Ira 

Remsen was working late in his laboratory 

and glanced at the clock to discover he 

was about to miss a dinner with friends. 

In his haste to leave the lab he forgot to 

wash his hands. Later that evening at din- 

ner he broke a piece of bread and tasted 

it only to discover that it was very sweet. 
He realized the sweet taste was the result 

of the chemical he had been working with 
in the lab and rushed back to the lab where 

he isolated saccharin—the first of the arti- 

ficial sweeteners. 

~ In 1937, while working in his labora- 

tory, Michael Sveda was smoking a ciga- 

rette (a very dangerous practice to say the 

least!). He touched the cigarette to his 

lips and was surprised by the exceedingly 

sweet taste. When he purified the chemical 

he had on his hands it was found to be 

cyclamate, a staple of the artificial sweet- 
ener industry for many years. 

In 1965, James Schlatter was re- 

searching anti-ulcer drugs for the pharma- 

ceutical firm G. D. Searle. In the course 
of his work, he accidentally ingested a 

small amount of his preparation and found — 

to his surprise that it had an extremely 

sweet taste. When purified, the sweet-tast- 

ing substance turned out to be aspartame, 

a molecule consisting of two amino acids 

joined together. Since only very small 

quantities of aspartame are necessary to 

produce sweetness, it proved to be an ex- 

cellent low-calorie artificial sweetener. 

Today under the trade names of “Equal” 

and “Nutrasweet” aspartame is one of the 

cornerstones of the artificial sweetener in- 

dustry. 

There are more than 50 different mole- 

cules that have a sweet taste and all of 

them have similar molecular shapes. The 

triangle of sweetness theory, developed 

How Sweet | 

N—H or —OH group 
(seeking to H-bond with 

O or N on a taste bud) 

% 
O or N atom 

(seeking to H-bond with 

polar H on a taste bud) 

* Any hydrophobic group 

(e.g., CH3, C.Hs) 

Triangle of sweetness 

by Lamont Kier (Massachusetts College 

of Pharmacy) indicates that these mole- 

cules contain three sites that produce the 

proper structure to attach to the taste bud 

and trigger the response that registers 

“sweet” in our brains. 

Taste buds are composed of proteins 

that can form hydrogen bonds with other 

molecules. The proteins contain —N—H 

and —OH groups (with hydrogen avail- 

able to bond) as well as C=O groups 

(providing oxygen for hydrogen bonding). 

Molecules that are sweet also contain 

H-bonding groups including —OH, 

—NH)b, and O or N. The molecules must 

not only have the proper atoms to form 

hydrogen bonds, but must also contain a 

region that is hydrophobic (repels H,O). 

The triangle in the diagram shows the 

three necessary sites. The molecule must 

contain the three sites located at just the 

proper distances. 

The search for new and better sweeten- 

ers is continuing. The perfect sweetener 

would have the following qualities: (1) be 

as sweet or sweeter than sucrose (table 

sugar), (2) be nontoxic, (3) be quick to 

register sweet on the taste buds, (4) be 

easy to release so the taste doesn’t linger, 

(5) have no calories, (6) be stable when 

cooked or dissolved, and (7) of course, be 

inexpensive. Scientists are continuing to 

search for different molecules that possess 
these qualities. 
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Formation and Chemical 
Properties of Water 

Water is very stable to heat; it decomposes to the extent of only about 1% at 

temperatures up to 2000°C. Pure water is a nonconductor of electricity. But when 

a small amount of sulfuric acid or sodium hydroxide is added, the solution is readily 

decomposed into hydrogen and oxygen by an electric current. Two volumes of 

hydrogen are produced for each volume of oxygen: 

2 HLO(L eee ETSY pay 20(/) Pes SoH 2(g) + On(g) 

Formation 

Water is formed when hydrogen burns in air. Pure hydrogen burns very smoothly 

in air, but mixtures of hydrogen and air or oxygen explode when ignited. The 

reaction is strongly exothermic: 

2 H(g) + Oo(g) —> 2 H,O(g) + 484 kJ 

Water is produced by a variety of other reactions, especially by (1) acid—base 

neutralizations, (2) combustion of hydrogen-containing materials, and (3) metabolic 

oxidation in living cells: 

1. HCl(ag) + NaOH(aq) —~ NaCl(aq) + H,O(/) 

2. 2 C,H»(g) + 5 Oo(g) —> 4 CO(g) + 2 H,O(g) + 1212 kJ 

acetylene 

CH,(g) + 2 On(g) —> CO.(g) + 2 HO(g) + 803 kJ 
methane 

3. CoH) 20¢(aq) + 6 Or(g) —2==> 6 COx(g) + 6 H,O()) + 2519 kJ 
glucose 

- The combustion of acetylene shown in (2) is strongly exothermic and is capable 

of producing very high temperatures. It is used in oxygen—acetylene torches to cut 

and weld steel and other metals. Methane is known as natural gas and is commonly 

used as fuel for heating and cooking. The reaction of glucose with oxygen shown 

in (3) is the reverse of photosynthesis. It is the overall reaction by which living 

cells obtain needed energy by metabolizing glucose to carbon dioxide and water. 

Reactions of Water with Metals and Nonmetals 

The reactions of metals with water at different temperatures show that these elements 

vary greatly in their reactivity. Metals such as sodium, potassium, and calcium react 

with cold water to produce hydrogen and a metal hydroxide. A small piece of 

sodium added to water melts from the heat produced by the reaction, forming a 

silvery metal ball, which rapidly flits back and forth on the surface of the water. 

Caution must be used when experimenting with this reaction, because the hydrogen 

produced is frequently ignited by the sparking of the sodium, and it will explode, 

spattering sodium. Potassium reacts even more vigorously than sodium. Calcium 
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basic anhydride 

acid anhydride 

sinks in water and liberates a gentle stream of hydrogen. The equations for these 

reactions are 

2 Na(s) + 2 H,O(!) —> Ho(g) + 2 NaOH(aq) 

2 K(s) + 2 H,O() —> H,(g) + 2 KOH(aq) 

Ca(s) + 2 H,O(/) —+ Hy(g) + Ca(OH)2(aq) 

Zinc, aluminum, and iron do not react with cold water but will react with steam 

at high temperatures, forming hydrogen and a metallic oxide. The equations are 

Zn(s) + H,O(g) —> H2(g) + ZnO(s) 

2 Al(s) + 3 H,O(g) —> 3 H,(g) + AlL0,(s) 

3 Fe(s) + 4 H,O(g) —> 4 H.(g) + Fe30,(s) 

Copper, silver, and mercury are examples of metals that do not react with cold 

water or steam to produce hydrogen. We conclude that sodium, potassium, and 

calcium are chemically more reactive than zinc, aluminum, and iron, which are 

more reactive than copper, silver, and mercury. 

Certain nonmetals react with water under various conditions. For example, 

fluorine reacts violently with cold water, producing hydrogen fluoride and free 

oxygen. The reactions of chlorine and bromine are much milder, producing what 

is commonly known as “chlorine water” and “bromine water,” respectively. Chlorine 

water contains HCl, HOCI, and dissolved Cl,; the free chlorine gives it a yellow- 

green color. Bromine water contains HBr, HOBr, and dissolved Br; the free bromine 

gives it a reddish-brown color. Steam passed over hot coke (carbon) produces a 

mixture of carbon monoxide and hydrogen that is known as “water gas.” Since 

water gas is combustible, it is useful as a fuel. It is also the starting material for 

the commercial production of several alcohols. The equations for these reactions are 

2 F,(g) + 2 H,O(/) —~ 4 HF(aq) + O,(g) 

Clo(g) + H,O(/) —> HCl(aq) + HOCI(aq) 

Br2(/) + H,O(/) —~ HBr(aq) + HOBr(aq) 

C(s) + H,O0(g) —Y*> core) + Hy(g) 

Reactions of Water with Metal and Nonmetal Oxides 

Metal oxides that react with water to form hydroxides are known as basic anhy- 
drides. Examples are 

CaO(s) + H,O(/) —+ Ca(OH),(aq) 

calcium hydroxide 

Na,O(s) + H,O(/) —+ 2 NaOH(aq) 

sodium hydroxide 

Certain metal oxides, such as CuO and Al,03, do not form solutions containing 
OH ions because the oxides are insoluble in water. 

Nonmetal oxides that react with water to form acids are known as acid anhy- 
drides. Examples are 
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CO,(g) + H,O(V) => H,CO,(aq) 
carbonic acid 

SO,(g) + H,O(/) > H,SO,(aq) 
sulfurous acid 

N,O5(s) + H,O(/) —> 2 HNO3(aq) 
nitric acid 

The word anhydrous means “without water.” An anhydride is a metal oxide or 

a nonmetal oxide derived from a base or an oxy-acid by the removal of water. To 

determine the formula of an anhydride, the elements of water are removed from an 

acid or base formula until all the hydrogen is removed. Sometimes more than one 

formula unit is needed to remove all the hydrogen as water. The formula of the 

anhydride then consists of the remaining metal or nonmetal and the remaining 

oxygen atoms. In calcium hydroxide, removal of water as indicated leaves CaO as 

the anhydride: 

4. c20+H,0 

In sodium hydroxide, H,O cannot be removed from one formula unit, so two formula 

units of NaOH must be used, leaving Na zO as the formula of the anhydride: 

The removal of H,O from HzSOy, gives the acid anhydride SO3: 

A 
H,SO, ———— SO; Ay H,0 

The foregoing are examples of typical reactions of water but are by no means a 

complete list of the known reactions of water. 

Hydrates 

When certain solutions containing ionic compounds are allowed to evaporate, some 

water molecules remain as part of the crystalline compound that is left after evapora- 

tion is complete. Solids that contain water molecules as part of their crystalline 

structure are known as hydrates. Water in a hydrate is known as water of hydration, hydrate 

or water of crystallization. water of hydration — 

Formulas for hydrates are expressed by first writing the usual anhydrous (without Maten/or crystaiizanon 

water) formula for the compound and then adding a dot followed by the number 

of water molecules present. An example is BaCl, -2 H,O. This formula tells us 

that each formula unit of this compound contains one barium ion, two chloride ions, 

and two water molecules. A crystal of the compound contains many of these units 

in its crystalline lattice. 
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As a solution of CuSO, 

evaporates beautiful blue crystals 

of CuSO,-5 H,O are formed. 

hygroscopic substance 

deliquescence 

In naming hydrates, we first name the compound exclusive of the water and 

then add the term hydrate, with the proper prefix representing the number of water 

molecules in the formula. For example, BaCl, - 2 H,O is called barium chloride 
dihydrate. Hydrates are true compounds and follow the Law of Definite Composition. 

The molar mass of BaCl, - 2 HO is 244.2 g/mol; it contains 56.22% barium, 29.03% 

chlorine, and 14.76% water. 

Water molecules in hydrates are bonded by electrostatic forces between polar 

water molecules and the positive or negative ions of the compound. These forces 

are not as strong as covalent or ionic chemical bonds. As a result, water of crystalliza- 

tion can be removed by moderate heating of the compound. A partially dehydrated 

or completely anhydrous compound may result. When BaCl, - 2 H,O is heated, it 

loses its water at about 100°C: 

BaCl, - 2 H,0(s) —~~> BaCl,(s) + 2 H,0(g) 
When a solution of copper(II) sulfate (CuSO,) is allowed to evaporate, beautiful 

blue crystals containing 5 moles of water per mole of CuSO, are formed. The 

formula for this hydrate is CuSO, - 5 HO; it is called copper(II) sulfate pentahydrate. 

When CuSO,-5 HO is heated, water is lost, and a pale green-white powder, 

anhydrous CuSO,, is formed: 

CuSO, -5 H,O(s) 2" > cuso,(s) + 5 H,O(g) 
When water is added to anhydrous copper(II) sulfate, the foregoing reaction is 

reversed, and the compound turns blue again. Because of this outstanding color 

change, anhydrous copper(II) sulfate has been used as an indicator to detect small 

amounts of water. The formation of the hydrate is noticeably exothermic. 

The formula for plaster of paris is (CaSO,) - HO. When mixed with the proper 
quantity of water, plaster of paris forms a dihydrate and sets to a hard mass. It is, 
therefore, useful for making patterns for the reproduction of art objects, molds, and 

surgical casts. The chemical reaction is 

(CaSO4)2 - H20(s) + 3 H,O(1) —> 2 CaSO, - 2 H,0(s) 

Table 13.4 lists a number of common hydrates. 

Hygroscopic Substances 

Many anhydrous compounds and other substances readily absorb water from the 
atmosphere. Such substances are said to be hygroscopic. This property can be 
observed in the following simple experiment: Spread a 10-20 g sample of anhydrous 
copper(II) sulfate on a watch glass and set it aside so that the compound is exposed 
to the air. Then determine the mass of the sample periodically for 24 hours, noting 
the increase in mass and the change in color. Over time, water is absorbed from 
the atmosphere, forming the blue pentahydrate CuSO, - 5 H,O. 

Some compounds continue to absorb water beyond the hydrate stage to form 
solutions. A substance that absorbs water from the air until it forms a solution is 
said to be deliquescent. A few granules of anhydrous calcium chloride or pellets 
of sodium hydroxide exposed to the air will appear moist in a few minutes, and 
within an hour will absorb enough water to form a puddle of solution. Diphosphorus 
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Sodium carbonate decahydrate 
LO -Ammonium oxalate monohydrate 

a) c hloride ehexayéae 

Sodium acetate trihydrate 
Sodium tetraborate decahydrate 

_ Sodium thiosulfate pentahydrate 

pentoxide (P,O;) picks up water so rapidly that its mass cannot be determined 

accurately except in an anhydrous atmosphere. 
Compounds that absorb water are useful as drying agents (desiccants). Refrigera- 

tion systems must be kept dry with such agents or the moisture will freeze and clog 

the tiny orifices in the mechanism. Bags of drying agents are often enclosed in 

packages containing iron or steel parts to absorb moisture and prevent rusting. 

Anhydrous calcium chloride, magnesium sulfate, sodium sulfate, calcium sulfate, 

silica gel, and diphosphorus pentoxide are some of the compounds commonly used 

for drying liquids and gases that contain small amounts of moisture. 

Natural Waters 

Natural fresh waters are not pure, but contain dissolved minerals, suspended matter, 

and sometimes harmful bacteria. The water supplies of large cities are usually drawn 

from rivers or lakes. Such water is generally unsafe to drink without treatment. To 

make such water safe to drink it is treated by some or all of the following processes 

(See Figure 13.9). 

1. Screening. Removal of relatively large objects, such as trash, fish, and so on. 

2. Flocculation and sedimentation. Chemicals, usually lime, CaO, and alum 

(aluminum sulfate), Al,(SO4)3, are added to form a flocculent jelly-like 

precipitate of aluminum hydroxide. This precipitate traps most of the fine 

suspended matter in the water and carries it to the bottom of the sedimenta- 

tion basin. 

3. Sand filtration. Water is drawn from the top of the sedimentation basin and 

passed downward through fine sand filters. Nearly all the remaining sus- 

pended matter and bacteria are removed by the sand filters. 

4. Aeration. Water is drawn from the bottom of the sand filters and is aerated 

by spraying. The purpose of this process is to remove objectionable odors 

and tastes. 

5. Disinfection. In the final stage chlorine gas is injected into the water to kill 

harmful bacteria before the water is distributed to the public. Ozone is also 

used in some countries to disinfect water. In emergencies water may be 

disinfected by simply boiling it for a few minutes. 

DESICCANT 

SILICA GEL 
«po NOT EAT? 

This common hygroscopic 

substance is packaged with many 

consumer products containing 

metals. 



distinctly different properties. Fatty acid 

alcohols, such as caprylic, isocetyl, oleyl, 
and stearyl, are made from long-chain 
fatty acids. These molecules are essen- 

- tially nonpolar and behave like emollients. 
_ They form a water-insoluble layer on the 

skin that traps the moisture. The second 
type of alcohol is the simple alcohol, 
which includes ethyl, isopropyl, and 

- methyl alcohols. These substances act as 
. _ solvents in the skin care product and can 

be drying. They absorb excess oil, dis- 
solve one ingredient into another and 

_ make products evaporate. Some also act 

10 keep products from spoiling and sepa- 
_ rating. The problem with alcohol in skin 
care products results from overuse or use 
DY people who don’t need them. 

One of the best tests for whether a skin 
care product will tend to dry the skin is 

_ to examine the texture. Liquids are typi- 
cally the most drying formulations and are 

__ best used on oily skin. Gels containing 
lightweight emollients are best for skin 

a _ with varying degrees of oiliness. Creams 
tend to contain heavier moisturizers and 

2 are best for normal to dry skin. Ointments 

_are very heavy, creamy products that form 
= a barrier to the skin, acting in the same 

ti- ‘manner as a humectant. Ointments are for 

use on severely dry or damaged skin. The 
: key to selecting the proper moisturizer lies 

) in understanding the way in which the 

| product functions. 
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cleaning qualities and do not form precipitates with hard water. Hard water is also — FIGURE 13.9 

undesirable because it causes “scale” to form on the walls of water heaters, teakettles, Typical municipal water 

coffee pots, and steam irons, which greatly reduces their efficiency. RESTING) EE 
Four techniques used to “soften” hard water are: 

1. Distillation The water is boiled, and the steam formed is condensed into a 

liquid again, leaving the minerals behind in the distilling vessel. Figure 13.10 

illustrates a simple laboratory distillation apparatus. Commercial stills are 

capable of producing hundreds of liters of distilled water per hour. 

2. Calcium precipitation Calcium and magnesium ions are precipitated from 
hard water by adding sodium carbonate and lime. Insoluble calcium carbonate 

and magnesium hydroxide are precipitated and are removed by filtration 

or sedimentation. 
3. Ion-exchange Hard water is effectively softened as it is passed through a 

bed or tank of zeolite—a complex sodium aluminum silicate. In this process, 

sodium ions replace objectionable calcium and magnesium ions, and the 

water is thereby softened: 

Na,(zeolite)(s) + Ca’ * (aq) —> Ca(zeolite)(s) + 2 Na* (aq) 

The zeolite is regenerated by back-flushing with concentrated sodium chlo- The sodium ions present in 

ride solution, reversing the foregoing reaction. water softened either by 

4. Demineralization Both cations and anions are removed by a two-stage chemical precipitation or by 

ion-exchange system. Special synthetic organic resins are used in the ion- the zeolite process are not 
objectionable to most users 

exchange beds. In the first stage metal cations are replaced by hydrogen 
of soft water. 

ions. In the second stage anions are replaced by hydroxide ions. The hydrogen 

and hydroxide ions react, and essentially pure, mineral-free water leaves the 

second stage. 

The oceans are an enormous source of water, but seawater contains about 3.5 

Ib of salts per 100 Ib of water. This 35,000 ppm of dissolved salts makes seawater 

unfit for agricultural and domestic uses. Water that contains less than 1000 ppm of 
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FIGURE 13.10 p> 
Simple laboratory setup for 

distillation of liquids. 
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salts is considered reasonably good for drinking, and safe drinking water is already 
being obtained from the sea in many parts of the world. Continuous research is 

being done in an effort to make usable water from the oceans more abundant and 
economical. See Figure 13.11. 

Water Pollution 

Polluted water was formerly thought of as water that was unclear, had a bad odor 
or taste, and contained disease-causing bacteria. However, such factors as increased 
population, industrial requirements for water, atmospheric pollution, toxic waste 
dumps, and use of pesticides have greatly expanded the problem of water pollution. 

Many of the newer pollutants are not removed or destroyed by the usual water- 
treatment processes. For example, among the 66 organic compounds found in the 
drinking water of a major city on the Mississippi River, 3 are labeled slightly toxic, 
17 moderately toxic, 15 very toxic, 1 extremely toxic, and 1 supertoxic. Two are 
known carcinogens (cancer-producing agents), 11 are suspect, and 3 are metabolized 
to carcinogens. The U.S. Public Health Service classifies water pollutants under 
eight broad categories. These categories are shown in Table 13.5. 

Many outbreaks of disease or poisoning, such as typhoid, dysentery, and cholera 
have been attributed directly to drinking water. Rivers and streams are an easy 
means for municipalities to dispose of their domestic and industrial waste products. 
Much of this water is used again by people downstream, and then discharged back 
into the water source. Then another community still farther downstream draws the 
same water and discharges its own wastes. Thus, along waterways such as the 
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<q FIGURE 13.11 

Catalina Island, California (left), 
gets most of its water from a 

desalinization plant. Below is a 

series of filtration units used to 

treat the sea water, which is 

then pumped into the main 

reservoir. 

TABLE 13.5 Classification of Water Pollutants 

Type of pollutant 

 Oxyg n-demanding ¥ wastes 5 
pee 7 tie sewage a and 

- Se & animal origin = : 

| Infectious agents = ==~—~—_ Bacteria, viruses, and other organisms from | 

a CC domestic sewase: animal wastes, and { animal 
process wastes 

| Principally compounds of nitrogen and phos 
| phorus 
Large numbers of chemicals synthesized by 
industry, pesticides, chlorinated lean com- 
‘pounds S 
Tnorganic chemicals from industrial opera- 
tions, mining, oil field operations, and | agri- 
culture 9 — 

Waste. product s from mining and processing 
radioactive materials, airborne radioactive | 
fallout, increased use of radioactive pale 
als il hospitals « and research © a 

Large quantities of heated water returned to. 
from ae a and manu : 
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Mississippi and Delaware rivers, water is withdrawn and discharged many times. 

If this water is not properly treated, harmful pollutants build up, causing epidemics 

of various diseases. 
The disposal of hazardous waste products adds to the water pollution problem. 

These products are unavoidable in the manufacture of many products that we use 

in everyday life. One common way to dispose of these wastes is to place them in 

toxic waste dumps. What has been found after many years of disposing of wastes 

in this manner is that toxic substances have seeped into the groundwater deposits. 

As a result many people have become ill, and water wells have been closed until 

satisfactory methods of detoxifying this water are found. This problem is serious, 
because one-half the United States population gets its drinking water from ground- 
water. To clean up the thousands of industrial dumps and to find and implement 

new and safe methods of disposing of wastes is ongoing and costly. 

Many major water pollutants have been recognized and steps have been taken 

to eliminate them. Three that pose serious problems are lead, detergents, and chlorine- 

containing organic compounds. Lead poisoning, for example, has been responsible 

for many deaths in past years. One major toxic action of lead in the body is the 

inhibition of the enzyme necessary for the production of hemoglobin in the blood. 
The usual intake of lead into the body is through food. However, extraordinary 

amounts of lead can be ingested from water running through lead pipes and by 

using lead-containing ceramic containers for storage of food and beverages. 

It has been clearly demonstrated that waterways rendered so polluted that the 

water is neither fit for human use nor able to sustain marine life can be successfully 

restored. However, keeping our lakes and rivers free from pollution is a very costly 
and complicated process. 

cepts in Review 

1. List the common properties of liquids and solids. Explain how they are different 
from gases. 

N - Explain the process of evaporation from the standpoint of kinetic energy. 

Ge - Relate vapor-pressure data or vapor-pressure curves of different substances to 
their relative rates of evaporation and to their relative boiling points. 

- Explain the forces involved in surface tension of a liquid. Give two examples. 

- Explain why a meniscus forms on the surface of liquids in a container. 

- Explain what is occurring throughout the heating curve for water. 

NHAn & - Describe a water molecule with respect to the Lewis structure, bond angle, 
and polarity. 

8. Make sketches showing hydrogen bonding (a) between water molecules, (b) 
between hydrogen fluoride molecules, and (c) between ammonia molecules. 

9. Explain the effect of hydrogen bonding on the physical properties of water. 
10. Determine whether a compound will or will not form hydrogen bonds. 
11. Identify metal oxides as basic anhydrides and write balanced equations for their 

reactions with water. 
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Identify nonmetal oxides as acid anhydrides and write balanced equations for 
their reactions with water. 

Deduce the formula of the acid anhydride or basic anhydride when given the 

formula of the corresponding acid or base. 

Identify the product, name each reactant and product, and write equations for 
the complete dehydration of hydrates. 

Outline the processes necessary to prepare safe drinking water from a contami- 
nated river source. 

Describe how water may be softened by distillation, chemical precipitation, ion 

exchange, and demineralization. 

Complete and balance equations for (a) the reactions of water with Na, K, and 

Ca; (b) the reaction of steam with Zn, Al, Fe, and C; and (c) the reaction of 

water with halogens. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the Glossary. 

acid anhydride (13.12) 

basic anhydride (13.12) 

boiling point (13.15) 

capillary action (13.4) 

condensation (13.3) 

deliquescence (13.14) 

evaporation (13.2) 

freezing or melting point (13.6) 

hydrate (13.13) 

meniscus (13.4) 

nonvolatile (13.3) 

Ouestions 

Questions refer to tables, figures, and key words and concepts 

defined within the chapter. A particularly challenging question 

or exercise is indicated with an asterisk. 

1. Compare the potential energy of the two states of water 

shown in Figure 13.6. 

. In what state (solid, liquid, or gas) would H,S, H2Se, and 

H,Te be at 0°C? (See Table 13.3.) 

. The two thermometers in the flask on the hotplate (Figure 

13.6) read 100°C. What is the pressure of the atmosphere? 

. Draw a diagram of a water molecule and point out the 

areas that are the negative and positive ends of the dipole. 

heat of fusion (13.7) 

heat of vaporization (13.7) 

hydrogen bond (13.11) 

hygroscopic substance (13.14) 

normal boiling point (13.5) 

sublimation (13.2) 

surface tension (13.4) 

vapor pressure (13.3) 

vapor pressure curves (13.5) 

vaporization (13.2) 

volatile (13.3) 

water of crystallization (13.13) 

water of hydration (13.13) 

. If the water molecule were linear, with all three atoms in 

a straight line rather than in the shape of a V, as shown 

in Figure 13.7, what effect would this have on the physical 

properties of water? 

. Based on Table 13.4, how do we specify 1, 2, 3, 4, 5, 6, 

7, and 8 molecules of water in the formulas of hydrates? 

. Would the distillation setup in Figure 13.10 be satisfactory 

for separating salt and water? Ethyl alcohol and water? Ex- 

plain. 

. If the liquid in the flask in Figure 13.10 is ethyl alcohol 

and the atmospheric pressure is 543 torr, what temperature 

will show on the thermometer? (Use Figure 13.4.) 
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If water were placed in both containers in Figure 13.1, 

would both have the same vapor pressure at the same 

temperature? Explain. 

In Figure 13.1, in which case, (a) or (b), will the atmo- 

sphere above the liquid reach a point of saturation? 

Suppose that a solution of ethyl ether and ethyl alcohol 

were placed in the closed bottle in Figure 13.1. Use Figure 

13.4 for information on the substances. 

(a) Would both substances be present in the vapor? 

(b) If the answer to part (a) is yes, which would have 

more molecules in the vapor? 

In Figure 13.2, if 50% more water had been added in part 

(b), what equilibrium vapor pressure would have been 

observed in (c)? 

At approximately what temperature would each of the 

substances listed in Table 13.2 boil when the pressure is 

30 torr? (See Figure 13.4.) 

Use the graph in Figure 13.4 to find the following: 

(a) The boiling point of water at 500 torr 

(b) The normal boiling point of ethyl alcohol 

(c) The boiling point of ethyl ether at 0.50 atm 

Consider Figure 13.5. 

(a) Why is line BC horizontal? What is happening in 

this interval? 

(b) What phases are present in the interval BC? 

(c) When heating is continued after point C, another hori- 

zontal line, DE, is reached at a higher temperature. 

What does this line represent? 

List six physical properties of water. 

What condition is necessary for water to have its maximum 
density? What is its maximum density? 

Account for the fact that an ice—water mixture remains at 

0°C until all the ice is melted, even though heat is applied 
to it. 

Which contains less heat, ice at 0°C or water at 0°C? Ex- 
plain. 

Why does ice float in water? Would ice float in ethyl 

alcohol (d = 0.789 g/mL)? Explain. 

If water molecules were linear instead of bent, would the 

heat of vaporization be higher or lower? Explain. 

The heat of vaporization for ethyl ether is 351 J/g (83.9 

cal/g) and that for ethyl alcohol is 855 J/g (204.3 cal/g). 

Which of these compounds has hydrogen bonding? Ex- 

plain. 

Would there be more or less H-bonding if water molecules 

were linear instead of bent? Explain. 

. Which would show hydrogen nn ammonia, NH3, 

or methane, CH,? Explain. 

In which condition are there fewer hydrogen bonds be- 

tween molecules: water at 40°C or water at 80°C? 

26. 

27. 

28. 

29. 

30. 

31. 

32. 

33. 

. The boiling point of ammonia, NH3, is — 33.4°C and that 

35: 

36. 
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38. 
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Which compound, 

H,NCH,CH,NH> or CH3;CH»,CH,NH> 5 

would you expect to have the higher boiling point? Explain 

your answer. (Both compounds have similar molar 

masses.) 

Explain why rubbing alcohol which has been warmed to 

body temperature still feels cold when applied to your skin. 

The vapor pressure at 20°C is given for the following 

compounds: 

methyl alcohol 96 torr 

acetic acid 11.7 torr 

benzene 74.7 torr 

bromine 173 torr 

water 17.5 torr 

carbon tetrachloride 91 torr 

mercury 0.0012 torr 

toluene 23 torr 

(a) Arrange these compounds in their order of increasing 

rate of evaporation. 

(b) Which substance listed would have the highest boiling 

point? The lowest? 

Suggest a method whereby water could be made to boil 
at 50°C. 

Explain why a higher temperature is obtained in a pressure 

cooker than in an ordinary cooking pot. 

What is the relationship between vapor pressure and boil- 

ing point? 

On the basis of the Kinetic-Molecular Theory, explain 

why vapor pressure increases with temperature. 

Why does water have such a relatively high boiling point? 

of sulfur dioxide, SO, is — 10.0°C. Which has the higher 

vapor pressure at — 40°C? 

Explain what is occurring physically when a substance 
is boiling. 

Explain why HF (bp = 19.4°C) has a higher boiling point 
than HCl (bp = —85°C), whereas F, (bp = — 188°C) 
has a lower boiling point than Cl, (bp = — 34°C). 

Why does a boiling liquid maintain a constant temperature 
when heat is continuously being added? 

At what specific temperature will ethyl ether have a vapor 
pressure of 760 torr? 

Why does a lake freeze from the top down? 

What water temperature would you theoretically expect 
to find at the bottom of a very deep lake? Explain. 

Write equations to show how the following metals react 
with water: aluminum, calcium, iron, sodium, zinc. State 
the conditions for each reaction. 
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Is the formation of hydrogen and oxygen from water an 

exothermic or an endothermic reaction? How do you 

know? 

(a) What is an anhydride? 

(b) What type of compound will be an acid anhydride? 

(c) What type of compound will be a basic anhydride? 

- Which of the following statements are correct? Rewrite 

each incorrect statement to make it correct. 

(a) The process of a substance changing directly from a 

solid to a gas is called sublimation. 

(b) When water is decomposed, the volume ratio of H, 

to O» is 2:1, but the mass ratio of H, to Op is 1:8. 

(c) Hydrogen sulfide is a larger molecule than water. 

(d) The changing of ice into water is an exothermic 

process. 
(e) Water and hydrogen fluoride are both nonpolar mole- 

cules. 

(f) Hydrogen bonding is stronger in H,O than in H,S 

because oxygen is more electronegative than sulfur. 

(g) H,O, —> 2 H,O + Os represents a balanced equa- 

tion for the decomposition of hydrogen peroxide. 

(h) Steam at 100°C can cause more severe burns than 

liquid water at 100°C. 

(i) The density of water is independent of temperature. 

(j) Liquid A boils at a lower temperature than liquid B. 

This fact indicates that liquid A has a lower vapor 

pressure than liquid B at any particular temperature. 
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(k) Water boils at a higher temperature in the mountains 

than at sea level. 

(1) No matter how much heat you put under an open pot 

of pure water on a stove, you cannot heat the water 

above its boiling point. 

(m) The vapor pressure of a liquid at its boiling point is 

equal to the prevailing atmospheric pressure. 

(n) The normal boiling temperature of water is 273°C. 

(0) The pressure exerted by a vapor in equilibrium with 

its liquid is known as the vapor pressure of the liquid. 

(p) Sodium, potassium, and calcium each react with water 

to form hydrogen gas and a metal hydroxide. 

(q) Calcium oxide reacts with water to form calcium hy- 

droxide and hydrogen gas. 

(r) Carbon dioxide is the hydride of carbonic acid. 

(s) Water in a hydrate is known as water of hydration or 

water of crystallization. 

(t) A substance that absorbs water from the air until it 

forms a solution is deliquescent. 

(u) Distillation is effective for softening water because 

the minerals boil away, leaving soft water behind. 

(v) Disposal of toxic industrial wastes in toxic waste 

dumps has been found to be a very satisfactory long- 

term solution to the problem of what to do with 

these wastes. 

(w) The amount of heat needed to change | mol of ice 

at O°C to a liquid at 0°C is 6.02 kJ (1.44 kcal). 
(x) BaCl, - 2 H,O has a higher percentage of water than 

does CaCl, - 2 H,0. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

45. 

47. 

49. 

Write the formulas for the anhydrides of the following 

acids: 

H,SO3, H,SO,, HNO3 

Write the formulas for the anhydrides of the following 

bases: 

LiOH, NaOH, Mg(OH)> 

Complete and balance the following equations: 

(a) Ba(OH), 4+ 
(b) CH,0H + 0, — 

methyl alcohol 

(c) Rb + H,O — 
(d) SnCl,- 2 H,O 4+ 
(e) HNO; + NaOH — 
ay CO. HO > 

46. Write the formulas for the anhydrides of the following 

acids: 

HC10,, H»CO3, H3PO4 

48. Write the formulas for the anhydrides of the following 

bases: 

KOH, Ba(OH),, Ca(OH)» 

50. Complete and balance the following equations: 

(a) Li,O + H,O — 
(b) KOH 4> 
(c) Ba + H,O — 

(d) Cl, + H,O — 
(e) SO; + H,O — 
(f) H,SO, + KOH —> 
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- Name each of the following hydrates: 

(a) BaBr, -2 H,O 

(b) AICI, - 6 H,O 

(c) FePO,- 4 H,O 

Distinguish between deionized water and 

(a) hard water 

(b) soft water 

How many moles of compound are in 100. g of 

CoCl, -6 H,O? 

How many moles of water can be obtained from 100. g 

of CoCl, - 6 H,0? 

When a person purchases epsom salts, MgSO, - 7 H,O, 

what percent of the compound is water? 

Sugar of lead, a hydrate of lead acetate, Pb(C,H30>)p, 

contains 14.2% H,O. What is the empirical formula for 

the hydrate? 

How many joules are needed to change 120. g of water 

at 20.°C to steam at 100.°C? 

Suppose 100. g of ice at 0°C are added to 300. g of water 

at 25°C. Is this sufficient ice to lower the temperature of 

the system to O°C and still have ice remaining? Show 

evidence for your answer. 

If 75 g of ice at 0.0°C were added to 1.5 L of water at 

75°C, what would be the final temperature of the mixture? 

How many grams of water will react with each of the fol- 

lowing? 

(a) 1.00 mol K 

(b) 1.00 mol Ca 

(c) 1.00 mol SO; 

ditional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

71. 
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Which would cause a more severe burn, liquid water at 

100°C or steam at 100°C? Why? 

Imagine a shallow dish of alcohol set into a tray of water. 

If one were to blow across the tray, the alcohol would 

evaporate, while the water would cool significantly and 

eventually freeze. Explain why. 

Regardless of how warm the outside temperature may be, 

one always feels cool when stepping out of a swimming 

pool, the ocean, or a shower. Why is this so? 
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Name each of the following hydrates: 

(a) MgNH,PO, - 6 HO 
(b) FeSO, -7 H,O 
(c) SnCl,-5 H,O 

Distinguish between deionized water and 

(a) distilled water 

(b) natural water 

How many moles of compound are in 100. g of 

Fel, - 4 H,O? 

How many moles of water can be obtained from 100. g 

of Fel, - 4 H,0? 

Calculate the mass percent of water in the hydrate 

Al,(SO4)3 - 18 H20. 

A 25.0-g sample of a hydrate of FePO, was heated until 

no more water was driven off. The mass of anhydrous 

sample is 16.9 g. What is the empirical formula of the hy- 

drate? 

- How many joules of energy must be removed from 

126 g of water at 24°C to form ice at 0°C? 

Suppose 35.0 g of steam at 100.°C are added to 300. g 

of water at 25°C. Is this sufficient steam to heat all the 

water to 100.°C and still have steam remaining? Show 

evidence for your answer. 

If 9560 J of energy were absorbed by 500. g of ice at 

0.0°C, what would be the final temperature? 

How many grams of water will react with each of the fol- 

lowing? 

(a) 1.00 g Na 

(b) 1.00 g MgO 

(c) 1.00 g N,O; 

Sketch a heating curve for a substance X whose melting 

point is 40°C and whose boiling point is 65°C. 

(a) Describe what you will observe as a 60. g sample of 

X is warmed from 0°C to 100°C. 

(b) If the heat of fusion of X is 80. J/g, the heat of 

vaporization is 190. J/g, and if 3.5 J are required to 
warm | g of X each degree, how much energy will 
be needed to accomplish the change in (a)? 

Why does the vapor pressure of a liquid increase as the 
temperature of it is increased? 

At the top of Mount Everest, which is just about 29,000 
feet above sea level, the atmospheric pressure is about 
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270 torr. Using Figure 13.4 determine the approximate 

boiling temperature of water on Mt. Everest. 

Explain how anhydrous copper(II) sulfate, CuSO,, can 

act as an indicator for moisture. 

Write formulas of magnesium sulfate heptahydrate and 

disodium hydrogen phosphate dodecahydrate. 

How can soap function to make soft water from hard 

water? What objections are there to using soap for this 

purpose? 

What substance is commonly used to destroy bacteria 

in water? 

What chemical, other than chlorine or chlorine com- 

pounds, can be used to disinfect water for domestic use? 

Some organic pollutants in water can be oxidized by dis- 

solved molecular oxygen. What harmful effect can result 

from this depletion of oxygen in the water? 

Why should you not drink liquids that are stored in ceramic 

containers, especially unglazed ones? 

. Write the chemical equation showing how magnesium 

ions are removed by a zeolite water softener. 

Write an equation to show how hard water containing 

calcium chloride, CaClj, is softened by using sodium 

carbonate, Na,CO3. 

How is the chemical structure of a humectant different 

from that of an emollient? 

Explain how humectants and emollients help to moisturize 

the skin. 

Explain the triangle theory of sweetness. 

What are the characteristics of a good sweetener? 

How many calories are required to change 225 g of ice 

at O°C to steam at 100.°C? 

The molar heat of vaporization is the number of joules 

required to change one mole of a substance from liquid 

ers to Practice Exercises 
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to vapor at its boiling point. What is the molar heat of 

vaporization of water? 

The specific heat of zinc is 0.096 cal/g°C. Determine the 

energy required to raise the temperature of 250. g of zinc 

from room temperature (20.0°C) to 150.°C. 

Suppose 150. g of ice at 0.0°C is added to 0.120 L of 

water at 45°C. If the mixture is stirred and allowed to 

cool to 0.0°C, how many grams of ice remain? 

How many joules of energy would be liberated by con- 

densing 50.0 mol of steam at 100.0°C and allowing the 

liquid to cool to 30.0°C? 

How many kilojoules of energy are needed to convert 

100. g of ice at — 10.0°C to water at 20.0°C. (The specific 

heat of ice at —10.0°C is 2.01 J/g°C.) 

What mass of water must be decomposed to produce 

25.0 L of oxygen at STP? 

Compare the volume occupied by 1.00 mol of liquid water 

at O°C and 1.00 mol of water vapor at STP. 

Suppose 1.00 mol of water evaporates in 1.00 day. How 

many water molecules, on the average, leave the liquid 

each second? 

A quantity of sulfuric acid is added to 100. mL of water. 

The final volume of the solution is 122 mL and has a 

density of 1.26 g/mL. What mass of acid was added? 

Assume the density of the water is 1.00 g/mL. 

A mixture of 80.0 mL of hydrogen and 60.0 mL of oxygen 

is ignited by a spark to form water. 

(a) Does any gas remain unreacted? Which one, H, or O02? 

(b) What volume of which gas (if any) remains unreacted? 

(Assume the same conditions before and after the re- 

action.) 

A student (with slow reflexes) puts his hand in a stream 

of steam at 100.°C until 1.5 g of water have condensed. 

If the water then cools to room temperature (20.0°C), how 

many joules have been absorbed by the student’s hand? 

13.3 44.7 kJ 

13.4 (a) yes, (b) yes, (c) no 
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Most of the substances we encounter in our daily lives are mixtures. Often they are 
homogeneous mixtures, which are called solutions. When you think of a solution, 
juices, blood plasma, shampoo, soft drinks, or wine may come to mind. These 
solutions all have water as a main component, but many common items, such as 
air, gasoline, and steel, are also solutions that do not contain water. What are the 

necessary components of a solution? Why do some substances mix while others do 

not? What effect does a dissolved substance have on the properties of the solution? 

Answering these questions is the first step in understanding the solutions we encoun- 
ter in our daily lives. 

General Properties of Solutions 

The term solution is used in chemistry to describe a system in which one or more 

substances are homogeneously mixed or dissolved in another substance. A simple 

solution has two components, a solute and a solvent. The solute is the component 

that is dissolved or is the least abundant component in the solution. The solvent is 

the dissolving agent or the most abundant component in the solution. For example, 

when salt is dissolved in water to form a solution, salt is the solute and water is 

the solvent. Complex solutions containing more than one solute and/or more than 

one solvent are common. 

From the three states of matter—solid, liquid, and gas—it is possible to have 

nine different types of solutions: solid dissolved in solid, solid dissolved in liquid, 

solid dissolved in gas, liquid dissolved in liquid, and so on. Of these, the most 

common solutions are solid dissolved in liquid, liquid dissolved in liquid, gas 

dissolved in liquid, and gas dissolved in gas. Some common types of solutions are 

listed in Table 14.1. 
A true solution is one in which the particles of dissolved solute are molecular 

or ionic in size, generally in the range of 0.1 to 1 nm (10-8 to 107’ cm). The 

properties of a true solution are as follows: 

1. It is a homogeneous mixture of two or more components—solute and sol- 

vent—and has a variable composition; that is, the ratio of solute to solvent 

may be varied. 

2: The dissolved solute is molecular or ionic in size. 

3. It may be either colored or colorless but it is usually transparent. 

4. The solute remains uniformly distributed throughout the solution and will 

not settle out with time. 
5. The solute generally can be separated from the solvent by purely physical 

means (e.g., by evaporation). 

These properties are illustrated by water solutions of sugar and of potassium 

permanganate. Suppose that we prepare two sugar solutions, the first containing 

10 g of sugar added to 100 mL of water and the second containing 20 g of sugar 

added to 100 mL of water. Each solution is stirred until all the solute dissolves, 

demonstrating that we can vary the composition of a solution. Every portion of the 
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the majority of the earth’s 

surface. 

325 



326 CHAPTER 14 Solutions 

Note the beautiful purple trails 
of KMnO, as the crystals 

dissolve. 

solubility 

miscible 

immiscible 

solution has the same sweet taste because the sugar molecules are uniformly distrib- 

uted throughout. If confined so that no solvent is lost, the solution will taste and 

appear the same a week or a month later. The properties of the solution are unaltered 

after the solution is passed through filter paper. But by carefully evaporating the 

water, we can recover the sugar from the solution. 

To observe the dissolving of potassium permanganate, KMnO,, we affix a few 

crystals of it to paraffin wax or rubber cement at the end of a glass rod and submerge 

the entire rod, with the wax-permanganate end up, in a cylinder of water. Almost 

at once the beautiful purple color of dissolved permanganate ions, MnO 4, appears 

at the top of the rod and streams to the bottom of the cylinder as the crystals dissolve. 

The purple color at first is mostly at the bottom of the cylinder because KMnO, is 

denser than water. But after a while the purple color disperses until it is evenly 

distributed throughout the solution. This dispersal demonstrates that molecules and 

ions move about freely and spontaneously (diffuse) in a liquid or solution. 

Solution permanency is explained in terms of the Kinetic-Molecular Theory 

(see Section 12.2). According to the KMT both the solute and solvent particles 

(molecules and/or ions) are in constant random motion. This motion is energetic 

enough to prevent the solute particles from settling out under the influence of gravity. 

Solubility 

The term solubility describes the amount of one substance (solute) that will dissolve 
in a specified amount of another substance (solvent) under stated conditions. For 
example, 36.0 g of sodium chloride will dissolve in 100 g of water at 20°C. We 
say, then, that the solubility of NaCl in water is 36.0 g/100 g H,O at 20°C. 

Solubility is often used in a relative way. For instance, we say that a substance 
is very soluble, moderately soluble, slightly soluble, or insoluble. Although these 
terms do not accurately indicate how much solute will dissolve, they are frequently 
used to describe the solubility of a substance qualitatively. 

Two other terms often used to describe solubility are miscible and immiscible. 
Liquids that are capable of mixing and forming a solution are miscible; those that 
do not form solutions or are generally insoluble in each other are immiscible. Methyl 
alcohol and water are miscible in each other in all proportions. Oil and water are 
immiscible, forming two separate layers when they are mixed, as illustrated in 
Figure 14.1. 



The general guidelines for the solubility of common ionic compounds (salts) 
are given in Figure 14.2. These guidelines have some exceptions but they provide 
a solid foundation for the compounds considered in this course. The solubilities of 
over 200 compounds are given in the Solubility Table in Appendix IV. Solubility data 

for thousands of compounds can be found by consulting standard reference sources.* 

The quantitative expression of the amount of dissolved solute in a particular 

quantity of solvent is known as the concentration of a solution. Several methods 

of expressing concentration will be described in Section 14.6. 

Factors Related to Solubility 

Predicting solubilities is complex and difficult. Many variables, such as size of ions, 

charge on ions, interaction between ions, interaction between solute and solvent, 

and temperature, complicate the problem. Because of the factors involved, the 

general rules of solubility given in Figure 14.2 have many exceptions. However, 

the rules are very useful, because they do apply to many of the more common 

compounds that we encounter in the study of chemistry. Keep in mind that these 

are rules, not laws, and are therefore subject to exceptions. Fortunately the solubility 

of a solute is relatively easy to determine experimentally. We will now discuss 

factors related to solubility. 

pease 

except 

*Two commonly used handbooks are Lange’s Handbook of Chemistry, 13th ed. (New York: McGraw- 

Hill, 1985), and Handbook of Chemistry and Physics, 76th ed. (Cleveland: Chemical Rubber Co., 1996). 
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The term salt is used 

interchangeably with ionic 

compound by many chemists. 

concentration of a solution 

FIGURE 14.1 

An immiscible mixture of oil and 

water. 

<q FIGURE 14.2 

The solubility of various 

common ions. Substances 

containing the ions on the left 

are generally soluble in cold 

water, while those substances 

containing the ions on the right 

are insoluble in cold water. The 

arrows point to the exceptions. 
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@ = Water 

@ =Nat 

@-cr 
FIGURE 14.3 

Dissolution of sodium chloride in 

water. Polar water molecules 

are attracted to Na* and Cl- 

ions in the salt crystal, 

weakening the attraction 

between the ions. As the 

attraction between the ions 

weakens, the ions move apart 

and become surrounded by 

water dipoles. The hydrated ions 

slowly diffuse away from the 

crystal to become dissolved in 

solution. 

The Nature of the Solute and Solvent 

The old adage “like dissolves like” has merit, in a general way. Polar or ionic 
substances tend to be more miscible, or soluble, with other polar substances. Nonpo- 

lar substances tend to be miscible with other nonpolar substances and less miscible 

with polar substances. Thus, ionic compounds, which are polar, tend to be much 

more soluble in water, which is polar, than in solvents such as ether, hexane, or 

benzene, which are essentially nonpolar. Sodium chloride, an ionic substance, is 

soluble in water, slightly soluble in ethyl alcohol (less polar than water), and insoluble 

in ether and benzene. Pentane, C;H,, a nonpolar substance, is only slightly soluble 

in water but is very soluble in benzene and ether. 

At the molecular level the formation of a solution from two nonpolar substances, 

such as hexane and benzene, can be visualized as a process of simple mixing. The 

nonpolar molecules, having little tendency to either attract or repel one another, 

easily intermingle to form a homogeneous mixture. 

Solution formation between polar substances is much more complex. See for 

example, the process by which sodium chloride dissolves in water (Figure 14.3). 

Water molecules are very polar and are attracted to other polar molecules or ions. 

When salt crystals are put into water, polar water molecules become attracted to 

the sodium and chloride ions on the crystal surfaces and weaken the attraction 

between Na* and Cl™ ions. The positive end of the water dipole is attracted to 

the Cl™ ions, and the negative end of the water dipole to the Na* ions. The 

weakened attraction permits the ions to move apart, making room for more water 

dipoles. Thus, the surface ions are surrounded by water molecules, becoming hy- 

drated ions, Na* (aq) and Cl~ (aq), and slowly diffuse away from the crystals and 
dissolve in solution: 

NaC\(crystal) 2 Na* (ag) + Cl~ (aq) 
Examination of the data in Table 14.2 reveals some of the complex questions 

relating to solubility. For example: Why are lithium halides, except for lithium 
fluoride, more soluble than sodium and potassium halides? Why are the solubilities 
of lithium fluoride and sodium fluoride so low in comparison with those of the 
other metal halides? Why doesn’t the solubility of LiF, NaF, and NaCl increase 
proportionately with temperature, as do the solubilities of the other metal halides? 
Sodium chloride is appreciably soluble in water but is insoluble in concentrated 
hydrochloric acid, HCl, solution. On the other hand, LiF and NaF are not very 
soluble in water but are quite soluble in hydrofluoric acid, HF, solution—Why? 
These questions will not be answered directly here, but are meant to arouse your 
curiosity to the point that you will do some reading and research on the properties 
of solutions. 

The Effect of Temperature on Solubility 
Temperature has major effects on the solubility of most substances. Most solutes 
have a limited solubility in a specific solvent at a fixed temperature. For most solids 
dissolved in a liquid, an increase in temperature results in increased solubility (see 
Figure 14.4). However, no completely valid general rule governs the solubility of 
solids in liquids with change in temperature. Some solids increase in solubility only 
slightly with increasing temperature (see NaCl in Figure 14.4); other solids decrease 
in solubility with increasing temperature (see LiySO, in Figure 14.4). 

On the other hand, the solubility of a gas in water usually decreases with 
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Grams solute per 100 g H,O 
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Temperature (°C) 

increasing temperature (see HCl and SO, in Figure 14.4). The tiny bubbles that 
form when water is heated are due to the decreased solubility of air at higher 

temperatures. The decreased solubility of gases at higher temperatures is explained 

in terms of the KMT by assuming that, in order to dissolve, the gas molecules must 
form bonds of some sort with the molecules of the liquid. An increase in temperature 
decreases the solubility of the gas because it increases the kinetic energy (speed) 

of the gas molecules and thereby decreases their ability to form “bonds” with the 

liquid molecules. 

<q FIGURE 14.4 
Solubility of various compounds 

in water. Solids are shown in red 

and gases are shown in blue. 
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Pouring root beer into a glass 

illustrates the effect of pressure 

on solubility. The escaping CO, 

produces the foam. 

FIGURE 14.5 » 
Surface area of crystals. A 

crystal | cm on a side has a 

surface area of 6 cm’. Subdivided 

into 1000 smaller crystals, each 

0.1 cm on a side, the total 

surface area is increased to 

60 cm’. 

The Effect of Pressure on Solubility 

Small changes in pressure have little effect on the solubility of solids in liquids or 

liquids in liquids but have a marked effect on the solubility of gases in liquids. The 

solubility of a gas in a liquid is directly proportional to the pressure of that gas 

above the solution. Thus, the amount of a gas that is dissolved in solution will 

double if the pressure of that gas over the solution is doubled. For example, carbon- 

ated beverages contain dissolved carbon dioxide under pressures greater than atmo- 

spheric pressure. When a bottle of carbonated soda is opened, the pressure is 

immediately reduced to the atmospheric pressure, and the excess dissolved carbon 

dioxide bubbles out of the solution. 

Rate of Dissolving Solids 

The rate at which a solid dissolves is governed by (1) the size of the solute particles, 

(2) the temperature, (3) the concentration of the solution, and (4) agitation or stirring. 

Let’s look at each of these conditions. 

1. Particle Size. A solid can dissolve only at the surface that is in contact with 

the solvent. Because the surface-to-volume ratio increases as size decreases, 

smaller crystals dissolve faster than large ones. For example, if a salt crystal 

1 cm on a side (6-cm” surface area) is divided into 1000 cubes, each 0.1 

cm on a side, the total surface of the smaller cubes is 60 cm7—a tenfold 

increase in surface area (see Figure 14.5). 

2. Temperature. In most cases the rate of dissolving of a solid increases with 

temperature. This increase is due to kinetic effects. The solvent molecules 

move more rapidly at higher temperatures and strike the solid surfaces more 

often and harder, causing the rate of dissolving to increase. 

0.1 cm cube 

Surface of this single 
cube is 0.06 cm2 

Total surface area of 

the 1000 smaller cubes is 

1000 x 0.06 cm? = 60 cm2 

lcm 

2 Surface area of this cube is 

lcm 6X 1 cm? =6 cm2 



In a tiny African nation called Cameroon, 
two towns border on lakes that are people 
killers. The townspeople do not die by 
drowning in the lakes, or by drinking con- 

taminated water. Instead they die from 
carbon dioxide asphyxiation. The lakes 
give off clouds of carbon dioxide at irregu- 

lar intervals. Thirty-seven people died 
near Lake Monoun in August, 1984. Just 

two years later 1700 people died at nearby 
Lake Nyos. 

Scientists studying these volcanic 

crater lakes have found that CO, perco- 

lates upward from groundwater into the 

bottom of these lakes. The CO, accumu- 

lates to dangerous levels because the water 

is naturally stratified into layers that do 

not mix. A boundary called a chemocline 

separates the layers, keeping fresh water 

at the surface of the lake. The lower layers 

of the lake contain dissolved minerals and 

gases (including CO,). 

The disasters occur when something 

disturbs the layers. An earthquake, a land- 

slide, or even winds can trigger the phe- 

nomenon. As waves form and move 

across the lake, the layers within the lake 

are mixed. When the deep water con- 

taining the CO, rises near the top of the 

lake, the dissolved CO, is released from 

the solution (similar to the bubbles re- 

leased on opening a can of soda). At Lake 

Nyos, where 1700 people died, the cloud 

of CO, spilled over the edge of the crater 

and traveled down a river valley. Since 

CO, is denser than air, the cloud stayed 

near the ground. It traveled at an amazing 

speed of 45 mph and killed people as far 
away as 25 miles. 

Although scientists do not know pre- 

cisely what causes the water layers to turn- 

over, they have succeeded in measuring 

the rate at which gas seeps into the lake 

bottoms. The rate is so fast that some sci- 

Chemistry in Action 
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entists think the bottom waters of Lake 

Nyos could be saturated in less than 20 

years, and Lake Monoun could be satu- 

rated in less than 10 years. 

Scientists and engineers are working 

to lower gas concentrations in both lakes. 

In Lake Monoun, water is being pumped 

through pipes from the lake bottom to the 

surface to release the gas slowly. Lake 

Nyos is a larger lake and represents a more 

difficult problem. One end of the lake is 

supported by a weak natural dam. If the 

dam were to break, the water from the 

lake would spill into a valley with about 

10,000 residents and could trigger a CO, 

release. Water could be pumped out of 

the lake to release the CO, and lower the 

level of the lake to accommodate the dam, 

but funding for these projects is uncertain. 

Until money is found to relieve the build- 

up of gases, these lakes will remain disas- 

ters waiting to happen. 

3. Concentration of the Solution. When the solute and solvent are first mixed, 

the rate of dissolving is at its maximum. As the concentration of the solution 

increases and the solution becomes more nearly saturated with the solute, 

the rate of dissolving decreases greatly. The rate of dissolving is pictured 

graphically in Figure 14.6. Note that about 17 g dissolve in the first 5-minute 

interval, but only about | g dissolves in the fourth 5-minute interval. Although 

<q FIGURE 14.6 
30 Rate of dissolution of a solid 

solute in a solvent. The rate is 
5 maximum at the beginning and 
= decreases as the concentration 
ee 20 approaches saturation. 
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different solutes show different rates, the rate of dissolving always becomes 

very slow as the concentration approaches the saturation point. 

> Agitation or Stirring. The effect of agitation or stirring is kinetic. When 

a solid is first put into water, the only solvent with which it comes in contact 

is in the immediate vicinity. As the solid dissolves, the amount of dissolved 

solute around the solid becomes more and more concentrated, and the rate 

of dissolving slows down. If the mixture is not stirred, the dissolved solute 

diffuses very slowly through the solution; weeks may pass before the solid 

is entirely dissolved. Stirring distributes the dissolved solute rapidly through 

the solution, and more solvent is brought into contact with the solid, causing 

it to dissolve more rapidly. 

Solutions: A Reaction Medium 

Many solids must be put into solution in order to undergo appreciable chemical 

reaction. We can write the equation for the double displacement reaction between 

sodium chloride and silver nitrate: 

NaCl + AgNO; —> AgCl + NaNO, 

But suppose we mix solid NaCl and solid AgNO3 and look for a chemical change. 

If any reaction occurs, it is slow and virtually undetectable. In fact, the crystalline 

structures of NaCl and AgNO; are so different that we could separate them by 

tediously picking out each kind of crystal from the mixture. But if we dissolve the 

NaCl and AgNO; separately in water and mix the two solutions, we observe the 

immediate formation of a white, curd-like precipitate of silver chloride. 

Molecules or ions must come into intimate contact or collide with one another 

in order to react. In the foregoing example, the two solids did not react because the 

ions were securely locked within their crystal structures. But when the NaCl and 

AgNO; are dissolved, their crystal lattices are broken down and the ions become 

mobile. When the two solutions are mixed, the mobile Ag* and Cl~ ions come 

into contact and react to form insoluble AgCl, which precipitates out of solution. 
The soluble Na* and NO3 ions remain mobile in solution but form the crystalline 
salt NaNO; when the water is evaporated: 

NaCl(aq) + AgNO;3(aqg) —> AgCl(s) + NaNO,(aq) 

Nat (aq) + Cl” (aq) + Ag™ (ag) + NO 5 (aq) — AgCl(s) + Na* (aq) + NO 3 (aq) 

sodium chloride silver nitrate silver sodium nitrate 

solution solution chloride in solution 

The mixture of the two solutions provides a medium or space in which the Ag* 

and Cl™ ions can react. (See Chapter 15 for further discussion of ionic reactions.) 

Solutions also function as diluting agents in reactions in which the undiluted 

reactants would combine with each other too violently. Moreover, a solution of 

known concentration provides a convenient method for delivering specific amounts 
of reactants. 
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Concentration of Solutions 

The concentration of a solution expresses the amount of solute dissolved in a given 
quantity of solvent or solution. Because reactions are often conducted in solution, 
it is important to understand the methods of expressing concentration and to know 
how to prepare solutions of particular concentrations. The concentration of a solution 
may be expressed qualitatively or quantitatively. Let’s begin with a look at the 
qualitative methods of expressing concentration. 

Dilute and Concentrated Solutions 

When we say that a solution is dilute or concentrated, we are expressing, in a 
relative way, the amount of solute present. One gram of a compound and 2 g of a 
compound in solution are both dilute solutions when compared with the same volume 
of a solution containing 20 g of a compound. Ordinary concentrated hydrochloric 
acid. contains 12 mol of HCI per liter of solution. In some laboratories the dilute 
acid is made by mixing equal volumes of water and the concentrated acid. In other 
laboratories the concentrated acid is diluted with two or three volumes of water, 

depending on its use. The term dilute solution, then, describes a solution that dilute solution 
contains a relatively small amount of dissolved solute. Conversely, a concentrated — concentrated solution 
solution contains a relatively large amount of dissolved solute. 

Saturated, Unsaturated, and Supersaturated Solutions 

At a specific temperature there is a limit to the amount of solute that will dissolve 

in a given amount of solvent. When this limit is reached, the resulting solution is 

said to be saturated. For example, when we put 40.0 g of KCl into 100 g of H,O 

at 20°C, we find that 34.0 g of KCI dissolves and 6.0 g of KCI remains undissolved. 

The solution formed is a saturated solution of KCI. 

- Two processes are occurring simultaneously in a saturated solution. The solid 

is dissolving into solution and, at the same time, the dissolved solute is crystallizing 

out of solution. This may be expressed as 

solute (undissolved) —— solute (dissolved) 

When these two opposing processes are occurring at the same rate, the amount of 
solute in solution is constant, and a condition of equilibrium is established between 

dissolved and undissolved solute. Therefore, a saturated solution contains dissolved _ saturated solution 
solute in equilibrium with undissolved solute. 

It is important to state the temperature of a saturated solution, because a solution 

that is saturated at one temperature may not be saturated at another. If the temperature 

of a saturated solution is changed, the equilibrium is disturbed, and the amount of 

dissolved solute will change to reestablish equilibrium. 

A saturated solution may be either dilute or concentrated, depending on the 

solubility of the solute. A saturated solution can be conveniently prepared by dis- 

solving a little more than the saturated amount of solute at a temperature somewhat 

higher than room temperature. Then the amount of solute in solution will be in 
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unsaturated solution 

supersaturated solution 

Example 14.1 

Solution 

| TABLE 1 14. . Saturated Solutions at 20°C on 50°C 

| Combis
 i 

a solute/10
0 g Bo 

- . we . 

excess of its solubility at room temperature, and, when the solution cools, the excess 

solute will crystallize, leaving the solution saturated. (In this case, the solute must 

be more soluble at higher temperatures and must not form a supersaturated solution.) 

Examples expressing the solubility of saturated solutions at two different tempera- 

tures are given in Table 14.3. 
An unsaturated solution contains less solute per unit of volume than does its 

corresponding saturated solution. In other words, additional solute can be dissolved 

in an unsaturated solution without altering any other conditions. Consider a solution 

made by adding 40 g of KCI to 100 g of H,O at 20°C (see Table 14.3). The solution 

formed will be saturated and will contain about 6 g of undissolved salt, because 

the maximum amount of KCl that can dissolve in 100 g of H5O at 20°C is 34 g. 

If the solution is now heated and maintained at 50°C, all the salt will dissolve and, 

in fact, even more can be dissolved. Thus the solution at 50°C is unsaturated. 

In some circumstances, solutions can be prepared that contain more solute than 

that needed for a saturated solution at a particular temperature. These solutions are 

said to be supersaturated. However, we must qualify this definition by noting that 
a supersaturated solution is unstable. Disturbances, such as jarring, stirring, 

scratching the walls of the container, or dropping in a “seed” crystal, cause the 

supersaturation to return to saturation. When a supersaturated solution is disturbed, 

the excess solute crystallizes out rapidly, returning the solution to a saturated state. 

Supersaturated solutions are not easy to prepare but may be made from certain 

substances by dissolving, in warm solvent, an amount of solute greater than that 

needed for a saturated solution at room temperature. The warm solution is then 

allowed to cool very slowly. With the proper solute and careful work, a supersaturated 

solution will result. 

Will a solution made by adding 2.5 g of CuSO, to 10 g of HO be saturated or 
unsaturated at 20°C? 

To answer this question we first need to know the solubility of CuSO, at 20°C. 

From Figure 14.4 we see that the solubility of CuSO, at 20°C is about 21 g per 

100 g of H,O. This amount is equivalent to 2.1 g of CuSO, per 10 g of HO. 
Since 2.5 g per 10 g of H,O is greater than 2.1 g per 10 g of H,O, the solution 

will be saturated and 0.4 g of CuSO, will be undissolved. 
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_ Practice I 4.1 

Will a solution made by adding 9.0 g NH,Cl to 20 g of H,0 be saturated or 
unsaturated at 50°C? 

Mass Percent Solution 

The mass percent method expresses concentration of the solution as the percent of 
solute in a given mass of solution. It says that for a given mass of solution a certain 
percent of that mass is solute. Suppose that we take a bottle from the reagent shelf 
that reads “sodium hydroxide, NaOH, 10%.” This statement means that for every 
100 g of this solution, 10 g will be NaOH and 90 g will be water. (Note that this 
amount of solution is 100 g and not 100 mL.) We could also make this same 
concentration of solution by dissolving 2.0 g of NaOH in 18 g of water. Mass 
percent concentrations are most generally used for solids dissolved in liquids: 

g¢ solute g solute 
— X 100 = 

+ g solvent 
mass percent = : ; 100 

g solute g solution 

As instrumentation advances are made in chemistry, our ability to measure the 

concentration of dilute solutions is increasing as well. Instead of mass percent, 

chemists now commonly use parts per million (ppm): 

g solute 
parts per million = ————— eX OOOKIOD 

g solute + g solvent 

Currently, air and water contaminants, drugs in the human body, and pesticide 

residues are some substances measured in parts per million. 

What is the mass percent of sodium hydroxide in a solution that is made by dissolving 
8.00 g of NaOH in 50.0 g of H,O0? 

grams of solute (NaOH) = 8.00 g 

grams of solvent (HzO) = 50.0 g 

8.00 g NaOH 
———__>———§— x 100 = 13.8% NaOH solution 
8.00 g NaOH + 50.0 g H,O 

What masses of potassium chloride and water are needed to make 250. g of 

5.00% solution? 

The percent expresses the mass of the solute: 

250. g = total mass of solution 

5.00% of 250. g = 0.0500 250. g = 12.5 g KCI (solute) 

250. g — 12.5 g = 237.5 H,O 

Dissolving 12.5 g of KCI in 237.5 g of HO gives a 5.00% KCI solution. 

The heat released in this hot 

pack results from the 

crystallization of a 

supersaturated solution of 

sodium acetate. 

parts per million (ppm) 

Note that mass percent is 

independent of the formula 
for the solute. 

Example 14.2 

Solution 

Example 14.3 

Solution 
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Example 14.4 A 34.0% sulfuric acid solution has a density of 1.25 g/mL. How many grams of 

H,SO, are contained in 1.00 L of this solution? 

Solution Since H,SO, is the solute, we first solve the mass percent equation for grams 

of solute: 

g solute 
MASS) DELCCHUl Senne 

g solution 

mass percent X g solution 
> solute = g solute 100 

The mass percent is given in the problem. We need to determine the grams of 

solution. The mass of the solution can be calculated from the density data. Convert 

density (g/mL) to grams: 

1.00 L = 1.00 X 10° mL 

pies e x 1.00 X 10° mL = 1250 g (mass of solution) 

Now we have all the figures to calculate the grams of solute: 

34.0 g X 12508 
100 

Thus, 1.00 L of 34.0% H»SO, solution contains 425 g of H,SO,. 

g solute = = 425 g H,SO, 

: "Practice 14. 2 

ti ‘the 1 mass percent of rNaySOq i ina solution = is nay by dissolving 
5.4 g of E Na:SO, i in 225.0 8 of H,0? 

Mass/Volume Percent (m/v) 

This method expresses concentration as grams of solute per 100 mL of solution. 

With this system, a 10.0% (m/v) glucose solution is made by dissolving 10.0 g of 
glucose in water, diluting to 100 mL, and mixing. The 10.0% (m/v) solution could 

also be made by diluting 20.0 g to 200 mL, 50.0 g to 500 mL, and so on. Of course, 

any other appropriate dilution ratio may be used: 

g solute 
mass/yolume percent =. —-——._ x’ 1.00 

mL solution 

Volume Percent 

Solutions that are formulated from two liquids are often expressed as volume percent 
with respect to the solute. The volume percent is the volume of a liquid in 100 mL 
of solution. The label on a bottle of ordinary rubbing alcohol reads “isopropyl 
alcohol, 70% by volume.” Such a solution could be made by mixing 70 mL of 
alcohol with water to make a total volume of 100 mL, but we cannot use 30 mL 
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of water because the two volumes are not necessarily additive: 

volume of liquid in question 
volume percent = ; 

total volume of solution 
x 100 

Volume percent is used to express the concentration of alcohol in beverages. 
Wines generally contain 12% alcohol by volume. This translates into 12 mL of 
alcohol in each 100 mL of wine. The beverage industry also uses the concentration 
unit of proof (twice the volume percent). Pure alcohol is 100%, therefore 200 proof. 
Scotch whiskey is 86 proof or 43% alcohol. 

Molarity 

Mass percent solutions do not equate or express the molar masses of the solute in 

solution. For example, 1000. g of 10.0% NaOH solution contains 100. g of NaOH; 

1000. g 10.0% KOH solution contains 100. g of KOH. In terms of moles of NaOH 
and KOH, these solutions contain 

1 mol NaOH 
ENaOH = 100. g-NaOH xX ————__—_—- = 2. mol Na g NaO 40.00 g NaOH 2.50 mol NaOH 

1 mol KOH 
EKOH = 10002 KOH <= 1; mo g 56.11 g KOH 1.78 mol KOH 

From these figures we see that the two 10.0% solutions do not contain the same 

number of moles of NaOH and KOH. Yet 1 mol of each of these bases will neutralize 

the same amount of acid. As a result we find that a 10.0% NaOH solution has more 

reactive alkali than a 10.0% KOH solution. 

We need a method of expressing concentration that will easily indicate how 

many moles of solute are present per unit volume of solution. For this purpose the 

molar method of expressing concentration is used. 

A 1 molar solution contains 1 mol of solute per liter of solution. For example, 

to make a 1 molar solution of sodium hydroxide, NaOH, we dissolve 40.00 g of 

NaOH (1 mol) in water and dilute the solution with more water to a volume of 

1 L. The solution contains 1 mol of the solute in 1 L of solution and is said to be 

1 molar in concentration. Figure 14.7 illustrates the preparation of a 1 molar solution. 

Note that the volume of the solute and the solvent together is | L. 

The concentration of a solution can, of course, be varied by using more or less 

solute or solvent; but in any case the molarity of a solution is the number of moles 

of solute per liter of solution. The abbreviation for molarity is M. The units of 

molarity are moles per liter. The expression “2.0 M NaOH” means a 2.0 molar 

solution of NaOH (2.0 mol, or 80.00 g, of NaOH dissolved in 1 L of solution). 

Flasks that are calibrated to contain specific volumes at a particular temperature 

are used to prepare solutions of a desired concentration. These volumetric flasks 

have a calibration mark on the neck to indicate accurately the measured volume. 

Molarity is based on a specific volume of solution and therefore will vary slightly 

molarity (M) 
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FIGURE 14.7 

Preparation of a | M solution. p> 

The molarities of the 

concentrated acids 

commonly used in the 

laboratory are 

HCl I2M 

HC,H;0, I7M 

HNO, 16M 

H,SO, IgM 

1 liter —~ 

(b) (c) 
Add 1 mole of Dissolve in Add more solvent to the 

solute to a | liter solvent 1 liter mark and 

volumetric flask mix thoroughly 

with temperature because volume varies with temperature (1000 mL of H,O at 
20°C = 1001 mL at 25°C). 

Suppose we want to make 500 mL of 1 M solution. This solution can be 

prepared by determining the mass of 0.5 mol of the solute and diluting with water 

in a 500-mL (0.5-L) volumetric flask. The molarity will be 

0.5 mol solute 
=> SOS | 

Me 0.5 L solution Ciao 

Thus you can see that it is not necessary to have a liter of solution to express 
molarity. All we need to know is the number of moles of dissolved solute and the 
volume of solution. Thus 0.001 mol of NaOH in 10 mL of solution is 0.1 M: 

0.001 mol 1000 mE 

10 mi pitta 

When we stop to think that a balance is not calibrated in moles but in grams, we 
can incorporate grams into the molarity formula. We do so by using the relationship: 

grams of solute 
MO) 6s (See 

molar mass 

Substituting this relationship into our expression for molarity, we get 

. 0a g solute 

L molar mass solute < L solution 

g 

~ molar mass X L 

We can now determine the mass of any amount of a solute that has a known formula, 
dilute it to any volume, and calculate the molarity of the solution using this formula. 
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What is the molarity of a solution containing 1.4 mol of acetic acid, HC,H3;05, in Example 14.5 
250. mL of solution? 

Substitute the data, 1.4 mol and 250. mL (0.250 L), directly into the equation Solution 
for molarity: 

Me mol 1.4 mol s 5.6 mol 

Ie. 0.250 L ny 
= 5.6M 

By the unit conversion method we note that the concentration given in the 

problem statement is 1.4 mol per 250. mL (mol/mL). Since molarity = mol/L, the 

needed conversion is 

mol male 
mL co 

1.4 mol 1000 mr 5.6.mol _ 

250. mt {SEE a Ty aw 

What is the molarity of a solution made by dissolving 2.00 g of potassium chlorate Example 14.6 

in enough water to make 150. mL of solution? 

This problem can be solved using the unit conversion method. The steps in the Solution 
conversions must lead to units of moles/liter: 

g KCIO, g KCIO; mol KCIO; 

mL L i 
= M 

The data are 

g = 2.00g molar mass KCIO3 = 122.6 g/mol volume = 150. mL 

2.00 g KEIO; Nj 1000 mE 1 mol KCIO; _ 0.109 mol 
eS = 0.109 M 

150. mE LL 122.6 g KEt03 1L 

How many grams of potassium hydroxide are required to prepare 600. mL of Example 14.7 

0.450 M KOH solution? 

The conversion is Solution 

milliliters —— liters —-~ moles —~ grams 

The data are 

f KOH 
volume = 600.mL M = ene molar mass KOH = ween 

The calculation is 

1E ~: 0.450 mol Y, 56.11 g KOH 

COO Oe TEE L mol 
= 15.1 g KOH 
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Practice 14.3. 

What is the molarity of a colltion ae by dicohine 7.50 ¢ oo magnesium 

. nitrate, Mg(NOs)2, in poten water to ee >. 0 oe of solution? oS 

Practice 14. 4 

How many grams of a chloride. are needed to prepare 125 mL of a 
: 037 M Se oe 

Example 14.8 How many milliliters of 2.00 M HCI will react with 28.0 g of NaOH? 

Solution Step 1 Write and balance the equation for the reaction: 

HCl(aq) + NaOH(aq) —~ NaCl(aq) + H,O(aq) 

The equation states that 1 mol of HCl reacts with 1 mol of NaOH. 

Step 2 Find the number of moles of NaOH in 28.0 g of NaOH: 

g NaOH —— mol NaOH 

1 mol 

40.00 g 

28.0 g NaOH = 0.700 mol NaOH 

28.0 g NaOH X = 0.700 mol NaOH 

Step 3 Solve for moles and volume of HCl needed. From Steps 1 and 2 we 

see that 0.700 mol of HCl will react with 0.700 mol of NaOH, because 

the ratio of moles reacting is 1:1. We know that 2.00 M HCI contains 

2.00 mol of HCI per liter, and so the volume that contains 0.700 mol 
of HCI will be less than 1 L: 

mol NaOH —~> mol HC] —~ L HCl —~ mL HC] 

1 moi HET LHe! 
0.700 mot ee ee Na®0H 1 700 0.350 L HCl 

0550 KaHelix mae = 350. mL HCl 

Therefore, 350. mL of 2.00 M HCI contains 0.700 mol HCI and will react with 
0.700 mol, or 28.0 g, of NaOH. 

Example 14.9 = What volume of 0.250 M solution can be prepared from 16.0 g of potassium car- 
bonate? 

Solution We start with 16.0 g of K,CO; and need to find the volume of 0.250 M solution 
that can be prepared from this K,CO3. The conversion, therefore, is 

g K,CO3 —> mol K,CO; —=> L solution 
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The data are 

0.250 eee Oe Mera Os Be iatemngs\ KACO sia eee eco 
IL 1 mol 

1 mol K,€05 ia 
16.0 Nee eet Bee ee 
eae Asso eee D0 mck co: be ED 

Thus, 463 mL of 0.250 M solution can be made from 16.0 g K,CO3. 

Calculate the number of moles of nitric acid in 325 mL of 16 M HNO; solution. 

Use the equation 

moles = liters x M 

Substitute the data given in the problem and solve: 

16 mol HNO; 
moles = 0.325 k X 

1Lv 
= 5.2 mol HNO; 

Practice 14.5 

What volume of 0.035 M AgNO; can be made from 5.0 g of AgNO3? 

Practice 14.6 

How many milliliters of 0.50 M NaOH are required to react completely with 

25.00 mL of 1.5 M HCl? 

Dilution Problems 

Chemists often find it necessary to dilute solutions from one concentration to another 

by adding more solvent to the solution. If a solution is diluted by adding pure 

solvent, the volume of the solution increases, but the number of moles of solute in 

the solution remains the same. Thus, the moles/liter (molarity) of the solution 

decreases. It is important to read a problem carefully to distinguish between (1) 

how much solvent must be added to dilute a solution to a particular concentration 

and (2) to what volume a solution must be diluted to prepare a solution of a 

particular concentration. 

Calculate the molarity of a sodium hydroxide solution that is prepared by mixing 

100. mL of 0.20 M NaOH with 150. mL of water. Assume the volumes are additive. 

This problem is a dilution problem. If we double the volume of a solution by adding 

water, we cut the concentration in half. Therefore, the concentration of the above 

solution should be less than 0.10 M. In the dilution, the moles of NaOH remain con- 

stant; the molarity and volume change. The final volume is (100. Mla OU ans) 

or 250. mL. 

Example 14.10 

Solution 

A serial dilution. The 

concentration of food coloring in 

cup | is | part per 10 (by 

weight), cup 2 is | part per 100; 

cup 3 is | part per 1000, and so 

on. The concentration in cup 6 is 

| part per million (ppm). 

Example 14.11 

Solution 
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To solve this problem, (1) calculate the moles of NaOH in the original solution, 

and (2) divide the moles of NaOH by the final volume of the solution to obtain the 

new molarity. 

Step 1 Calculate the moles of NaOH in the original solution: 

m =e mol = L X M 

0.100 K x ee = 0.020 mol NaOH 

Step 2 Solve for the new molarity, taking into account that the total volume 

of the solution after dilution is 250. mL (0.250 L): 

0.020 mol NaOH 
ee !_—_,O\Yre_—_———-—sas = B H M 0.250 L 0.080 M NaO 

Alternative Solution 

When the moles of solute in a solution before and after dilution are the same, then 

the moles before and after dilution may be set equal to each other: 

mol, = mol, 

where mol, = moles before dilution, and mol, = moles after dilution. Then 

mol, = L,; X M, mol, = L, X M, 

L; xX M, =L, X Mm, 

When both volumes are in the same units, a more general statement can be made: 

Va x MG, = XM, 

For this problem 

V, = 100. mL M, = 0.20 M 

V, = 250. mL M> = (unknown) 

Then 

100. mL x 0.20 M = 250. mL Xx M, 

Solving for M>, we get 

100. mE X 0.20 M M, = ee): 2 750. 0.080 M NaOH 

Practice t 4.7 

Calculate the molarity of a solution prepared by aiuting 125 mL of 0. 400 M 
KO» with ne mL of water. 
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How many grams of silver chloride will be precipitated by adding sufficient silver Example 14.12 
nitrate to react with 1500. mL of 0.400 M barium chloride solution? 

2 AgNO;3(aq) + BaClj(aq) —> 2 AgCl(s) + Ba(NO3)>(aq) 

1 mol 2 mol 

This problem is a stoichiometry problem. The fact that BaCl, is in solution means Solution 

that we need to consider the volume and concentration of the solution in order to 

determine the number of moles of BaCl, reacting. 

Step 1 Determine the number of moles of BaCl, in 1500. mL of 0.400 M 

solution: 

mol M==~ mol =L XM — 1500. mL = 1.500L 

0.400 mol B 1.500 & x ee me TEE: = 0.600 mol BaCl, 

Step 2 Use the mole-ratio method to calculate the moles and grams of AgCl: 

mol BaCl, —~ mol AgCl —~ g AgCl 

9.600 mot Bact aie See eee eet! iclLbscl ancl Ciba se 

ow many grams of if lead(Il) iodide will be oeeiewe by sing sufficient 
~ Pb(NOs)2 to react with 750 mL of 0.250 M KI solution? = 

Hag + PoINOs)(ag — Pols) ae KNOs(aa)_ 

Normality 

Normality is another way of expressing the concentration of a solution. It is based 

on an alternative chemical unit of mass called the equivalent mass. The normality normality 

of a solution is the concentration expressed as the number of equivalent masses 

(equivalents, abbreviated equiv) of solute per liter of solution. A 1 normal (1 N) 

solution contains 1 equivalent mass of solute per liter of solution. Normality is 

widely used in analytical chemistry because it simplifies many of the calculations 

involving solution concentration: 

number of equivalents of solute _ equivalents 
Honma Ni 

ca 1 liter of solution liter 

where 

7 grams of solute 
numiber OL couivalents Of solute sre 

equivalent mass of solute 
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equivalent mass 

Every substance may be assigned an equivalent mass. The equivalent mass may 

be equal either to the molar mass of the substance or to an integral fraction of the 

molar mass (i.e., the molar mass divided by 2, 3, 4, and so on). To gain an 

understanding of the meaning of equivalent mass, let us start by considering these 

two reactions: 

HCl(aq) + NaOH(aq) —~ NaCl(aq) + H,O(/) 
1 mole 1 mol 

(36.46 g) (40.00 g) 

H,SO,(aq) + 2 NaOH(ag) —> Na,SO,(aq) + 2 H,O() 
1 mole 2 mol 

(98.08 g) (80.00 g) 

We note first that 1 mol of hydrochloric acid reacts with 1 mol of sodium hydroxide 

and 1 mol of sulfuric acid reacts with 2 mol of NaOH. If we make 1 M solutions 

of these substances, 1 L of 1 M HCI will react with 1 L of 1 M NaOH, and 1 L of 

1 M H,SO, will react with 2 L of 1 M NaOH. From this reaction, we can see that 

H,SO, has twice the chemical capacity of HCl when reacting with NaOH. We can, 

however, adjust these acid solutions to be equivalent in reactivity by dissolving 

only 0.5 mol of H,SO, per liter of solution. By doing so, we find that we are 

required to use 49.04 g of H,SO,/L (instead of 98.08 g of H,SO,/L) to make a 

solution that is equivalent to one made from 36.46 g of HCI/L. These masses, 49.04 

g of H,SO, and 36.46 g of HCl, are chemically equivalent and are known as the 

equivalent masses of these substances, because each will react with the same amount 

of NaOH (40.00 g). The equivalent mass of HCl is equal to its molar mass, but 
that of H,SO, is one-half its molar mass. 

Thus, 1 L of solution containing 36.46 g of HCl would be 1 N, and 1 L of 
solution containing 49.04 g of H,SO, would also be 1 N. A solution containing 
98.08 g of H,SO, (1 mol per liter) would be 2 N when reacting with NaOH in the 
given equation. 

The equivalent mass is the mass of a substance that will react with, combine 
with, contain, replace, or in any other way be equivalent to 1 mol of hydrogen 
atoms or hydrogen ions. 

Normality and molarity can be interconverted in the following manner: 

equiv ve mol N= 
L L 

equiv _ mol equiv _ equiv 

mol L mol ie 

MauN gee = Saye moll mol 
equiv L equiv L 

Thus a 2.0 N H,SO, solution is 1.0 M. 
One application of normality and equivalents is in acid—base neutralization 

reactions. An equivalent of an acid is that mass of the acid that will furnish 1 mol 
of H* ions. An equivalent of a base is that mass of base that will furnish 1 mol 
of OH™ ions. Using concentrations in normality, 1 equivalent of acid (A) will react 
with 1 equivalent of base (B): 

N=MxX 

equiv, anal Noe equiv, 
Nive 
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equiva = La X Na and equivg = Lp X Np 

Since equiv, = equivp, 

La X Na = Lp X Nea 

When both volumes are in the same units, we can write a more general equation: 

VaNa = VpNp 

which states that the volume of acid times the normality of the acid equals the 

volume of base times the normality of the base. 

(a) What is the normality of an H2SO, solution if 25.00 mL of the solution requires 

22.48 mL of 0.2018 N NaOH for complete neutralization? (b) What is the molarity 

of the H,SO, solution? 

(a) Solve for Na by substituting the data into 

VaNa = VBNp | 

25.00 mL X Na = 22.48 mL X 0.2018 N 

_ 22.48 mE X 0.2018 N A= Se = 0.1815 N H,SO, 

(b) When H5SO, is completely neutralized it furnishes 2 equivalents of H* ions 

per mole of H,SO,4. The conversion from N to M is 

equiv mol 

iL L 

H,SO, = 0.1815 N 

0.1815 equiv 1 mol 
= 0.0907 iL nee 0.09075 mol/L 

The H,SO, solution is 0.09075 M. 

is the normality of a NaOH solution if 50.0 mL of the solution requires _ 
L. of 0.0250 N HSO4? What is the molarity of the NaOH? ~ : 

The equivalent mass of a substance may be variable; its value is dependent on 

the reaction that the substance is undergoing. Consider the reactions represented by 

these equations: 

NaOH + H,SO, a NaHSO, =F H,O 

2 NaOH + H,SO, ——— Na ,SO4 + 2 H,O 

In the first reaction 1 mol of H,SO, furnishes 1 mol of hydrogen atoms. Therefore 

the equivalent mass of H,SO, is the molar mass, namely 98.08 g. But in the 

Example 14.13 

Solution 
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_ Producing chemical reactions that will oc- 

cur at precisely the correct moment is one 

of the tasks facing the chemist in industry. 
_ For this to happen, one or more of the 
reactants must be stored separately and 

_ released under controlled conditions pre- 
cisely when the reaction is desired. A tech- 

‘nique developed to accomplish this is 
microencapsulation, in which reactive 

‘ chemicals—solids, liquids, or gases—are _ 

sealed inside tiny capsules. The material 

ne forming the wall of the capsule is carefully 

_ chosen so ‘that the encapsulated chemicals 

can be. released, at the appropriate time, 

“can be accomplished i in a variety of ways, 

: which include dissolving the capsules, dif-_ 

e fusion ‘through the capsule walls, and 

_ Dy mechanical, thermal, electrical, or 

set chemical disruption of the capsules. 

ce In one type of microencapsulation, 

a water diffuses into the capsule and forms 

a solution which then diffuses out into 

_ the surroundings : at a constant rate.Some _ 

types of capsules contain materials that 

s dissolve at a certain level of acidity and 

_ form pores in the capsule through which 

other types” of capsules dissolve com- 

a pletely over a given period of time, releas- 

‘ ing their contents into the system. 

Applications of microencapsulation 
are found everywhere. Carbonless paper, 

often used in receipts makes use of pres- 

_ sure-sensitive microcapsules containing — 

colorless dye precursors. Another reactive 

_ substance is present and converts the pre- 

_ cursor to the colored form when pressure 
_ is applied by a pen or printer. 

Adhesives are frequently encapsulated 

to prevent them from becoming tacky too 

soon. The active surfaces on pressure- 

sensitive labels and certain self-sealing 

envelopes are coated with encapsulated 
adhesives that are released by pressure. 

Heat-sensitive encapsulation is used for 

by. one of several methods. This release 

the encapsulated materials escape. ‘Still 

Microencapsulatic 

Many items we come across in our daily lives are micreencapeuted: These are 
just a few examples. 

the adhesives in iron-on patches for 
clothing. 

Many microencapsulated products are 

_ to be found in the kitchen. Flavorings are 

_ encapsulated to make them easier to store 
in a powdered state, cut evaporation, and 

reduce reactions with the air. These ad- 

vantages increase the shelf life of prod- 

ucts. Flavoring microcapsules may also 

be heat sensitive and release their contents 

during cooking or pressure sensitive (as 

in chewing gum) and release their contents 
upon chewing. 

Still other encapsulated products are 

found in our bathrooms. Time-release mi- 

croencapsulation is used in deodorants, 

moisturizers, colognes, and perfumes. The 

encapsulation process prevents evapora- 

tion, decomposition, and unwanted reac- 

tions with the air and other ingredients. 

Drugs and medications are frequently en- 

capsulated to dissolve slowly over a long 

period of time in the body. These medica- 

tions generally work in the intestinal tract, 

but some may also be given by injection 

to work within other tissues. 

Fragrances have undergone microen- 

capsulation in such products as cosmetics, 

health care products, detergents, and even 

foods. Gas companies use encapsulated 

propyl mercaptan, CH3;CH,CH,SH, to 
teach children how to detect a gas leak 
(natural gas without this substance is odor- 
less). Encapsulated fragrances are respon- 
sible for the ever-present scratch-and-sniff 
labels found in children’s books and fash- 
ion magazines. When the paper is 
scratched or pulled open, the fragrance is 
released into the air. 

Other applications of microencapsula- 
tion include time-release pesticides and 
neutralizer for contact lenses, as well as 
special additives in detergents, cleaners, 
and paints. 
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second reaction 1 mol of H2SO, furnishes 2 mol of hydrogen atoms. Therefore, the 
equivalent mass of the H,SOy, is one-half the molar mass, or 49.04 g. A summary 

of the quantitative concentration units is found in Table 14.4. 

Colligative Properties of Solutions 

Two solutions—one containing 1 mol (60.06 g) of urea, NH,CONH)b, and the other 

containing 1 mol (342.3 g) of sucrose, C,2H220};, in 1 kg of water—both have a 

freezing point of — 1.86°C, not 0°C as for pure water. Urea and sucrose are distinctly 

different substances, yet they lower the freezing point of the water by the same 

amount. The only thing apparently common to these two solutions is that each 

contains 1 mol (6.022 x 10%? molecules) of solute and 1 kg of solvent. In fact, 

when we dissolve 1 mol of any nonionizable solute in 1 kg of water, the freezing 

point of the resulting solution is — 1.86°C. 
These results lead us to conclude that the freezing-point depression for a solution 

containing 6.022 x 107? solute molecules (particles) and 1 kg of water is a constant, 

namely, 1.86°C. Freezing-point depression is a general property of solutions. Further- 

more, the amount by which the freezing point is depressed is the same for all 

solutions made with a given solvent; that is, each solvent shows a characteristic 

freezing-point depression constant. Freezing-point depression constants for several 

solvents are given in Table 14.5. 

The solution formed by the addition of a nonvolatile solute to a solvent has a 

lower freezing point, a higher boiling point, and a lower vapor pressure than that 

of the pure solvent. All these effects are related and are known as colligative 

347 
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TABLE 14.5 Freezing-Point Depression and Boiling-Point Elevation Constants of Selected Solvents 

Freezing point 
of pure solvent 

Solvent 

Water 

Acetic acid 
Benzene 

Camphor 

colligative properties 

Engine coolant is an example of 

the use of colligative properties. 

The additon of coolant to the 

water in a radiator raises its 

boiling point and lowers its 

freezing point. 

Freezing-point _ Boiling-point 
depression constant, Kr Boiling point elevation constant, K, 

°C kg solvent of pure solvent (“S kg we 
mol solute (°C) mol solute 

properties. The colligative properties are properties that depend only on the number 

of solute particles in a solution and not on the nature of those particles. Freezing- 

point depression, boiling-point elevation, and vapor-pressure lowering are colligative 
properties of solutions. 

The colligative properties of a solution can be considered in terms of vapor 

pressure. The vapor pressure of a pure liquid depends on the tendency of molecules 

to escape from its surface. Thus, if 10% of the molecules in a solution are nonvolatile 

solute molecules, the vapor pressure of the solution is 10% lower than that of the 

pure solvent. The vapor pressure is lower because the surface of the solution contains 

10% nonvolatile molecules and 90% of the volatile solvent molecules. A liquid 
boils when its vapor pressure equals the pressure of the atmosphere. Thus, we can 
see that the solution just described as having a lower vapor pressure will have a 
higher boiling point than the pure solvent. The solution with a lowered vapor pressure 
does not boil until it has been heated above the boiling point of the solvent (see 
Figure 14.8(a)). Each solvent has its own characteristic boiling-point elevation 
constant (Table 14.5). The boiling-point elevation constant is based on a solution 
that contains 1 mol of solute particles per kilogram of solvent. For example, the 
boiling-point elevation constant for a solution containing | mol of solute particles 
per kilogram of water is 0.512°C, which means that this water solution will boil 
at 100.512°C. 

The freezing behavior of a solution can also be considered in terms of lowered 
vapor pressure. Figure 14.8(b) shows the vapor-pressure relationships of ice, water, 
and a solution containing 1 mol of solute per kilogram of water. The freezing point 
of water is at the intersection of the water and ice vapor-pressure curves (i.e., at 
the point where water and ice have the same vapor pressure). Because the vapor 
pressure of water is lowered by the solute, the vapor-pressure curve of the solution 
does not intersect the vapor-pressure curve of ice until the solution has been cooled 
below the freezing point of pure water. Thus, it is necessary to cool the solution 
below 0°C in order for it to freeze. 

The foregoing discussion dealing with freezing-point depressions is restricted 
to un-tonized substances. The discussion of boiling-point elevations is restricted to 
nonvolatile and un-ionized substances. The colligative properties of ionized sub- 
stances are not under consideration at this point, but are discussed in Chapter 15. 

Some practical applications involving colligative properties are (1) use of salt— 
ice mixtures to provide low freezing temperatures for homemade ice cream, 



14.7 Colligative Properties of Solutions 349 

_ «-<@ FIGURE 14.8 

Pets Vapor-pressure curves of pure 

water and water solutions, 

e oe oT showing (a) freezing-point 

g 5 depression and (b) boiling-point 
© ‘o elevation effects (concentration: 
5S 2 2 | mol solute/! kg water). 

a. 5. 
| 

B e 
> > 

Solution 

100 100.512 

Temperature (°C) Temperature (°C) 

(a) (b) 

(2) use of sodium chloride or calcium chloride to melt ice from streets, and (3) use 

of ethylene glycol and water mixtures as antifreeze in automobile radiators (ethylene 

glycol also raises the boiling point of radiator fluid, thus allowing the engine to 

operate at a higher temperature). 

Both the freezing-point depression and the boiling-point elevation are directly 

proportional to the number of moles of solute per kilogram of solvent. When we 

deal with the colligative properties of solutions, another concentration expression, 

molality, is used. The molality (m) of a solute is the number of moles of solute per molality (m) 

kilogram of solvent: 

_ mol solute 

kg solvent 

Note that a lowercase m is used for molality concentrations and a capital M for 

molarity. The difference between molality and molarity is that molality refers to 

moles of solute per kilogram of solvent, whereas molarity refers to moles of solute 

per liter of solution. For un-ionized substances, the colligative properties of a solution 

are directly proportional to its molality. 
Molality is independent of volume. It is a mass-to-mass relationship of solute 

to solvent and allows for experiments, such as freezing-point depression and boiling- 

point elevation, to be conducted at variable temperatures. 

The following equations are used in calculations involving colligative properties 

and molality: 

mol solute 
Ate = mK¢ At, = mk, m ——=_ 

- kg solvent 

m = molality; mol solute/kg solvent 

Ate = freezing-point depression; °C 

At, = boiling-point elevation; °C 

K; = freezing-point depression constant; °C kg solvent/mol solute Sodium chloride or calcium 
chloride is used to melt ice on 

K,, = boiling-point elevation constant; °C kg solvent/mol solute snowy streets and highways. 
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Example 14.14 

Solution 

Example 14.15 

Solution 

What is the molality (m) of a solution prepared by dissolving 2.70 g of CH3OH in 

25.0 g of H,0? 

é mol solute aes 
SINCC ee the conversion is 

kg solvent 

2.70 g CH;0H mol CH3;0H mol CH,0H 

25.0 g H,O 25.0 g HO 1 kg H,O 

The molar mass of CH3OH is (12.01 + 4.032 + 16.00) or 32.04 g/mol: 

2.70 g CH;0H S 1 mol CH 30H . 1000 gH50 _ 3.37 mol CH;0H 

25.0 gH50 32.04 g CH;0H 1 kg H,O 1kgH,O 

The molality is 3.37 m. 

"Practice ‘14, 10 - 

What is the molality of a solution prepared o ees 150. 0 g of Celli20s Ss 

i 600.0 g of oe ae E 

A solution is made by dissolving 100. g of ethylene glycol (C,H,O,) in 200. g of 
water. What is the freezing point of this solution? 

To calculate the freezing point of the solution, we first need to calculate At;, the 

change in freezing point. Use the equation 

mol solute 7 Ate = mK; = f 
kg solvent 

1.86°C kg solvent 
K; (for water): (from Table 14.5) 

mol solute 

1 mol C,H,O mol solute: 100. ¢ C;HgO5 X 62.07 CeO; = 1.61 mol C,H,0O, 

lkg 
kg solvent: 200. g H,O Xx = 0. g solven gH, 1000 ¢ 0.200 kg H,O 

1.61 moL€sHeO>5 _ 1.86°C kg H50 
Ate = ——*_— X 2 = 15.0°C 

0.200 kg H50 1 moL€5HE0> 

The freezing-point depression, 15.0°C, must be subtracted from 0°C, the freezing 
point of the pure solvent (water): 

freezing point of solution = freezing point of solvent — At, 

= 0.0°C. — 13.0°C= "= 15.0°C 

Therefore, the freezing point of the solution is — 15.0°C. The calculation can also 
be done using the equation 

g solute 1 

molar mass solute _kg solvent 
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A solution made by dissolving 4.71 g of a compound of unknown molar mass in Example 14.16 
100.0 g of water has a freezing point of —1.46°C. What is the molar mass of 
the compound? 

First substitute the data in At) = mK; and solve for m: Solution 

At; = +1.46 (since the solvent, water, freezes at 0°C) 

_ 186°C kg H,0 
Kg 

mol solute 

1.46°C = mK; = m X 1.86°C kg H30 
mol solute 

_ 146°C X mol solute _ 0.785 mol solute 

1.86°@ X kg H,O kg H,O 

Now convert the data, 4.71 g solute/100.0 g H,O, to g/mol: 

4.71 g solute _ 1000 g H50 | 1 kg H50 
er ee 60.0 g/mol 
100.0gH50 ~~ 1kgH50 © 0.785 mol solute 

The molar mass of the compound is 60.0 g/mol. 

Practice 14.11 

What is the freezing point of the solution in Practice exercise 14.10? What 

is the boiling point? 

~|14.8 Osmosis and Osmotic Pressure 

When red blood cells are put into distilled water, they gradually swell and, in time, 

may burst. If red blood cells are put in a 5% urea (or a 5% salt) solution, they 

gradually shrink and take on a wrinkled appearance. The cells behave in this fashion 
because they are enclosed in semipermeable membranes. A semipermeable mem- — sem permeable membrane 

brane allows the passage of water (solvent) molecules through it in either direction 

but prevents the passage of larger solute molecules or ions. When two solutions of 

different concentrations (or water and a water solution) are separated by a semiperme- 

able membrane, water diffuses through the membrane from the solution of lower 

concentration into the solution of higher concentration. The diffusion of water, either 

from a dilute solution or from pure water, through a semipermeable membrane into 

a solution of higher concentration is called osmosis. osmosis 

A 0.90% (0.15 M) sodium chloride solution is known as a physiological saline 

solution because it is isotonic with blood plasma; that is, it has the same osmotic 

pressure as blood plasma. Because each mole of NaCl yields about 2 mol of ions 

when in solution, the solute particle concentration in physiological saline solution 

is nearly 0.30 M. Five percent glucose solution (0.28 M) is also approximately 

isotonic with blood plasma. Blood cells neither swell nor shrink in an isotonic 

solution. The cells described in the first paragraph of this section swell in water 
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Human red blood cells. Left: In a 

hypotonic solution (0.2% saline) 

the cells swell as water moves 

into the cell center. Center: In a 

hypertonic solution (1.6% saline) 

water leaves the cells causing 

them to crenate (shrink). Right: 

In an isotonic solution the 

concentration is the same inside 

and outside the cell (0.9% saline). 

Cells do not change in size. 

Magnification is 260,000 X. 

because water is hypotonic to cell plasma. The cells shrink in 5% urea solution 

because the urea solution is hypertonic to the cell plasma. In order to prevent 

possible injury to blood cells by osmosis, fluids for intravenous use are usually 

made up at approximately isotonic concentration. 

All solutions exhibit osmotic pressure, which is another colligative property. 

Osmotic pressure is dependent only on the concentration of the solute particles and 

is independent of their nature. The osmotic pressure of a solution can be measured 

by determining the amount of counterpressure needed to prevent osmosis; this 

pressure can be very large. The osmotic pressure of a solution containing 1 mol of 

solute particles in 1 kg of water is about 22.4 atm, which is about the same as the 

pressure exerted by 1 mol of a gas confined in a volume of 1 L at 0°C. 

Osmosis has a role in many biological processes, and semipermeable membranes 
occur commonly in living organisms. An example is the roots of plants, which are 
covered with tiny structures called root hairs; soil water enters the plant by osmosis, 
passing through the semipermeable membranes covering the root hairs. Artificial 
or synthetic membranes can also be made. 

Osmosis can be demonstrated with the simple laboratory setup shown in Figure 
14.9. As a result of osmotic pressure, water passes through the cellophane membrane 
into the thistle tube, causing the solution level to rise. In osmosis the net transfer 
of water is always from a less concentrated to a more concentrated solution; that 
is, the effect is toward equalization of the concentration on both sides of the mem- 
brane. It should also be noted that the effective movement of water in osmosis 
is always from the region of higher water concentration to the region of lower 
water concentration. 

Osmosis can be explained by assuming that a semipermeable membrane has 
passages that permit water molecules and other small molecules—to pass in either 
direction. Both sides of the membrane are constantly being struck by water molecules 
in random motion. The number of water molecules crossing the membrane is propor- 
tional to the number of water molecule-to-membrane impacts per unit of time. 
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Because the solute molecules or ions reduce the concentration of water, there are 

more water molecules and more water-molecule impacts on the side with the lower 

solute concentration (more dilute solution). The greater number of water molecule- 

to-membrane impacts on the dilute side thus causes a net transfer of water to the 

more concentrated solution. Again, note that the overall process involves the net 

transfer, by diffusion through the membrane, of water molecules from a region of 

higher water concentration (dilute solution) to one of lower water concentration 

(more concentrated solution). 

This explanation is a simplified picture of osmosis. No one has ever seen the 

hypothetical passages that allow water molecules and other small molecules or ions 

to pass through them. Alternative explanations have been proposed, but our discus- 

sion has been confined to water solutions. Osmotic pressure is a general colligative 

property, however, and is known to occur in nonaqueous systems. 

cepts in Review 

1. Describe the types of solutions. 

2. List the general properties of solutions. 

3. Describe and illustrate the process by which an ionic substance dissolves in 

water. 

Indicate the effects of temperature and pressure on the solubility of solids and 

gases in liquids. 

5. Identify and explain the factors affecting the rate at which a solid dissolves in 

a liquid. 

6. Use a solubility table or graph to determine whether a solution is saturated, 

unsaturated, or supersaturated at a given temperature. 

_ 

Calculate the mass percent or volume percent for a solution. = 
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<q FIGURE 14.9 

Laboratory demonstration of 

osmosis: As a result of osmosis, 

water passes through the 

membrane causing the solution 

to rise in the thistle tube. 
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8. Calculate the amount of solute in a given quantity of a solution when given 

the mass percent or volume percent of a solution. 

9. Calculate the molarity of a solution from the volume and the mass, or moles, 

of solute. 

10. Calculate the mass of a substance necessary to prepare a solution of specified 

volume and molarity. 

11. Determine the resulting molarity in a typical dilution problem. 

12. Apply stoichiometry to chemical reactions involving solutions. 

13. Use the concepts of equivalent mass and normality in calculations. 

14. Explain the effect of a solute on the vapor pressure of a solvent. 

15. Explain the effect of a solute on boiling point and freezing point of a solution. 

16. Calculate the boiling and freezing points of a solution from concentration data. 

17 

| ey Terms 

Calculate molality and molar mass of a solute from boiling/freezing point data. 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. 

colligative properties (14.7) 

concentrated solution (14.6) 

concentration of a solution (14.2) 

dilute solution (14.6) 

equivalent mass (14.6) 

immiscible (14.2) 

miscible (14.2) 

molality (m) (14.7) 

molarity (M) (14.6) 

normality (14.6) 

Questions 

Questions refer to tables, figures, and key words and concepts 

defined within the chapter. A particularly challenging question 

or exercise is indicated with an asterisk. 

1. Make a sketch indicating the orientation of water molecules 

(a) about a single sodium ion and (b) about a single chloride 

ion in solution. 

2. Estimate the number of grams of sodium fluoride that would 

dissolve in 100 g of water at 50°C. (See Table 14.2.) 

3. What is the solubility at 25°C of each of the substances 

listed below? (See Figure 14.4.) 

(a) potassium chloride (c) potassium nitrate 

(b) potassium chlorate 

4. 

osmosis (14.8) 

parts per million (ppm) (14.6) 

saturated solution (14.6) 

semipermeable membrane (14.8) 

solubility (14.2) 

solute (14.1) 

solution (14.1) 

solvent (14.1) 

supersaturated solution (14.6) 

unsaturated solution (14.6) 

What is different in the solubility trend of the potassium 
halides compared with that of the lithium halides and the 
sodium halides? (See Table 14.2.) 

- What is the solubility, in grams of solute per 100 g of H,O 
of (a) KCIO; at 60°C, (b) HCl at 20°C, (c) LizSO, at 80°C, 
and (d) KNO; at 0°C? (See Figure 14.4.) 

. Which substance, KNO3 or NH,Cl, shows the greater in- 
crease in solubility with increased temperature? (See Fig- 
ure 14.4.) 

- Does a 2 molal solution in benzene or a 1 molal solution 
in camphor show the greater freezing-point depression? 
(See Table 14.5.) 



10. 

11. 

12. 

13! 

14. 

15. 

16. 

17. 

18. 

19. 

20. 

21. 

22. 

23. 

. Ina saturated solution containing undissolved solute, solute 

25. 

26. 

27. 

28. 

. What would be the total surface area if the 1-cm cube in 

Figure 14.5 were cut into cubes 0.01 cm on a side? 

. At which temperatures—10°C, 20°C, 30°C, 40°C, or 

50°C—would you expect a solution made from 63 g of 

ammonium chloride and 150 g of water to be unsaturated? 

(See Figure 14.4.) 

Explain why the rate of dissolving decreases as shown in 

Figure 14.6. 

Would the volumetric flasks in Figure 14.7 be satisfactory 

for preparing normal solutions? Explain. 

Assume that the thistle tube in Figure 14.9 contains 1.0 M 

sugar solution and that the water in the beaker has just 

been replaced by a 2.0 M solution of urea. Would the 

solution level in the thistle tube continue to rise, remain 

constant, or fall? Explain. 

Name and distinguish between the two components of a 

solution. 

Is it always apparent in a solution which component is the 

solute, for example, in a solution of a liquid in a liquid? 

Explain why the solute does not settle out of a solution. 

Is it possible to have one solid dissolved in another? 

Explain. 

An aqueous solution of KCl is colorless, KMnO,j is purple, 

and K,Cr,O7 is orange. What color would you expect of 

an aqueous solution of NazCr.07? Explain. 

Explain why hexane will dissolve benzene but will not 

dissolve sodium chloride. 

Some drinks like tea are consumed either hot or cold, 

whereas others like Coca Cola are drunk only cold. Why? 

Why is air considered to be a solution? 

In which will a teaspoonful of sugar dissolve more rapidly, 

200 mL of iced tea or 200 mL of hot coffee? Explain in 

terms of the KMT. 

What is the effect of pressure on the solubility of gases in 

liquids? Solids in liquids? 

Why do smaller particles dissolve faster than large ones? 

is continuously dissolving, but the concentration of the 

solution remains unchanged. Explain. 

Explain why there is no apparent reaction when crystals 

of AgNO; and NaCl are mixed, but a reaction is apparent 

immediately when solutions of AgNO; and NaCl are mixed. 

What do we mean when we say that concentrated nitric 

acid, HNO3, is 16 molar? 

Will 1 L of 1 M NaCl contain more chloride ions than 

0.5 L of 1 M MgCl,? Explain. 

Champagne is usually cooled in a refrigerator prior to open- 

ing. It is also opened very carefully. What would happen 

if a warm bottle of champagne is shaken and opened quickly 

and forcefully? 

29. 

30. 

31. 

32. 

33. 

34. 
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Explain how a supersaturated solution of NaC,H3O0, can 

be prepared and proven to be supersaturated. 

Explain in terms of the KMT how a semipermeable mem- 

brane functions when placed between pure water and a 

10% sugar solution. 

Which has the higher osmotic pressure, a solution con- 

taining 100 g of urea, NH»CONH)g, in 1 kg of H,O or a 

solution containing 150 g of glucose, CgH;.Og, in 1 kg 

of H,0? 

Explain why a lettuce leaf in contact with salad dressing 

containing salt and vinegar soon becomes wilted and limp 

whereas another lettuce leaf in contact with plain water 

remains crisp. 

A group of shipwreck survivors floated for several days on 

a life raft before being rescued. Those who had drunk 

some seawater were found to be suffering the most from 

dehydration. Explain. 

Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) A solution is a homogeneous mixture. 

(b) It is possible for the same substance to be the solvent 

in one solution and the solute in another. 

(c) A solute can be removed from a solution by filtration. 

(d) Saturated solutions are always concentrated solutions. 

(e) If a solution of sugar in water is allowed to stand 

undisturbed for a long time, the sugar will gradually 

settle to the bottom of the container. 

It is not possible to prepare an aqueous 1.0 M AgCl 

solution. 

Gases are generally more soluble in hot water than in 

cold water. 

It is impossible to prepare a two-phase liquid mixture 

from two liquids that are miscible with each other in 

all proportions. 

(i) A solution that is 10% NaCl by mass always contains 

10 g of NaCl. 

Small changes in pressure have little effect on the 

solubility of solids in liquids but a marked effect on 

the solubility of gases in liquids. 

How fast a solute dissolves depends mainly on the size 

of the solute particles, the temperature of the solvent, 

and the degree of agitation or stirring taking place. 

(1) In order to have a 1 M solution you must have 1 mol 

of solute dissolved in sufficient solvent to give 1 L 

of solution. 

(m) Dissolving 1 mol of NaCl in 1 L of water will give a 

1 M solution. 

(n) One mole of solute in 1 L of solution has the same 

concentration as 0.1 mol of solute in 100 mL of 

solution. 

(0) When 100 mL of 0.200 M HCl is diluted to 200-mL 

volume by the addition of water, the resulting solution 

is 0.100 M and contains one-half the number of moles 

of HCl as were in the original solution. 

(f) 

(g) 

(h — 

(j) 

(k) 
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(p) Fifty milliliters of 0.1 M H,SO, will neutralize the 

same volume of 0.1 M NaOH as 100 mL of 0.1 M@ HCI. 

(q) Fifty milliliters of 0.1 N H,SO, will neutralize the 

same volume of 0.1 M NaOH as 100 mL of 0.1 M@ HCI. 

(r) The molarity of a solution will vary slightly with tem- 

perature. 

(s) The equivalent mass of Ca(OH), is one-half its mo- 

lar mass. 

(t) Gram for gram, methyl alcohol, CH3OH, is more effec- 

tive than ethyl alcohol, C)H5OH, in lowering the freez- 

ing point of water. 

(u) An aqueous solution that freezes below 0°C will have 

a normal boiling point below 100°C. 

(v) The colligative properties of a solution depend on the 

number of solute particles dissolved in solution. 

(w) A solution of 1.00 mol of a nonionizable solute and 

1000 g of water will freeze at — 1.86°C and will boil 

at 99.5°C at atmospheric pressure. 

(x) Water will diffuse from a 0.1 M sugar solution to a 

0.2 M sugar solution when these two solutions are 

separated by a semipermeable membrane. 

(y) An isotonic salt solution has the same osmotic pressure 

as blood plasma. 

(z) Red blood cells will neither swell nor shrink when 

placed into an isotonic salt solution. 

What disadvantages are there in expressing the concentra- 

tion of solutions as dilute or concentrated? 

Explain how concentrated H,SO, can be both 18 M and 

36 N in concentration. 

Describe how you would prepare 750 mL of 5 M NaCl 
solution. 

38. 

*39. 

40. 

41. 

42. 

43. 

44, 

45. 

46. 

47. 

48. 

Arrange the following bases (in descending order) ac- 

cording to the volume of each that will react with 1 L of 

1 M HCI; (a) 1 M NaOH, (b) 1.5 M Ca(OH)», (c) 2 M 

KOH, and (d) 0.6 M Ba(OH),. 

Explain in terms of vapor pressure why the boiling point 

of a solution containing a nonvolatile solute is higher than 

that of the pure solvent. 

Explain why the freezing point of a solution is lower than 

the freezing point of the pure solvent. 

Which would be colder, a glass of water and crushed ice 

or a glass of Seven-Up and crushed ice? Explain. 

When water and ice are mixed, the temperature of the 

mixture is 0°C. But, if methyl alcohol and ice are mixed, 

a temperature of — 10°C is readily attained. Explain why 

the two mixtures show such different temperature behavior. 

Which would be more effective in lowering the freezing 

point of 500. g of water? 

(a) 100. g of sucrose (C}2H> 0;,) or 100. g of ethyl alco- 

hol (C,H5OH) 

(b) 100. g of sucrose or 20.0 g of ethyl alcohol 

(c) 20.0 g of ethyl alcohol or 20.0 g of methyl alcohol 

(CH30H) 

Is the molarity of a 5 molal aqueous solution of NaCl 

greater or less than 5 molar? Explain. 

What is microencapsulation? 

Explain how a scratch-and-sniff label works. 

What are the purposes for timed-release microencapsu- 
lation? 

State three types of microencapsulation systems and give 
a practical application of each. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

49. Which of the substances listed below are reasonably soluble 

and which are insoluble in water? (See Figure 14.2 or 
Appendix IV.) 

(a) KOH 

(b) NiCl, 
(c) ZnS 

(d) AgC,H302 
(e) NagCrO, 

50. Which of the substances listed below are reasonably soluble 
and which are insoluble in water? (See Figure 14.2 or 
Appendix IV.) 

(a) PbI, 
(b) MgCO; 
(c) CaCl, 

(d) Fe(NO3)3 
(e) BaSO, 
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Calculate the mass percent of the following solutions: 

(a) 25.0 g NaBr + 100.0 g H,O 

(b) 1.20 g K,SO,4 + 10.0 g H,O 

How many grams of a solution that is 12.5% by mass 

AgNO3 would contain 30.0 g of AgNO3? 

Calculate the mass percent of the following solutions: 

(a) 60.0 g NaCl + 200.0 g H,O 
(b) 0.25 mol HC,H30, + 3.0 mol H,O 

How much solute is present in 65 g of 5.0% KCI solution? 

Calculate the mass/volume percent of a solution made by 

dissolving 22.0 g of CH30H (methanol) in C,H;OH (etha- 

nol) to make 100. mL of solution. 

What is the volume percent of 10.0 mL of CH30H (metha- 

nol) dissolved in water to a volume of 40.0 mL? 

Molarity Problems 

63. 

65. 

67. 

69. 

Calculate the molarity of the following solutions: 

(a) 0.10 mol of solute in 250 mL of solution 

(b) 2.5 mol of NaCl in 0.650 L of solution 

(c) 53.0 g of Na,CrOy, in 1.00 L of solution 

(d) 260 g of Cg6H,20¢ in 800. mL of solution 

Calculate the number of moles of solute in each of the 

following solutions: 

(a) 40.0 L of 1.0 M LiCl 

(b) 25.0 mL of 3.00 M H,SO, 

Calculate the grams of solute in each of the following 

solutions: 

(a) 150 L of 1.0 M NaCl 
(b) 260 mL of 18 M H,SO, 

How many milliliters of 0.256 M KCI solution will contain 

the following? 

(a) 0.430 mol of KCI 

(b) 20.0 g of KCl 

Dilution Problems 

71. 

73. 

WS: 

What will be the molarity of the resulting solutions made 

by mixing the following? Assume volumes are additive. 

(a) 200. mL of 12 M HCl + 200.0 mL H,O 
(b) 60.0 mL of 0.60 M ZnSO, + 500. mL H,O 

Calculate the volume of concentrated reagent required to 

prepare the diluted solutions indicated: 
(a) 12 M HCI to prepare 400. mL of 6.0 M HCl 

(b) 16 M HNO; to prepare 100. mL of 2.5 N HNO3 

What will be the molarity of each of the solutions made 

by mixing 250 mL of 0.75 M H2SO, with (a) 150 mL of 

H,O? (b) 250 mL of 0.70 M H,SO4? 

52. 

54. 

56. 

58. 

60. 

62. 

64. 

66. 

68. 

70. 

72. 

74. 

76. 

Paired Exercises 

Calculate the mass percent of the following solutions. 

(a) 40.0 g Mg(NO3). + 500.0 g H,O 

(b) 17.5 g NaNO3 + 250.0 g H,O 

How many grams of a solution that is 12.5% by mass 

AgNO3 would contain 0.400 mol of AgNO3? 

Calculate the mass percent of the following solutions: 

(a) 145.0 g NaOH in 1.5 kg H,O 

(b) 1.0 m solution of C5H,20¢ in water 

How much solute is present in 250. g of 15.0% KjCrO4 

solution? 

Calculate the mass/volume percent of a solution made by 

dissolving 4.20 g of NaCl in H,O to make 12.5 mL of 

solution. 

What is the volume percent of 2.0 mL of hexane, CgH,4, 

dissolved in benzene, CgH¢, to a volume of 9.0 mL? 

Calculate the molarity of the following solutions: 

(a) 0.025 mol of HCl in 10. mL of solution 

(b) 0.35 mol BaCl,-H,O in 593 mL of solution 

(c) 1.50 g of Al,(SO,)3 in 2.00 L of solution 

(d) 0.0282 g of Ca(NO3)> in 1.00 mL of solution 

Calculate the number of moles of solute in each of the 

following solutions: 

(a) 349 mL of 0.0010 M NaOH 

(b) 5000. mL of 3.1 M CoCl, 

Calculate the grams of solute in each of the following 

solutions: 
(a) 0.035 L of 10.0 M HCI 

(b) 8.00 mL of 8.00 M Na,C,04 

How many milliliters of 0.256 M KCI solution will contain 

the following? 

(a) 10.0 mol of KCl 

*(b) 71.0 g of chloride ion, Cl™ 

What will be the molarity of the resulting solutions made 

by mixing the following? Assume volumes are additive. 

(a) 100. mL 1.0 M HCl + 150 mL 2.0 M HCl 

(b) 25.0 mL 12.5 M NaCl + 75.0 mL 2.00 M NaCl 

Calculate the volume of concentrated reagent required to 

prepare the diluted solutions indicated: 

(a) 15 M NH; to prepare 50. mL of 6.0 M NH; 

(b) 18 M H,SO, to prepare 250 mL of 10.0 N H,SO, 

What will be the molarity of each of the solutions made 

by mixing 250 mL of 0.75 M H,SO, with (a) 400. mL of 

2.50 M H,SO,? (b) 375 mL of H,0? 
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Stoichiometry Problems 

77. BaCl,(aq) + K,CrO,4(aq) + BaCrO,(s) + 2 KCl(aq) 

Using the above equation, calculate 

(a) The grams of BaCrO, that can be obtained from 100.0 

mL of 0.300 M BaCl, 

(b) The volume of 1.0 M BaCl, solution needed to react 

with 50.0 mL of 0.300 M K,CrOy, solution 

79. Given the balanced equation 

6 FeCl,(aq) + K2Cr,07(aq) + 14 HCl(ag) > 

6 FeCl3(ag) + 2 CrCl3(aq) + 2 KCl(aq) + 7 H,O() 

(a) How many moles of KCI will be produced from 2.0 

mol of FeCl,? 

(b) How many moles of CrCl will be produced from 1.0 
mol of FeCl,? 

(c) How many moles of FeCl, will react with 0.050 mol 

of K,Cr,07? 

(d) How many milliliters of 0.060 M K,Cr,0, will react 

with 0.025 mol of FeCl,? 

(e) How many milliliters of 6.0 M HCl will react with 

15.0 mL of 6.0 M FeCl,? 

Equivalent Mass and Normality Problems 

$1. Calculate the equivalent mass of the acid and base in each 
of the following reactions: 

(a) HCl + NaOH > NaCl + H,O 

(b) 2 HCl + Ba(OH), > 2 H,C + BaCl, 

(c) H,SO, + Ca(OH) > CaSO, + 2 H,O 

83. What is the normality of the following solutions? Assume 

complete neutralization. 

(a) 4.0 M HCl 
(b) 0.243 M HNO, 
(c) 3.0 M H,SO, 

85. What volume of 0.2550 N NaOH is required to neutralize 

(a) 20.22 mL of 0.1254 N HCl? 
(b) 14.86 mL of 0.1246 N H,SO,? 

Molality and Colligative Properties Problems 

87. Calculate the molality of these solutions: 

(a) 14.0 g of CH3OH in 100.0 g of H,O 

(b) 2.50 mol of benzene (CgH¢) in 250 g of hexane (CH, 4) 

89. (a) What is the molality of a solution containing 100.0 g 

of ethylene glycol, CpH¢Op, in 150.0 g of water? 

(b) What is the boiling point of this solution? 

(c) What is the freezing point of this solution? 

*91. The freezing point of a solution of 8.00 g of an unknown 
compound dissolved in 60.0 g of acetic acid is 13.2°C. 

Calculate the molar mass of the compound. 

78. 

80. 

82. 

84. 

86. 

88. 

90. 

*92, 

3 MgCl,(aq) + 2 Na3PO,4(aq) > 

Mg3(PO,)a(s) + 6 NaCl(aq) 
Using the above equation, calculate: 

(a) The milliliters of 0.250 M Na3PO, that will react with 

50.0 mL of 0.250 M MgCl. 

(b) The grams of Mg3(PO,), that will be formed from 

50.0 mL of 0.250 M MgCl,. 

2 KMnO,(aq) + 16 HCl(aq) > 

2 MnCl,(aqg) + 5 Clo(g) + 8 H,O() + 2 KCl(aq) 

Calculate the following using the above equation: 

(a) The moles of Cl, produced from 0.050 mol of KMnO, 

(b) The moles of HCl required to react with 1.0 L of 

2.0 M KMnO, 

(c) The milliliters of 6.0 M HCl required to react with 

200. mL of 0.50 M KMnO, 

(d) The liters of Cl, gas at STP produced by the reaction 

of 75.0 mL of 6.0 M HCl 

Calculate the equivalent mass of the acid and base in each 
of the following reactions: 

(a) H,SO, + KOH + KHSO, + H,O 
(b) H3PO, + 2 LiOH > Li,HPO, + 2 H,O 
(c) HNO; + NaOH > NaNO, + H,O 

What is the normality of the following solutions? Assume 

complete neutralization. 

(a) 1.85 M H3PO, 

(b) 0.250 M HC,H30, 
(c) 1.25 M NaOH 

What volume of 0.2550 N NaOH is required to neutralize 
(a) 21.30 mL of 0.1430 M HCI? 
(b) 18.00 mL of 0.1430 M H,SO,? 

Calculate the molality of these solutions: 

(a) 1.0 g of CgH)20¢ in 1.0 g of H50 
(b) 0.250 mol of iodine in 1.0 kg of H,O 

What is (a) the molality, (b) the freezing point, and (c) the 
boiling point of a solution containing 2.68 g of naphthalene, 
CoHsg, in 38.4 g of benzene, CgH,? 

What is the molar mass of a compound if 4.80 g of the 
compound dissolved in 22.0 g of HO gives a solution that 
freezes at —2.50°C? 



ditional Exercises 

These exercises are not paired or labeled by topic and 
provide additional practice on concepts covered in this 
chapter. 

O3: 

*94, 

05: 

*96. 

pode 

*98. 

oD: 

100. 

*101. 

102. 

103. 

How many grams of solution, 10.0% NaOH by mass, are 

required to neutralize 150 mL of a 1.0 M HCI solution? 

How many grams of solution, 10.0% NaOH by mass, are 

required to neutralize 250.0 g of a 1.0 m solution of HCl? 

A sugar syrup solution contains 15.0% sugar, C}9H> 041, 

by mass and has a density of 1.06 g/mL. 

(a) How many grams of sugar are in 1.0 L of this syrup? 

(b) What is the molarity of this solution? 

(c) What is the molality of this solution? 

A solution of 3.84 g of C,H,N (empirical formula) in 

250.0 g of benzene depresses the freezing point of benzene 

0.614°C. What is the molecular formula for the com- 

pound? 

Hydrochloric acid, HCl, is sold as a concentrated aqueous 

solution (12.0 mol/L). If the density of the solution is 

1.18 g/mL, determine the molality of the solution. 

How many grams of KNO; must be used to make 450 

mL of a solution that is to contain 5.5 mg/mL of potassium 

ion? Calculate the molarity of the solution. 

What mass of 5.50% solution can be prepared from 

25.0 g KCI? 

Physiological saline, NaCl, solutions used in intravenous 

injections have a concentration of 0.90% NaCl (mass/ 

volume). 

(a) How many grams of NaCl are needed to prepare 

500.0 mL of this solution? 

*(b) How much water must evaporate from this solution 

to give a solution that is 9.0% NaCl (mass/volume)? 

A solution is made from 50.0 g of KNO3 and 175 g of 

H,O. How many grams of water must evaporate to give 

a saturated solution of KNO3 in water at 20°C? (See 

Figure 14.4.) 

What volume of 70.0% rubbing alcohol can you prepare if 

you have only 150 mL of pure isopropyl alcohol on hand? 

At 20°C an aqueous solution of HNO; that is 35.0% HNO; 

by mass has a density of 1.21 g/mL. 

(a) How many grams of HNO; are present in 1.00 L of 

this solution? 

(b) What volume of this solution will contain 500. g 

of HNO;? 

*104 

105. 

106. 

107. 

108. 

109. 

*110. 

111. 

112. 

113. 

114. 

*115. 

*116. 

Additional Exercises 

. What is the molarity of a nitric acid solution, if the solution 

is 35.0% HNO3 by mass and has a density of 1.21 g/mL? 

To what volume must a solution of 80.0 g of H,SO, in 

500.0 mL of solution be diluted to give a 0.10 M solution? 

How many milliliters of water must be added to 300.0 

mL of 1.40 M HCl to make a solution that is 0.500 M@ HCl? 

A 10.0-mL sample of 16 M@ HNO; is diluted to 500.0 mL. 

What is the molarity of the final solution? 

Given a 5.00 M KOH solution, how would you prepare 

250.0 mL of 0.625 M KOH? 

(a) How many moles of hydrogen will be liberated from 

200.0 mL of 3.00 M HCI reacting with an excess of 

magnesium? The equation is 

Mg(s) + 2 HCl(aq) > MgClo(aq) + Ho(g) 

(b) How many liters of hydrogen gas, Hp, measured at 

27°C and 720 torr, will be obtained? (Hint: Use the 

ideal gas equation.) 

What is the molarity of an HCI solution, 150.0 mL of 

which, when treated with excess magnesium, liberates 

3.50 L of Hz gas measured at STP? 

What is the normality of an H,SO, solution if 36.26 mL 

are required to neutralize 2.50 g of Ca(OH)>? 

Which will be more effective in neutralizing stomach acid, 

HCI: a tablet containing 12.0 g of Mg(OH)> or a tablet 

containing 10.0 g of Al(OH)3? Show evidence for your 

answer. 

Which would be more effective as an antifreeze in an 

automobile radiator? A solution containing 

(a) 10 kg of methyl alcohol, CH30OH, or 10 kg of ethyl 

alcohol, C,H;OH? 

(b) 10 m solution of methyl alcohol or 10 m solution of 

ethyl alcohol? 

Automobile battery acid is 38% H>SOy, and has a density 

of 1.29 g/mL. Calculate the molality and the molarity of 

this solution. 

A sugar solution made to feed hummingbirds contains 

1.00 Ib of sugar, CH 50,;, to 4.00 lb of water. Can 

this solution be put outside without freezing where the 

temperature falls to 20.0°F at night? Show evidence for 

your answer. 

What would be (a) the molality and (b) the boiling point 

of an aqueous sugar, C,H .0;,, solution that freezes 

at —5.4°C? 
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118. 

119. 

120. 

*121. 

122. 

123. 

*124. 

*125. 

14.1 
14.2 

14.3 
14.4 
14.5 
14.6 

CHAPTER 14 Solutions 

. A solution of 6.20 g of C>H,O> in water has a freezing 

point of —0.372°C. How many grams of H,O are in 

the solution? 

What (a) mass and (b) volume of ethylene glycol (C,H,¢O>, 

density = 1.11 g/mL) should be added to 12.0 L of water 

in an automobile radiator to protect it fom freezing at 

— 20°C? (c) To what temperature Fahrenheit will the radi- 

ator be protected? 

Can a saturated solution ever be a dilute solution? Explain. 

What volume of 0.65 M HCI is needed to completely 

neutralize 12 g of NaOH? 

If 150 mL of 0.055 M HNO; are needed to completely 

neutralize 1.48 g of an impure sample of sodium hydrogen 

carbonate (baking soda), what percent of the sample is 

baking soda? 

(a) How much water must be added to concentrated sulfu- 

ric acid, H,SO, (17.8 M), to prepare 8.4 L of 1.5 M 

sulfuric acid solution? 

(b) How many moles of H,SO, would be in each milliliter 

of the original concentrate? 

(c) How many moles would be in each milliliter of the 

diluted solution? 

An aqueous solution freezes at — 3.6°C. What is its boil- 

ing temperature? 

How would you prepare a 6.00 M HNO; solution if only 

3.00 M and 12.0 M solutions of the acid were available 

for mixing? 

A 20.0-mL portion of an HBr solution of unknown strength 

was diluted to exactly 240 mL. Now if 100.0 mL of this 

ers to Practice Exercises 

unsaturated 

10.0% NazSO, solution 

2.02 M 

0.27 g NaCl 

0.84 L (840 mL) 

75 mL NaOH 

126. 

127. 

128, 

129. 

130. 

14.7 

14.8 
14.9 

diluted solution required 88.4 mL of 0.37 M NaOH to 

achieve complete neutralization, what was the strength of 

the original HBr solution? 

When 80.5 mL of 0.642 M Ba(NO3), is mixed with 44.5 

mL of 0.743 M KOH, a precipitate of Ba(OH), forms. 

How many grams of Ba(OH), do you expect? 

Exactly three hundred grams of a 5.0% sucrose solution 

is to be prepared. How many grams of a 2.0% solution of 

sucrose would contain the same number of grams of sugar? 

Lithium carbonate, Li,CO3, is a drug used to treat manic 

depression. A 0.25 M solution of it is prepared. 

(a) How many moles of LiyCO3 are present in 45.8 mL 

of the solution? 

(b) How many grams of Li,CO 3 are in 750 mL of the 

same solution? 

(c) How many milliliters of the solution would be needed 

to supply 6.0 g of the solute? 

(d) If the solution has a density of 1.22 g/mL, what is its 

mass percent? 

If a student accidentally mixed 400.0 mL of 0.35 M HCI 

with 1100 mL of 0.65 M HCl, what would be the final 
molarity of the hydrochloric acid solution? 

Suppose you start with 100. mL of distilled water. Then 

suppose you add one drop (20 drops/mL) of concentrated 

acetic acid, HC,H30, (17.8 M). What is the molarity of 

the resulting solution? 

5.00 X 10727 M 
43 g 

1.19 X 107-7 N NaOH, 1.19 x 1072 M NaOH 
14.10 1.387 m 
14.11 freezing point = —2.58°C, boiling point = 100.71°C 
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As lava flows into the sea, a 

slightly acidic solution is formed. 
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Water is the medium for the reactions that provide the foundation for life on this 

planet. Many significant chemical reactions occur in aqueous solutions. Volcanos 

and hot springs yield acidic solutions formed from hydrochloric acid and sulfur 

dioxide. These acids mix with bases (such as calcium carbonate) dissolved from 

rocks and microscopic animals to form the salts of our oceans and produce the 

beauty of stalactites and stalagmites in limestone caves. Photosynthesis and respira- 

tion reactions cannot occur without an adequate balance between acids and bases. 

Even small deviations in this balance can be detrimental to living organisms. Human 

activity has resulted in changes in this delicate acid—base balance. For example, in 

recent years we have become very concerned about the effects of acid rain upon 

our environment. We are beginning to examine ways in which we can maintain the 

balance as we continue to change our planet. 

Acids and Bases 

The word acid is derived from the Latin acidus, meaning “sour” or “tart,” and is 

also related to the Latin word acetum, meaning “vinegar.” Vinegar has been known 

since antiquity as a product of the fermentation of wine and apple cider. The sour 

constituent of vinegar is acetic acid, HC;H30>. Some of the characteristic properties 

commonly associated with acids are the following: 

1. sour taste 
2. change the color of litmus, a vegetable dye, from blue to red 

3. react with 
¢ metals such as zinc and magnesium to produce hydrogen gas 

¢ hydroxide bases to produce water and an ionic compound (salt) 

¢ carbonates to produce carbon dioxide 

These properties are due to the hydrogen ions, H~, released by acids in a water so- 
lution. 

Classically, a base is a substance capable of liberating hydroxide ions, OH, 

in water solution. Hydroxides of the alkali metals (Group IA) and alkaline earth 

metal (Group IIA), such as LiOH, NaOH, KOH, Ca(OH)>, and Ba(OH),, are the 

most common inorganic bases. Water solutions of bases are called alkaline solutions 

or base solutions. Some of the characteristic properties commonly associated with 

bases are the following: 

1. bitter or caustic taste 

2. a slippery, soapy feeling 

3. the ability to change litmus from red to blue 

4. the ability to interact with acids 

Several theories have been proposed to answer the question “What is an acid 

and a base?” One of the earliest, most significant of these theories was advanced 
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in a doctoral thesis in 1884 by Svante Arrhenius (1859-1927), a Swedish scientist, 
who stated that “an acid is a hydrogen-containing substance that dissociates to 
produce hydrogen ions, and that a base is a hydroxide-containing substance that 
dissociates to produce hydroxide ions in aqueous solutions.” Arrhenius postulated 
that the hydrogen ions were produced by the dissociation of acids in water, and 
that the hydroxide ions were produced by the dissociation of bases in water: 

PAs He AT 

acid 

MOH —>M* + OH™ 

base 

Thus, an acid solution contains an excess of hydrogen ions and a base an excess 
of hydroxide ions. 

In 1923, the Brgénsted—Lowry proton transfer theory was introduced by J. N. 
Brgnsted (1897-1947), a Danish chemist, and T. M. Lowry (1847-1936), an English 
chemist. This theory states that an acid is a proton donor and a base is a proton ac- 
ceptor. 

Consider the reaction of hydrogen chloride gas with water to form hydrochlo- 
ric acid: 

HCl(g) + Hj,0() —> H30* (aq) + Cl” (aq) (1) 

In the course of the reaction, HCl donates, or gives up, a proton to form a Cl7~ ion, 

and H,O accepts a proton to form the H;0* ion. Thus, HCI is an acid and H,O 

is a base, according to the Brénsted—Lowry theory. 

A hydrogen ion, H*, is nothing more than a bare proton and does not exist 

by itself in an aqueous solution. In water a proton combines with a polar water 

molecule to form a hydrated hydrogen ion, H30*, commonly called ahydronium _hydronium ion 

ion. The proton is attracted to a polar water molecule, forming a bond with one of 

the two pairs of unshared electrons: 

H+ — H:0: —> pagal 

H H 

hydronium ion 

Note the electron structure of the hydronium ion. For simplicity of expression in 

equations, we often use H* instead of H30*, with the explicit understanding that 

Ht? is always hydrated in solution. 
As illustrated in Equation (1) when a Brgnsted—Lowry acid donates a proton, 

it forms the conjugate base of that acid. When a base accepts a proton, it forms the 

conjugate acid of that base. A conjugate acid and base are produced as products. 

The formulas of a conjugate acid—base pair differ by one proton (H* ). Consider what 
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Example 15.1 

Solution 

Remember, the difference 

between an acid or a base 

and its conjugate is one 

proton, Ht. 

eee ee mee ene e rete eee eeee eee eeeneseeeees 

happens when HCl(g) is bubbled through water, as shown by the equation below: 

conjugate acid—base pair 
{a a eas | 

HCl(g) + H,O() —+ Cl7 (aq) + H30* (aq) 
SS eet 

conjugate acid—base pair 

acid base base acid 

The conjugate acid—base pairs are HC|—C] and H 30* —H,0. Cl7 is the conju- 

gate base of HCl, and HCl is the conjugate acid of Cl” . HzO is the conjugate base 

of H,0*, and H3,O7* is the conjugate acid of H,O. 
Another example of conjugate acid—base pairs is observed in the following 

equation: 

NH; + H,O —>+H,0* + NH; 

acid base acid base 

In this equation the conjugate acid—base pairs are NH,’ —NH, and H,O*—H,0O. 

Write the formula for (a) the conjugate base of H,O and of HNOs, and (b) the 

conjugate acid of SOZ~ and of C,H3;07. 

(a) To write the conjugate base of an acid, remove one proton from the acid formula. 

Thus, 

Sent 

H,O Oise (conjugate base) 

Ses te 

HNO; a NO3 = (conjugate base) 

Note that, by removing an H*, the conjugate base becomes more negative than 

the acid by one minus charge. 

(b) To write the conjugate acid of a base, add one proton to the formula of the 

base. Thus, 

+ 

SOun Ras HSO, (conjugate acid) 

2 
C,H,07 7+ HC,H30, (conjugate acid) 

In each case the conjugate acid becomes more positive than the base by one 

positive charge due to the addition of HT. 

Practice 15.1 

Indicate the conjugate base for each of the following acids: 
(a) H,CO; (b) HNO, (c) HC,H30, 

Practice 15.2 

Indicate the conjugate acid for each of the following bases: _ 

(a) HSO, = (b) NH; (c) OH™ : 
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A more general concept of acids and bases was introduced by Gilbert N. Lewis. 
The Lewis theory deals with the way in which a substance with an unshared pair 
of electrons reacts in an acid—base type of reaction. According to this theory a base 
is any substance that has an unshared pair of electrons (electron- -pair donor), and 
an acid is any substance that will attach itself to or accept a pair of electrons. 

A Lowe acid is an 1 olecteo pair acceptor. 
ee Lewis base i is an electron pair donor. a 

In the reaction 

H ee) 
He eN: He = tHEN: H 

H Eo 

acid base 

The H* is a Lewis acid and :NH; is a Lewis base. According to the Lewis theory, 

substances other than proton donors (e.g., BF3) behave as acids: 

r H rei 

F:B te ‘N:H —> F:B:N:H 

F H FH 

acid base 

The Lewis and Brgnsted—Lowry bases are identical because, to accept a proton, a 

base must have an unshared pair of electrons. 

The three theories are summarized in Table 15.1. These theories explain how 

acid—base reactions occur. We will generally use the theory that best explains the 

reaction that is under consideration. Most of our examples will refer to aqueous 

solutions. It is important to realize that in an aqueous acidic solution the H* ion 

concentration is always greater than OH” ion concentration. And, vice versa, in 

an aqueous basic solution the OH™ ion concentration is always greater than the 

H* ion concentration. When the H* and OH™ ion concentrations in a solution are 

equal, the solution is neutral; that is, it is neither acidic nor basic. 

| TABLE 15.1 Summary of Acid—Base Definitions 

‘Theory — | Acid [8 Baw 
_ Arthenius == =~=~—~—s A hhydrogen-containing =~—A_ hydroxide-containing 
oe __ substance that produces substance that produces 

hydrogen ions in aque- hydroxide ions in aque- 
ous solution — ous solution 

oe __ A proton (H*) donor A proton (H*) acceptor 

Lewis Any species that will Any species that has an 
ie ae bond to an unshared unshared pair of electrons 

pair of electrons ~ (electron-pair donor) 
_ (electron-pair acceptor) | 
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Carbonic acid (H,CO,) is not 

the product, because it is 

unstable and decomposes 

into water and carbon 

dioxide. 

Reactions of Acids 

In aqueous solutions the HT or H,0+ ions are responsible for the characteristic 

reactions of acids. The following reactions are in an aqueous medium. 

Reaction with Metals Acids react with metals that lie above hydrogen in the 

activity series of elements to produce hydrogen and an ionic compound (salt) (see 

Section 17.5): 

acid + metal —> hydrogen + ionic compound 

2 HCl(ag) + Ca(s) —> H2(g) + CaCl,(aq) 

H»SO,(aq) + Mg(s) —> Ha(g) + MgSO,(aq) 

6 HC3H30,(aq) + 2 Al(s) —> 3 H2(g) + 2 Al(C,H302)3(aq) 

Acids such as nitric acid (HNO3) are oxidizing substances (see Chapter 17) 

and react with metals to produce water instead of hydrogen. For example: 

3 Zn(s) + 8 HNO;(dilute) —~ 3 Zn(NO3).(ag) + 2 NO(g) + 4 H2,O(/) 

Reaction with Bases The interaction of an acid and a base 8 called a neutralization 
reaction. In aqueous solutions, the products of this reaction are a salt and water: 

acid + base —— salt + water 

HBr(aq) + KOH(aqg) —~> KBr(aq) + H,O(/) 

2 HNO3(aq) + Ca(OH)2(aq) —> Ca(NO3)o(aq) + 2 H,0(/) 

2 H3PO,(aq) + 3 Ba(OH)2(aq) —> Ba3(PO,)2(s) + 6 H,O(/) 

Reaction with Metal Oxides This reaction is closely related to that of an acid with 
a base. With an aqueous acid, the products are a salt and water: 

acid + metal oxide —— salt + water 

2 HCl(aq) + Na,O(s) —> 2 NaCl(aq) + H,O(/) 

H,SO,(aq) + MgO(s) —+ MgSO,(aq) + H,O(/) 

6 HCl(aq) + Fe ,03(s) ——> 2 FeCl,(aq) + 3 H,O(/) 

Reaction with Carbonates Many acids react with carbonates to produce carbon 
dioxide, water, and an ionic compound: 

H,CO3(aq) —> CO2(g) + H20(/) 

acid + carbonate —— salt + water + carbon dioxide 

2 HCl(aq) + Na2CO3(aq) —~ 2 NaCl(aq) + H,O(/) + CO,(g) 

H,SO,(aq) + MgCO3(s) —+ MgSO,(aq) + H,O(/) + CO,(g) 
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Reactions of Bases 

The OH™ ions are responsible for the characteristic reactions of bases. All the 
following reactions are in an aqueous medium. 

Reaction with Acids Bases react with acids to produce a salt and water. See reaction 
of acids with bases in Section 15.2. 

Amphoteric Hydroxides Hydroxides of certain metals, such as zinc, aluminum, 
and chromium, are amphoteric—that is, they are capable of reacting as either an amphoteric 
acid or a base. When treated with a strong acid, they behave like bases; when reacted 
with a strong base, they behave like acids: 

Zn(OH)(s) + 2 HCl(ag) —~ ZnCl,(aq) + 2 H,O(/) 

Zn(OH)(s) + 2 NaOH(aq) —~ NazZn(OH),(aq) 

Reaction of NaOH and KOH with Certain Metals Some amphoteric metals 

react directly with the strong bases sodium hydroxide and potassium hydroxide to 
produce hydrogen: 

base + metal + water —— salt + hydrogen 

2 NaOH(aq) + Zn(s) + 2 H,O(1) —> NaZn(OH),(ag) + H,(g) 

2 KOH(aq) + 2 Al(s) + 6 H,O(/) —~ 2 KAI(OH),(aq) + 3 Ho(g) 

Salts 

Salts are very abundant in nature. Most of the rocks and minerals of the earth’s Chemists use the terms ionic 
mantle are salts of one kind or another. Huge quantities of dissolved salts also exist | compound and salt 

in the oceans. Salts can be considered to be compounds that have been derived _ interchangeably. 
from acids and bases. They consist of positive metal or ammonium ions (H* 

excluded) combined with negative nonmetal ions (OH~ and O?~ excluded). The 

positive ion is the base counterpart and the nonmetal ion is the acid counterpart: 

base acid 

NaOH HC! 

ORE ee te PON, oe 2. L tt celle 
t 

NaCl 

salt 

Salts are usually crystalline and have high melting and boiling points. 



Chemistry_in Action 

The candy counter is filled with a variety 

of treats designed to cause your lips to 

pucker and to stimulate your tongue to 

send signals to your brain saying 

“SOUR.” The human tongue has four 

types of taste receptors (known as “taste 

buds”). Sweet, bitter, salty, and sour taste 

buds are each concentrated in a different 

area of the tongue. These receptors are 

molecules that fit together with molecules 

in the candy (or other food), sending a 

signal to the brain, which is interpreted 

as a taste. 
Substances that taste sour are acids. 

The substances that produce this sour taste 

in candy and other confections are often 

malic acid and/or citric acid. 

H O 

Ll 
HC] €—0--H 

| a 
HO] C--_C. 0-H 

| a 
ees 

H 

Citric acid 

mp 153°C 

co 
H=-C€=—G-=0— H 

ne 

ye 

H 

Malic acid 

mp 100°C 

Citric acid tastes more sour than malic 

acid. When these substances are mixed 

with other ingredients such as sugar, corn 

syrup, flavorings, and preservatives, the 

result is a candy both sweet and tart! The 

same acids can be mixed with synthetic 

rubber or chicle (dried latex from the sapo- 

1 
CH—C-O0_O—-H 

|e 
HO=c€.- C0 = 

|g 
CH, C—O—O—H 

Citric acid 

dilla tree) to produce bubble gum with 

real pucker power. The most sour of this 

type of gum is called Face Slammers. 
Try some on your favorite 12-year-old. 

Gum manufacturers have gone a step 

further in incorporating acid—base chem- 

istry into their products for an even greater 

surprise. In Mad Dawg™ gum the initial 
taste is sour. But after a couple of minutes 

of chewing, brightly colored foam begins 

to accumulate in your mouth and ooze out 

over your lips. What is going on here? 

The foam is a mixture of sugar and 

saliva mixed with carbon dioxide bubbles 

released when several of the gum’s ingre- 

dients are mixed in the watery environ- 

ment of your mouth. The citric and malic 

acids dissociate to form hydrogen ions 

while sodium hydrogen carbonate (baking 

soda) dissolves into sodium and hydrogen 

carbonate ions: 

NaHCO;(s) —> 
Na* (aq) + HCO;~ (aq) 

The hydrogen ions from the acids mix 

with the hydrogen carbonate ions from the 

baking soda to produce water and carbon 

dioxide gas: 

H* (aq) + HCOs (aq) — 
H,0() + CO2(g) 

The acids stimulate production of saliva 

and the food coloring adds color to the 

foamy mess. The major problem for 

chemists in creating this treat was keeping 

the reactants apart until the consumer pops 
the gum into his or her mouth. As solids, 

H — HO—C—C—OH + H*(aq) 
O 
| 

CH;C—O—H 
Citrate ion 

sodium hydrogen carbonate and citric acid 

do not react. But with the slightest amount 

of water present the process begins. When 

a tablet such as Alka Seltzer™ is manufac- 

tured, the ingredients (solid citric acid, 

sodium hydrogen carbonate, aspirin, and 

flavoring) are compressed into a tablet that 

is sealed into a dry foil packet. When 

opened and dropped into water the reac- 

tion (and the relief) begins and the bubbles 

are released. _ 

NaHCO, 

Sugar, food 

coloring, flavors 

Sodium citrate 

and sodium 

malate 

Cross-section of a Mad Dawg™ 
gum ball. 

In Mad Dawg™ gum balls, the center 
core is moist rubber and the coating is 

applied in solution. Some of the early ver- 

sions of these gum balls actually exploded 

as they were removed from the candy ma- 

chine. To eliminate this problem multiple 

coatings are now used to keep the acid in 

one layer (on the outside to give the first 

sour taste) and the sodium hydrogen car- 

bonate in an inner layer (see diagram). 

When the consumer crunches on the gum 

ball the layers begin to mix in the saliva 

and the fun begins! 

368 
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<q These strange mineral 

formations called “tufa” exist at 

Mono Lake in California. Tufa is 

formed by water bubbling 

through sand saturated with 

NaCl, Na,CO;3, and Na,SO,4. 

From a single acid, such as hydrochloric acid (HCI), we can produce many 

chloride compounds by replacing the hydrogen with metal ions (e.g., NaCl, KCl, 

RbCl, CaCl,, NiCl,). Hence, the number of known salts greatly exceeds the number 

of known acids and bases. If the hydrogen atoms of a binary acid are replaced by = You may want to review 
a nonmetal, the resulting compound has covalent bonding and is therefore not Chapter 6 for nomenclature 

considered to be ionic (e.g., PClz, S,Cl, Cl,O, NCls, ICI). of acids, bases, and salts. 

Electrolytes and Nonelectrolytes 

We can show that solutions of certain substances are conductors of electricity by 

using a simple conductivity apparatus consisting of a pair of electrodes connected 

to a voltage source through a light bulb and switch (see Figure 15.1). If the medium 

between the electrodes is a conductor of electricity, the light bulb will glow when 

the switch is closed. When chemically pure water is placed in the beaker and the 

switch is closed, the light does not glow, indicating that water is a virtual nonconduc- 

tor. When we dissolve a small amount of sugar in the water and test the solution, 

the light still does not glow, showing that a sugar solution is also a nonconductor. 

But, when a small amount of salt, NaCl, is dissolved in water and this solution 

is tested, the light glows brightly. Thus, the salt solution conducts electricity. A 

fundamental difference exists between the chemical bonding of sugar and that of 

salt. Sugar is a covalently bonded (molecular) substance; common salt is a substance 

with ionic bonds. 
Substances whose aqueous solutions are conductors of electricity are called 

electrolytes. Substances whose solutions are nonconductors are known as nonelec- _ electrolyte 

trolytes. The classes of compounds that are electrolytes are acids, bases, and other —_nonelectrolyte 

ionic compounds. Solutions of certain oxides also are conductors because the oxides 

form an acid or a base when dissolved in water. One major difference between 
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FIGURE [5.1 
A simple conductivity apparatus 

for testing electrolytes and 

nonelectrolytes in solution. The 

light bulb glows because the 

solution contains an electrolyte 

(acetic acid solution). 

dissociation 

| TABLE 15.2 Representative Electrolytes and Nonelectrolytes 

Electrolytes 

electrolytes and nonelectrolytes is that electrolytes are capable of producing ions 

in solution, whereas nonelectrolytes do not have this property. Solutions that contain 

a sufficient number of ions will conduct an electric current. Although pure water 

is essentially a nonconductor, many city water supplies contain enough dissolved 

ionic matter to cause the light to glow dimly when the water is tested in a conductivity 

apparatus. Table 15.2 lists some common electrolytes and nonelectrolytes. 

Dissociation and lonization of Electrolytes 

Arrhenius received the 1903 Nobel Prize in chemistry for his work on electrolytes. 

He stated that a solution conducts electricity because the solution dissociates immedi- 

ately upon dissolving into electrically charged particles (ions). The movement of 

these ions toward oppositely charged electrodes causes the solution to be a conductor. 

According to his theory, solutions that are relatively poor conductors contain electro- 

lytes that are only partly dissociated. Arrhenius also believed that ions exist in 

solution whether or not an electric current is present. In other words, the electric 

current does not cause the formation of ions. Remember that positive ions are 

cations; negative ions are anions. 

We have seen that sodium chloride crystals consist of sodium and chloride ions 

held together by ionic bonds. Dissociation is the process by which the ions of a 

salt separate as the salt dissolves. When placed in water, the sodium and chloride 

ions are attracted by the polar water molecules, which surround each ion as it 

dissolves. In water, the salt dissociates, forming hydrated sodium and chloride ions 

(see Figure 15.2). The sodium and chloride ions in solution are surrounded by a 

specific number of water dipoles and have less attraction for each other than they 
had in the crystalline state. The equation representing this dissociation is 

NaCl(s) + (x + y) HO —+ Na*(H,0), + CI~(H,0), 

A simplified dissociation equation in which the water is omitted but understood to 
be present is 

NaCl(s) —> Na* (aq) + C17 (aq) 

_ Nonelectrolytes 

CoO) Suga) CH;,0H (methyl alcohol) 
C,H;OH (ethyl alcohol) CO(NH))> (urea) = 

-C,H4(OH), (ethylene glycol) Oz : 
C3Hs(OH)3 (glycerol) H,0 
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<q FIGURE 15.2 

Hydrated sodium and chloride 

ions. When sodium chloride 

dissolves in water, each Na* and 

CI- ion becomes surrounded by 

water molecules. The negative 

end of the water dipole is 

attracted to the Na‘ ion, and 

the positive end is attracted to 

the CI” ion. 

It is important to remember that sodium chloride exists in an aqueous solution as 

hydrated ions and not as NaCl units, even though the formula NaCl or Nat + 

Cl~ is often used in equations. 

The chemical reactions of salts in solution are the reactions of their ions. For 

example, when sodium chloride and silver nitrate react and form a precipitate of 

silver chloride, only the Ag* and Cl~ ions participate in the reaction. The Na* 

and NO; remain as ions in solution: 

Ag* (aq) + Cl7 (aq) —> AgCl(s) 

Ionization is the formation of ions; it occurs as a result of a chemical reaction ionization 

of certain substances with water. Glacial acetic acid (100% HCH 30>) is a liquid 

that behaves as a nonelectrolyte when tested by the method described in Section 

15.5. But a water solution of acetic acid conducts an electric current (as indicated 

by the dull-glowing light of the conductivity apparatus). The equation for the reaction 

with water, which forms hydronium and acetate ions, is 

HC,H,0, + H,O —* H;,0* + C,H;,03 

acid base acid base 

or, in the simplified equation, 

HC,H,0,2—— H* + C,H;,03 

In this ionization reaction, water serves not only as a solvent but also as a base 

according to the Brgénsted—Lowry theory. 

Hydrogen chloride is predominantly covalently bonded, but when dissolved in 

water it reacts to form hydronium and chloride ions: 

HCl(g) + H,O(1) —> H,0* (aq) + Cl (aq) 

When a hydrogen chloride solution is tested for conductivity, the light glows bril- 

liantly, indicating many ions in the solution. 
Ionization occurs in each of the above two reactions with water, producing ions 

in solution. The necessity for water in the ionization process can be demonstrated 

by dissolving hydrogen chloride in a nonpolar solvent such as hexane, and testing 

the solution for conductivity. The solution fails to conduct electricity, indicating 

that no ions are produced. 
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strong electrolyte 

weak electrolyte 

The terms dissociation and ionization are often used interchangeably to describe 

processes taking place in water. But, strictly speaking, the two are different. In the 
dissociation of a salt, the salt already exists as ions; when it dissolves in water, the 

ions separate, or dissociate, and increase in mobility. In the ionization process, ions 

are produced by the reaction of a compound with water. 

Strong and Weak Electrolytes 

Electrolytes are classified as strong or weak depending on the degree, or extent, of 

dissociation or ionization. Strong electrolytes are essentially 100% ionized in solu- 

tion; weak electrolytes are much less ionized (based on comparing 0.1 M solutions). 

Most electrolytes are either strong or weak, with a few classified as moderately 

strong or weak. Most salts are strong electrolytes. Acids and bases that are strong 

electrolytes (highly ionized) are called strong acids and strong bases. Acids and bases 
that are weak electrolytes (slightly ionized) are called weak acids and weak bases. 

For equivalent concentrations, solutions of strong electrolytes contain many 

more ions than do solutions of weak electrolytes. As a result, solutions of strong 

electrolytes are better conductors of electricity. Consider the two solutions, 1 M 

HCl and 1 M HC,H30>. Hydrochloric acid is almost 100% ionized; acetic acid is 

about 1% ionized. Thus HCl is a strong acid, and HC,H30, is a weak acid. Hydro- 

chloric acid has about 100 times as many hydronium ions in solution as acetic acid, 

making the HCI solution much more acidic. 

One can distinguish between strong and weak electrolytes experimentally using 

the apparatus described in Section 15.5. A 1 M HCI solution causes the light to 

glow brilliantly, but a 1 M HC,H30, solution causes only a dim glow. In a similar 

fashion the strong base sodium hydroxide, NaOH, may be distinguished from the 

weak base ammonia, NH;3. The ionization of a weak electrolyte in water is represented 
by an equilibrium equation showing that both the un-ionized and ionized forms are 

present in solution. In the equilibrium equation of HC,H3O, and its ions, we say 

that the equilibrium lies “far to the left” because relatively few hydrogen and acetate 
ions are present in solution: 

HC,H30>(aq) == H* (aq) + CyH3035 (aq) 
We have previously used a double arrow in an equation to represent reversible 
processes in the equilibrium between dissolved and undissolved solute in a saturated 
solution. A double arrow (<—) is also used in the ionization equation of soluble 
weak electrolytes to indicate that the solution contains a considerable amount of 
the un-ionized compound in equilibrium with its ions in solution. (See Section 16.1 
for a discussion of reversible reactions.) A single arrow is used to indicate that the 
electrolyte is essentially all in the ionic form in the solution. For example, nitric 
acid is a strong acid; nitrous acid is a weak acid. Their ionization equations in water 
may be indicated as 

HNO;(aq) —2> H* (aq) + NO3 (aq) 
H,0 

HNO,(aq) == H* (aq) + NO} (aq) 
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(electrolytes: 

Practically all soluble salts, acids (such as sulfuric, nitric, and hydrochloric 

acids), and bases (such as sodium, potassium, calcium, and barium hydroxides) are 

strong electrolytes. Weak electrolytes include numerous other acids and bases such 

as acetic acid, nitrous acid, carbonic acid, and ammonia. The terms strong acid, 

strong base, weak acid, and weak base refer to whether an acid or base is a strong 

or weak electrolyte. A brief list of strong and weak electrolytes is given in Table 15.3. 

Electrolytes yield two or more ions per formula unit upon dissociation—the 

actual number being dependent on the compound. Dissociation is complete or 

nearly complete for nearly all soluble ionic compounds and for certain other strong 

electrolytes, such as those given in Table 15.3. The following are dissociation 

equations for several strong electrolytes. In all cases the ions are actually hydrated: 

NeOH > Na* (aq) + OH7 (aq) 2 ions in solution per formula unit 

Na SO, as 2 Na*(aq) + SO%Z~ (aq) 3 ions in solution per formula unit 

Fe,(SO4)3 2% 2 Fe?* (ag) + 3 SO2~ (aq) 
5 ions in solution per formula unit 

One mole of NaCl will give 1 mol of Nat ions and 1 mol of Cl7~ ions in 

solution, assuming complete dissociation of the salt. One mole of CaCl, will give 

1 mol of Ca*t ions and 2 mol of Cl~ ions in solution: 

NaCl 222 Nat (ag) + Cl-(aq) 
1 mol 1 mol 1 mol 

CaCl, 2S Ca2+(ag) + 2 Cl (aq) 
1 mol 1 mol 2 mol 

What is the molarity of each ion in a solution of (a) 2.0 M NaCl, and (b) 0.40 M Example 15.2 

K,SO,? Assume complete dissociation. 

(a) According to the dissociation equation, Solution 

NaCl 2S Nat(ag) + C17 (aq) 
1 mol 1 mol 1 mol 
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the concentration of Na* is equal to that of NaCl (1 mol NaCl —~ 1 mol 

Na*), and the concentration of Cl~ is also equal to that of NaCl. Therefore, 

the concentrations of the ions in 2.0 M NaCl are 2.0 M Na* and 2.0M Cl. 

(b) According to the dissociation equation, 

H,0 = 
K,SO, —> 2 K* (aq) + SO%7 (aq) 
1 mol 2 mol 1 mol 

the concentration of K* is twice that of K,SO,4 and the concentration of 

SOZ~ is equal to that of K,SO,. Therefore, the concentrations of the ions in 

0.40 M K,SO, are 0.80 M K* and 0.40 M SO;~. 

Practice I 5.3 

What is the molarity of each i ion in a solution of @ 0.050 M Mel and ) 
7 070 M a 

Colligative Properties of Electrolyte Solutions 

We have learned that‘ when 1 mol of sucrose, a nonelectrolyte, is dissolved in 

1000 g of water, the solution freezes at — 1.86°C. When 1 mol of NaCl is dissolved 

in 1000 g of water, the freezing point of the solution is not — 1.86°C, as might be 

expected, but is closer to — 3.72°C (— 1.86 X 2). The reason for the lower freezing 

point is that 1 mol of NaCl in solution produces 2 mol of particles (2 xX 6.022 
x 107? ions) in solution. Thus, the freezing-point depression produced by 1 mol 

of NaCl is essentially equivalent to that produced by 2 mol of a nonelectrolyte. An 

electrolyte such as CaCl, which yields three ions in water, gives a freezing-point 

depression of about three times that of a nonelectrolyte. These freezing-point data 

provide additional evidence that electrolytes dissociate when dissolved in water. 

The other colligative properties are similarly affected by substances that yield ions 
in aqueous solutions. 

lonization of Water 

The more we study chemistry, the more intriguing the water molecule becomes. 
Two equations commonly used to show how water ionizes are 

H,0 + H,O —H,0t + OH 
acid base acid base 

and 

H,O — H*+ OH 

The first equation represents the Brénsted—Lowry concept, with water reacting as 
both an acid and a base, forming a hydronium ion and a hydroxide ion. The second 
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equation is a simplified version, indicating that water ionizes to give a hydrogen 

and a hydroxide ion. Actually, the proton, H*, is hydrated and exists as a hydronium 

ion. In either case equal molar amounts of acid and base are produced so that water 

is neutral, having neither H* nor OH™ ions in excess. The ionization of water at 

25°C produces an H* ion concentration of 1.0 X 1077 mol/L and an OH™ 

ion concentration of 1.0 X 1077 mol/L. Square brackets, [ ], indicate that the 

concentration is in moles per liter. Thus [H*] means the concentration of H* is 

in moles per liter. These concentrations are usually expressed as 

[H*] or [H30*] = 1.0 X 1077 mol/L 

[OH~] = 1.0 X 1077 mol/L 

These figures mean that about two out of every billion water molecules are ionized. 

This amount of ionization, small as it is, is a significant factor in the behavior of 

water in many chemical reactions. 

Introduction to pH 

The acidity of an aqueous solution depends on the concentration of hydrogen or 

hydronium ions. The pH scale of acidity was devised to fill the need for a simple, 

convenient numerical way to state the acidity of a solution. Values on the pH 

scale are obtained by mathematical conversion of H* ion concentrations to pH by 

the expression: 

pH = —log[H*] 

where [H*] = H* or H,O* ion concentration in moles per liter. pH is defined pH 
as the negative logarithm of the H* or H30* concentration in moles per liter: 

pH = —log{[Ht] = —log(1 x 107’) = —(-—7) =7 

For example, the pH of pure water at 25°C is 7 and is said to be neutral; that is, it 

is neither acidic nor basic, because the concentrations of Ht and OH™ are equal. 

Solutions that contain more H* ions than OH™ ions have pH values less than 7, 

and solutions that contain less H* ions than OH™ ions have values greater than 7. 

When [Ht] = 1 X 107° mol/L, pH 5 (acidic) 

When [H*] = 1 X 107? mol/L, pH = 9 (basic) 

Instead of saying that the hydrogen ion concentration in the solution is 1 X 109° 

mol/L, it is customary to say that the pH of the solution is 5. The smaller the pH 

value, the more acidic the solution (see Figure 15.3). 
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Neutral Increasing basicity Increasing acidity 

pH 0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 

[H+] 1.0 0.1 107; “103° » 10" 10sSN104 © 107 108 107) 210 Soa 1082 

A 
FIGURE 15.3 The pH scale, along with its interpretation, is given in Table 15.4. Table 15.5 
The pH scale of acidity and lists the pH of some common solutions. Note that a change of only 1 pH unit means 
basicity. 

a tenfold increase or decrease in H* ion concentration. For example, a solution 
with a pH of 3.0 is ten times more acidic than a solution with a pH of 4.0. A 
simplified method of determining pH from [H*] follows: 

—5 <—— pH = this ber (5 [H*] = 1x 102 aaa VaR er (5) 

when this number 

is exactly 1 

Pee ; —5 «—— PH is between this number and 
[H ] 2x 10 next lower number (4 and 5) 

: pH =4.7 
when this number 

is between | and 10 

Calculation of the pH value corresponding to any H* ion concentration requires 
logarithm _ the use of logarithms, which are exponents. The logarithm (log) of a number is 



simply the power to which 10 must be raised to give that number. Thus the log of 

100 is 2 (100 = 107), and the log of 1000 is 3 (1000 = 103). The log of 500 is 
2.70, but you cannot easily determine this value without a scientific calculator. 

Let us determine the pH of a solution with [H*] = 2 X 107°. The exponent 

(—5) indicates that the pH is between 4 and 5. Enter 2 X 107° into your calculator 

and press the log key. The number —4.69 ... will be displayed. The pH is then 

pH = —log{H*t] = —(—4.69...) = 4.7 
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Remember to change the 

sign on your calculator since 
Next we must determine the correct number of significant figures in the logarithm. pH = —log[H*]. 

The rules for logs are different from those we use in other math operations. The 

number of decimal places for a log must equal the number of significant figures in 

the original number. Since 2 X 107° has one significant figure, we should round 

the log to one decimal place (4.69...) = 4.7. 

What is the pH of a solution with an [H*] of (a) 1.0 x 107'', and (b) 6.0 X Example 15.3 
10~4, and (c) 5.47 x 1078? 

Solution 

@ iH) 10 x 10-" (Os a el a (c) (H* Jens 47 105 
(2 significant figures) (2 significant figures) (3 significant figures) 

pH = —log(1.0 x 1071) 16¢6:0)< 10g = 9.22 log 54710. = = — 7.262 
pH = 11.00 pH = —log{H*] pH = —log[H*] 

(2 decimal places) pH = —(—3.22) = 3.22 pHy="=(— 7-262) 27-267 

(2 decimal places) (3 decimal places) 

The measurement and control of pH is extremely important in many fields of 

science and technology. The proper soil pH is necessary to grow certain types of 

plants successfully. The pH of certain foods is too acidic for some diets. Many 

biological processes are delicately controlled pH systems. The pH of human blood 

is regulated to very close tolerances through the uptake or release of H * by mineral 

ions, such as HCO3, HPO;~ , and H,POZ. Changes in the pH of the blood by as 

little as 0.4 pH unit result in death. 

Compounds with colors that change at particular pH values are used as indicators 

in acid—base reactions. For example, phenolphthalein, an organic compound, is 

colorless in acid solution and changes to pink at a pH of 8.3. When a solution of 

sodium hydroxide is added to a hydrochloric acid solution containing phenolphtha- 

lein, the change in color (from colorless to pink) indicates that all the acid is 

neutralized. Commercially available pH test paper, such as shown in Figure 15.4, 

contains chemical indicators. The indicator in the paper takes on different colors 

when wetted with solutions of different pH. Thus the pH of a solution can be 

estimated by placing a drop on the test paper and comparing the color of the test 

FIGURE 15.4 

pH test paper for determining 

the approximate acidity of 

solutions. 
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Hair shampoo advertisements often pro- 

claim the proper pH for their products, — 
but does controlling the pH of hair care 

products really make hair cleaner, ye 

Or mene t 

The chemistry of shampoo is 
ever improving to suit different 
hair conditions. 

Hair Care and pH—A Delicate Bala 

_ Protein _ Protein 

A yi 

interaction Beuvesn strands of 

hair prorein: 

ead of hair is composed of 
many long chains of amino acid linked 

together as polymers called proteins. The 
individual chains can connect with other 
chains in one of three ways: (1) hydrogen 
bonds, red; (2) salt bridges (the result of 
acid—base interactions), green; and (3) di- 

_ sulfide bonds, blue. These interactions are — 

shown in the diagram. 

When hair is wet with water, the hy- 

drogen bonds are broken. As the wet hair 

<15) ee set, or ved the hydrogen 

bonds form at new positions and hold the 

hair in the style desired. If an acidic solu- 

tion (pH 1.0—2.0) is used on the hair, the 

hydrogen bonds and the salt bridges are 

both broken, leaving only the disulfide 

bonds to hold the chains together. In a 

mildly alkaline solution (pH 8.5) some of 
the disulfide bonds are also broken. The 

outer surface of the hair becomes rough, 

and light does not reflect evenly from the 

surface, making the hair look dull. Using 

an alkaline shampoo will cause damage by 

_ continued breakage of the disulfide bonds, 
which results in “split ends.” If the pH is 

‘increased further to approximately 12.0 

the hair dissolves as all types of bonds 

break. This is the working basis for depila- 

tories (hair removers), such as Neet™ 

and Nair™. 

Hair has its maximum strength at pH 

4.0-5.0. Shampooing tends to leave the 

hair slightly alkaline, so an acid rinse is 
sometimes used to bring the pH back into 

the normal range. Lemon juice or vinegar 

are common household products that are 

used for this purpose. The shampoo may 

also be “acid-balanced,” containing a 
weak acid (such as citric acid) to counter- 

act the alkalinity of the solution formed 

when the detergent interacts with water. 

eeeeeeeceeeeeeseeccccecceeecccccceeeesecccccsssaeceeccesaaenessseccceeeseseeecceecscccseeescccceeescces 

paper with a color chart calibrated at different pH values. Common applications of 
pH test indicators are the kits used to measure and adjust the pH of swimming pools 
and hot tubs. Electronic pH meters are used for making rapid and precise pH 
determinations. 

neutralization 

Neutralization 

The reaction of an acid and a base to form a salt and water is known as neutralization. 
We have seen this reaction before, but now with our knowledge about ions and 
ionization, let us reexamine the process of neutralization. 

378 
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Consider the reaction that occurs when solutions of sodium hydroxide and 

hydrochloric acid are mixed. The ions present initially are Nat and OH™~ from the 

base and H* and Cl~ from the acid. The products, sodium chloride and water, 

exist as Na* and Cl~ ions and H,O molecules. A chemical equation representing 
this reaction is 

HCl(aq) + NaOH(aq) —+ NaCl(aq) + H,O(/) 

This equation, however, does not show that HCl, NaOH, and NaCl exist as ions 

in solution. The following total ionic equation gives a better representation of 
the reaction: 

(H* + Cl~) + (Nat + OH~)—+Nat + Cl~ + H,O(/) 

This equation shows that the Na* and C17 ions did not react. These ions are called 

spectator ions because they were present but did not take part in the reaction. The 

only reaction that occurred was that between the H* and OH™ ions. Therefore, 

the equation for the neutralization can be written as this net ionic equation: 

H* (aq) + OH™ (aq) —> H,0(/) 
acid base water 

This simple net ionic equation represents not only the reaction of sodium hydroxide 

and hydrochloric acid, but also the reaction of any strong acid with any water- 

soluble hydroxide base in an aqueous solution. The driving force of a neutralization 

reaction is the ability of an H* ion and an OH ion to react and form a molecule 

of un-ionized water. 
The amount of acid, base, or other species in a sample may be determined by 

titration, which is the process of measuring the volume of one reagent that is 

required to react with a measured mass or volume of another reagent. 

graphing. 

spectator ion 

titration 

This pH meter measures the 

acidity and alkalinity of garden 

soil. 

<q The progress of a titration can 

be monitored by computer 
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Example 15.4 

Solution 

Example 15.5 

Solution 

Let us consider the titration of an acid with a base. A measured volume of acid 

of unknown concentration is placed in a flask, and a few drops of an indicator 
solution are added. Base solution of known concentration is slowly added from a 

buret to the acid until the indicator changes color The indicator selected is one that 
changes color when the stoichiometric quantity (according to the equation) of base 

has been added to the acid. At this point, known as the end point of the titration, 

the titration is complete, and the volume of base used to neutralize the acid is read 

from the buret. The concentration or amount of acid in solution can be calculated 
from the titration data and the chemical equation for the reaction. Let’s look at 
some illustrative examples. 

Suppose that 42.00 mL of 0.150 M NaOH solution is required to neutralize 50.00 

mL of hydrochloric acid solution. What is the molarity of the acid solution? 

The equation for the reaction is 

NaOH(aq) + HCl(aqg) —> NaCl(aq) + H,O() 

In this neutralization NaOH and HCI react in a 1:1 mole ratio. Therefore, the moles 

of HCl in solution are equal to the moles of NaOH required to react with it. First 

we calculate the moles of NaOH used, and from this value we determine the moles 

of HCl: 

Data: 42.00 mL of 0.150 M NaOH 50.00 mL of HCl 

Molarity of acid = M (unknown) 

Determine the moles of NaOH: 

M = mol/L 42.00 mL = 0.04200 L 

0.04200 k x Bean = 0.00630 mol NaOH 

Since NaOH and HCI react in a 1:1 ratio, 0.00630 mol of HCI was present in the 
50.00 mL of HCl solution. Therefore, the molarity of the HCl is 

mol _ 0.00630 mol HCl M=—— 
1 (aso Lee oe ee 

Suppose that 42.00 mL of 0.150 M NaOH solution is required to neutralize 50.00 
mL of HjSO, solution. What is the molarity of the acid solution? 

The equation for the reaction is 

2 NaOH(aq) + H2SO,(aq) —> Na,SO,(ag) + 2 H,O(/) 

The same amount of base (0.00630 mol of NaOH) is used in this titration as in 
Example 15.4, but the mole ratio of acid to base in the reaction is 1:2. The moles 
of HzSO, reacted can be calculated by using the mole-ratio method: 

Data: 42.00 mL of 0.150 M NaOH = 0.00630 mol NaOH 

1 mol H,SO, 
0.00630 mol NaH x 

2 mol Na0H 
= 0.00315 mol H,SO, 
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Therefore, 0.00315 mol of H,SO, was present in 50.00 mL of H5SO, solution. 
The molarity of the H,SO, is 

mol 0.00315 mol H,SO Ve ee ee ee 2S ae 

L 0.05000 L UO NEO 

A 25.00-mL sample of HSO, solution required 14.26 mL of 0.2240 N NaOH for Example 15.6 

complete neutralization. What is the normality and the molarity of the sulfuric acid? 

The equation for the reaction is Solution 

2 NaOH(aq) + H2SO,4(aq) —> NazSO,(aq) + 2 H,O(/) 

The normality of the acid can be calculated from 

VaNa = VeNp 

Substitute the data into the equation and solve for Na: 

25.00 mL X Na = 14.26 mL Xx 0.2240 N 
Ny = 24:26 nik x 0.2240 N 
> 25.00 mi 

The normality of the acid is 0.1278 N. 

Because H,SO, furnishes 2 equivalents of H*per mole, the conversion to 

= 0.1278 N HSO, 

molarity is 

equiv . 0) 

L equiv 

0.1278 eqarv HSO4 1 mol H,SO, 
= 000390. mo HSO iL 2 equiv HpSO; 0.06390 mo 2804 

The H,SO, solution is 0.06390 M. 

| Practice 15.5 

A.50.0-mL sample of HCI required 24.81 mL of 0.1250 M NaOH for neutraliza- 
tion. What is the molarity of the acid? 

Acid Rain 

Acid rain is defined as any atmospheric precipitation that is more acidic than normal. 

The increase in acidity might be from natural or man-made sources. Rain acidity 

varies throughout the world and across the United States. The pH of rain is generally 

lower in the eastern United States and higher in the west. Unpolluted rain has a pH 

of 5.6, and so is slightly acidic. This acidity results from the dissolution of carbon 

dioxide in the water producing carbonic acid: 

CO,(g) + H,O(1) —> H2CO3(aq) —= H* (aq) + HCO3 (aq) 
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Marble masterpieces, sculpted to 

last forever, are slowly 

disappearing as acid rain 

dissolves the calcium carbonate 

(CaCO;). p> 

Although the details of acid-rain formation are not yet fully understood, chemists 

know the general process involves the following steps: 

1. emission of nitrogen and sulfur oxides into the air 

2. transportation of these oxides throughout the atmosphere 

3. chemical reactions between the oxides and water forming sulfuric acid 
(HSO,) and nitric acid (HNO3) 

4. rain or snow, which carries the acids to the surface 

The oxides may also be deposited directly on a dry surface and become acidic when 
normal rain falls on them. 

Acid rain is not a new phenomenon. Rain was probably acidic in the early days 
of our planet as~volcanic eruptions, fires, and decomposition of organic matter 
released large volumes of nitrogen and sulfur oxides into the atmosphere. Use of 
fossil fuels, especially since the industrial revolution about 250 years ago, has made 
significant changes in the amounts of pollutants being released into the atmosphere. 
As increasing amounts of fossil fuels have been burned, more and more sulfur and 
nitrogen oxides have poured into the atmosphere, thus increasing the acidity of rain. 

Acid rain affects a variety of factors in our environment. For example, fresh 
water plants and animals decline significantly when rain is acidic; large numbers 
of fish and plants die when acidic water from spring thaws enters the lakes. Aluminum 
is leached from the soil into lakes by acidic rain water where the aluminum com- 
pounds adversely affect the gills of fish. In addition to leaching aluminum from the 
soil, acid rain also causes other valuable minerals, such as magnesium and calcium, 
to dissolve and run into lakes and streams. It can also dissolve the waxy protective 
coat on plant leaves making them vulnerable to attack by bacteria and fungi. 

In our cities, acid rain is responsible for extensive and continuing damage to 
buildings, monuments, and statues. It may also reduce the durability of paint and 
promote the deterioration of paper, leather, and cloth. In short, we are just beginning 
to explore the effects of acid rain on human beings and on our food chain. 
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Writing Net lonic Equations 

In Section 15.10 we wrote the reaction of hydrochloric acid and sodium hydroxide 
in three different equations: 

(1) HCl(aq) + NaOH(aqg) —+ NaCl(aq) + H,O(/) 

(2) (H* + Cl-) + (Na* + OH~) —~Na* + Cl7 + H,O(/) 

(3) H* + OH~ —-+H,0O 

In the un-ionized equation (1), compounds are written in their molecular, or normal, un-ionized equation 

formula expressions. In the total ionic equation (2), compounds are written to show total ionic equation 

the form in which they are predominantly present: strong electrolytes as ions in 

solution; and nonelectrolytes, weak electrolytes, precipitates, and gases in their 

molecular (or un-ionized) forms. In the net ionic equation (3), only those molecules net ionic equation 

or ions that have changed are included in the equation; ions or molecules that do 

not change (spectators) are omitted. 

Up to this point, when balancing an equation we have been concerned only 

with the atoms of the individual elements. Because ions are electrically charged, 

ionic equations often end up with a net electrical charge. A balanced equation must 

have the same net charge on each side, whether that charge is positive, negative, 

or zero. Therefore, when balancing an ionic equation, we must make sure that both 

the same number of each kind of atom and the same net electrical charge are present 

on each side. 
Following is a list of rules for writing ionic equations: 

1. Strong electrolytes in solution are written in their ionic form. 

2. Weak electrolytes are written in their molecular (un-ionized) form. 

3. Nonelectrolytes are written in their molecular form. 

4. Insoluble substances, precipitates, and gases are written in their molecular 

forms. 
5. The net ionic equation should include only substances that have undergone a 

chemical change. Spectator ions are omitted from the net ionic equation. 

6. Equations must be balanced, both in atoms and in electrical charge. 

Study the following examples. In each one the un-ionized equation is given. Write 

the total ionic equation and the net ionic equation for each. 

HNO,(aq) + KOH(aq) —> KNO,(aq) + H2O0(/) Example 15.7 

un-ionized equation 

(H+ + NO;) + (Kt + OH~) —> (KT + NO3) + H,O Solution 

total ionic equation 

Ht + OH~ —~>H,0 

net ionic equation 

The HNO, KOH, and KNO; are soluble, strong electrolytes. The K* and NO; 

ions are spectator ions, have not changed, and are not included in the net ionic 

equation. Water is a nonelectrolyte and is written in the molecular form. 
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Example 15.8 2 AgNO;(aqg) + BaCl.(aq) —> 2 AgCl(s) + Ba(NO3)(aq) 

un-ionized equation 

(2Agt + 2NO3) + (Batt + 2 Cl~) —>2 AgCl(s) + (Ba2* + 2NO3) 
total ionic equation 

Ag* + Cl7 —> AgCl(s) 

net ionic equation 

Solution Although AgCl is an ionic compound, it is written in the un-ionized form on the 

right side of the ionic equations because most of the Ag* and Cl” ions are no 

longer in solution but have formed a precipitate of AgCl. The Ba** and NOG ions 

are spectator ions. 

Example 15.9  Na,CO;(aq) + H»SO,(aq) —> Na,SO,(aq) + H,O() + CO3(g) 
un-ionized equation 

(2Na* + CO3~) + (2H* + SOZ7-)—>(2Nat + SOZ-) + H,O(D) + CO,(g) 
total ionic equation 

COZ> 52, = HO + COs) 
net ionic equation 

Solution Carbon dioxide, CO», is a gas and evolves from the solution, Nat and SOZ~ are 
spectator ions. 

Example 15.10 HC H30,(aq) + NaOH(aq) —> NaC>H30,(aq) + H5O(/) 
un-ionized equation 

HC,H30, + (Na* + OH~)—> (Na* + C,H3;03) + HO 
total ionic equation 

HC,H;0, Gi OH ™ oe C,H305 i H,O 

net ionic equation 

Solution Acetic acid, HCH30>, a weak acid, is written in the molecular form, but sodium 
acetate, NaC,H3Oz, a soluble salt, is written in the ionic form. The Nat ion is the 
only spectator ion in this reaction. Both sides of the net ionic equation have a — 1 
electrical charge. 

Example 15.11 Mg(s) + 2 HCl(aq) —> MgCl,(aq) + H,(g) 

un-ionized equation 

Mg + (2H* + 2Cl~)—> (Mg** + 2C1-) + Hig) 
total ionic equation 

Mg + 2H* —+Mg?* + H,(g) 
net ionic equation 

Solution The net electrical charge on both sides of the equation is +2. 
Ne 
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H,SO,4(aq) + Ba(OH) (aq) —> BaSO,(s) + 2 H,O(/) Example 15.12 

un-ionized equation 

(2H* + SO{~) + (Ba** + 2 OH) —> BaSO,(s) + 2 H,O(2) 

total ionic equation 

2H* + SO{~ + Ba**t + 2 OH~ —+ BaSO,(s) + 2 H,O() 

net ionic equation 

Barium sulfate, BaSQg, is a highly insoluble salt. If we conduct this reaction using Solution 

the conductivity apparatus described in Section 15.5, the light glows brightly at first 

but goes out when the reaction is complete because almost no ions are left in 

solution. The BaSO, precipitates out of solution, and water is a nonconductor 
of electricity. 

S Write the net ionic equatio 

3 H,S(aq) + 2 Bil 

Colloids: An Introduction 

When we add sugar to a flask of water and shake it, the sugar dissolves and forms 

a clear homogeneous solution. When we do the same experiment with very fine 

sand and water, the sand particles form a suspension, which settles when the shaking 

stops. When we repeat the experiment again using ordinary cornstarch, we find that 

the starch does not dissolve in cold water. But if the mixture is heated and stirred, 

the starch forms a cloudy, opalescent dispersion. This dispersion does not appear 

to be clear and homogeneous like the sugar solution, yet it is not obviously heteroge- 

neous and does not settle like the sand suspension. In short, its properties are 

intermediate between those of the sugar solution and those of the sand suspension. 

The starch dispersion is actually a colloid, a name derived from the Greek kolla, 

meaning “glue,” and was coined by the English scientist Thomas Graham in 1861. 

Graham classified solutes as crystalloids if they diffused through a parchment mem- 

brane and as colloids if they did not diffuse through the membrane. 

As it is now used, the word colloid means a dispersion in which the dispersed colloid 

particles are larger than the solute ions or molecules of a true solution and smaller 

than the particles of a mechanical suspension. The term does not imply a glue-like 

quality, although most glues are colloidal materials. The size of colloidal particles 

ranges from a lower limit of about | nm (1077 cm) to an upper limit of about 1000 

nm (10~* cm). 
The fundamental difference between a colloidal dispersion and a true solution 

is the size not the nature of the particles. The solute particles in a solution are 

usually single ions or molecules that may be hydrated to varying degrees. Colloidal 

particles are usually aggregations of ions or molecules. However, the molecules of 
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some polymers, such as proteins, are large enough to be classified as colloidal 

particles when in solution. To appreciate fully the differences in relative sizes, the 

volumes (not just the linear dimensions) of colloidal particles and solute particles 

must be compared. The difference in volumes can be approximated by assuming 

that the particles are spheres. A large colloidal particle has a diameter of about 

500 nm, whereas a fair-sized ion or molecule has a diameter of about 0.5 nm. Thus, 

the diameter of the colloidal particle is about 1000 times that of the solute particle. 

Because the volumes of spheres are proportional to the cubes of their diameters, 
we can calculate that the volume of a colloidal particle can be up to a billion 
(107 x 10° x 10° = 107) times greater than that of a solution particle. 

Colloids are mixtures in which one component, the dispersal phase, exists as 
discrete particles in the other component, the dispersing phase or dispersing medium. 
The components of a colloidal dispersion are also sometimes called the discontinuous 
phase and the continuous phase. Each component, or phase, can exist as a solid, a 
liquid, or a gas. The components cannot be mutually soluble, nor can both phases 
of the dispersion be gases, because such conditions would result in an ordinary 
solution. Hence, only eight types of colloidal dispersions, based on the possible 
physical states of the phases, are known. The eight types, with specific examples, 
are listed in Table 15.6. 

Preparation of Colloids 

Colloidal dispersions can be prepared by two methods: (1) dispersion, the breaking 
down of larger particles to colloidal size, and (2) condensation, the formation of 
colloidal particles from solutions. 

Homogenized milk is a good example of a colloid prepared by dispersion. Milk, 
as drawn from the cow, is an unstable emulsion of fat in water. The fat globules 
are so large that they rise and form a cream layer in a few hours. To avoid separation 
of the cream, the milk is homogenized by pumping it through very small holes, or 
orifices, at high pressure. The violent shearing action of this treatment breaks the 
fat globules into particles well within the colloidal size range. The butterfat in 
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homogenized milk remains dispersed indefinitely. Colloid mills, which reduce parti- 
cles to colloidal size by grinding or shearing, are used in preparing many commercial 
products such as paints, cosmetics, and salad dressings. 

The preparation of colloids by condensation frequently involves a precipitation 

reaction in a dilute solution. A colloidal dispersion in a liquid is called a sol. For 

example, a good colloidal sulfur sol can be made by bubbling hydrogen sulfide into 

a solution of sulfur dioxide. Solid sulfur is formed and dispersed as a colloid: 

colloidal 

sulfur 

A colloidal dispersion is also easily made by adding iron(II) chloride solution 

to boiling water. The reddish-brown colloidal dispersion that is formed probably 

consists of iron(II) hydroxide and hydrated iron(II) oxide: 

FeCl; + 3 HOH —2> Fe(OH); + 3 HC! 

Fe(OH), ~2> Fe,0;- xH,0 

A great many products for home use (insecticides, insect repellents, and deodor- 

ants, to name a few) are packaged as aerosols. The active ingredient, either a liquid 

or a solid, is dissolved in a liquefied gas and sealed under pressure in a container 

fitted with a release valve. When this valve is opened, the pressurized solution is 

ejected. The liquefied gas vaporizes, and the active ingredient is converted to a 

colloidal aerosol almost instantaneously. 

Properties of Colloids 

In 1827 Robert Brown (1773-1858), while observing a strongly illuminated aqueous 

suspension of pollen under a high-powered microscope, noted that the pollen grains 

appeared to have a trembling, erratic motion. He determined later that this erratic 
motion was not confined to pollen but was characteristic of colloidal particles in 

general. This random motion of colloidal particles is called Brownian movement. 

It can be readily observed by confining cigarette smoke in a small transparent 

chamber and illuminating it with a strong beam of light at right angles to the optical 

axis of the microscope. The smoke particles appear as tiny randomly moving lights, 

because the light is reflected from their surfaces. This motion is due to the continual 

bombardment of the smoke particles by air molecules. Since Brownian movement 

can be seen when colloidal particles are dispersed in either a gaseous or a liquid 

medium, it affords nearly direct visual proof that matter at the molecular level 

actually is moving randomly, as postulated by the Kinetic-Molecular Theory. 

When an intense beam of light is passed through an ordinary solution and is 

viewed at an angle, the beam passing through the solution is hardly visible. A beam 

of light, however, is clearly visible and sharply outlined when it is passed through 

a colloidal dispersion (see Figure 15.5). This phenomenon is known as the Tyndall 

effect. It was first described by Michael Faraday in 1857 and later amplified by 

John Tyndall. The Tyndall effect, like the Brownian movement, can be observed 

sol 

Brownian movement 

Tyndall effect 
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FIGURE 15.5 

The Tyndall effect. The beakers 

on the left and right each 

contain a true solution, whereas 

the beaker in the center 

contains a collodial starch 

solution. A laser beam, emitted 

by the laser on the far left, 

scatters in the colloid but is 

invisible in the true solution. > 

in nearly all colloidal dispersions. It occurs because the colloidal particles are large 

enough to scatter the rays of visible light. The ions or molecules of true solutions 

are too small to scatter light and, therefore, do not exhibit a noticeable Tyndall effect. 

Another important characteristic of colloids is that the particles have relatively 

huge surface areas. We saw in Section 14.6 that the surface area is increased tenfold 

when a l-cm cube is divided into 1000 cubes with sides of 0.1 cm. When a 1-cm 

cube is divided into colloidal-size cubes measuring 10~ © cm, the combined surface 

area of all the particles becomes a million times greater than that of the original cube. 

Colloidal particles become electrically charged when they adsorb ions on their 

surfaces. Adsorption should not be confused with absorption. Adsorption refers to 

the adhesion of molecules or ions to a surface, whereas absorption refers to the 
taking in of one material by another material. Adsorption occurs because the atoms 
or ions at the surface of a particle are not completely surrounded by other atoms 
or ions as are those in the interior. Consequently these surface atoms or ions attract 
and adsorb ions or polar molecules from the dispersion medium onto the surfaces 
of the colloidal particles. This property is directly related to the large surface area 
presented by the many tiny particles. 

The particles in a given dispersion tend to adsorb only ions having one kind 
of charge. For example, cations are primarily adsorbed on iron(II) hydroxide sol, 
resulting in positively charged colloidal particles. On the other hand, the particles 
of an arsenic(III) sulfide sol primarily adsorb anions, resulting in negatively charged 
colloidal particles. The properties of true solutions, colloidal dispersions, and me- 
chanical suspensions are summarized and compared in Table 15.7. 

Stability of Colloids 

The stability of different dispersions varies with the properties of the dispersed and 
dispersing phases. We have noted that nonhomogenized milk is a colloid, yet it will 
separate after standing for a few hours. However, the particles of a good colloidal 
dispersion will remain in suspension indefinitely. As a case in point, a ruby-red 
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Properties of True Solutions, Colloidal Dispersions, and Suspensions _ 

_ Tyndall Brownian __ Settlesout ee 
effect == movement _ on standing Appearance 

Ne 
: oo _ homogeneous 

_ Generally —- Usually not __ 
doesnot _ transparent, but 

May appear to be 
jomogeneous 

_ Not transparent, 

| heterogeneous 

gold sol has been kept in the British Museum for more than a century without 

noticeable settling. (This specimen is kept for historical interest; it was prepared by 

Michael Faraday.) The particles of a specific colloid remain dispersed for two 

reasons: 

1. They are bombarded by the molecules of the dispersing phase, which keeps 

the particles in motion (Brownian movement) so that gravity does not cause 

them to settle out. 

2. Since the colloidal particles have the same kind of electrical charge, they 

repel each other. This mutual repulsion prevents the dispersed particles from 

coalescing to larger particles, which would settle out of suspension. 

In certain types of colloids, the presence of a material known as a protective 

colloid is necessary for stability. Egg yolk, for example, acts as a stabilizer, or 

protective colloid, in mayonnaise. The yolk adsorbs on the surfaces of the oil 

particles and prevents them from coalescing. 

Applications of Colloidal Properties 

Activated charcoal has an enormous surface area, approximately 1 million square 

centimeters per gram in some samples. Hence, charcoal is very effective in selectively 

adsorbing the polar molecules of some poisonous gases and is therefore used in gas 

masks. Charcoal can be used to adsorb impurities from liquids as well as from 

gases, and large amounts are used to remove substances that have objectionable 

tastes and odors from water supplies. In sugar refineries activated charcoal is used 

to adsorb colored impurities from the raw sugar solutions. 

A process widely used for dust and smoke control in many urban and industrial 

areas was devised by an American, Frederick Cottrell (1877-1948). The Cottrell 

process takes advantage of the fact that the particulate matter in dust and smoke is 

electrically charged. Air to be cleaned of dust or smoke is passed between electrode 

plates charged with a high voltage. Positively charged particles are attracted to, 
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This dialysis machine acts as 

artificial kidneys by removing 

soluble waste products from the 

blood. 
dialysis 

neutralized, and thereby precipitated at the negative electrodes. Negatively charged 
particles are removed in the same fashion at the positive electrodes. Large Cottrell 

units are fitted with devices for automatic removal of precipitated material. In some 

installations, particularly at cement mills and smelters, the value of the dust collected 
may be sufficient to pay for the precipitation equipment. Small units, designed for 
removing dust and pollen from air in the home, are now on the market. Unfortunately, 

Cottrell units remove only particulate matter; they cannot remove gaseous pollutants 

such as carbon monoxide, sulfur dioxide, and nitrogen oxides. 

Thomas Graham found that a parchment membrane would allow the passage 

of true solutions but would prevent the passage of colloidal dispersions. Dissolved 

solutes can be removed from colloidal dispersions through the use of such a mem- 

brane by a process called dialysis. The membrane itself is called a dialyzing mem- 

brane. Artificial membranes are made from such materials as parchment paper, 

collodion, or certain kinds of cellophane. Dialysis can be demonstrated by putting 

a colloidal starch dispersion and some copper(II) sulfate solution in a parchment 

paper bag and suspending it in running water. In a few hours the blue color of the 

copper(II) sulfate has disappeared, and only the starch dispersion remains in the bag. 

A life-saving application of dialysis has been the development of artificial 

kidneys. The blood of a patient suffering from partial kidney failure is passed 

through the artificial kidney machine for several hours, during which time the soluble 
waste products are removed by dialysis. 

vcepts in Review 

1. State the general characteristics of acids and bases. 

2. Define an acid and base in terms of the Arrhenius, Brénsted—Lowry, and 
Lewis theories. 

3. Identify acid—base conjugate pairs in a reaction. 

4. When given the reactants, complete and balance equations for the reactions of 
acids with bases, metals, metal oxides, and carbonates. 

5. When given the reactants, complete and balance equations of the reaction of 
an amphoteric hydroxide with either a strong acid or a strong base. 

= Write balanced equations for the reaction of sodium hydroxide or potassium 
hydroxide with zinc and with aluminum. 

a Classify common compounds as electrolytes or nonelectrolytes. 

= Distinguish between strong and weak electrolytes. 

= Explain the process of dissociation and ionization. Indicate how they differ. 
10. Write equations for the dissociation and/or ionization of acids, bases, and salts 

in water. 

11 

12 

Describe and write equations for the ionization of water. 

Explain how pH expresses hydrogen-ion concentration or hydronium-ion con- 
centration. 

13 

14 

Given pH as an integer, calculate the H* molarity, and vice versa. 
Use a calculator to calculate pH values from corresponding H* molarities. 



15. 

16 

17. 

18. 

19 

20. 

Explain the process of acid—base neutralization. 
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Calculate the molarity, normality, or volume of an acid or base solution from 
appropriate titration data. 

Write un-ionized, total ionic, and net ionic equations for neutralization equations. 

Discuss colloids and describe methods for their preparation. 

Describe the characteristics that distinguish true solutions, colloidal dispersions, 
and mechanical suspensions. 

Explain (a) how colloidal dispersions can be stabilized and (b) how they can 

be precipitated. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

amphoteric (15.2) 

Brownian movement (15.15) 

colloid (15.13) 

dialysis (15.17) 

dissociation (15.6) 

electrolyte (15.5) 

hydronium ion (15.1) 

ionization (15.6) 

logarithm (15.9) 

net ionic equation (15.12) 

nonelectrolyte (15.5) 

pH (15.9) 

sol (15.14) 

spectator ion (15.10) 

strong electrolyte (15.7) 

titration (15.10) 

total ionic equation (15.12) 

Tyndall effect (15.15) 

un-ionized equation (15.12) 

weak electrolyte (15.7) 

neutralization (15.10) 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk.” 

1 

4. 

Since a hydrogen ion and a proton are identical, what differ- 

ences exist between the Arrhenius and Brgnsted—Lowry 

definitions of an acid? (See Table 15.1.) 

. According to Figure 15.1, what type of substance must be 

in solution in order for the bulb to light? 

. Which of the following classes of compounds are electro- 

lytes: acids, alcohols, bases, salts? (See Table 15.2.) 

What two differences are apparent in the arrangement of 

water molecules about the hydrated ions as depicted in 

Figure 15.2? 

. The pH of a solution with a hydrogen ion concentration 

of 0.003 M is between what two whole numbers? (See 

Table 15.4.) 

. Which is the more acidic, tomato juice or blood? (See 

Table 15.5.) 

. Using each of the three acid—base theories (Arrhenius, 

Brgnsted—Lowry, and Lewis), define an acid and a base. 

. For each of the acid—base theories referred to in Exercise 

7, write an equation illustrating the neutralization of an 

acid with a base. 

. Write the Lewis structure for the (a) bromide ion, (b) hy- 

droxide ion, and (c) cyanide ion. Why are these ions consid- 

ered to be bases according to the Brgnsted—Lowry and 

Lewis acid—base theories? 
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10. 

11. 

12 

13. 

14. 

15. 

16. 

17. 

18. 

19. 

20. 

21. 

22. 

23. 

24. 
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Into what three classes of compounds do electrolytes gener- 

ally fall? 

Name each compound listed in Table 15.3. 

A solution of HCl in water conducts an electric current, 

but a solution of HCl in hexane does not. Explain this 

behavior in terms of ionization and chemical bonding. 

How do ionic compounds exist in their crystalline structure? 

What occurs when they are dissolved in water? 

An aqueous methyl alcohol, CH3OH, solution does not 

conduct an electric current, but a solution of sodium hydrox- 

ide, NaOH, does. What does this information tell us about 

the OH group in the alcohol? 

Why does molten NaCl conduct electricity? 

Explain the difference between dissociation of ionic com- 

pounds and ionization of molecular compounds. 

Distinguish between strong and weak electrolytes. 

Explain why ions are hydrated in aqueous solutions. 

What is the main distinction between water solutions of 

strong and weak electrolytes? 

What are the relative concentrations of H* (aq) and OH™ 

(aq) in (a) a neutral solution, (b) an acid solution, and (c) 

a basic solution? 

Write the net ionic equation for the reaction of a strong acid 

with a water-soluble hydroxide base in an aqueous solution. 

The solubility of HCl gas in water, a polar solvent, is much 

greater than its solubility in hexane, a nonpolar solvent. 

How can you account for this difference? 

Pure water, containing equal concentrations of both acid 

and base ions, is neutral. Why? 

Which of the following statements are correct? Rewrite 

each incorrect statement to make it correct. 

(a) The Arrhenius theory of acids and bases is restricted 

to aqueous solutions. 

(b) The Brgnsted—Lowry theory of acids and bases is re- 

stricted to solutions other than aqueous solutions. 

(c) All substances that are acids according to the Brénsted— 

Lowry theory will also be acids by the Lewis theory. 

(d) All substances that are acids according to the Lewis 

theory will also be acids by the Brgnsted—Lowry 
theory. 

(e) An electron-pair donor is a Lewis acid. 

(f) All Arrhenius acid—base neutralization reactions can 

be represented by a single net ionic equation. 

(g) When an ionic compound dissolves in water, the ions 

separate; this process is called ionization. 

(h) In the auto-ionization of water, 

2 H,O —~* H,0* + OH 

25, . 

26. 

27. 

28. 

29. 

30 ° 

31. 

32. 

the H,0* and the OH~ constitute a conjugate acid— 

base pair. 

(i) In the reaction in part (h), HO is both the acid and 

the base. 

(j) Most common Nat, K*, and NH,* salts are soluble 
in water. 

(k) A solution of pH 3 is 100 times more acidic than a 

solution of pH 5. 

(1) In general, ionic substances when placed in water will 

give a solution capable of conducting an electric 

current. 

(m) The terms dissociation and ionization are synonymous. 

(n) A solution of Mg(NO3)> contains three ions per formula 

unit in solution. 

(0) The terms strong acid, strong base, weak acid, and 

weak base refer to whether an acid or base solution is 

concentrated or dilute. 

(p) pH is defined as the negative logarithm of the molar 

concentration of H* ions (or H;0* ions). 
(q) All reactions may be represented by net ionic equations. 

(r) One mole of CaCl, contains more anions than cations. 

(s) It is possible to boil seawater at a lower temperature 

than that required to boil pure water (both at the 

same pressure). 

(t) It is possible to have a neutral aqueous solution whose 

pH is not 7. 

(u) The size of colloidal particles ranges from 1 mm to 

1000 mm. 

(v) The Tyndall effect is observable in both colloidal and 

true solutions. 

Indicate the fundamental difference between a colloidal 

dispersion and a true solution. 

List the two methods used to prepare colloidal dispersions 

and briefly explain how each is accomplished. 

Explain the Tyndall effect and how it may be used to 
distinguish between a colloidal dispersion and a true so- 
lution. 

Distinguish between adsorption and absorption. 

Why do particles in a specific colloid remain dispersed? 

Explain the process of dialysis, giving a practical applica- 
tion in society. 

Diagram and label the types of interactions occurring be- 
tween strands of protein in the hair. 

What is the difference between a shampoo and a depilatory? 
Include a discussion of the types of bonds broken in 
your answer. 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 
numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

33. Identify the conjugate acid—base pairs in the following 
equations: 
(a) HCl + NH; —> NH} + CI7 

(b) HCOZ + OH~ = * C027 + H,0 

(NHCOs. 4 °Hj0t =— HCO} + 4,0 

(@) HC,H,O, + H,O = H,0* + C)H,035 

35. Complete and balance the following equations: 

(a) Mg(s) + HCl(aqg) —> 
(b) BaO(s) + HBr(aqg) —> 

(c) Al(s) + H,SO,4(aqg) —> 

(d) Na,CO3(aq) + HCl(aq) —> 
(e) Fe,03(s) + HBr(aqg) —> 

(f) Ca(OH)2(aq) + H,CO3(aq) —> 
37. Which of the following compounds are electrolytes? Con- 

sider each substance to be mixed with water. 
(a) HCl 

(b) CO, 
(ec) CaCl, 

(d) C)2H 20, (sugar) 
(e) C3H,OH (rubbing alcohol) 
(f) CCl, (insoluble) 

39. Calculate the molarity of the ions present in each of the 

following salt solutions. Assume each salt to be 100% disso- 

ciated: 

(a) 0.015 M NaCl 

(b) 4.25 M NaKSO, 

(c) 0.20 M CaCl, 

(d) 22.0 g KI in 500. mL of solution 

41. In Exercise 39, how many grams of each ion would be 

present in 100. mL of each solution? 

43. What is the molar concentration of all ions present in a 
solution prepared by mixing the following? Neglect the 

concentration of H* and OH~ from water. Also, assume 

volumes of solutions are additive: 

(a) 30.0 mL of 1.0 M NaCl and 40.0 mL of 1.0 M NaCl 

(b) 30.0 mL of 1.0 M HCl and 30.0 mL of 1.0 M NaOH 

*(c) 100.0 mL of 0.40 M KOH and 100.0 mL of 0.80 M@ HCl 

34. 

36. 

38. 

40. 

42. 

Identify the conjugate acid—base pairs in the following 
equations: 

(a) HC;H,0, + H,SO,=— > H,C,H,0t + HSOZ 

(b) The two-step ionization of sulfuric acid, 

H,SO, + H,0 —> H3,0* + HSO,- 

HSO{ + H,O=— H,0+ + SOjZ- 

(c) HClO, + HJO —+H,0* + ClOZ 
(d) CH,0~ + H,0* —-+CH,OH + H,O 

Complete and balance the following equations: 

(a) NaOH(aq) + HBr(ag) —> 

(b) KOH(aq) + HCl(ag) —~> 

(c) Ca(OH)2(aq) + HI(aqg) —> 
(d) Al(OH)3(s) + HBr(ag) —> 

(e) Na,O(s) + HClO,(aq) —> 

(f) LiOH(aq) + FeCl;(aq) —> 

Which of the following compounds are electrolytes? Con- 
sider each substance to be mixed with water. 

(a) NaHCO; (baking soda) 

(b) N> (insoluble gas) 

(c) AgNO, 

(d) HCOOH (formic acid) 

(e) RbOH 

(f) K,CrO, 

Calculate the molarity of the ions present in each of the 

following salt solutions. Assume each salt to be 100% disso- 
ciated: 

(a) 0.75 M ZnBr 

(b) 1.65 M Al,(SO,)3 

(c) 900. g (NH4)2SO, in 20.0 L of solution 

(d) 0.0120 g Mg(ClO3), in 1.00 mL of solution 

In Exercise 40, how many grams of each ion would be 

present in 100. mL of each solution? 

. What is the molar concentration of all ions present in a 

solution prepared by mixing the following? Neglect the 

concentration of H* and OH~ from water. Also, assume 

volumes of solutions are additive. 

(a) 100.0 mL of 2.0 M KCl and 100.0 mL of 1.0 M CaCl, 

(b) 35.0 mL of 0.20 M Ba(OH), and 35.0 mL of 

0.20 M H,SO, 
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45. Given the data for the following separate titrations, calculate 

the molarity of the HCI: 

(0 08 
0.306 
0555. 

33.66 
18.00 — . 

47. Rewrite the following unbalanced equations, changing them 

into balanced net ionic equations. All reactions are in 

water solution: 

(a) K,SO,(aq) + Ba(NO3)2(aq) —> 
KNO3(aq) + BaSO,(s) 

(b) CaCO3(s) + HCl(aq) —> 
CaCl,(aq) + CO(g) + H20() 

(c) Mg(s) + HC,H302(aq) —> 
Mg(C,H302)2(aq) + Ho(g) 

49. Ineach of the following pairs which solution is more acidic? 

All are water solutions. Explain your answer. 

(a) 1 molar HCI or 1 molar H,SO,4? 

(b) 1 molar HCI or 1 molar HC,H302? 

51. What volume (in milliliters) of 0.245 M HCI will neutralize 

50.0 mL of 0.100 M Ca(OH) ? The equation is 

2 HCl(aq) + Ca(OH)2(aq) —> CaCl,(aq) + 2 H,O(/). 

A 0.200-g sample of impure NaOH requires 18.25 mL of 

0.2406 M HCI for neutralization. What is the percent of 

NaOH in the sample? 

53 

*55, What volume of H, gas, measured at 27°C and 700. torr 

pressure, can be obtained by reacting 5.00 g of zinc metal 

with 100. mL of 0.350 M HCl? The equation is 

Zn(s) + 2 HCl(aq) —~ ZnCl,(aq) + Ho(g) 

57. Calculate the pH of solutions having the following H* 

ion concentrations: 

(a) 0.01 M@ 

(b) 1.0 M 
(c) 6.5 X 10°-°M 

59. Calculate the pH of the following: 
(a) orange juice, 3.7 X 1074 M Ht 

(b) vinegar, 2.8 x 1077 MH* 

61. How many milliliters of 0.325 N HNO; are required to 

neutralize 32.8 mL of 0.225 N NaOH? 

63. The equivalent masses of organic acids are often determined 
by titration with a standard solution of a base. Determine 

the equivalent mass of benzoic acid, if 0.305 g of it requires 

25 mL of 0.10 N NaOH for neutralization. 

46. 

48. 

50. 

52. 

*54. 

*56. 

58. 

60. 

62. 

*64, 

mL HCl HCl  mLNaOH NaO 
(a) = 3719 ~~ 0106 = 51Ot 
(b) 48.04 0482 2402 
© xB. 145 

Given the data for the following separate titrations, calculate 

the molarity of the NaOH: 

Molarity 

3038 

Rewrite the following unbalanced equations, changing them 

into balanced net ionic equations. All reactions are in 

water solution: 

(a) H,S(g) + CdCl,(aqg) —~ CdS(s) + HCl(aq) 

(b) Zn(s) + H2SO,4(aq) —> ZnSO,(aq) + Ho(g) 
(c) AICl,(ag) + Na3PO,(aq) —> AIPO,(s) + NaCl(aq) 

In each of the following pairs which solution is more acidic? 

All are water solutions. Explain your answer. 

(a) 1 molar HCl or 2 molar HCI? 

(b) 1 normal H,SO, or 1 molar H,SO,4? 

What volume (in milliliters) of 0.245 M HCI will neutralize 

10.0 g of Al(OH)3? The equation is 

3 HCl(ag) + Al(OH)3(s) —~ AICl;(aq) + 3 H,O(). 

A batch of sodium hydroxide was found to contain sodium 

chloride as an impurity. To determine the amount of impu- 

rity, a 1.00-g sample was analyzed and found to require 

49.90 mL of 0.466 M HCl for neutralization. What is the 

percent of NaCl in the sample? 

What volume of H> gas, measured at 27°C and 700. torr, 

can be obtained by reacting 5.00 g of zinc metal with 200. 

mL of 0.350 M HCl? The equation is 

Zn(s) + 2 HCl(aqg) ——~ ZnCl,(aq) + H>(g) 

Calculate the pH of solutions having the following H* 

ion concentrations: 

(a) 1 X 10-7M 
(b) 0.50 M 

(c) 0.00010 M 

Calculate the pH of the following: 

(a) black coffee, 5.0 x 107° MHt 
(b) limewater, 3.4 x 107'' MHt 

How many milliliters of 0.325 N HjSO, are required to 

neutralize 32.8 mL of 0.225 N NaOH? 

Determine the equivalent mass of succinic acid, if 0.738 g 

is required to neutralize 125 mL of 0.10 N base. 



itional Exercises 

These exercises are not paired or labeled by topic and 
provide additional practice on concepts covered in this 
chapter. 

65. 

66. 

67. 

68. 

69. 

70. 

71. 

72. 

TE 

74, 

75. 

76. 

He 

What is the concentration of Ca?* ions in a solution of 
Cal, having an I~ ion concentration of 0.520 M? 

How many milliliters of 0.40 M HCI can be made by 
diluting 100. mL of 12 M HCI with water? 

If 29.26 mL of 0.430 M HCI neutralizes 20.40 mL of 
Ba(OH)> solution, what is the molarity of the Ba(OH), 
solution? The reaction is 

Ba(OH),(aq) + 2 HCl(aq) —— BaCl,(aqg) + 2 H,O(1) 

A | molal solution of acetic acid, HC,H;03, in water freezes 
at a lower temperature than a 1 molal solution of ethyl 
alcohol, C,H5OH, in water. Explain. 

At the same cost per pound, which alcohol, CH;OH or 
C,H;5OH, would be more economical to purchase as an 
antifreeze for your car? Why? 

How does a hydronium ion differ from a hydrogen ion? 

Arrange, in decreasing order of freezing points, 1 molal 

aqueous solutions of HCI, HC,H30>, C,;»H> 0, (sucrose), 

and CaCl. (List the one with the highest freezing point 
first.) 

At 100°C the H* concentration in water is about 

1 X 107° mol/L, about ten times that of water at 25°C. 

At which of these temperatures is 

(a) the pH of water the greater? 

(b) the hydrogen ion (hydronium ion) concentration the 
higher? 

(c) the water neutral? 

What is the relative difference in Ht concentration in 

solutions that differ by 1 pH unit? 

A sample of pure sodium carbonate with a mass of 0.452 

g was dissolved in water and neutralized with 42.4 mL of 

hydrochloric acid. Calculate the molarity of the acid: 
NaxCO3(aq) + 2 HCl(aq) —> 

2 NaCl(aqg) + CO(g) + H,O(/) 

What volume (mL) of 0.1234 M HCl is needed to neutralize 

2.00 g Ca(OH),? 

How many grams of KOH are required to neutralize 

50.00 mL of 0.240 M HNO3? 

Two drops (0.1 mL) of 1.0 M HCI are added to water to 

make 1.0 L of solution. What is the pH of this solution if 

the HCI is 100% ionized? 

78. 

79. 

80. 

$1. 

82. 

*83. 

*84, 

85. 

86. 

87. 

*88. 

89. 

Additional Exercises 

What volume of concentrated (18.0 M) sulfuric acid must 
be used to prepare 50.0 L of 5.00 M solution? 

Three (3.0) grams of NaOH are added to 500. mL of 0.10 
M HCl. Will the resulting solution be acidic or basic? Show 
evidence for your answer. 

A 10.00-mL sample of base solution requires 28.92 mL of 
0.1240 N H,SO, for neutralization. What is the normality 
of the base? 

What is the normality and the molarity of a 25.00-mL 
sample of HPO, solution that requires 22.68 mL of 
0.5000 N NaOH for complete neutralization? 

How many milliliters of 0.10 N NaOH is required to neutral- 
ize 60.0 mL of 0.20 N H,SO,4? 

A 25-mL sample of H,SO, requires 40. mL of 0.20 N 
NaOH for neutralization. 

(a) What is the normality of the sulfuric acid solution? 

(b) How many grams of sulfuric acid are contained in the 
25 mL sample? 

A solution of 40.0 mL of HCl is neutralized by 20.0 mL 
of NaOH solution. The resulting neutral solution is evapo- 
rated to dryness, and the residue is found to have a mass 
of 0.117 g. Calculate the normality of the HCl and 
NaOH solutions. 

Compare and contrast a concentrated solution of a weak 
electrolyte with a dilute solution of a strong electrolyte. 

Under what circumstances will a solution’s normality be 
equal to its molarity? 

How many milliliters of water must be added to 85.00 mL 

of 1.000 N H3PO, to give a solution that is 0.6500 NH3PO,? 

If 380 mL of 0.35 M Ba(OH), is added to 500.0 mL of 

0.65 M HCl, will the mixture be acidic or basic? Find the 

pH of the resulting solution. 

Fifty milliliters (50.00 mL) of 0.2000 M HCI is titrated 

with 0.2000 M NaOH. Find the pH of the solution after: 

(a) 0.000 mL of base have been added 

(b) 10.00 mL of base have been added 

(c) 25.00 mL of base have been added 

(d) 49.00 mL of base have been added 

(e) 49.90 mL of base have been added 

(f) 49.99 mL of base have been added 

(g) 50.00 mL of base have been added 

Plot your answers on a graph with pH on the y-axis and 

mL NaOH on the x-axis. 
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90. NaOH reacts with sulfuric acid: 
(a) Write a balanced equation for the reaction producing 

Na,SOx4. 

(b) How many milliliters of 0.10 M@ NaOH are needed to 

react with 0.0050 mol H,SO,4? 

(c) How many grams of NajSO, will also form? 

*91. Lactic acid (found in sour milk) has an empirical formula 

of HC3H;03. A 1.0-g sample of lactic acid required 17.0 

mL of 0.65 M NaOH to reach the end point of a titration. 

What is the molecular formula for lactic acid? 

92. A 10.0-mL sample of HNO3 was diluted to a volume of 

100.00 mL. Then, 25 mL of that diluted solution was needed 

to neutralize 50.0 mL of 0.60 M KOH. What was the 

concentration of the original nitric acid? 

93. The pH of a solution of a strong acid was determined to 

be 3. If water is then added to dilute this solution, would 

ers to Practice Exercises 

15.1 (a) HCO3, (b) NO3, (c) C,H303 
15.2 (a) H,SO,, (b) NH4, (c) H,O 
15.3 (a) 0.050 M Mg?t, 0.10 M Cl-, (b) 0.070 M AL, 

0.21 M Cl~ 

94. 

95. 

the pH change? Why or why not? Could enough water ever 

be added to raise the pH of an acid solution above 7? 

Solution X has a pH of 2. Solution Y has a pH of 4. On 

the basis of this information, which of the following is true? 

(a) the [H*] of X is one half that of Y 

(b) the [H*] of X is twice that of Y 
(c) the [H*] of X is 100 times that of Y 
(d) the [H*] of X is 1/100 that of Y 

A student is given three solutions: an acid, a base, and one 

that is neither acidic nor basic. The student performs tests 

on these solutions and records their properties. For each 

result, tell whether it is the property of an acid, a base, or 

whether you cannot decide. 

(a) the solution has [H*] = 1 x 1077 M 
(b) the solution has [OH~] = 1 X 107*M 
(c) the solution turns litmus red 

(d) the solution is a good conductor of electricity 

15.4 (a) 11.41, (b) 2.89, (c) 5.429 
15.5 (c) 0.0620 M HCl 
15.6 3 H,S(aq) + 2Bi>+ (aq) —> Bi,S3(s) + 6 H* (aq) 
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A coral reef is a system in 

ecological equilibrium with the 

ocean surrounding it. 

Thus far, we have considered chemical change to proceed from reactants to products. 

Does that mean that reactions stop? No. A solute dissolves until the solution becomes 

saturated. Once a solid remains undissolved in a container, the system appears to 

be at rest. The human body is a marvelous chemical factory, yet from day to day 

it appears to be quite the same. For example, the blood remains at a constant pH, 

even though all sorts of chemical reactions are taking place. Another example is a 

terrarium, which can be watered and sealed for long periods of time with no ill 

effects. Or an antacid, which absorbs excess stomach acid and does not change the 

pH of the stomach. In all of these cases, reactions are proceeding, even though 

visible signs of chemical change are absent. When the system is at equilibrium, 

chemical reactions are dynamic. As the Frenchman Alphonse Karr so succinctly 

stated in 1849, “The more things change the more they stay the same.” 

Reversible Reactions 

In the preceding chapters we have treated chemical reactions mainly as reactants 

changing to products. However, many reactions do not go to completion. Some 

reactions do not go to completion because they are reversible; that is, when the 

products are formed, they react to produce the starting reactants. 

We have encountered reversible systems before. One is the vaporization of a 

liquid by heating and its subsequent condensation by cooling: 

liquid + heat —— vapor 

vapor + cooling —— liquid 

The interconversion of nitrogen dioxide, NO>, and dinitrogen tetroxide, N»Ou, 

offers visible evidence of the reversibility of a reaction. The NO is a reddish-brown 

gas that changes with cooling to N,Oq,, a yellow liquid that boils at 21.2°C, and 

then to a colorless solid, N»O,, that melts at — 11.2°C. The reaction is reversible 
by heating N»O,: 

2 NOA(g) — N204() 

NO.) 3.9 NO.(e) 
These two reactions may be represented by a single equation with a double arrow, 

«——?to indicate that the reactions are taking place in both directions at the same time: 

2 NO2(g) <—N20,4(/) 

This reversible reaction can be demonstrated by sealing samples of NO, in two 
tubes and placing one tube in warm water and the other in ice water (see Figure 
16.1). Heating promotes disorder or randomness in a system, so we would expect 
more NO, (a gas) to be present at higher temperatures. 
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Ice water || ||| Hot water 

OE 80° 
Heating 3 
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N,0, —_—____—. 2 NO, 
Cooling 

FIGURE 16.1 

Reversible reaction of NO, and N,O,. More of the reddish- 

brown NO, molecules are visible in the tube that is heated 

than in the tube that is cooled. 

A reversible chemical reaction is one in which the products formed react 
to produce the original reactants. Both the forward and reverse reactions occur 
simultaneously. The forward reaction is called the reaction to the right, and the 

reverse reaction is called the reaction to the left. A double arrow is used in the 

equation to indicate that the reaction is reversible. 

Rates of Reaction 

Every reaction has a rate, or speed, at which it proceeds. Some are fast and some 

are extremely slow. The study of reaction rates and reaction mechanisms is known 

as chemical kinetics. 

The rate of a reaction is variable and depends on the concentration of the 

reacting species, the temperature, the presence or absence of catalytic agents, and 

the nature of the reactants. Consider the hypothetical reaction 

A + B— >C+D (forward reaction) 

C + D—+A +B (reverse reaction) 

in which a collision between A and B is necessary for a reaction to occur. The rate 

at which A and B react depends on the concentration or the number of A and B 

molecules present; it will be fastest, for a fixed set of conditions, when they are 

first mixed. As the reaction proceeds, the number of A and B molecules available 

for reaction decreases, and the rate of reaction slows down. If the reaction is 

reversible, the speed of the reverse reaction is zero at first and gradually increases 

as the concentrations of C and D increase. As the number of A and B molecules 

decreases, the forward rate slows down because A and B cannot find one another 

as often in order to accomplish a reaction. To counteract this diminishing rate of 

16.2 Rates of Reaction 

Fog forming on a bathroom 

mirror is a reversible reaction 

familiar to all of us. 

reversible chemical reaction 

chemical kinetics 
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reaction, an excess of one reagent is often used to keep the reaction from becoming 

impractically slow. Collisions between molecules may be likened to be space video 

games. When many objects are on the screen, collisions occur frequently; but if 

only a few objects are present, collisions can usually be avoided. 

Chemical Equilibrium 

equilibrium | Any system at equilibrium represents a dynamic state in which two or more opposing 

processes are taking place at the same time and at the same rate. A chemical 

equilibrium is a dynamic system in which two or more opposing chemical reactions 
are going on at the same time and at the same rate. When the rate of the forward 

chemical equilibrium reaction is exactly equal to the rate of the reverse reaction, a condition of chemical 

equilibrium exists (see Figure 16.2). The concentrations of the products and the 

reactants are not changing, and the system appears to be at a standstill because the 

products are reacting at the same rate at which they are being formed. 

A saturated salt solution is in a condition of equilibrium: 

NaCl(s) <= Na* (aq) + C17 (aq) 

At equilibrium, salt crystals are continuously dissolving, and Na* and Cl~ ions 

are continuously crystallizing. Both processes are occurring at the same rate. 

The ionization of weak electrolytes is another chemical equilibrium system: 

HC,H30,(aq) + H,O(/) —* H30* (ag) + CyH305 (aq) 

In this reaction, the equilibrium is established in a 1 M solution when the forward 

reaction has gone about 1%—that is, when only 1% of the acetic acid molecules 
in solution have ionized. Therefore, only a relatively few ions are present, and the 
acid behaves as a weak electrolyte. In any acid—base equilibrium system the position 
of equilibrium is toward the weaker conjugate acid and base. In the ionization of 
acetic acid, HC,H3O, is a weaker acid than H;0*, and H,O is a weaker base than 
C,H30;3 . 

The reactions represented by 

H(g) + L(g) == 2 HI(g) 

provide another example of chemical equilibrium. Theoretically, 1.00 mol of hydro- 
gen should react with 1.00 mol of iodine to yield 2.00 mol of hydrogen iodide. 
Actually, when 1.00 mol of H, and 1.00 mol of I, are reacted at 700 K, only 1.58 
mol of HI are present when equilibrium is attained. Since 1.58 is 79% of the 
theoretical yield of 2.00 mol of HI, the forward reaction is only 79% complete at 
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<q FIGURE 16.2 

The graph illustrates that the 
rates of the forward and reverse 

reactions become equal at some 

point in time. The forward 

reaction rate decreases as a 

result of decreasing amounts of 

reactants. The reverse reaction 

rate starts at zero and increases 

as the amount of product 

increases. When the two rates 

become equal, a state of 

chemical equilibrium has been 

Reaction rate 

reached. 

Time 

equilibrium. The equilibrium mixture will also contain 0.21 mol each of unreacted 
H, and I, (1.00 mol — 0.79 mol = 0.21 mol): 

700K 
Hy(g) + 1(g) 2HI(g) (This equation represents the condition if the reaction were 

1. iT 2.00 100% complete; 2.00 mol of HI would be formed and no 

ce i nial H, and I, would be left unreacted.) 

W 700K OHI 
a(g) + In(g) (g) (This equation would represent the actual equilibrium at- 

0.21 0.21 1.58 tained starting with 1.00 mol each of H, and I). It shows 

ave nol ol that the forward reaction is only 79% complete.) 

Principle of Le Chatelier 

In 1888, the French chemist Henri Le Chatelier (1850-1936) set forth a simple, far- 

reaching generalization on the behavior of equilibrium systems. This generalization, 
known. as the principle of Le Chatelier, states: principle of Le Chatelier 

The application of Le Chatelier’s principle helps us to predict the effect of changing 

conditions in chemical reactions. We will examine the effect of changes in concentra- 

tion, temperature, and pressure. 
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Effect of Concentration 

on Reaction Rate and Equilibrium 

The way in which the rate of a chemical reaction depends on the concentration of 

the reactants must be determined experimentally. Many simple, one-step reactions 

result from a collision between two molecules or ions. The rate of such one-step 

reactions can be altered by changing the concentration of the reactants or products. 
An increase in concentration of the reactants provides more individual reacting 

species for collisions and results in an increase in the rate of reaction. 

An equilibrium is disturbed when the concentration of one or more of its 

components is changed. As a result the concentration of all species will change, and 

a new equilibrium mixture will be established. Consider the hypothetical equilibrium 

represented by the equation 

AS Ba CAD 

where A and B react in one step to form C and D. When the concentration of B is 

increased, the following occurs: 

1. The rate of the reaction to the right (forward) increases. This rate is propor- 

tional to the concentration of A times the concentration of B. 

2. The rate to the right becomes greater than the rate to the left. 

3. Reactants A and B are used faster than they are produced; C and D are 

produced faster than they are used. 

4. After a period of time, rates to the right and left become equal, and the 

system is again in equilibrium. 

5. In the new equilibrium, the concentration of A is less and the concentrations 

of B, C, and D are greater than in the original equilibrium. 

Conclusion: The equilibrium has shifted to the right. 

Applying this change in concentration to the equilibrium mixture of 1.00 mol of 

hydrogen and 1.00 mol of iodine from Section 16.3, we find that, when an additional 

0.20 mol of I, is added, the yield of HI (based on H,) is 85% (1.70 mol) instead 

of 79%. A comparison of the two systems, after the new equilibrium mixture is 
reached, follows. 

New equilibrium 
1.00 mol Hy + 1.20 moll, | 
Yield: 85% HI (based on Hp) © 

| Equilibrium mixture contains: 
1.58 n a... 1.70 mol Hi. 

0.21 mol H, 7 01S melo. 
Selmi  § . 035m | 

Analyzing this new system, we see that, when the 0.20 mol of I, was added, 
the equilibrium shifted to the right in order to counteract the increase in I, concentra- 
tion. Some of the H, reacted with added I, and produced more HI, until an equilibrium 
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mixture was established again. When I, was added, the concentration of I, increased, 
the concentration of H5 decreased, and the concentration of HI increased. What do 
you think would be the effects of adding (a) more H, or (b) more HI? 

The equation 

Fe** (aq) + SCN~ (aq) == Fe(SCN)?* (aq) 
pale yellow colorless red 

represents an equilibrium that is used in certain analytical procedures as an indicator 
because of the readily visible, intense red color of the complex Fe(SCN)** ion. A 
very dilute solution of iron(II), Fe*+, and thiocyanate, SCN“, is light red. When 
the concentration of either Fe* + or SCN~ is increased, the equilibrium shift to the 
right is observed by an increase in the intensity of the color, resulting from the 
formation of additional Fe(SCN)?*. 

If either Fe? * or SCN~ is removed from solution, the equilibrium will shift 
to the left, and the solution will become lighter in color. When Agt is added to 
the solution, a white precipitate of silver thiocyanate (AgSCN) is formed, thus 
removing SCN ion from the equilibrium: 

Ag* (aq) + SCN7 (aq) <= AgSCN(s) 

The system accordingly responds to counteract the change in SCN~ concentration 

by shifting the equilibrium to the left. This shift is evident by a decrease in the 

intensity of the red color due to a decreased concentration of Fe(SCN)7*. 

Let us now consider the effect of changing the concentrations in the equilibrium 
mixture of chlorine water. The equilibrium equation is 

Cl,(aq) + 2 H,O(/) = HOClK(ag) + H,;0* (ag) + Cl~ (aq) 

The variation in concentrations and the equilibrium shifts are tabulated in the 

following table. An X in the second or third column indicates that the reagent is 

increased or decreased. The fourth column indicates the direction of the equilib- 

rium shift. 

Concentration 

Reagent Increase Decrease Equilibrium shift 

Lett. 
Right 

= Left 
Right 
Left 

Consider the equilibrium in a 0.100 M acetic acid solution: 

HC,H;0,(aq) + H2O0(/) —* H30* (ag) + CzH303 (aq) 

In this solution the concentration of the hydronium ion, H,0*, which is a measure 

of the acidity, is 1.34 X 10~? mol/L, corresponding to a pH of 2.87. What will 

happen to the acidity when 0.100 mol of sodium acetate, NaC,H3Oz, is added to 

1 L of 0.100 M acetic acid, HC,H302? When NaC,H3O, dissolves, it dissociates 

into sodium ions, Na‘, and acetate ions, C)H30>. The acetate ion from the salt 

is a common ion to the acetic acid equilibrium system and increases the total acetate 
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ion concentration in the solution. As a result the equilibrium shifts to the left, 

decreasing the hydronium ion concentration and lowering the acidity of the solution. 

Evidence of this decrease in acidity is shown by the fact that the pH of a solution 

that is 0.100 M in HC,H30, and 0.100 M in NaCjH30, is 4.74. The pH of several 

different solutions of HC,H30, and NaC,H30, is shown in the table that follows. 

Each time the acetate ion is increased, the pH increases, indicating a further shift 

in the equilibrium toward un-ionized acetic acid. 

In summary, we can say that, when the concentration of a reagent on the left 

side of an equation is increased, the equilibrium shifts to the right. When the 

concentration of a reagent on the right side of an equation is increased, the equilibrium 

shifts to the left. In accordance with Le Chatelier’s principle the equilibrium always 
shifts in the direction that tends to reduce the concentration of the added reactant. 

Effect of Pressure on Reaction 
Rate and Equilibrium 

Changes in pressure significantly affect the reaction rate only when one or more of 
the reactants or products is a gas. In these cases the effect of increasing the pressure 
of the reacting gases is equivalent to increasing their concentrations. In the reaction 

A 
CaCO3(s) <= CaO(s) + CO2(g) 

calcium carbonate decomposes into calcium oxide and carbon dioxide when heated 
above 825°C. Increasing the pressure of the equilibrium system by adding CO, or 
by decreasing the volume of the container, speeds up the reverse reaction and causes 
the equilibrium to shift to the left. The increased pressure gives the same effect as 
that caused by increasing the concentration of CO , the only gaseous substance in 
the reaction. 

If the volume of a gas is decreased, the pressure of the gas will increase. In a 
system composed entirely of gases, an increase in pressure will cause the reaction 
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and the equilibrium to shift to the side that contains the smaller number of moles. 

This shift occurs because fewer moles of gas at the same temperature and volume 
will exert less pressure. 

Prior to World War I, Fritz Haber (1868-1934) invented the first major process 

for the fixation of nitrogen in Germany. For this process, Haber received the Nobel 

Prize in chemistry in 1918. In the Haber process nitrogen and hydrogen are reacted 

together in the presence of a catalyst at moderately high temperature and pressure 

to produce ammonia. The catalyst consists of iron and iron oxide with small amounts 
of potassium and aluminum oxides: 

N2(g) + 3 H>(g) = 2 NH;(g) + 92.5 kJ = (at 25°C) 
1 mol 3 mol 2 mol 

1 volume 3 volumes 2 volumes 

The left side of the equation in the Haber process represents 4 mol of gas 

combining to give 2 mol of gas on the right side of the equation. An increase in 

the total pressure on the system shifts the equilibrium to the right. This increase in 

pressure results in a higher concentration of both reactants and products. The equilib- 

rium shifts to the right when the pressure is increased, because fewer moles of NH3 

than moles of N, and H, are in the equilibrium reaction. 

Ideal conditions for the Haber process are 200°C and 1000 atm pressure. 

However, at 200°C the rate of reaction is very slow, and at 1000 atm extraordinarily 

heavy equipment is required. As a compromise the reaction is run at 400-—600°C 

and 200-350 atm pressure, which gives a reasonable yield at a reasonable rate. The 

effect of pressure on the yield of ammonia at one particular temperature is shown 

in Table 16.1. 

TABLE 16.1 ‘The Effect of Pressure ‘on the Conversion of H, and N, to NH, at 
- 450°C* — ae 

Pressure (atm) —‘Yield of NH,(%) Pressure (atm) —_Yield of NH3(%) _ 

204 300 35.5 
8s. ak, | 5a4 
oi | 1000 _ 694 
es 

| __*The starting ratio of Hy to Np is 3 mol to 1 mol. 

A 
Gaseous ammonia is often used 

to add nitrogen to the fields 

before planting and during early 

growth. 
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When the total number of gaseous molecules on both sides of an equation is 

the same, a change in pressure does not cause an equilibrium shift. The following 

reaction is an example: 

No(s), Op @ jr 2 NOL) 
1 mol 1 mol 2 mol 

1 volume 1 volume 2 volumes 

6.022) .107> 6.022 5< 110774" 2161022 x0) 
molecules molecules molecules 

When the pressure on this system is increased, the rate of both the forward and the 

reverse reactions will increase because of the higher concentrations of Nz, O2, and 

NO. But the equilibrium will not shift, because the increase in concentration of 

molecules is the same on both sides of the equation and the decrease in volume is 

the same on both sides of the equation. 

Example 16.1 

Solution 

What effect would an increase in pressure have on the position of equilibrium in 

the following reactions? 

(a) 2 SO2(g) + On(g) == 2 SO3(g) 

(b) H2(g) + Clh(g) == 2 HCl(g) 

(c) N,0,(/) —= 2 NO,(g) 

(a) The equilibrium will shift to the right because the substance on the right 

has a smaller volume than those on the left. 

(b) The equilibrium position will be unaffected because the volumes (or moles) 

of gases on both sides of the equation are the same. 

(c) The equilibrium will shift to the left because N»O,(/) occupies a much 
smaller volume than does 2 NO,(g). 

Practice 16.2 

What effect would an increase in pressure have on the position of the equilib- 
rium in the following reactions? 

(a) 2 NO(g) + Clo(g) —= 2 NOCI(g) 

(b) COBr5(g) ——= CO(g) + Bry(g) 

Effect of Temperature on Reaction 
Rate and Equilibrium 

When the temperature of a system is raised, the rate of reaction increases because 
of increased kinetic energy and more frequent collisions of the reacting species. In 
a reversible reaction the rate of both the forward and the reverse reactions is increased 
by an increase in temperature; however, the reaction that absorbs heat increases to 
a greater extent, and the equilibrium shifts to favor that reaction. 
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<q Light sticks. The chemical 

reaction that produces light in 

these light sticks is endothermic. 

Placing the light stick in hot 

water (right) favors this reaction, 

producing a brighter light than 

when the light stick is in ice 

water (left). 

An increase in temperature generally increases the rate of reaction. Molecules High temperatures may 

at elevated temperatures are more energetic and have more kinetic energy; thus, cause the destruction or 

their collisions are more likely to result in a reaction. However, we cannot assume = decomposition of the 

that the rate of a desired reaction will increase indefinitely as the temperature is raised.  "©2ctants or products. 
When heat is applied to a system in equilibrium, the reaction that absorbs heat 

is favored. When the process, as written, is endothermic, the forward reaction is 

increased. When the reaction is exothermic, the reverse reaction is favored. In this 

sense heat may be treated as a reactant in endothermic reactions or as a product in 

exothermic reactions. Therefore, temperature is analogous to concentration when 

applying Le Chatelier’s principle to heat effects on a chemical reaction. 

Hot coke (C) is a very reactive element. In the reaction 

C(s) + CO,(g) + heat = 2 CO(g) 

very little if any CO is formed at room temperature. At 1000°C the equilibrium 

mixture contains about an equal number of moles of CO and CO>. At higher 

temperatures the equilibrium shifts to the right, increasing the yield of CO. The 

reaction is endothermic, and, as can be seen, the equilibrium is shifted to the right 

at higher temperatures. 
When phosphorus trichloride reacts with dry chlorine gas to form phosphorus 

pentachloride, the reaction is exothermic: 

PCI (1) + Cl(g) <= PCIs(s) + 88 kJ 

Heat must continuously be removed during the reaction to obtain a good yield of 

the product. According to the principle of Le Chatelier, heat will cause the product, 

PCI,, to decompose, re-forming PCl, and Cl). The equilibrium mixture at 200°C 

contains 52% PCls, and at 300°C it contains 3% PCl>, verifying that heat causes 

the equilibrium to shift to the left. The following example illustrates these effects. 
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Example 16.2 What effect would an increase in temperature have on the position of equilibrium 
a . . . 

in the following reactions? 

4 HCl(g) + On(g) — 2 H,O(g) + 2 Clo(g) + 95.4 kJ (1) 

H(g) + Ch(g) — 2 HCl(g) + 185 kJ (2) 

CH,(g) + 2 O2(g) =~ CO,(g) + 2 H,O(g) + 890 kJ (3) 

N,O,4() + 58.6 kJ —= 2 NOd(g) (4) 

2 CO2(g) + 566 kJ == 2 CO(g) + On(g) (5) 

Ho(g) +. by) + 51.9 kK) = 2 Hi(g) (6) 

Solution Reactions (1), (2), and (3) are exothermic; an increase in temperature will cause 

the equilibrium to shift to the left. Reactions (4), (5), and (6) are endothermic; an 

increase in temperature will cause the equilibrium to shift to the right. 

| Practice | é. 3 

What effect would. an increase in temperature he on the pons of the 
equilibrium i in the following reactions? 

(a) 2 SO,(g) + Ong) 22 SO3(g) + 198K 
oS Ha(g) + COxg) + 41 kJ = H,0(g) + CO(g) 

Effect of Catalysts on 
Reaction Rate and Equilibrium 

catalyst A Catalyst is a substance that influences the rate of a reaction and can be recovered 
essentially unchanged at the end of the reaction. A catalyst does not shift the 
equilibrium of a reaction; it affects only the speed at which the equilibrium is 
reached. If a catalyst does not affect the equilibrium, then it follows that it must 
affect the rate of both the forward and the reverse reactions equally. 

The reaction between phosphorus trichloride and sulfur is highly exothermic, 
but it is so slow that very little product, thiophosphoryl chloride is obtained, even 
after prolonged heating. When a catalyst, such as aluminum chloride is added, the 
reaction is complete in a few seconds: 

PCI(1) + S(s) “+ PSC1,(1) 
The lab preparation of oxygen uses manganese dioxide as a catalyst to increase 

the rates of decomposition of both potassium chlorate and hydrogen peroxide: 

2 KCIO,(s) a 2 KCKs) + 3 O,(g) 

2 H,0,(aq) — 2 H,O() + On(g) 



Catalysts are extremely important to industrial chemistry. Hundreds of chemical 

reactions that are otherwise too slow to be of practical value have been put to 

commercial use once a suitable catalyst was found. But in the area of biochemistry, 

catalysts are of supreme importance because nearly all chemical reactions in all 

forms of life are completely dependent on biochemical catalysts known as enzymes. 

Equilibrium Constants 

In a reversible chemical reaction at equilibrium, the concentrations of the reactants 

and products are constant; that is, they are not changing. The rates of the forward 

and reverse reactions are constant, and an equilibrium constant expression can be 

written relating the products to the reactants. For the general reaction 

aA + bBa—cC + dD 

at constant temperature, the following equilibrium constant expression can be 

written: 

x. = felt 
Sa tAlB |” 

where Keg is constant at a particular temperature and is known as the equilibrium 

constant. The quantities in brackets are the concentrations of each substance in 

moles per liter. The superscript letters a, b, c, and d are the coefficients of the 

substances in the balanced equation. The convention is to place the concentrations 

of the products (the substances on the right side of the equation as written) in the 

numerator and the concentrations of the reactants in the denominator. 

Write equilibrium constant expressions for 

(a) 3 Ho(g) + No(g) == 2 NH3(g) 

(b) CO(g) + 2 H2(g) == CH30H(g) 

(a) The only product, NH3, has a coefficient of 2. Therefore, the numerator of 

the equilibrium constant will be [NH;]?. Two reactants are present, Hy with 

- acoefficient of 3 and N, with a coefficient of 1. Therefore, the denominator 

will be [H>]°[N>]. The equilibrium constant expression is 

_ _{NH,/ 
°4  TAQ}°LNd] 

(b) For this equation, the numerator is [CH3;OH] and the denominator is 

[CO][H,]?. The equilibrium constant expression is 

Pate [CH3,0H] 

©4 ~~ [CO}[H2]? 
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equilibrium constant, Keg 

Note that the exponents are 

the same as the coefficients 

in the balanced equation. 

Example 16.3 

Solution 
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Practice 16.4 

_ Write the equilibrium constant expressions for 

(a) 2. N,O3(g) = 4 NO,(g) + 02(g) 

(b) 4 NH3(g) + 3 O2(g) = 2 No(g) + 6 H,O(e) 

The magnitude of an equilibrium constant indicates the extent to which the 

forward and reverse reactions take place. When Kg is greater than 1, the amount 

of the products at equilibrium is greater than the amount of the reactants. When 

Kgq is less than 1, the amount of reactants at equilibrium is greater than the amount 
of the products. A very large value for K., indicates that the forward reaction goes 
essentially to completion. A very small K., means that the reverse reaction goes 
nearly to completion and that the equilibrium is far to the left (toward the reactants). 
Two examples follow: 

HD(e) (eg) —— 2 Hain Ke = 54.8 ae 425°C 

This K,, indicates that more product than reactant exists at equilibrium. 

COCI;(g) == CO(g) + Ch(g) Keg = 7.6 X 10~* at 400°C 

This K.q indicates that COCI, is stable and that very little decomposition to CO 
and Cl, occurs at 400°C. The equilibrium is far to the left. 

When the molar concentrations of all the species in an equilibrium reaction are 
known, the K,, can be calculated by substituting the concentrations into the equilib- 
rium constant expression. 

Example 16.4 Calculate the K., for the following reaction based on concentrations of: 
PCl; = 0.030 mol/L; PCl,; = 0.97 mol/L; Cl, = 0.97 mol/L at 300°C. 

PClI5(g) <= PCla(g) + Cla(g) 
Solution First write the K,, expression; then substitute the respective concentrations into this 

equation and solve: 

— [PCIs][Cl] _ (0.97)(0.97) 

4 [PCI fies, (0.030) sepa 

This K,, is considered to be a fairly large value, indicating that at 300°C the 
decomposition of PCl; proceeds far to the right. 

Practice 16.5 

Calculate the K., for the following reaction. Is the forward or the reverse 
reaction favored? 

2 NO(g) + Oo(g) <= 2 NO,(g) 

when [NO] = 0.050 M, [02] = 0.75 M, [NO,] = 0.25 M 
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lon Product Constant for Water 

We have seen that water ionizes to a slight degree. This ionization is represented 
by these equilibrium equations: 

H,O + H,O = H,0* + OH (1) 

H,O =— H* + OH (2) 

Equation (1) is the more accurate representation of the equilibrium, since free protons 

(H*) do not exist in water. Equation (2) is a simplified and often-used representation 
of the water equilibrium. The actual concentration of H* produced in pure water 

is minute and amounts to only 1.00 x 107’ mol/L at 25°C. In pure water, 

[fH*] = [OH~] = 1.00 x 1077 mol/L 

since both ions are produced in equal molar amounts, as shown in Equation (2). 

The HJO=~ H* + OH™ equilibrium exists in water and in all water solutions. 

A special equilibrium constant called the ion product constant for water, K,,, ion product constant for water, 

applies to this equilibrium. The constant K,, is defined as the product of the Ht Kw 

ion concentration and the OH” ion concentration, each in moles per liter: 

K, = [H*][OH7] 

The numerical value of Ky, is 1.00 x 107 14 since for pure water at 25°C, 

Roe OH w= (100 x 10> (1,00 7x 10-7) = 1.00 x 10-7! 

The value of K,, for all water solutions at 25°C is the constant 1.00 x TOE te 

is important to realize that, as the concentration of one of these ions, H* or OH, 

increases, the other decreases. However, the product of [H*] and [OH ] always 

equals the constant 1.00 x 107 '4’ This relationship can be seen in the examples 

shown in Table 16.2. If the concentration of one ion is known, the concentration 

of the other can be calculated from the Ky, expression. 

Kw 
[H*] K, =(H*)0H-] (H*]=—“*—  [OH-] = 

[OH] 

What is the concentration of (a) H* and (b) OH™ in a 0.001 M HCI solution? Example 16.5 

Remember that HCl is 100% ionized. 

(a) Since all the HCl is ionized, H+ = 0.001 mol/L or 1 X 107? mol/L: Solution 

Helge tH ye oi CLS 

0.001M  0.001M 0.001. M 

(H*] = 1 X 107? mol/L 
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(b). To calculate the [OH] in this solution, use the following equation and 

substitute the values for K,, and [H*]: 

See ke 

= 00x 10-= See 
erie eS ern ee ne 

Practice 16.6 

Determine the [H*] and [OH™ ] in 
(a) 5.0 x 10~° M HNO; (b) 2.0 x 107° M KOH 

Example 16.6 = What is the pH of a 0.010 M NaOH solution? Assume that NaOH is 100% ionized. 

Solution Since all the NaOH is ionized, [OH~] = 0.010 mol/L or 1.0 X 1072 mol/L. 

NaOH —> Nat + OH 

0.00M 0.010M 0.010 M 

To find the pH of the solution, we first calculate the H* ion concentration. Use the 
following equation and substitute the values for K,, and [OH7]: 

KG ee OU LO ene 
[OH~ ]} LO xno. 

pH = —log[H*] = —log(1.0 x 107!%) = 12.00 

[Ht] = = 1002105! pmol/s 

Practice 16.7 

Determine the pH for the following solutions: 
(a) 5.0 X 10-° MHNO, (b) 2.0 x 10-° M KOH 

Just as pH is used to express the acidity of a solution, pOH is used to express 
the basicity of an aqueous solution. The pOH is related to the OH~ ion concentration 
in the same way that the pH is related to the H* ion concentration. 

pOH = —log[OH™] 

Thus, a solution in which [OH~] = 1.0 x 1077, as in Example 16.6, will have 
pOH = 2.00. 

In pure water, where [H*] = 1 X 1077 and [OH~] = 1 X 1077, the pH 
is 7.0, and the pOH is 7.0. The sum of the pH and pOH is always 14.0: 

pH + pOH = 14.00 

In Example 16.6 the pH can also be found by first calculating the pOH from 
the OH™ ion concentration and then subtracting from 14.00. 
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pH = 14.00 — pOH = 14.00 — 2.00 = 12.00 

Table 16.2 summarizes the relationship between [H* ] and [OH ~ ] in water solutions. 

lonization Constants 

As a first application of an equilibrium constant, let us consider the constant for 

acetic acid in solution. Because it is a weak acid, an equilibrium is established 
between molecular HC ,H30, and its ions in solution. The constant is called the acid 

ionization constant, K,, a special type of equilibrium constant. The concentration of 
water in the solution is large compared to other concentrations and does not change 

appreciably, so we use this simplified equation to set up the constant: 

HC,H30,(aq) — H* (aq) + C2H303 (aq) 

The ionization constant expression is the concentration of the products divided by 

the concentration of the reactants: 

oe [H* ][C,H30 3 J 

: [HC,H305] 

It states that the ionization constant, K,, is equal to the product of the hydrogen ion 

[H+] concentration and the acetate ion [C,H3;03] concentration divided by the 

concentration of the un-ionized acetic acid [HC ,H30,]. 
At 25°C, a 0.100 M HC>H;0, solution is 1.34% ionized and has an [H*] of 

1.34 X 107? mol/L. From this information we can calculate the ionization constant 

for acetic acid. 
A 0.100 M solution initially contains 0.100 mol of acetic acid per liter. Of this, 

0.100 mol, only 1.34%, or 1.34 x 10~? mol, is ionized, which gives an [H*] = 

1.34 x 1073 mol/L. Because each molecule of acid that ionizes yields one H* 

and one C,H303, the concentration of C,H30 4 ions is also 1.34 X 107? mol/L. 

This ionization leaves 0.100 — 0.00134 = 0.0987 mol/L of un-ionized acetic acid. 
a aye 

16.11 lonization Constants 413 
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acid ionization constant, K, 

Percent ionization of an acid, 

HA, is determined by dividing 

the concentration of H* or 

A’ ions at equilibrium by the 

initial concentration of HA. 
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TABLE 16.3 Ionization Constants (K,) of Weak Acids at 25°C 

Formula 

Acetic 
Benzoic 
Carbolic (phenol) 
Cyanic 
Formic 

Example 16.7 

Solution 

The quadratic equation is 

—b + Vb?—4ac 

2a 

for the equation 

ay’ + by +c=0 

Hydrocyanic 
Hypochlorous 
Nitrous 
Hydrofluoric 

Substituting these concentrations in the equilibrium expression, we obtain the value 
for K,;: 

x. — WATMC)H303] _ (1.34 x 107%)(1.34 x 107) 
a [HC,H305] (0.0987) 

The K, for acetic acid, 1.82 X 107°, is small and indicates that the position of the 

equilibrium is far toward the un-ionized acetic acid. In fact, a 0.100 M acetic acid 

solution is 98.7% un-ionized. 

Once the K, for acetic acid is established, it can be used to describe other 
systems containing H*, C,H,;035, and HC,H30, in equilibrium at 25°C. The 
ionization constants for several other weak acids are listed in Table 16.3. 

= 1.82 x 107° 

What is the [H*] in a 0.50 M HC3H30, solution? The ionization constant, K,, for 
HO5H,O> issu 10m. 

To solve this problem, first write the equilibrium equation and the K, expression: 

” H*][C,H305] 
HC,H3;0, == H* + C,H.0 x= UIE OR 

We know that the initial concentration of HC,H30, is 0.50 M. We also know from 
the ionization equation that one C,H30 3 is produced for every Ht produced; that 
is, the [H*] and the [C,H,0] are equal. To solve, let Y = [H*], which also 
equals the [C,H30 9 ]. The un-ionized [HC;H30,] remaining will then be 0.50 — 
Y, the starting concentration minus the amount that ionized: 

[H*] = [C,H303] = Y —_ [HC3H30,] = 0.50 — Y 

Substituting these values into the K, expression, we obtain 

wo Oa aes eV? 
*  050-—Y 050-—Y 

=rie M0 

= Ree 10ao 

An exact solution of this equation for Y requires the use of a mathematical equation 
known as the quadratic equation. However, an approximate solution is obtained if 
we assume that Y is small and can be neglected compared with 0.50. Then 0.50 — Y 
will be equal to approximately 0.50. The equation now becomes 

y2 
ee —5 0.50 1.8 x 10 

y* = 0.50 X 1.8 x 1075 = 0.90 x 1075 = 9.0 x 19-6 
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Taking the square root of both sides of the equation, we obtain 

Y= V90 X 107° = 3.0 10> > mol/l. 

Thus, the [H*] is approximately 3.0 x 107? mol/L in a 0.50 M HC5H;0; solution. 
The exact solution to this problem, using the quadratic equation, gives a value of 

2.99 x 107? mol/L for [H*], showing that we were justified in neglecting Y 

compared with 0.50. 

Practice 16.8 

Calculate the hydrogen ion concentration in (a) 0.100 M hydrocyanic acid 
(HCN) solution and (b) 0.0250 M carbolic acid (HC,H;O) solution. 

Calculate the percent ionization ina 0.50 M HC3H30, solution. Example 16.8 

The percent ionization of a weak acid, HA(aq) ——* H* (aq) + A~ (aq), is found Solution 

by dividing the concentration of the H* or A~ ions at equilibrium by the initial 

concentration of HA. For acetic acid, 

concentration of [H*] or [C,H305 ] 
a z x 100 = t ionized 
initial concentration of [HC,H30,] Sake ait, eke 

To solve this problem we first need to calculate the [H*]. This calculation has 

already been done in Example 16.7 for a 0.50 M solution: 

TH? he =93,05% 10~? mol/L in a 0.50 M solution (from Example 16.7) 

This [H* ] represents a fractional amount of the initial 0.50 M HC,H303. Therefore, 

3.0 X 1077 mol/L 
0.50 mol/L 

A 0.50 M HC,H30, solution is 0.60% ionized. 

xX 100 = 0.60% ionized 

Practice 16.9 

Calculate the percent ionization for 

(a) 0.100 M hydrocyanic acid (HCN) 

(b) 0.0250 M carbolic acid (HCsH50) 

Solubility Product Constant 

The solubility product constant, abbreviated K,,, is another application of the solubility product constant, K, 

equilibrium constant. It is the equilibrium constant of a slightly soluble salt. The 

following example illustrates how K,, is evaluated. 
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The solubility of AgCl in water is 1.3 X 107° mol/L at 25°C. The equation 

for the equilibrium between AgCl and its ions in solution is 

AgCl(s) <= Ag* (aq) + Cl7 (aq) 

The equilibrium constant expression is 

= fég* C17) 
ed [AgCl6y] 

The amount of solid AgCl does not affect the equilibrium system provided that 

some is present. In other words, the concentration of solid AgCl is constant whether 

1 mg or 10 g of the salt is present. Therefore, the product obtained by multiplying 

the two constants K,, and [AgCI(s)] is also a constant. This constant is the solubility 

product constant, K,,: 

Keg X [AgCl(s)] = [Ag*][C17] = K,, 

yee Cle 

The K,,, is equal to the product of the [Ag* ] and the [C17], each in moles per liter. 

When 1. 3 X 107° mol/L of AgCl dissolves, it produces 1.3 X 107° mol/L each 

of Ag* and Cl~. From these concentrations the Kp can be evaluated: 

[As* = "1:3" 10>° mol/L-  {Cl7 #132108 nieIE 

K,. = [Ag ICIS] = (1.3 x 10°) 3 x. 1027) =117 «iG? 

Once the K,,, value for AgCl is established, it can be used to describe other systems 
containing hee and Cl™. 

The K,,, expression does not have a denominator. It consists only of the concen- 
trations (mol/L) of the ions in solution. As in other equilibrium expressions, each 
of these concentrations is raised to a power that is the same number as its coefficient 
in the balanced equation. The equilibrium equations and the K,, expressions for 
several other substances follow: 

AgBr(s) — Ag* (aq) + Br (aq) K,, = [Ag™ ][Br7] 
BaSO,(s) <= Ba** (aq) + SO37 (aq) K,, = [Ba**][SO3Z7] 

AgoCrO,(s) — 2Ag* (aq) + CrOZ~ (aq) K,, = [Agt P[Cr037] 

CuS(s) = Cu? (aq) + S?~ (aq) K,, = (Cu?*][S?7] 

Mn(OH)9(s) <= Mn?* (aq) + 20H~ (aq) Kyy = [Mn**+][(OH7] 

Fe(OH)3(s) <= Fe** (aq) + 30H™ (aq) K,, = [Fe** ][0OH~}? 

Table 16.4 lists K,,, values for these and several other substances. 
When the product of the molar concentration of the ions in solution (each raised 

to its proper power) is greater than the K,,, for that substance, precipitation should 
occur. If the ion product is less than the Kop value, no precipitation will occur. 

Write K,,, expressions for AgI and PbI5, both of which are slightly soluble salts. 

First write the equilibrium equations: 

Agl(s) — Ag* (aq) + I (aq) 
PbI,(s) <> Pb?* (aq) + 2 17 (aq) 
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Since the concentration of the solid crystals is constant, the K,, equals the product 

of the molar concentrations of the ions in solution. In the case of PbI,, the [I~ ] 

must be squared: 

K, = [Ag*]07] Kj, = [Pb?* (1-77 

The eo value for lead sulfate is 1.3 X 1078. Calculate the solubility of PbSO, in Example 16.10 

grams per liter. 

First write the equilibrium equation and the K,,, expression: Solution 

PbSO, = Pb?* (aq) + SO%7 (aq) 

Ky = [Pb?*][SO7—] = 1.3 x 107* 

Since the lead sulfate that is in solution is completely dissociated, the [Pb**] or 

[SO%~] is equal to the solubility of PbSO, in moles per liter. Let 

Y = [Pb?*] = [SO47] 
Substitute Y into the K,, equation and solve: 

(pan SO, wh ee 3x 10S 

Yo 13 a0 

YS xe10F moll 

The solubility of PbSO,, therefore, is 1.1 x 10~* mol/L. Now convert mol/L to 

g/L: 

1 mol of PbSO, has a mass of (207.2 g + 32.06 g + 64.00 g) or 303.3 g 

—4 a mol 30338 = 35 x 1072 gL 

The solubility of PbSO, is 3.3 X 107? g/L. 
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Practice 16.11 

The K,,, value for CuS is 9.0 x 10~*°. Calculate the solubility of CuS in 

common ion effect 

Example 16.11 

Solution 

grams per liter. 

An ion added to a solution that already contains that ion is called a common ion. 

When a common ion is added to an equilibrium solution of a weak electrolyte or 

a slightly soluble salt, the equilibrium shifts according to Le Chatelier’s principle. 

For example, when silver nitrate, AgNO3, is added to a saturated solution of AgCl, 

(AgCl(s) == Agt + Cl™), the equilibrium shifts to the left due to the increase 

in the [Ag*]. As a result, the [Cl~ ] and the solubility of AgCl decreases. The AgCl 

and AgNO; have the common ion Ag*. A shift in the equilibrium position upon 

addition of an ion already contained in the solution is known as the common 
ion effect. 

Silver nitrate is added to a saturated AgCl solution until the [Ag* ] is 0.10 M. What 
will be the [Cl~ ] remaining in solution? 

This problem is an example of the common ion effect. The addition of AgNO; puts 
more Ag” in solution; the Ag* combines with Cl~ and causes the equilibrium to 
shift to the left, reducing the [Cl~] in solution. After the addition of Agt to the 
mixture, the [Ag*] and [C17] in solution are no longer equal. 

We use the K,,, to calculate the [Cl ] remaining in solution. The K,, is constant 
at a particular temperature and remains the same no matter how we change the 
concentration of the species involved: 

Kp = [Ag *JIC1-] = 1.7 x 107 1°" “Ae * y= of omolll 

We then substitute the [Ag*] into the K,, expression and calculate the [C17]: 

[OR ON(Cl al alot exet0ne? 

imei: to a -—9 0.10 7 S10 ss mol/c [Cll 

This calculation shows a 10,000-fold reduction of C1~ ions in solution. It illustrates 
that Cl™ ions may be quantitatively removed from solution with an excess of 
Ag* ions. 

Practice 16.12 

Sodium sulfate, Na,SO,, is added to a saturated solution of BaSO, until the 
concentration of sulfate ion is 2.0 X 107? M. What will be the concentration 
of the Ba’* ions remaining in solution? 
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2 

TABLE 16.5 Ionic Composition of Salts and the Nature of the Aqueous 
Solutions They Form 

Nature of 
Type of salt aqueous solution Examples 

Weak base-strong acid Acidic NH,Cl, NH,NO3 
Strong base—weak acid Basic NaC,H30,, K>,CO; 
Weak base—weak acid Depends on the salt NH,C,H30,, NH,NO, 
Strong base-strong acid Neutral NaCl, KBr 

6. 13 Hydrolysis 

Hydrolysis is the term used for the general reaction in which a water molecule is hydrolysis 

split. For example, the net ionic hydrolysis reaction for a sodium acetate solution is 

CyH303 (aq) + H,0() ==> HC,H,0,(ag) + OH (aq) 
In this reaction the water molecule is split, with the Ht combining with C,H,;05 

to give the weak acid HC,H30, and the OH going into solution, making the 

solution more basic. 

Salts that contain an ion of a weak acid undergo hydrolysis. For example, a 

0.10 M NaCN solution has a pH of 11.1. The hydrolysis reaction that causes this 

solution to be basic is 

CN~(aq) + H,O() <2 HCN(aq) + OH (aq) 

If a salt contains the ion of a weak base, the ion hydrolyzes to produce an acidic 

solution. An example is ammonium chloride, which produces the NH¥ and Cl~ in 

solution. The NH4 hydrolyzes to produce an acidic solution: 

NH 4 (aq) + H,O()) —> NH3(aq) + H307 (aq) 
The ions of a salt derived from a strong acid and a strong base, such as NaCl, do 

not undergo hydrolysis and thus form neutral solutions. Table 16.5 lists the ionic 

composition of various salts and the nature of the aqueous solutions that they form. 

Practice 16.13 

Indicate whether each of the following salts would produce an acidic, basic, 

or neutral aqueous solution. 

(a) KCN (b) NaNO3 (c) NH4Br 

| Buffer Solutions: 

16.14 The Control of pH 

The control of pH within narrow limits is critically important in many chemical 

applications and vitally important in many biological systems. For example, human 
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A saltwater aquarium is a buffer 
system. > 

buffer solution 

blood must be maintained between pH 7.35 and 7.45 for the efficient transport of 

oxygen from the lungs to the cells. This narrow pH range is maintained by buffer 

systems in the blood. 

A buffer solution resists changes in pH when diluted or when small amounts 

of acid or base are added. Two common types of buffer solutions are (1) a weak 

acid mixed with its conjugate base and (2) a weak base mixed with its conjugate acid. 

The action of a buffer system can be understood by considering a solution of 

acetic acid and sodium acetate. The weak acid, HC,H3O., is mostly un-ionized and 

is in equilibrium with its ions in solution. The sodium acetate is completely ionized: 

HC,H30,(aq) — H* (aq) + C,H303 (aq) 

NaC,H30,(aq) —> Na* (aq) + CoH303 (aq) 

Because the sodium acetate is completely ionized, the solution contains a much 

higher concentration of acetate ions than would be present if only acetic acid were 

in solution. The acetate ion represses the ionization of acetic acid and also reacts 

with water, causing the solution to have a higher pH (be more basic) than an acetic 
acid solution (see Section 16.5). Thus, a 0.1 M acetic acid solution has a pH of 
2.87, but a solution that is 0.1 M in acetic acid and 0.1 M in sodium acetate has a 
pH of 4.74. This difference in pH is the result of the common ion effect. 

A buffer solution has a built-in mechanism that counteracts the effect of adding 
acid or base. Consider the effect of adding HCl or NaOH to an acetic acid—sodium 
acetate buffer. When a small amount of HCl is added, the acetate ions of the buffer 
combine with the H* ions from HCI to form un-ionized acetic acid, thus neutralizing 
the added acid and maintaining the approximate pH of the solution. When NaOH 
is added, the OH ions react with acetic acid to neutralize the added base and thus 
maintain the approximate pH. The equations for these reactions are 

H e (aq) i C,H30 2 (aq) = HC,H30>(aq) 

OH ~ (aq) + HC,H30(aq) == H,0(/) + C2H3035 (aq) 

Data comparing the changes in pH caused by adding HCl and NaOH to pure 
water and to an acetic acid—sodium acetate buffer solution are shown in Table 16.6. 

The human body has a number of buffer systems. One of these, the hydrogen 
carbonate—carbonic acid buffer, HCO 3 —H,CO3, maintains the blood plasma at a 
pH of 7.4. The phosphate system, HPOZ~ —H>PO37, is an important buffer in the 
red blood cells as well as in other places in the body. 
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Exchange of Oxygen and Carbon Dioxide in the Bl 

The transport of oxygen and carbon 

lioxide between the lungs and tissues is 

| complex process that involves several 
eversible reactions, each of which be- 

laves in accordance with Le Chatelier’s 

rinciple. 

The binding of oxygen to hemoglobin 

s a reversible reaction. The oxygen mole- 

‘ule must attach to the hemoglobin (Hb) 

ind then later detach. The equilibrium 

-quation for this reaction can be written: 

Hb + O, == HbO, 
in the lungs, the concentration of oxygen 

s high and favors the forward reaction. 

Ixygen quickly binds to the hemoglobin 

intil it is saturated with oxygen. 

In the tissues the concentration of oxy- 

yen is lower and in accordance with Le 

Chatelier’s principle: The equilibrium po- 

ition shifts to the left and the hemoglobin 

eleases oxygen to the tissues. Approxi- 

mately 45% of the oxygen diffuses out of 

he capillaries into the tissues where it 

may be picked up by myoglobin, another 

carrier molecule. 
Myoglobin functions as an oxygen 

storage molecule, holding the oxygen un- 

‘il it is required in the energy-producing 

portions of the cell. The reaction between 

myoglobin (Mb) and oxygen can be writ- 

fen as an equilibrium reaction: 

Mb + O, == MbO, 

Since both the hemoglobin and myoglobin 

equations are so similar, what accounts 

for the transfer.of the oxygen from the 

hemoglobin to the myoglobin? Although 

both equilibria involve similar interac- 

tions the affinity between oxygen and 

hemoglobin is different from the affinity 

Oxygen and carbon dioxide are 
exchanged in the red blood cells 

when they are in capillaries. 

between myoglobin and oxygen. In the 

tissues, the position of the hemoglobin 

equilibrium is such that it is 55% saturated 

with oxygen, whereas the myoglobin is 

at 90% oxygen saturation. Under these 

conditions hemoglobin will release oxy- 
gen while myoglobin will bind oxygen. 

Thus, oxygen is loaded onto hemoglobin 

in the lungs and unloaded in the tissue’s 

cells. 
Carbon dioxide produced in the cells 

must be removed from the tissues. Oxy-— 

gen-depleted hemoglobin molecules ac- 

-complish this by becoming carriers of 

carbon dioxide. The carbon dioxide does 

not bind at the heme site as the oxygen 
does, but rather at one end of the protein 

chain. When carbon dioxide dissolves in 

water some of the CO, reacts to release 

hydrogen i ions: 

CO, + H,0 = HCO; - ae 

In order to facilitate the removal of CO, 
from the tissues this equilibrium needs to 

be moved toward the right. This shift is 
_ accomplished by the removal of Ht from 

_ the tissues by the hemoglobin molecule. 

The deoxygenated hemoglobin molecule 

can bind H* ions as well as CO). In the . 
lungs this whole process is reversed SOs z 

_ the CO, is removed from the emt 2s a 

and exhaled. — 
Molecules that are similar i in structure 

to the oxygen molecule can become ans = - a 

volved in competing equilibria. Hemoglo- _ 
bin is capable of binding with carbon 
monoxide, CO, nitrogen monoxide, NO, 
and cyanide,CN . The extent of the com- 

petition depends on the affinity. Since 
these molecules have a greater affinity for 

hemoglobin than oxygen they will effec- = 
_ tively displace oxygen from hemoglobin. 

For ae 

HbO» + coz = HbCO 4 + O, 

Since the affinity of hemoglobin for CO 

is 150 times stronger than its affinity for _ 

oxygen, the equilibrium position lies far 

to the right. This explains why CO is a _ 
poisonous substance and why oxygen is 

administered to victims of CO poisoning. 

The hemoglobin molecules can only trans-_ 

port oxygen if the CO is released and the — 

oxygen shifts the equilibrium toward 
the left. 

421 
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mechanism of a reaction 

activated complex 

activation energy 

FIGURE 16.3 p> 

Mechanism of the reaction 

between hydrogen and iodine. H, 

and I, molecules of sufficient 

energy unite, forming the 

intermediate activated complex 

that decomposes to the product, 
HI. 

TABLE 16.6 Changes in pH Caused by the Addition of HC] and NaOH 

Solution Change in pH 

H,0 (1000 mL) 
H,0 + 0.010 mol HCI 
H,O + 0.010 mol NaOH 

Buffer solution (1000 mL) 
0.10 M HC,H30, + 0.10 M NaC,H;0, 

Buffer + 0.010 mol HCl 

Buffer + 0.010 mol NaOH 

Mechanism of Reactions 

How a reaction occurs—that is, the manner in which it proceeds—is known as the 

mechanism of the reaction. The mechanism is the path, or route, the atoms and 
molecules take to arrive at the products. Our aim here is not to study the mechanisms 
themselves but to show that chemical reactions occur by specific routes. 

When hydrogen and iodine are mixed at room temperature, we observe no 
appreciable reaction. In this case, the reaction takes place as a result of collisions 
between H), and I, molecules, but at room temperature the collisions do not result 
in reaction because the molecules lack sufficient energy to react. We say that an 
energy barrier to reaction exists. If heat is added, the kinetic energy of the molecules 
increases. When molecules of Hz and I, with sufficient energy collide, an intermedi- 
ate product, known as the activated complex, is formed. The amount of energy 
needed to form the activated complex is known as the activation energy. The 
activated complex, HI), is in a metastable form and has an energy level higher 
than that of the reactants or the product. It can decompose to form either the reactants 
or the product. Three steps constitute the mechanism of the reaction: (1) collision 
of an H, and an I, molecule; (2) formation of the activated complex, HI,; and (3) 
decomposition to the product, HI. The various steps in the formation of HI are 
shown in Figure 16.3. Figure 16.4 illustrates the energy relationships in this reaction. 

[Activated complex] 

I, ———~ [H,I1,] ——————~ 2HI 

[H,I,] HI HI 

[Activated complex] 
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<q FIGURE 16.4 
Relative energy diagram for the 

reaction between hydrogen and 

iodine. Energy equal to the 

activation energy is put into the 

system to form the activated 

complex, H,I,. When this 

complex decomposes, it 

liberates energy, forming the 

product. In this case, the 

product is at a higher energy 

level than the reactants, 

indicating that the reaction is 

endothermic and that energy is 

absorbed during the reaction. 
The dashed line represents the 

effect that a catalyst would have 

on the reaction. The catalyst 

lowers the activation energy, 

thereby increasing the rate of 

the reaction. 

Potential energy 

Progress of reaction 

The reaction of hydrogen and chlorine proceeds by a different mechanism. 
When H, and Cl, are mixed and kept in the dark, essentially no product is formed. 

But, if the mixture is exposed to sunlight or ultraviolet radiation, it reacts very 

rapidly. The overall reaction is 

H(g) + Clo(g) —> 2 HCl(g) 

This reaction proceeds by what is known as a free radical mechanism. A free __ free radical 

radical is a neutral atom or group of atoms containing one or more unpaired 
electrons. Both atomic chlorine (:C]-) and atomic hydrogen (H-) have an unpaired 
electron and are free radicals. The reaction occurs in three steps. 

Step 1 Initiation: 

:C:Cl: + hy —> +Cl- + :Cl- 
chlorine free radicals 

In this step a chlorine molecule absorbs energy in the form of a photon, 
hy, of light or ultraviolet radiation. The energized chlorine molecule 

then splits into two chlorine free radicals. 

Step 2 Propagation: 

:Cl- + HH —> HCl + H- 
hydrogen 

free radical 

H- + :Cl:Cl: —> HCl + :Cl 

This step begins when a chlorine free radical reacts with a hydrogen 
molecule to produce a molecule of hydrogen chloride and a hydrogen 

free radical. The hydrogen radical then reacts with another chlorine 

molecule to form hydrogen chloride and another chlorine free radical. 

This chlorine free radical can repeat the process by reacting with another 

hydrogen molecule, and the reaction continues to propagate itself in 

this manner until one or both of the reactants are used up. Almost all 

of the product is formed in this step. 



Step 3 Termination: 

Cl +2: —> Ch, 
Hiss ish nee ca FA 

H- +:Cl/ —> HCl 

Hydrogen and chlorine free radicals can react in any of the three ways 

shown. Unless further activation occurs, the formation of hydrogen 

chloride will terminate when the free radicals form molecules. In an 

exothermic reaction such as that between hydrogen and chlorine, usually 

enough heat and light energy is available to maintain the supply of 

free radicals, and the reaction will continue until at least one reactant 

is exhausted. 

The freon used in automobile air 
cepts in Review conditioners can be converted 

into chlorine free radicals in the 

upper atmosphere. These free 

radicals play a key role in 

creating the hole in the ozone 

layer. 2. Explain why the rate of the forward reaction decreases and the rate of the 
reverse reaction increases as a chemical reaction approaches equilibrium. 

1. Describe a reversible reaction. 

3. Describe the qualitative effect of Le Chatelier’s principle. 

4. Predict how the rate of a chemical reaction is affected by (a) changes in the 

concentration of reactants, (b) changes in pressure of gaseous reactants, (c) 

changes in temperature, and (d) the presence of a catalyst. 

5. Write the equilibrium constant expression for a chemical reaction from a bal- 
anced chemical equation. 

6. Explain the meaning of the numerical constant, K.,, when given the concentra- 
tion of the reactants and products in equilibrium. 

~l - Calculate the concentration of one substance in equilibrium when given the 
equilibrium constant and the concentrations of all the other substances. 

8. Calculate the equilibrium constant, K.g, when given the concentration of re- 
actants and products in equilibrium. 

© Calculate the ionization constant for a weak acid from appropriate data. 

10. Calculate the concentrations of all the chemical species in a solution of a weak 
acid when given the percent ionization or the ionization constant. 

11. Compare the relative strengths of acids by using their ionization constants. 

12. Use the ion product constant for water, K,,, to calculate [H*], [OH™], pH, and 
pOH when given any one of these quantities. 

13. Calculate the solubility product constant, K,,, of a slightly soluble salt when 
given its solubility, or vice versa. 

14. Compare relative solubilities of salts if solubility products are known. 

15. Discuss the common ion effect on a system at equilibrium. 

1 N - Explain hydrolysis and why some salts form acidic or basic aqueous solutions. 

424 
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17. Explain how a buffer solution is able to counteract the addition of small amounts 
of either H* or OH™ ions. 

18. Draw the relative energy diagram of an exothermic or endothermic reaction. 
Label the activation energy, and show the effect of a catalyst. 

The terms listed here have been defined within this chapter. Section numbers are 
referenced in parenthesis for each term. More detailed definitions are given in the 
Glossary. 

acid ionization constant, K, (16.11) 

activated complex (16.15) 

activation energy (16.15) 

buffer solution (16.14) 

catalyst (16.8) 

chemical equilibrium (16.3) 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. How would you expect the two tubes in Figure 16.1 to 

appear if both are at 25°C? 

. Is the reaction N,04 2 2 NO, exothermic or endothermic? 
(See Figure 16.1) 

. At equilibrium how do the forward and reverse reaction 

rates compare? (See Figure 16.2) 

. Would the reaction of 30 mol of H» and 10 mol of No 

produce a greater yield of NH; if carried out in a 1-L or 

a.2-L vessel? (Table 16.1) 

. For each of the solutions in Table 16.2, what is the sum 

of the pH plus the pOH? What would be the pOH of a 

solution whose pH was — 1? 

. Of the acids listed in Table 16.3, which ones are stronger 

than acetic acid and which are weaker? 

. Tabulate the relative order of molar solubilities of AgCl, 

AgBr, AglI, AgC,H30>, PbSO,4, BaSO4, BaCrO,, and PbS. 

List the most soluble first. (Use Table 16.4.) 

. Which compound in each of the following pairs has the 

greater molar solubility? (See Table 16.4) 

(a) Mn(OH)>, or AgoCrO, 

(b) BaCrO, or AgoCrO, 

chemical kinetics (16.2) 

common ion effect (16.12) 

equilibrium (16.3) 

equilibrium constant, K., (16.9) 

free radical (16.15) 

hydrolysis (16.13) 

10. 

11. 

12. 

13. 

14. 

15. 

16. 

17. 

18. 

ion product constant for water, K,, 

(16.10) 

mechanism of a reaction (16.15) 

principle of Le Chatelier (16.4) 

reversible chemical reaction (16.1) 

solubility product constant, K,,, (16.12) 

. Using Table 16.6, explain how the acetic acid—sodium 

acetate buffer system maintains its pH when 0.010 mol 

of HCl is added to 1 L of the buffer solution. 

How would Figure 16.4 be altered if the reaction were exo- 
thermic? 

Explain why a precipitate of NaCl forms when HCl gas 

is passed into a saturated aqueous solution of NaCl. 

Why does the rate of a reaction usually increase when the 

concentration of one of the reactants is increased? 

If pure hydrogen iodide, HI, is placed in a vessel at 

700 K, will it decompose? Explain. 

Why does an increase in temperature cause the rate of 
reaction to increase? 

Give a word description of how equilibrium is reached 

when the substances A and B are first mixed and react as 

a eed Cae aD) 

With dilution, aqueous solutions of acetic acid, HC,H30,, 

show increased ionization. For example, a 1.0 M solution 

of acetic acid is 0.42% ionized, whereas a 0.10 M solution 

is 1.34% ionized. Explain the behavior using the ionization 

equation and equilibrium principles. 

A 1.0 M solution of acetic acid ionizes less and has a 

higher concentration of H* ions than a 0.10 M acetic acid 

solution. Explain this behavior. (See Question 16 for data.) 

What would cause two separate samples of pure water to 

have slightly different pH values? 



19. 

. Explain why silver acetate is more soluble in nitric acid 

21. 

22. 

23. 

25. 

26. 

CHAPTER 16 Chemical Equilibrium 

Why are the pH and pOH equal in pure water? 

than in water. [Hint: Write the equilibrium equation first 

and then consider the effect of the acid on the acetate 

ion.] What would happen if hydrochloric acid were used 

in place of nitric acid? 

Dissolution of sodium acetate, NaC,H3O,, in pure water 

gives a basic solution. Why? [Hint: A small amount of 

HC,H30, is formed. ] 

Describe why the pH of a buffer solution remains almost 

constant when a small amount of acid or base is added 

to it. 

How does Le Chatelier’s principle explain the transport 

of oxygen from the lungs to the tissues? 

. State the similarities and differences between hemoglobin 

and myoglobin. 

Explain how the removal of carbon dioxide from the tis- 

sues is facilitated and accomplished by the hemoglobin 

molecule. 

Which of the following statements are correct? Rewrite 

the incorrect statements to make them correct. 

(a) In a reaction at equilibrium the concentrations of re- 

actants and products are equal. 

(b) A catalyst increases the concentration of products 

present at equilibrium. 

(c) Enzymes are the catalysts in living systems. 

(d) A catalyst lowers the activation energy of a reaction 

by equal amounts for both the forward and the re- 

verse reactions. 
(e) If an increase in temperature causes an increase in 

the concentration of products present at equilibrium, 

the reaction is exothermic. 

(f) The magnitude of an equilibrium constant is indepen- 

dent of the reaction temperature. 

(g) A large equilibrium constant for a reaction indicates 

that the reaction, at equilibrium, favors products 

over reactants. 
(h) The amount of product obtained at equilibrium is 

proportional to how fast equilibrium is attained. 

(i) The study of reaction rates and reaction mechanisms 

is known as chemical kinetics. 

(j) For the reaction 

A 
CaCO,(s) =— CaO(s) + COZ(g) 

increasing the pressure of CO, present at equilibrium will 

cause the reaction to shift left. 

(k) The larger the value of the equilibrium constant, the greater 

the proportion of products present at equilibrium. 

(1) At chemical equilibrium, the rate of the reverse reaction is 

equal to the rate of the forward reaction. 

Statements (m)-(s) pertain to the following equilibrium 

system: 

2 NO(g) + O(g) === 2 NO,(g) + heat 

(m) The reaction as shown is endothermic. 

(n) Increasing the temperature will cause the equilibrium to 

shift left. 

(o) Increasing the temperature will increase the magnitude of 

the equilibrium constant, K.g. 

(p) Decreasing the volume of the reaction vessel will shift the 

equilibrium to the right and decrease the concentrations of 

the reactants. 

(q) Removal of some of the O, will cause an increase in the 

concentration of NO. 

(r) High temperatures and pressures favor increased yields 

of NO,. 

(s) The equilibrium constant expression for the reaction is 

[NO3}° 
Keg — 2 

[NO]*[O>] 
(t) A solution with an [H*] of 1 x 10~> mol/L has a pOH 

of 9. 

(u) An aqueous solution that has an [OH ] of 1 X 10~* mol/L 

has an [H*] of 1 X 107!° mol/L. 

(v) Kg S(T OHS = 1.00 B10 send 
pH + pOH = 14. 

(w) As solid BaSO, is added to a saturated solution of BaSOx,, 

the magnitude of its K,,, increases. 

(x) A solution of pOH 10 is basic. 

(y) The pH increases as the [H*] increases. 

(z) The pH of 0.0500 M Ca(OH), is 13. 
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Paired Exercises 427 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 
numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

27. 

29. 

31. 

33. 

Express the following reversible systems in equation form: 
(a) a mixture of ice and liquid water at 0°C 
(b) crystals of Na,SO, in a saturated aqueous solution 

of NazSO, 

Consider the following system at equilibrium: 

4 NH;(g) + 3 O2(g) == 
2 N2(g) + 6 H,O(g) + 1531 kJ 

(a) Is the reaction exothermic or endothermic? 

(b) If the system’s state of equilibrium is disturbed by 
the addition of O>, in which direction, left or right, 
must the reaction occur to reestablish equilibrium? 

After the new equilibrium has been established, how 

will the final molar concentrations of NH3, O>, N>, 

and HO compare (increase or decrease) with their 

concentrations before the addition of the O,? 

Consider the following system at equilibrium: 

No(g) + 3 Ho(g) == 2 NH3(g) + 92.5 kJ 

Complete the following table. Indicate changes in moles 

by entering I, D, N, or ? in the table. (I = increase, 

D = decrease, N = no change, ? = insufficient informa- 

tion to determine.) 

Direction of 

reaction, left 

or right, to 

reestablish 

equilibrium 

Change in 

number of Change of stress 

imposed on the 

system at 

equilibrium 

(a) Add Np 

(b) Remove H, 

(c) Decrease 

volume of 

reaction vessel 

(d) Increase 

temperature 

For each of the equations that follow, tell in which direc- 

tion, left or right, the equilibrium will shift when the 

following changes are made: The temperature is increased; 

the pressure is increased by decreasing the volume of the 

reaction vessel; a catalyst is added. 

(a) 3 On(g) + 271 kJ == 2 O3(g) 
(b) CHy(g) + Clo(g)==—= CH3Cl(g) + HCl(g) + 110 kJ 

(c) 2NO(g) + 2 Ho(g) —N>(g) + 2 H2O(g) + 665 kJ 

28. 

30. 

32. 

34. 

Express the following reversible systems in equation form: 

(a) liquid water and vapor at 100°C in a pressure cooker 

(b) aclosed system containing boiling sulfur dioxide, SO, 

Consider the following system at equilibrium: 

4 NH3(g) + 3 On(g) == 
2 No(g) + 6 H,O(g) + 1531 kJ 

(a) If the system’s state of equilibrium is disturbed by 

the addition of N>, in which direction, left or right, 

must the reaction occur to reestablish equilibrium? 

After the new equilibrium has been established, how 

will the final molar concentrations of NH3, O., N>, 

and H,O compare (increase or decrease) with their 
concentrations before the addition of the Nz? 

If the system’s state of equilibrium is disturbed by 

the addition of heat, in which direction will the reac- 

tion occur, left or right, to reestablish equilibrium? 
Consider the following system at equilibrium: 

No(g) + 3. Ho(g). ==, 2, NH(g) + 92.5 kJ 

(b) 

Complete the following table. Indicate changes in moles 

by entering I, D, N, or ? in the table. (I = increase, 

D = decrease, N = no change, ? = insufficient informa- 

tion to determine.) 

Direction of 

reaction, left 

or right, to 

reestablish 

equilibrium 

Change in 

number of Change of stress 

imposed on the 

system at 

equilibrium 

(a) Add NH, 

(b) Increase 

volume of 

reaction vessel 

(c) Add catalyst 

(d) Add both H, 

For each of the equations that follow, tell in which direc- 

tion, left or right, the equilibrium will shift when the 

following changes are made: The temperature is increased; 

the pressure is increased by decreasing the volume of the 

reaction vessel; a catalyst is added. 

(a) 2 SO3(g) + 197 kJ == 2 SOj(g) + Op(g) 

(b) 4 NH3(g) + 3 O>(g) == 
2 No(g) + 6 H,O(g) + 1531 kJ 

(c) OF,(g) + H,O(g) ——O,(g) + 2 HF(g) + 318 kJ 
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35. Utilizing Le Chatelier’s principle, indicate the shift (if 36. Utilizing Le Chatelier’s principle, indicate the shift (if 

Sil 

any) that would occur to 

CoH¢(g) + heat —— C,Hy(g) + Ho(g) 

(a) if the concentration of hydrogen gas is decreased 

(b) if the temperature is lowered 

(c) if a catalyst is added 

Write the equilibrium constant expression for each of the 

following reactions: 

(a) 4 HCl(g) + O2(g) == 2 Clo(g) + 2 H20(g) 
(b) No(g) + 3 Ho(g) == 2 NH3(g) 
(c) PCls(g) == PCla(g) + Clo(g) 

38. 

any) that would occur to 

CoH¢(g) + heat == CzHy(g) + Hol(g) 
(a) if C,H, is removed from the system 

(b) if the volume of the container is increased 

(c) if the temperature is raised 

Write the equilibrium constant expression for each of the 

following reactions: 
(a) HClO,(aq) ——= H* (aq) + ClO3 (aq) 

(b) HC,H30,(aq) = H* (aq) + CzH303 (aq) 
(c) 4 NH3(g) + 5 O2(g) == 4 NO(g) + 6 H,0(g) 

39. Write the solubility product expression, K,,, for each of 40. Write the solubility product expression, K,,, for each of 

the following substances: the following substances: 

(a) CuS (c) PbBr. (a) Fe(OH); (c) CaF, 

(b) BaSO, (d) Ag3AsO4 (b) Sb2S5 (d) Ba3(PO4)2 
41. What effect will decreasing the [H*] of a solution have 42. What effect will increasing the [H+] of a solution have 

43. 

on (a) pH, (b) pOH, (c) [OH], and (d) K,,? 

Decide whether each of the following salts forms an acidic, 

basic, or neutral aqueous solution when dissolved in water: 

44, 

on (a) pH, (b) pOH, (c) [OH J, and (d) K,,? 

Decide whether each of the following salts forms an acidic, 

basic, or neutral aqueous solution when dissolved in water: 

(a) KCl (c) K,SO,4 (a) Ca(CN)> (c) NaNO, 
(b) NazCO; (d) (NH4)2SO4 (b) BaBr (d) NaF 

45. Write hydrolysis equations for aqueous solutions of 46. Write hydrolysis equations for aqueous solutions of 

these salts: these salts: 

(a) KNO, (a) NH,NO; 

(b) Mg(CzH30>)2 (b) Na,SO, 

47. Write hydrolysis equations for the following ions: 48. Write hydrolysis equations for the following ions: 

49. 

51. 

53. 

BES 

Oe 

59. 

(a) HCO; 

(b) NH 
One of the important pH-regulating systems in the blood 

consists of a carbonic acid—sodium hydrogen carbonate 

buffer: 

H,CO;(aq) —— H* (aq) + HCO3 (aq) 
NaHCO, (ag) —> Nat (aq) + HCO3 (aq) 

Explain how this buffer resists changes in pH when excess 

acid, H*, gets into the bloodstream. 

Calculate (a) the [Ht], (b) the pH, and (c) the percent 
ionization of a 0.25 M solution of HC,H303. 

(Ko =3 1S 8105) 

A 1.000 M solution of a weak acid, HA, is 0.52% ionized. 

Calculate the ionization constant, K,, for the acid. 

Calculate the percent ionization and pH of solutions of 

HC>H;0, (K, = 1.8 X 107°) having the following mo- 

larities: (a) 1.0 M, (b) 0.10 M, and (c) 0.010 M. 

A 0.37 M solution of a weak acid, HA, has a pH of 3.7. 
What is the K, for this acid? 

A common laboratory reagent is 6.0 M HCl. Calculate 

the [H+], [OH~], pH, and pOH of this solution. 

50. 

52. 

54. 

56. 

*58. 

60. 

(a) OC1™ 
(b) ClO> 

One of the important pH-regulating systems in the blood 

consists of a carbonic acid—sodium hydrogen carbonate 

buffer: 

H,CO3(aq) == H* (aq) + HCO3 (aq) 
NaHCO3(aq) —> Na* (aq) + HCO3 (aq) 

Explain how this buffer resists changes in pH when excess 

base, OH “,, gets into the bloodstream. 

Calculate (a) the [H*], (b) the pH, and (c) the percent 

ionization of a 0.25 M solution of phenol, HCgH;O. 

(Kk, = 13° x10) 

A 0.15 M solution of a weak acid, HA, has a pH of 5. 

Calculate the ionization constant, K,, for the acid. 

Calculate the percent ionization and pH of solutions of 

HCIO (K, = 3.5 X 1078) having the following molari- 

ties: (a) 1.0 M, (b) 0.10 M, and (c) 0.010 M. 

A 0.23 M solution of a weak acid, HA, has a pH of 2.89. 

What is the K, for this acid? 

A common laboratory reagent is 1.0 M NaOH. Calculate 

the [H*], [OH], pH, and pOH of this solution. 



61. 

63. 

65. 

67. 

69. 

Tle 

iS. 

75. 

W1. 

Calculate the pH and the pOH of the following solutions: 
(a) 0.00010 M HCl 
(b) 0.010 M NaOH 

Calculate the [OH~] in each of these solutions: 

(a) (Hp —"T0e< 10-4 
Cb) [E2810 38 

Calculate the [H*] in each of these solutions: 

(a) (OH | ="6.0 <7 107” 
(b) (OH = "15107 

Given the following solubility data, calculate the solubility 

product constant for each substance: 

(a) BaSO,, 3.9 X 107° mol/L 
(b) AgoCrO,, 7.8 X 107> mol/L 
(c) CaSO,, 0.67 g/L 

(d) AgCl, 0.0019 g/L 

Calculate the molar solubility for each of the following 
substances: 

(a) BaCO;, K,, = 2.0 x 10~° 
(b) AIPO,, K,, = 5.8 x 10719 
Calculate for each of the substances in Question 69, the 

solubility in grams per 100. mL of solution. 

Solutions containing 100 mL of 0.010 M Na,SO, and 100 

mL of 0.001 M Pb(NO3), are mixed. Show by calculation 

whether or not a precipitate will form. Assume the volumes 

are additive. (K,, PbSO, = 1.3 x 107 ) 

How many moles of AgBr will dissolve in 1.0 L of 0.10 

M NaBr? (K,, = 5.0 X 1071? for AgBr) 
Calculate the [H+] and the pH of a buffer solution that 

is 0.20 M in HC,H30, and contains sufficient sodium 

acetate to make the [C,H30 5 ] equal to 0.10 M. 

W(KforliC,H,0,°= 1.8 x 107?) 

79. When 1.0 mL of 1.0 M@ HCl is added to 50. mL of 1.0 M@ 

NaCl, the [H*] changes from 1 X 107’ M to 2.0 x 
10~? M. Calculate the initial pH and the pH change in 

the solution. 

62. 

64. 

66. 

68. 

70. 

72. 

*74, 

76. 

78. 

80. 

Paired Exercises 

Calculate the pH and the pOH of the following solutions: 

(a) 0.0025 M NaOH 
(b) 0.10 M HCIO (K, = 3.5 X 107%) 

*(c) Saturated Fe(OH), solution (K,, = 8.0 x 107'°) 
Calculate the [OH ] in each of these solutions: 

(a) fH "4 Oe? 
(b) [H*] = 8.9 x 107? 

Calculate the [H*] in each of these solutions: 

(a) [OH~] = 4.5 x 107° 
(b) [OH~] = 7.3 x 1074 

Given the following solubility data, calculate the solubility 

product constant for each substance: 

(a) ZnS, 3.5 x 107"? mol/L 
(b) Pb(IO3)>, 4.0 x 107° mol/L 
(c) Ag3PO,, 6.73 X 1077 g/L 
(d) Zn(OH),, 2.33 X 1074 g/L 

Calculate the molar solubility for each of the following 

substances: 

(a) Ag,SO,4, Ky, = 1.5 x 107° 
(b) Mg(OH), K,, = 7.1 x 107? 

Calculate for each of the substances in Question 70, the 

solubility in grams per 100. mL of solution. 

Solutions containing 50.0 mL of 1.0 x 10~* M AgNO, 

and 100. mL of 1.0 x 107~* M NaCl are mixed. Show 

by calculation whether or not a precipitate will form. 

Assume the volumes are additive. (K,, AgCl = 1.7 x 
107 ae 

How many moles of AgBr will dissolve in 1.0 L of 0.10 

M MgBr,? (Kz, = 5.0 X 10~'° for AgBr) 

Calculate the [H*] and the pH of a buffer solution that 

is 0.20 M in HC,H30, and contains sufficient sodium 

acetate to make the [C,H30 5 ] equal to 0.20 M. 

(K, for HCjH,0, = 1.8 X 10°”) 

When 1.0 mL of 1.0 M HCl is added to 50. mL of a 

buffer solution that is 1.0 M in HC,H30, and 1.0 M in 

NaC,H30 >, the [H*] changes from 1.8 X 107° M to 

1.9 x 107° M. Calculate the initial pH and the pH change 

in the solution. 
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itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

81. What is the maximum number of moles of HI that can 

be obtained from a reaction mixture containing 2.30 mol 

of I, and 2.10 mol of H,? 

82. (a) How many moles of HI will be produced when 2.00 

mol of H, and 2.00 mol of I, are reacted at 700 K? 

(Reaction is 79% complete.) 

(b) Addition of 0.27 mol of I, to the system increases 

the yield of HI to 85%. How many moles of Hp, lL, 

and HI are now present? 

(c) From the data in part (a), calculate K,, for the reaction 

at 700 K. 

*83. 6.00 g of H>, and 200. g of I, are reacted at 500. K. 

After equilibrium is reached, analysis shows that the flask 

contains 64.0 g of HI. How many moles of Hb, Io, and 

HI are present in this equilibrium mixture? 

84. What is the equilibrium constant of the reaction below 

PCl3(g) + Clo(g) == PCls(g) 

if a 20. L flask contains 0.10 mol of PCl3, 1.50 mol of 

Cl,, and 0.22 mol of PCl,;? 

85. If the rate of a reaction doubles for every 10°C rise in 

temperature, how much faster will the reaction go at 100°C. 

than at 30°C? 

86. Calculate the ionization constant for each of the following 
acids. Each acid ionizes as follows: HA —— H* +A. 

Acid 
Acid concentration [H*] 

Hypochlorous, 0.10 M 5.9 X 107> mol/L 

HOC! 
Propanoic, 0.15 M 1.4 xX 1073 mol/L 

HC3H;0, 
Hydrocyanic, 0.20 M 8.9 X 107° mol/L 

HCN 

87. The K,, of CaF, is 3.9 x 1071. Calculate (a) the molar 
concentrations of Ca?* and F7 in a saturated solution, 

and (b) the grams of CaF, that will dissolve in 500. mL 

of water. 

88. The following pairs of solutions are mixed. Show by 

calculation whether or not a precipitate will form: 

(a) 100 mL of 0.010 M Na2SO, and 100 mL of 0.001 
M Pb(NO3)> 

(b) 50.0 mL of 1.0 x 10~* M AgNO; and 100. mL of 

1.0 x 107* M NaCl 
(c) 1.0 g Ca(NO3), in 150 mL H,O and 250 mL of 0.01 

M NaOH 
K,, PbSO, = 1.3 x 107° 
K,, AgCl = 1.7 x 107" 
K,, Ca(OH) = 1.3 x 107° 

89. BaCl, is added to a saturated BaSO, solution until the 

[Ba”*] is 0.050 M. 
(a) What concentration of SOt a remains in solution? 

(b) How many grams of BaSO, remain dissolved in 100. 

mL of the solution? (K,, = 1.5 Xx 10? for BaSQ,) 

90. The concentration of a solution is 0.10 M Ba”* and 0.10 

M St**. Which sulfate, BaSO, or SrSOx, will precipitate 

first when a dilute solution of H,SO, is added dropwise 

to the solution? Show evidence for your answer. (K,, = 

1.5 X 107° for BaSO, and K,, = 3.5 X 1077 for SrSO4) 

91. The K,,, for PbCl, is 2.0 x 10~>. Will a precipitate form 

when 0.050 mol of Pb(NO3)z and 0.010 mol of NaCl are 

dissolved in 1.0 L HO? Show evidence for your answer. 

92. Calculate the Keg for the reaction 

SO2(g) + On(g) == SO3(g) 

when the equilibrium concentrations of the gases are at 

530°C: [SO3] = 11.0 M, [SOz] = 4.20 M, and [O2] = 
0.60 x 10-7 M 

93. If it takes 0.048 g of BaF, to saturate 15.0 mL of water, 

what is the K,, of BaF? 

94, The K., for the formation of ammonia gas from its ele- 

ments is 4.0. If the equilibrium concentrations of nitrogen 

gas and hydrogen gas are both 2.0 M, what is the equilib- 

rium concentration of the ammonia gas? 

95. The K,, of SrSO, is 7.6 Xx 10~7. Should precipitation 

occur when 25.0 mL of 1.0 X 107? M SrCl, solution is 

mixed with 15.0 mL of 2.0 x 1077 M Na,SO,4? Show 
proof. 

*96. The solubility of HgjI, in H,O is 3.04 x 1077 g/L. 

The reaction Hg], => Hg3+ + 217 represents the 
equilibrium. Calculate the K,,,. 

97. Under certain circumstances, when oxygen gas is heated, 

it can be converted into ozone according to the following 
reaction equation: 

3 O.(g) + heat ree 2 O3(g) 

Name three different ways that you could increase the 
production of the ozone. 



98. 

oo) 

100. 

101. 

102. 

16.1 
16.2 
16.3 

16.4 

16.5 
16.6 

One day in a laboratory, some water spilled on a table. 
In just a few minutes the water had evaporated. Some 
days later, a similar amount of water spilled again. This 
time, the water remained on the table after 7 or 8 hours. 
Name three conditions that could have changed in the lab 
to cause this difference. 

All a snowbound skier had to eat were walnuts! He was 
carrying a bag holding 12 dozen nuts. With his mittened 
hands, he cracked open the shells. Each nut that was 
opened resulted in one kernel and two shell halves. When 
he tired of the cracking and got ready to do some eating, 
he discovered he had 194 total pieces (whole nuts, shell 

halves, and kernels). What is the K.q for this reaction? 

For the reaction CO(g) + H,O(g) ==> CO,(g) + H>(g) 

at a certain temperature, K., is 1. At equilibrium would 
you expect to find: 

(a) only CO and H, 

(b) mostly CO, and H, 

(c) about equal concentrations of CO and H,O, compared 
to CO, and H, 

(d) mostly CO and H,O 

(e) only CO and H,O 

Explain your answer briefly. 

Write the equilibrium constant expressions for each of the 

following reactions: 

(a) 3 On(g) —— 2 O3(g) 
(b) H,O(g) == H,0(/) 
(c) MgCO,(s) —= MgO(s) + CO,(g) 
(d) 2 Bi>* (aq) + 3 H>S(aq) == Bi,S;(s) + 6 H* (aq) 

Reactants A and B are mixed, each initially at a concentra- 

tion of 1.0 M. They react to produce C according to this 

equation: 

ers to Practice Exercises 

(a) Equilibrium shifts left; (b) equilibrium shifts right 

(a) Equilibrium shifts right; (b) equilibrium shifts left 

(a) Equilibrium shifts left; (b) equilibrium shifts night 

[NO.]*[09] [N2}°[H201° (Dee ere CAC amino. * Ye Nor 
Keg = 33; the forward reaction is favored 

(a) [HE ].="5.0 5010-7) [OH T2220 xa10>° 
©) (= 410 107? a(OHF I= 2.0 310° © 

103. 

104. 

*105. 

106. 

107. 

16.7 
16.8 
16.9 
16.10 (a) Ky, 

Answers to Practice Exercises 
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When equilibrium is established, the concentration of C 

is found to be 0.30 M. Find the value of Kee 

At a certain temperature, Keg is 2.2 X 107? for the 

reaction 

2 ICK(g) == L(g) + Ch(g) 

Now calculate the K., value for the reaction 

I,(g) + Ch(g) == 2 ICK(g) 
One drop of 1 M OH™ ion is added to a 1 M solution of 

HNO). What will be the effect of this addition on the 

equilibrium concentration of each of the following: 

(a) [OH™] 
(b) [H*] 
(c) [NO3] 
(d) [HNO}] 
At 500°C the reaction 

SO2(g) + NO2(g) == NO(g) + SO3(g) 

has K,, = 90. What will be the equilibrium concentrations 

of the four gases if the two reactants begin with equal 

concentrations of 0.50 M? 

How many grams of CaSO, will dissolve in 600. mL of 

water? (K,, = 2.0 X 10~* for CaSO,) 

A student found that 0.098 g of PbF, was dissolved 

in 400. mL of saturated PbF2. What is the K,, for the 
lead(II) fluoride? 

(a) 4.30; (b) 8.30 
(a) 6.3 X 10=°8(b)1.8: x 10° 
(a) 6.3 X 10~3% ionized; (b) 7.2 X 10~2% ionized 

= (Cr? *](OH~ }; 
(b) Kp = [Cu?* P[PO{- 7 

16.11 9.1 X 1077! g/L 
16.12 7.5 X 107° mol/L 
16.13 (a) basic; (b) neutral; (c) acidic 
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The variety of chemical reactions that occur in our daily lives is amazing. Our 
society seems to run on batteries—in calculators, cars, toys, lights, thermostats, 
radios, televisions, and more. We polish sterling silver, paint iron railings, and 
galvanize nails to combat corrosion. Jewelry and computer chips are electroplated 
with very thin coatings of gold or silver. Clothes are bleached, and photographs are 
developed in solutions using chemical reactions that involve electron transfer. Tests 
for glucose in urine, or alcohol in the breath show vivid color changes. Plants turn 

energy into chemical compounds through a series of reactions called the electron 

transport chain. All of these reactions involve the transfer of electrons between 

substances in a chemical process called oxidation—reaction. 

Oxidation Number 

The oxidation number of an atom (sometimes called its oxidation state) can be 

considered to represent the number of electrons lost, gained, or unequally shared 

by the atom. Oxidation numbers can be zero, positive, or negative. When the 

oxidation number of an atom is zero, the atom has the same number of electrons 

assigned to it as there are in the free neutral atom. When the oxidation number is 

positive, the atom has fewer electrons assigned to it than there are in the neutral 

atom. When the oxidation number is negative, the atom has more electrons assigned 

to it than there are in the neutral atom. 
The oxidation number of an atom that has lost or gained electrons to form an 

ion is the same as the plus or minus charge of the ion. (See Table 17.1.) In the 

ionic compound NaCl, the oxidation numbers are clearly established to be +1 for 

the Nat ion and —1 for the Cl~ ion. The Na* ion has one less electron than the 
neutral Na atom; and the Cl” ion has one more electron than the neutral Cl atom. 

In MgCl, two electrons have transferred from the Mg atom to the Cl atoms; thus, 

the oxidation number of Mg is +2. 

In covalently bonded substances, where electrons are shared between two atoms, 

oxidation numbers are assigned by a somewhat arbitrary system based on relative 

electronegativities. For symmetrical covalent molecules, such as Hz and Cly, each 

atom is assigned an oxidation number of zero because the bonding pair of electrons 

is shared equally between two like atoms, neither of which is more electronegative 

than the other: 

HH GG 
When the covalent bond is between two unlike atoms, the bonding electrons are 

shared unequally because the more electronegative element has a greater attraction 

for them. In this case the oxidation numbers are determined by assigning both 

electrons to the more electronegative element. 

Thus, in compounds with covalent bonds, such as NH; and H,0, 

H 
>N:H shared pair’ HO: 
He ot electrons 7 H 

Chapter 17 

17.1 Oxidation Number 

17.2 Oxidation—Reduction 

17.3 Balancing Oxidation— 

Reduction Equations 

17.4 Balancing lonic Redox 

Equations 

17.5 Activity Series of Metals 

17.6 Electrolytic and Voltaic 

Cells 

<q Chapter Opening Photo: 

Continuous painting of the 

Golden Gate Bridge is necessary 

to control the corrosion of the 

salt air. 
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oxidation number 

oxidation state 

the pairs of electrons are unequally shared between the atoms and are attracted 

toward the more electronegative elements, N and O. This unequal sharing causes 

the N and O atoms to be relatively negative with respect to the H atoms. At the 

same time, it causes the H atoms to be relatively positive with respect to the N and 

O atoms. In H,O, both pairs of shared electrons are assigned to the O atom, giving 

it two electrons more than the neutral O atom. At the same time, each H atom is 

assigned one electron less than the neutral H atom. Therefore, the O atom is assigned 

an oxidation number of — 2, and each H atom is assigned an oxidation number of 

+1. In NHsg, the three pairs of shared electrons are assigned to the N atom, giving 

it three electrons more than the neutral N atom. At the same time, each H atom has 

one electron less than the neutral atom. Therefore, the N atom is assigned an 

oxidation number of — 3, and each H atom is assigned an oxidation number of + 1. 

The assignment of correct oxidation numbers to elements is essential for balanc- 

ing oxidation—reduction equations. 

The oxidation number or oxidation state of an element is an integer value 
assigned to each element in a compound or ion. This value allows us to keep track 

of electrons associated with each atom. Oxidation numbers have a variety of uses 

in chemistry—from writing formulas, to predicting properties of compounds, and 

assisting in the balancing of oxidation—reduction reactions in which electrons are 
transferred. 

As a starting point, the oxidation number of an uncombined element, regardless 

of whether it is monatomic or diatomic, is zero. Rules for assigning oxidation 
numbers are summarized in Table 17.2. 

Use the following steps to find the oxidation number for an element within 
a compound. 

Step 1 Write the oxidation number of each known atom below the atom in 
the formula. 

Step 2 Multiply each oxidation number by the number of atoms of that element 
in the compound. 

Step 3 Write an equation indicating the sum of all the oxidation numbers in 
the compound. Remember that the sum of all the oxidation numbers 
in a compound must equal zero. 
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Determine the oxidation number of carbon in carbon dioxide: Example 17.1 

CO, 
Step 1 Pe 

Step 2 (-2)2 

Step3 C+ (-4)=0 

C = +4 (oxidation number for carbon) 

ce ee ~~ 

Determine the oxidation number for sulfur in sulfuric acid: Example 17.2 

H,SO, 
Step 1 eA Soe 

Step2 2(+1) = +2 4(-2) = -8 
Step 3 +2 os + (= 5). =.0 

= +6 

Practice I|7.1 

Determine the oxidation number of (a) S in Na,SO,, (b) As in K3AsQy,, 

(c) C in CaCO3. 

Oxidation numbers in a polyatomic ion (ions containing more than one atom) 

are determined in a similar fashion, remembering that in a polyatomic ion the sum 

of the oxidation numbers must equal the charge on the ion instead of zero. 

Determine the oxidation number of manganese in the permanganate ion MnO, : Example 17.3 

MnO, 
Step 1 ae 

Step 2 (—2)4 

Step 3. Mn + (—8) = —1 (the charge on the ion) 

Mn = +7 (oxidation number for manganese) 
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Example 17.4 Determine the oxidation number of carbon in the oxalate ion Cole 

\ ’ 

Example 17.5 Determine the oxidation number of each element in (a) KNO3 and (b) SO2>. 

Solution (a) Potassium is a Group IA metal; therefore it has an oxidation number of +1. 

The oxidation number of each O atom is —2 (Table 17.2, Rule 3). Using these 

values and the fact that the sum of the oxidation numbers of all the atoms in a 

compound is zero, we can determine the oxidation number of N: 

KNO, 

+1 + N+ 3-2) =0 

N=+6-1=+5 

The oxidation numbers are K, +1; N, +5; O, —2. 

(b) SO%~ is an ion; therefore, the sum of oxidation numbers of the S and the O 

atoms must be —2, the charge of the ion. The oxidation number of each O 
atom is —2 (Table 17.2, Rule 3). Then 

SQ? 

S-4e2)=-2, S—8 = =2 

S=-2+8= +6 

The oxidation numbers are S, +6; O, —2. ‘ ; 
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Oxidation—Reduction 

Oxidation-reduction, also known as redox, is a chemical process in which the oxidation-reduction 

oxidation number of an element is changed. The process may involve the complete redox 

transfer of electrons to form ionic bonds or only a partial transfer or shift of electrons 
to form covalent bonds. 

Oxidation occurs whenever the oxidation number of an element increases as _ oxidation 
a result of losing electrons. Conversely, reduction occurs whenever the oxidation —_ reduction 

number of an element decreases as a result of gaining electrons. For example, a 

change in oxidation number from +2 to +3 or from — 1 to 0 is oxidation; a change 

from +5 to +2 or from —2 to —4 is reduction (see Figure 17.1). Oxidation and 

reduction occur simultaneously in a chemical reaction; one cannot take place without 

the other. 

Many combination, decomposition, and single-displacement reactions involve 
oxidation—reduction. Let us examine the combustion of hydrogen and oxygen from 

this. point of view: 

2 HO, 2-0 

Both reactants, hydrogen and oxygen, are elements in the free state and have an 

oxidation number of zero. In the product (water), hydrogen has been oxidized to 

+1 and oxygen reduced to —2. The substance that causes an increase in the 

oxidation state of another substance is called an oxidizing agent. The substance oxidizing agent 

that causes a decrease in the oxidation state of another substance is called a reducing reducing agent 

agent. In this reaction the oxidizing agent is free oxygen, and the reducing agent 

is free hydrogen. In the reaction, 

Zn(s) + H,SO4(ag) —> ZnSO4(aq) + Ho(g) 

metallic zinc is oxidized, and hydrogen ions are reduced. Zinc is the reducing agent, 

and hydrogen ions, the oxidizing agent. Electrons are transferred from the zinc metal 

to the hydrogen ions. The reaction is better expressed as 

Zod O Hes eSO77 > 7n7t 4 SOFT HE 

Oxidation (loss of electrons) <q FIGURE 17.1 

Oxidation Oxidation and reduction. 

number peer Or Sot a3 Pw el 0 IMEEE 2S Bio tt ee Or 7 Oxidation results in an increase 

. in the oxidation number, and 

Reduction (gain of electrons) et ee reduction results in a decrease in 

the oxidation number. 
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Example 17.6 

The oxidizing agent is reduced and gains electrons. The reducing agent is oxidized 

and loses electrons. The transfer of electrons is characteristic of all redox reactions. 

Balancing Oxidation—Reduction 
Equations 

Many simple redox equations can be balanced readily by inspection, or by trial 

and error: 

Na + Cl, —> NaCl (unbalanced) 

2Na + Cl, —>2NaCl (balanced) 

Balancing this equation is certainly not complicated. But as we study more complex 

reactions and equations, such as 

P + HNO; + H,O— > NO + H3PO, (unbalanced) 

3P + 5 HNO; + 2H,O—>5NO + 3H3PO, (balanced) 

the trial-and-error method of finding the proper numbers to balance the equation 

would take an unnecessarily long time. 

One systematic method for balancing oxidation—reduction equations is based 

on the transfer of electrons between the oxidizing and reducing agents. Consider 
the first equation again: 

Na? + CI9 —+NatCl~ (unbalanced) 

In this reaction sodium metal loses one electron per atom when it changes to a 

sodium ion. At the same time chlorine gains one electron per atom. Because chlorine 

is diatomic, two electrons per molecule are needed to form a chloride ion from each 

atom. These electrons are furnished by two sodium atoms. Stepwise, the reaction 
may be written as two half-reactions, the oxidation half-reaction and the reduction 
half-reaction: 

2 Nao == Nate ee oxidation half-reaction 
Cll 4 26s =e Cl reduction half-reaction 

2Na° + Clo —>+2.Na*Cl- 

When the two half-reactions, each containing the same number of electrons, are 
added together algebraically, the electrons cancel out. In this reaction there are no 
excess electrons; the two electrons lost by the two sodium atoms are utilized by 
chlorine. In all redox reactions the loss of electrons by the reducing agent must 
equal the gain of electrons by the oxidizing agent. Here, sodium is oxidized and 
chlorine is reduced. Chlorine is the oxidizing agent; sodium is the reducing agent. 

The following examples illustrate a systematic method of balancing more com- 
plicated redox equations by the change-in-oxidation-number method. 

Balance the equation 

Sn + HNO; —+ SnO, + NO, + H,0 (unbalanced) 



Step 1 

Step 2 

Step 3 

Step 4 

Step 5 
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Assign oxidation numbers to each element to identify the elements that 

are being oxidized and those that are being reduced. Write the oxidation 

numbers below each element in order to avoid confusing them with the 

charge on an ion: 

Sn + H N 03;——~ Sn O, + N O, + H, O 

0 +1+5—2 +4 =—2 +4-—2 te) 

Note that the oxidation numbers of Sn and N have changed. 

Now write two new equations, using only the elements that change in 

oxidation number. Then add electrons to bring the equations into electri- 

cal balance. One equation represents the oxidation step; the other repre- 

sents the reduction step. The oxidation step produces electrons; the 

reduction step uses electrons. 

Soo == Snows dew oxidation 

Sn?° loses 4 electrons 

Noa fers NE reduction 

N°? gains 1 electron 

Now multiply the two equations by the smallest whole numbers that 

will make the loss of electrons by the oxidation step equal to the number 

of electrons gained in the reduction step. In this reaction, the oxidation 

step is multiplied by 1 and the reduction step by 4. The equations 

become 

Sno —— > Sn** Foden oxidation 

Sn° loses 4 electrons 

AN ote Ae= 4 NSS reduction 

4 N°? gain 4 electrons 

We have now established the ratio of the oxidizing to the reducing 

agent as being four atoms of N to one atom of Sn. 

Now transfer the coefficient that appears in front of each substance 

in the balanced oxidation—reduction equations to the corresponding 

substance in the original equation. We need to use 1Sn, 1SnO2, 4 HNO3, 

and 4 NO: 

Sn + 4 HNO, —> SnO, + 4NO, + H,O (unbalanced) 

In the usual manner, balance the remaining elements that are not oxidized 

or reduced to give the final balanced equation: 

Sn + 4 HNO; —> SnO, + 4.NO, + 2H,O (balanced) 

In balancing the final elements, we must not change the ratio of the elements that 

were oxidized and reduced. Make a final check to ensure that both sides of the 

equation have the same number of atoms of each element. The final balanced 

equation contain 1 atom of Sn, 4 atoms of N, 4 atoms of H, and 12 atoms of O on 

each side. 

Solution 
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Because each new equation may present a slightly different problem and because 

proficiency in balancing equations requires practice, we will work through two 

more examples. 

Example 17.7 Balance the equation 

I, + Cl, + H,O —~ HIO3 + HCl (unbalanced) 

Solution Step 1 Assign oxidation numbers: 

0 0 a ae, eee) an alee 

The oxidation numbers of I, and Cl, have changed, I, from 0 to +5, 

and Cl, from 0 to —1. 

Step 2 Write oxidation and reduction steps. Balance the number of atoms and 

then balance the electrical charge using electrons: 

ip eta Oo oxidation 
I, loses 10 electrons 

Cl, + 2e° —+2Cl” reduction 

Cl, gains 2 electrons 

Step 3 Adjust loss and gain of electrons so that they are equal. Multiply the 
oxidation step by 1 and the reduction step by 5: 

IL—2Pt + 10e7 oxidation 
I, loses 10 electrons 

5 Cl, + 10e° —> 10 Cl™ reduction 

5 Cl, gain 10 electrons 

Step 4 Transfer the coefficients from the balanced redox equations into the 
original equation. We need to use 1 I,, 2 HIO3, 5 Cl5, and 10 HCI: 

I, + 5 Cl, + H,O —> 2 HIO; + 10 HCl (unbalanced) 

Step 5 Balance the remaining elements, H and O: 

I, + 5 Cl + 6 H,O —~> 2 HIO; + 10 HCI (balanced) 

Check: The final balanced equation contains 2 atoms of I, 10 atoms of 
Cl, 12 atoms of H, and 6 atoms of O on each side. 

Example 17.8 Balance the equation 

K,Cr,07 + FeCl, + HCl—+ CrCl, + KCl + FeCl; + HO (unbalanced) 

Solution Step 1 Assign oxidation numbers (Cr and Fe have changed): 

K,Cr,0, aE FeCl, ate HCl — CrCl, + KCl + FeCl, te H,0 

+1+6 —2 +2—] +1—1 +3-] +i-1 +3-—] +1—2 
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Step 2 Write the oxidation and reduction steps. Balance the number of atoms 

and then balance the electrical charge using electrons: 

Pe teres Fle 5 oxidation 

Fe** loses 1 electron 

PCr hs Ge -——s7.Cr* “redaction 

2 Cr°* gain 6 electrons 

Step 3 Balance the loss and gain of electrons. Multiply the oxidation step by 

6 and the reduction step by | to equalize the transfer of electrons. 

6 Fe?*+ —-~+ 6 Fe** + 6e oxidation 

6 Fe** lose 6 electrons 

2.07o* + 665 —+2.Cr’* “reduction 

2 Cr°* gain 6 electrons 

Step 4 Transfer the coefficients from the balanced redox equations into the 
original equation. (Note that one formula unit of K,Cr,O7 contains two 

Cr atoms.) We need to use 1 K,Cr,07, 2 CrCl3, 6 FeCly, and 6 FeCl: 

K,Cr.07 + 6 FeCl, + HCl —> 

2 CrCl, + KCl + 6 FeCl; + H,O (unbalanced) 

Step 5 Balance the remaining elements in this order: K, Cl, H, O. 

K,Cr,07 + 6 FeCl, + 14 HCl —> 

2 CrCl, + 2 KCl + 6 FeCl; + 7H,O (balanced) 

Check: The final balanced equation contains 2 K atoms, 2 Cr atoms, U 

O atoms, 6 Fe atoms, 26 Cl atoms, and 14 H atoms on each side. 

- Practice 17.4 

Balance the following equations using the change in oxidation number method: 

(a) HNO; + 5 NO, + H,SO, aE H,O 

(b) CrCl, + MnO, + H,O —> MnCl, + H,CrO4 

(c) KMnO, + HCl + H,S —> KCl + MnCl, + S + H,O 

Balancing lonic Redox Equations 

The main difference between balancing ionic redox equations and molecular redox 

equations is in the handling of ions. In addition to having the same number of each 

kind of element on both sides of the final equation, the net charges must also be 

equal. In assigning oxidation numbers we must be careful to consider the charge 



Chemistry in Action 

Oxidation—reduction reactions are the 
basis for many interesting and useful 

applications in technology. One such ap- 

plication is photochromic glass, which is 

used for the lenses in light-sensitive 

glasses. Lenses manufactured by the 
Corning Glass Company can change from 

transmitting 85% of light to only transmit- 
ting 22% of light when exposed to 

bright sunlight. 
Photochromic glass is composed of 

linked tetrahedrons of silicon and oxygen 

atoms jumbled together in a disorderly 

array, with crystals of silver chloride 
caught in between the silica tetrahedrons. 

When the glass is clear, the visible light 
passes right through the molecules. The 

glass absorbs ultraviolet light, however, 

and this energy triggers an oxidation—re- 

duction reaction between Ag* and C17: 

UV light 
Ag’ + CP ———— Ap® + cle 

Sensitive Sungla s$ 

To prevent the reaction from reversing 
itself immediately, a few ions of Cu* are 
incorporated into the silver chloride crys- 

tal. These Cut ions react with the newly 
formed chlorine atoms: 

Cot + cre —— er sa 

The silver atoms move to the surface of 

the crystal and form small colloidal clus- 

ters of silver metal. This metallic silver 

absorbs visible light, making the lens ap- 

pear dark (colored). 

As the glass is removed from the light, 

the Cu?* ions slowly move to the surface 
of the crystal where they interact with the 

silver metal: 

Cu2t + Ag? —> Cut + Agt 

An oxidation-reduction reaction 

causes these photochromic 

glasses to change from light to 

dark in bright sunlight. 

The glass clears as the silver ions rejoin 
chloride ions in the crystals. 

on the ions. In many respects, balancing ionic equations is much simpler than 

balancing molecular equations. 

Several methods can be used to balance ionic redox equations. These methods 

include, with slight modification, the oxidation-number method just shown for 

molecular equations. But the most popular method is probably the ion—electron 

method, which we will now discuss. 

The ion—electron method uses ionic charges and electrons to balance ionic 

redox equations. Oxidation numbers are not formally used, but it is necessary 

to determine what is being oxidized and what is being reduced. The method is 
as follows: 

1. 

2. 
a 

Write the two half-reactions that contain the elements being oxidized and re- 
duced. 

Balance the elements other than oxygen and hydrogen. 

Balance oxygen and hydrogen. 

Acidic Solution: For reactions that occur in acidic solution, use H* and 
H,O to balance oxygen and hydrogen. For each oxygen needed, use one 

HO. Then add H* as needed to balance the hydrogen atoms. 

Basic Solution: Balancing equations that occur in alkaline solutions is a bit 

more complicated. For reactions that occur in alkaline solutions, first balance 

as though the reaction were in an acidic solution, using Steps 1, 2, and 3. 
Then add as many OH ~ ions to each side of the equation as there are H* 
ions in the equation. Now combine the H* and OH7 ions into water (for 
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example, 4 H* and 4 OH™ give 4 H,O). Rewrite the equation, canceling 

equal numbers of water molecules that appear on opposite sides of the 
equation. 

. Add electrons (e~ ) to each half-reaction to bring them into electrical balance. 

5. Since the loss and gain of electrons must be equal, multiply each half- 

reaction by the appropriate number to make the number of electrons the 

same in each half-reaction. 

6. Add the two half-reactions together, canceling electrons and any other identi- 

cal substances that appear on opposite sides of the equation. 

= 

Balance this equation using the ion—electron method: Example 17.9 

MnO; + S?~ —+Mn?* + S° (acidic solution) 

Step 1 Write two half-reactions, one containing the element being oxidized Solution 

and the other the element being reduced (use the entire molecule or 

ion): 

S*- —+ 8° oxidation 
MnO; —>Mn?* reduction 

Step 2 Balance elements other than oxygen and hydrogen (accomplished in 

Step 1 in this example—1S and 1Mn on each side). 

Step 3 Balance O and H. Remember the solution is acidic. The oxidation 

requires neither O nor H, but the reduction equation needs 4 H,O on 

the right and 8 H* on the left. 

s?- —+ s° 

8 Ht + MnO; —> Mn?* + 4H,0 

Step 4 Balance each half-reaction electrically with electrons: 

S?~ —+ 8° + 2e7 
net charge = —2 on each side 

Se~ + 8 Ht + MnO, —> Mn** + 4H,0 
net charge = +2 on each side 

Step 5 Equalize loss and gain of electrons. In this case multiply the oxidation 

equation by 5 and the reduction equation by 2: 

5 S?- —+5S° + 10e~ 

10e- + 16H*+ + 2 MnO; —> 2 Mn*t + 8H,0 

Step 6 Add the two half-reactions together, canceling the 10e~ from each 

side, to obtain the balanced equation: 

5 S?- —+5S° + l0e~ 
1Oe> + 16H+t + 2MnO,; —+2Mn**t + 8H,0 

16H* + 2MnO;z; + 5S?~ —+2Mn** +5S°+8H,O (balanced) 

Check: Both sides of the equation have a charge of +4 and contain the same 

number of atoms of each element. 
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Example 17.10 Balance the following equation: 

CrO{~ + Fe(OH), —> Cr(OH)3 + Fe(OH)3 (basic solution) 

Solution Step 1 

Step 2 

Step 3 

Step 4 

Step 5 

Write the two half-reactions: 

Fe(OH), —— Fe(OH)3 oxidation 

CrO47~ ——> Cr(OH)3 reduction 

Balance elements other than H and O (accomplished in Step 1). 

Remember the solution is basic. Balance O and H as though the solution 

were acidic. Use HO and H*. To balance O and H in the oxidation 
equation, add 1 HO on the left and | H™ on the right side of the 

equation: 

Fe(OH)» + H,0 — Fe(OH); cr Ht 

Add 1 OH“ to each side: 

Fe(OH), + H,O + OH” —~ Fe(OH); + Ht + OH 

Combine H* and OH™ as H,O and rewrite, canceling H,O on each 

side: 

Fe(OH), + HO + OH7~ —> Fe(OH); + 156 

Fe(OH), + OH™ —— Fe(OH), 

To balance O and H in the reduction equation, add | H,O on the right 

and 5 H™ on the left: 

CrOz;~ + 5H* —>Cr(OH)3 + HO 

Add 5 OH“ to each side: 

CrOz;~— + 5H* + 5OH~ —~>Cr(OH); + HO + 5 OH 

Combine 5 H* + 5 OH” —>5H,0: 

CrO4g” + 5 H,O —> Cr(OH)3 + H,O + 5 OH” 

Rewrite, canceling 1 HO from each side: 

/ cro3- + 4H,O —> Cr(OH); + 5 OH | 

Balance each half-reaction electrically with electrons: 

Fe(OH), + OH” —— Fe(OH); + ce (balanced oxidation 

equation) 

CrO4~ + 4H,0 + 3e° —+Cr(OH)3 +5 OH (balanced reduction 

equation) 

Equalize the loss and gain of electrons. Multiply the oxidation reaction 
by 3: 

3 Fe(OH). + 3 OH” ——~ 3 Fe(OH); + 3e7 

CrO4”~ + 4H,O + 3e7 —+Cr(OH); + 5 OH™ 
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Step 6 Add the two half-reactions together, canceling the 3e~ and 3 OH™ 
from each side of the equation: 

3 Fe(OH), + 3 OH~ —> 3 Fe(OH); + 3e7 
CrO?— + 4H,O + 3e> —> Cr(OH)3 + 5 OH- 

CrO4”~ + 3 Fe(OH), + 4H,0—-+Cr(OH)3 + 3 Fe(OH)3 + 2OH™ (balanced) 

Check: Each side of the equation has a charge of —2 and contains the same 

number of atoms of each element. 

Practice 17.5 

Balance the following equations using the ion—electron method: 

(a) I + NO, ——>I, + NO (acidic solution) 

(b) Cl, + 10; —~I0O, + Cl (basic solution) 

(c) AuCl,; + Sn?* —> Sn*t + AuCl + C17 

Tonic equations can also be balanced by using the change-in-oxidation-number 

method shown in Example 17.6. Let us examine the same equation as in Example 

17.10 to illustrate this method. 

Balance the following equation using the change-in-oxidation-number method: Example 17.11 

CrOz~ + Fe(OH), —~ Cr(OH)3 + Fe(OH)3 (basic solution) 

Steps 1 and 2 Assign oxidation numbers and balance the charges with electrons: Solution 

Crt + 3e— —+Crt reduction 
Cr°* gains 3e7 

Fe?+ —~ Fe?* + e7 oxidation 
Fe~* loses le™ 

Step 3 Equalize the loss and gain of electrons, and then multiply the oxidation 

step by 3: 

Ge es Cr & 

Cr°* gains 3e 

3 Fe2* —+ 3 Fe?t + 3e7 
3 Fe?* lose 3e7 

Step 4 Transfer coefficients back to the original equation: 

CrOz~ + 3 Fe(OH), —~ Cr(OH)3 + 3 Fe(OH); 

Step 5 Balance electrically. Because the solution is basic, use OH to balance 

charges. The charge on the left side is —2, and on the right side is 0. 

Add 2 OH~ ions to the right side of the equation: 

CrO2~ + 3 Fe(OH), —> Cr(OH); + 3 Fe(OH); + 2 OH™ 
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Adding 4 HO to the left side balances the equation: 

CrO,” + 3 Fe(OH), + 4H,O0 — 

Cr(OH)3, + 3 Fe(OH); + 2OH™ (balanced) 

Check: Each side of the equation has a charge of — 2 and contains the 

same number of atoms of each element. 

FIGURE 17.2 

A coil of copper placed in a 

silver nitrate solution forms 

silver crystals on the wire. The 

pale blue of the solution 

indicates the presence of copper 

ions. 

Practice 17.6 

Balance each of the following equations using the change-in-oxidation-num- 
ber method: _ ot a 

(a) Zn —> Zn(OH)4” + Hy (basic solution) 
(b) H,O, + Sn?* —~Sn** (acidic solution) 
(c) Cu + Cu*+ —+Cu,0 _(basic solution) 

Activity Series of Metals 

Knowledge of the relative chemical reactivities of the elements helps to predict the 

course of many chemical reactions. For example, calcium reacts with cold water to 

produce hydrogen, and magnesium reacts with steam to produce hydrogen. There- 

fore, calcium is considered to be a more reactive metal than magnesium: 

Ca(s) + 2 H,O(/) —+ Ca(OH) (aq) + H2(g) 
Mg(s) + H,0(g) —> MgO(s) + H(g) 

steam 

The difference in their activity is attributed to the fact that calcium loses its two 

valence electrons more easily than does magnesium and is therefore more reactive 

and/or more readily oxidized than magnesium. 

When a coil of copper is placed in a solution of silver nitrate (AgNO3), free 

silver begins to plate out on the copper. See Figure 17.2. After the reaction has 
continued for some time, we can observe a blue color in the solution, indicating 

the presence of copper(II) ions. The equations are 

Cus) + 2 AgNO3(aq) —> 2 Ags) + Cu(NO3)9(aq) 

Cu%s) + 2 Ag* (aq) —> 2 Ags) + Cu?*(aq) 

Cu°(s) —> Cu** (aq) + 2e7 

Ag* (aq) + e~ —+ Ags) 

net ionic equation 

oxidation of Cu® 

reduction of Agt 

If a coil of silver is placed in a solution of copper(II) nitrate, Cu(NO3)>, no reaction 
is visible. 

Ags) + Cu(NO3)2(aq) —— no reaction 
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In the reaction between Cu and AgNO;, electrons are transferred from Cu° atoms 

to Ag* ions in solution. Copper has a greater tendency than silver to lose electrons, 

so an electrochemical force is exerted upon silver ions to accept electrons from 

copper atoms. When an Ag* ion accepts an electron, it is reduced to an Ag? atom 

and is no longer soluble in solution. At the same time, Cu° is oxidized and goes 

into solution as Cu?* ions. From this reaction we can conclude that copper is more 
reactive than silver. 

Metals such as sodium, magnesium, zinc, and iron, that react with solutions of 

acids to liberate hydrogen are more reactive than hydrogen. Metals such as copper, 

silver, and mercury, that do not react with solutions of acids to liberate hydrogen 

are less reactive than hydrogen. By studying a series of reactions such as those 

given above, we can list metals according to their chemical activity, placing the 

most active at the top and the least active at the bottom. This list is called the 

activity series of metals. Table 17.3 shows some of the common metals in the 

series. The arrangement corresponds to the ease with which the elements are oxidized 

or lose electrons, with the most easily oxidizable element listed first. More extensive 

tables are available in chemistry reference books. 
The general principles governing the arrangement and use of the activity series 

are as follows: 

1. The reactivity of the metals listed decreases from top to bottom. 

2. A free metal can displace the ion of a second metal from solution, provided 

that the free metal is above the second metal in the activity series. 

3. Free metals above hydrogen react with nonoxidizing acids in solution to 

liberate hydrogen gas. 

4. Free metals below hydrogen do not liberate hydrogen from acids. 

5. Conditions such as temperature and concentration may affect the relative 

position of some of these elements. 

Two examples of the application of the activity series of metals are given in the 

following examples. 

Will zinc metal react with dilute sulfuric acid? 

From Table 17.3 we see that zinc is above hydrogen; therefore zinc atoms will lose 

electrons more readily than hydrogen atoms. Hence, zinc atoms will reduce hydrogen 

ions from the acid to form hydrogen gas and zinc ions. In fact, these reagents are 

commonly used for the laboratory preparation of hydrogen. The equation is 

Zn(s) + HzSO,4(aq) —> ZnSO,(aq) + Ho(g) 

Zn(s) + 2 H*(aq) — Zn?* (ag) + H>(g) net ionic equation 

Will a reaction occur when copper metal is placed in an iron(II) sulfate solution? 

No, copper lies below iron in the series, loses electrons less easily than iron, and 

therefore will not displace iron(II) ions from solution. In fact, the reverse is true. 

When an iron nail is dipped into a copper(II) sulfate solution, it becomes coated 

with free copper. The equations are 

Cu(s) + FeSO,(aq) —— no reaction 

Fe(s) + CuSO,(aq) —~> FeSO,(aq) + Cu(s) 

TABLE 17.3 Activity 

§ 
g 
a] Bie 
So 

6 
ot 
a 
aa} 

activity series of metals 

Example 17.12 

Solution 

Example 17.13 

Solution 
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electrolysis 

electrolytic cell 

cathode 

anode 

eee eee eee ee ee eee eee ee eer ry 

From Table 17.3 we may abstract the following pair in their relative position to 

each other: 

Fe. Fee wee 

Cy Gu | oes 

According to the second principle listed above on the use of the activity series, we 

can predict that free iron will react with copper(II) ions in solution to form free 

copper metal and iron(II) ions in solution: 

Fe(s) + Cu?* (aq) —> Fe** (aq) + Cu(s) net ionic equation 

Electrolytic and Voltaic Cells 

The process in which electrical energy is used to bring about chemical change is 

known as electrolysis. An electrolytic cell uses electrical energy to produce a 

nonspontaneous chemical reaction. The use of electrical energy has many applica- 

tions in the chemical industry—for example, in the production of sodium, sodium 
hydroxide, chlorine, fluorine, magnesium, aluminum, and pure hydrogen and oxygen, 
and in the purification and electroplating of metals. 

What happens when an electric current is passed through a solution? Let us 

consider a hydrochloric acid solution in a simple electrolytic cell, as shown in Figure 
17.3. The cell consists of a source of direct current (a battery) connected to two 
electrodes that are immersed in a solution of hydrochloric acid. The negative elec- 
trode is called the cathode because cations are attracted to it. The positive electrode 
is called the anode because anions are attracted to it. The cathode is attached to 
the negative pole and the anode to the positive pole of the battery. The battery 
supplies electrons to the cathode. 

When the electric circuit is completed, positive hydronium ions (H30* ) migrate 
to the cathode where they pick up electrons and evolve as hydrogen gas. At 
the same time the negative chloride ions (Cl~) migrate to the anode, where they 
lose electrons and evolve as chlorine gas. 

Reaction at the cathode: 

H,0+ + le~ —>+H° + H,O (reduction) 

H° + H° —. H, 
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Voltage 

source 

Anode) Cathode (—) 

Reaction at the anode: 

CP CP te= (oxidation) 

Clerc: Cl, 

electrolysis 
2 HCl(aq) H,(g) + ClL(g) net reaction 

Note that oxidation—reduction has taken place. Chloride ions lost electrons (were 

oxidized) at the anode, and hydronium ions gained electrons (were reduced) at 

the cathode. 

When concentrated sodium chloride solutions (brines) are electrolyzed, the products 

are sodium hydroxide, hydrogen, and chlorine. The overall reaction is 

electrolysis 
es 2 Na* (aq) + 2 Cl (aq) + 2 H,0(/) 

2 Nat (aq)+ 2 OH (aq) + Hy(g) + Cl(g) 

The net ionic equation is 

2 Cl~ (aq) + 2 H,O(1) —> 2 OH (aq) + Ho(g) + Cho(g) 

During the electrolysis, Na* ions move toward the cathode and Cl” ions move 

toward the anode. The anode reaction is similar to that of hydrochloric acid; the 

chlorine is liberated: 

2 Cl” (aq) —> Clo(g) + 2e7 

Even though Na* ions are attracted by the cathode, the facts show that hydrogen 

is liberated there. No evidence of metallic sodium is found, but the area around the 

cathode tests alkaline from the accumulated OH ~ ions. The reaction at the cathode is 

2 H,O(I) + 2e7 —> Ho(g) + 2 OH (aq) 

<q FIGURE 17.3 

During the electrolysis of a 

hydrochloric acid solution, 

positive hydronium ions are 

attracted to the cathode, where 

they gain electrons and form 

hydrogen gas. Chloride ions 

migrate to the anode, where 
they lose electrons and form 

chlorine gas. The equation for 

this process is 

2 HCI(aq) ——~ H,(g) + Ch(g) 
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Electroplating is a process > 

involving oxidation—reduction 
reactions. It can be used to 

protect an object or for 

decorative effect. 

If the electrolysis is allowed to continue until all the chloride is reacted the solution 

remaining will contain only sodium hydroxide, which on evaporation yields solid 

NaOH. Large tonnages of sodium hydroxide and chlorine are made by this process. 

When molten sodium chloride (without water) is subjected to electrolysis, 

metallic sodium and chlorine gas are formed: 

electrolysis 
So 2 Nat(l) + 2C1-(/) 2 Na(/) + Cl(g) 

An important electrochemical application is the electroplating of metals. Electroplat- 

ing is the art of covering a surface or an object with a thin adherent electrodeposited 
metal coating. Electroplating is done for protection of the surface of the base metal 

or for a purely decorative effect. The layer deposited is surprisingly thin, varying 

from as little as 5 X 107° cm to 2 X 1077 cm, depending on the metal and the 

intended use. The object to be plated is set up as the cathode and is immersed in 

a solution containing ions of the metal to be plated. When an electric current passes 
through the solution, metal ions that migrate to the cathode are reduced, depositing 
on the object as the free metal. In most cases the metal deposited on the object is 
replaced in the solution by using an anode of the same metal. The following equations 
show the chemical changes in the electroplating of nickel: 

Reaction at the cathode: Ni? * (aq) + 2e~ —> Ni(s) Ni plated out 

on an object 

Reaction at the anode: Ni(s) —+ Ni?* (aq) + 2e7 Ni replenished 
in solution 

Metals commonly used in commercial electroplating are copper, nickel, zinc, lead, 
cadmium, chromium, tin, gold, and silver. 

In the electrolytic cell shown in Figure 17.3, electrical energy from the voltage 
source is used to bring about nonspontaneous redox reactions. The hydrogen and 
chlorine produced have more potential energy than was present in the hydrochloric 
acid before electrolysis. 

Conversely, some spontaneous redox reactions can be made to supply useful 
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Digital voltmeter <q FIGURE 17.4 

; Zinc-copper voltaic cell. The cell 
has a potential of |.1 volts when 

ZnSO, and CuSO, solutions are 

1.0 M. The salt bridge provides 
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amounts of electrical energy. When a piece of zinc is put in a copper(II) sulfate 

solution, the zinc quickly becomes coated with metallic copper. We expect this 

coating to happen because zinc is above copper in the activity series; copper(II) 

ions are therefore reduced by zinc atoms: 

Zn(s) + Cu2* (ag) —> Zn?* (aq) + Cu%s) 

This reaction is clearly a spontaneous redox reaction, but simply dipping a zinc rod 

into a copper(II) sulfate solution will not produce useful electric current. However, 

when we carry out this reaction in the cell shown in Figure 17.4, an electric current 

is produced. The cell consists of a piece of zinc immersed in a zinc sulfate solution 

and connected by a wire through a voltmeter to a piece of copper immersed in 

copper(II) sulfate solution. The two solutions are connected by a salt bridge. Such 

a cell produces an electric current and a potential of about 1.1 volts when both 

solutions are 1.0 M in concentration. A cell that produces electric current from a 

spontaneous chemical reaction is called a voltaic cell. A voltaic cell is also known _ voltaic cell 

as a galvanic cell. 
The driving force responsible for the electric current in the zinc—copper cell 

originates in the great tendency of zinc atoms to lose electrons relative to the 

tendency of copper(II) ions to gain electrons. In the cell shown in Figure 17.4, zinc 

atoms lose electrons and are converted to zinc ions at the zinc electrode surface; 

the electrons flow through the wire (external circuit) to the copper electrode. Here 

copper(II) ions pick up electrons and are reduced to copper atoms, which plate out 

on the copper electrode. Sulfate ions flow from the CuSO, solution via the salt 

bridge into the ZnSO, solution (internal circuit) to complete the circuit. The equations 

for the reactions of this cell are 

anode Zn°(s) —> Zn’* (aq) + 2e7 (oxidation) 

cathode  Cu2t(ag) + 2e~ —> Cu%s) (reduction) 

net ionic Zn(s) + Cu2*(aq) —> Zn?* (aq) + Cu%s) 

overall Zn(s) + CuSO,(aq) —> Cu(s) + ZnSO,(aq) 
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The redox reaction, the movement of electrons in the metallic or external part 

of the circuit, and the movement of ions in the solution or internal part of the circuit 

of the copper—zinc cell are very similar to the actions that occur in the electrolytic 

cell of Figure 17.3. The only important difference is that the reactions of the zinc— 

copper cell are spontaneous. This spontaneity is the crucial difference between all 

voltaic and electrolytic cells. 

Voltaic cells use chemical reactions to produce electrical energy, and 
- electrolytic cells use electrical energy to produce chemical reactions. 

Although the zinc—copper voltaic cell is no longer used commercially, it was 

used to energize the first transcontinental telegraph lines. Such cells were the direct 

ancestors of the many different kinds of “dry” cells that operate portable radio and 
television sets, automatic cameras, tape recorders, and so on. 

One such “dry” cell, the alkaline zinc—mercury cell, is diagrammed in Figure 

17.5. The reactions occurring in this cell are 

anode Zn° + 2OH7~ —+ ZnO + H,O + 2e~ (oxidation) 

cathode HgO + H,O + 2e7 —+Hg® + 2 OH™ (reduction) 

netionic Zn? + Hg?*+ —+Zn?* + Hg? 

overall Zn° + HgO —> ZnO + Hg? 

To offset the relatively high initial cost, this cell (a) provides current at a very 
steady potential of about 1.5 volts, (b) has an exceptionally long service life—that 
is, high energy output to weight ratio, (c) is completely self-contained, and (d) can 
be stored for relatively long periods of time when not in use. 

An automobile storage battery is an energy reservoir. The charged battery acts 
as a voltaic cell and through chemical reactions furnishes electrical energy to operate 
the starter, lights, radio, and so on. When the engine is running, a generator, or 
alternator, produces and forces an electric current through the battery and, by 
electrolytic chemical action, restores it to the charged condition. 

The cell unit consists of a lead plate filled with spongy lead and a lead dioxide 
plate, both immersed in dilute sulfuric acid solution, which serves as the electrolyte 
(see Figure 17.6). When the cell is discharging, or acting as a voltaic cell, 
these reactions occur: 

Pb plate (anode): Pb° —+ Pb2t + 2e- (oxidation) 

PbO; plate (cathode): PbO, + 4H* + 2e7 —+ Pb?+ + 2H,0 (reduction) 



Corrosion has been a problem for the 
world since the earliest use of metals. One 

familiar example of the complexities of 

corrosion has been the renovation of our 
famous Statue of Liberty. The beautiful 

lady was given to the United States by 

France in 1886. She is constructed of a 

skeleton of iron bars (ribs) that were bent 

to precisely conform to her shape and coy- 

ered with a thin skin of copper. Her skin 

is connected to the skeleton with special 

copper “saddles” or bands that overlap the 
iron bars and are riveted in place. 

Tron will corrode (oxidize) in moist 

air and, if in contact with copper and an 
electrolyte (seawater), the corrosion -rate 

can increase one-hundred-fold. The har- 
bor environment of New York fosters ac- 

celerated corrosion, and within less than 

a century the iron ribs had corroded to a 

point where the lady was in serious danger 

of collapse. 

In order to repair and reinforce the 

statue each of the iron bars (over 1300 in 

all) were replaced one at a time with 

\ New Look for a Great Lady 

The Statue of Liberty was in 

serious danger of collapse before 

renovation. 

Chemistry in Action 

stainless steel, which corrodes much less 

easily. At the same time, the copper sad- 

dles were coated with Teflon to insulate 

them from contact with the iron and fur- 

ther reduce future corrosion. 
The external appearance of the statue 

was left essentially unchanged. The bluish 
green patina is a natural product formed as 

copper undergoes atmospheric corrosion. 

Patina may take several forms and exists 
as a protective film that adheres tightly to 

the surface of the copper and reduces the 

rate of corrosion underneath. 
The patina of the Statue of Liberty is 

primarily CuSO,-3Cu(OH),. It has pro- 

tected the lady well—during her hundred 

years, the copper skin has thinned only 

about 4%. Unfortunately, acid rain ap- 

pears to be changing the patina to Cu- 

SO,4°2Cu(OH)>, which doesn’t bond as 

closely to the copper surface. Chemists 

are concerned that this change will result 

in the loss of patina and increased corro- 
sion of the copper skin. 

Net ionic redox reaction: Pb° + PbO, + 4H* —+2Pb** + 2H,O 

Precipitation reaction on 
plates: Pb?*+ (ag) + SO” (aq) —> PbSO,(s) 

Because lead(II) sulfate is insoluble, the Pb** ions combine with SOz~ ions to 

form a coating of PbSO, on each plate. The overall chemical reaction of the cell is 

discharge Pb(s) + PbO,(s) + 2 H,SO,(aq) 2 PbSO,(s) + 2 H,O(1) 
cycle 

The cell can be recharged by reversing the chemical reaction. This reversal is 

accomplished by forcing an electric current through the cell in the opposite direction. 

Lead sulfate and water are reconverted to lead, lead (IV) oxide, and sulfuric acid: 

h 
2 PbSO,(s) + 2 H,O()) ae Pb(s) + PbO,(s) + 2 H»SO,(aq) 

The electrolyte in a lead storage battery is a 38% by mass sulfuric acid solution 

having a density of 1.29 g/mL. As the battery is discharged, sulfuric acid is removed, 

thereby decreasing the density of the electrolyte solution. The state of charge or 

453 
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Cross-sectional diagram of a lead 
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discharge of the battery can be estimated by measuring the density (or specific 

gravity) of the electrolyte solution with a hydrometer. When the density has dropped 

to about 1.05 g/mL, the battery needs recharging. 

In a commercial battery, each cell consists of a series of cell units of alternating 

lead—lead (IV) oxide plates separated and supported by wood, glass wool, or fiber- 
glass. The energy storage capacity of a single cell is limited, and its electrical 
potential is only about 2 volts. Therefore, a bank of six cells is connected in series 

to provide the 12-volt output of the usual automobile battery. 

cepts in Review 

1. Assign oxidation numbers to all the elements in a given compound or ion. 

Determine which element is being oxidized and which element is being reduced 
in an oxidation—reduction reaction. 

3. Identify the oxidizing agent and the reducing agent in an oxidation—reduction re- 
action. 

4. Balance oxidation—reduction equations in molecular and ionic forms. 

5. Outline the general principles concerning the activity series of the metals. 

6. Use the activity series to determine whether a proposed single-displacement 
reaction will occur. 

7. Distinguish between an electrolytic and a voltaic cell. 

8. Draw a voltaic cell that will produce electric current from an oxidation—reduction 
reaction involving two metals and their salts. 

9. Identify the anode reaction and the cathode reaction in a given electrolytic or 
voltaic cell. 
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Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

activity series of metals (17.5) 

anode (17.6) 

cathode (17.6) 

electrolysis (17.6) 

electrolytic cell (17.6) 

oxidation (17.2) 

oxidation number (17.1) 

oxidation—reduction (17.2) 

oxidation state (17.1) 

oxidizing agent (17.2) 

redox (17.2) 

reducing agent (17.2) 

reduction (17.2) 

voltaic cell (17.6) 

stions 

Questions refer to tables, figures, and key words and 6. An NiCl, solution is placed in the apparatus shown in Figure 

concepts defined within the chapter. A particularly 17.3, instead of the HCI solution shown. Write equations for 

challenging question or exercise is indicated with an (a) the anode reaction 

asterisk. (b) the cathode reaction 

1. In the equation (c) the net electrochemical reaction 

I > Ch 6 HO — > 2 HIO; 42 10) HE 

(a) has iodine been oxidized or has it been reduced? 

(b) has chlorine been oxidized or has it been reduced? 

(Figure 17.1) 

. Based on Table 17.3, which element of each pair is 

more active? 

. What is the major distinction between the reactions occur- 

ring in Figure 17.3 and those in Figure 17.4? 

. In the cell shown in Figure 17.4, 

(a) what would be the effect of removing the voltmeter and 

connecting the wires shown coming to the voltmeter? 

(b) what would be the effect of removing the salt bridge? 

(a) Ag or Al 9. Why are oxidation and reduction said to be complemen- 

Sy we tary processes? 
i 

. Based on Table 17.3, will the following combinations react 

in aqueous solution? 

(a) Zn + Cu?* 

(b) Ag + H* 

(e) Ba + FeCl, 

(f) Pb + NaCl 

(c) Sn + Ag* (g) Ni + Hg(NO3). 
(d) As + Mg?t (h) Al + CuSO, 

. The reaction between powdered aluminum and iron(II) 

oxide (in the thermite process) producing molten iron is 

very exothermic. 
(a) Write the equation for the chemical reaction that occurs. 

(b) Explain in terms of Table 17.3 why a reaction occurs. 

(c) Would you expect a reaction between powdered iron 

and aluminum oxide? 

(d) Would you expect a reaction between powdered alumi- 

num and chromium(III) oxide? 

. Write equations for the chemical reaction of each of the 

following metals with dilute solutions of (a) hydrochloric 

acid and (b) sulfuric acid: aluminum, chromium, gold, iron, 

copper, magnesium, mercury, and zinc. If a reaction will not 

occur, write “no reaction” as the product. (See Table 17.3) 

10. 

11. 

12. 

13. 

14. 

15. 

16. 

17. 

When molten CaBr> is electrolyzed, calcium metal and 

bromine are produced. Write equations for the two half- 

reactions that occur at the electrodes. Label the anode half- 

reaction and the cathode half-reaction. 

Why is direct current used instead of alternating current in 

the electroplating of metals? 

What property of lead IV oxide and lead(II) sulfate makes 

it unnecessary to have salt bridges in the cells of a lead 

storage battery? 

Explain why the density of the electrolyte in a lead storage 

battery decreases during the discharge cycle. 

In one type of alkaline cell used to power devices such as 

portable radios, Hg”* ions are reduced to metallic mercury 

when the cell is being discharged. Does this reduction occur 

at the anode or the cathode? Explain. 

Differentiate between an electrolytic cell and a voltaic cell. 

Why is a porous barrier or a salt bridge necessary in some 

voltaic cells? 

Explain the chemical basis for the corrosion and deteriora- 

tion of the Statue of Liberty. 



18. 

19. 

20. 

CHAPTER !7 Oxidation—Reduction 

What is patina? How does it act to protect an object from 

further corrosion? 

What is photochromic glass? How does it work? 

Which of the following statements are correct? Rewrite the 

incorrect statements to make them correct. 

(a) An atom of an element in the uncombined state has 

an oxidation number of zero. 

(b) The oxidation number of molybdenum in NayMoO, 

is +4. 

(c) The oxidation number of an ion is the same as the 

electrical charge on the ion. 

(d) The process in which an atom or an ion loses electrons 

is called reduction. 

(e) The reaction Fe*>* + e~ —— Fe** is a reduction re- 

action. 

(f) In the reaction 

2 Al -- 3\CuCl, —— 2 AlCl, + 3 Cu 

aluminum is the oxidizing agent. 

(g) In a redox reaction the oxidizing agent is reduced and 

the reducing agent is oxidized. 

(h) Cu? —~ Cu?* is a balanced oxidation half-reaction. 
(i) In the electrolysis of sodium chloride brine (solution), 

Cl, gas is formed at the cathode, and hydroxide ions 

are formed at the anode. 

(j) Inany cell, electrolytic or voltaic, reduction takes place 

at the cathode, and oxidation occurs at the anode. 

(k) In the Zn—Cu voltaic cell, the reaction at the anode is 

7 > ii 7 eee 

The statements in (1) through (o) pertain to this activity 

series: 

Ba Mg Zn Fe H Cu Ag 

(1) The reaction Zn + MgCl, —~> Mg + ZnCl is a 

spontaneous reaction. 
(m) Barium is more active than copper. 

(n) Silver metal will react with acids to liberate hydro- 

gen gas. 
(o) Iron is a better reducing agent than zinc. 

(p) Oxidation and reduction occur simultaneously in a 

chemical reaction; one cannot take place without the 

other. 

(q) A free metal can displace from solution the ions of a 

metal that lie below the free metal in the activity series. 

(r) In electroplating, the piece to be electroplated with a 

metal is attached to the cathode. 

(s) In an automobile lead storage battery, the density of 

the sulfuric acid solution decreases as the battery dis- 

charges. 

(t) In an electrolytic cell, chemical energy is used to pro- 

duce electrical energy. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

21. 

23. 

What is the oxidation number of the underlined element in 

each compound? 

(a) NaCl 
(b) FeCl, 
(c) PbO, 
(d) NaNO; 
(e) H,SO3 

(f) NH,Cl 
What is the oxidation number of the underlined elements? 

(a) Ss’ 
(b) NOx 
(c) Na,O 
(d) Bin 

22. 

24. 

What is the oxidation number of the underlined element in 

each compound? 

(a) KMnO, 
(b) L 
(c) NH 
(d) KCIO; 
(e) K,Cr04 

(f) K,Cr,0, 
What is the oxidation number of the underlined elements? 

(a) Op 
(b) AsOq~ 
(c) Fe(OH); 
(d) 103" 



25. 

27. 

29. 

31. 

33. 

In the following half-reactions, which element is changing 
oxidation state? Is the half-reaction an oxidation or a reduc- 
tion? Supply the proper number of electrons to the proper 
side to balance each equation. 
(a) Zn?+ —+ Zn 
(b) 2 Br” —> Br, 

(c) MnO; + 8 H* —>+Mn** + 4H,0 
(d) Ni —> Ni*t 

In the following unbalanced equations, 
(a) identify the element that is oxidized and the element 

that is reduced. 
(b) identify the oxidizing agent and the reducing agent: 

(1)°Cr + HCl——+ Cr€l, + H, 

(2) SOg” +1” + H* —>H,S + lL, + HZO 

Balance these equations by the change-in-oxidation-num- 
ber method: 

(a) Zn + S —> ZnS 

(b) AgNO, + Pb —~ Pb(NO3), + Ag 

(c) Fe,0; + CO —> Fe + CO, 

(d) H,S.+ HNO; —>S + NO + H,O 
(€) MnO, + HBr —> MnBr, + Br, + H,O 

Balance the following ionic redox equations using the ion— 

electron method. All of these reactions occur in acidic so- 

lution. 

(a) Zn + NO; —~> Zn?* + NH} 
(b) NO; + S—~>NO, + SO47 

(c) PH, + I, —~> H;PO, + I~ 

(d) Cu + NOZ —> Cu?t + NO 
*(e) ClO; + Cl” —~>ChL 

Balance the following ionic redox equations using the ion— 

electron method. All of these reactions occur in basic solu- 

tions. 

(a) Cl 1035; —— Cl 10; 

(b) MnO, + ClO; —~> MnO, + ClO; 

(cy se see SeO3 

*(d) Fe304 + MnO, —— Fe,03 + MnO, 

z(C)ebrOme CuO) a> bie CrOne 

28. 

30. 

32. 

34. 

Paired Exercises 

- In the following half-reactions, which element is changing 

oxidation state? Is the half-reaction an oxidation or a reduc- 

tion? Supply the proper number of electrons to the proper 

side to balance each equation: 

(a) SOl>34+ HO ——>SOz> + 2Ht 
(b) NO; + 4H* —+NO + 2H,0 
(c) S,0{- + 2H,O —.2S037> + 4Ht 
(d) Fe*+ —-> Fe?+ 

In the following unbalanced equations, 

(a) identify the element that is oxidized and the element 

that is reduced. 

(b) identify the oxidizing agent and the reducing agent: 

(1) AsH; + Ag* + H,0—+H,AsO, + Ag + H* 
(2) Cl, + NaBr — NaCl + Br, 

Balance these equations by the change-in-oxidation-num- 

ber method: 

(a) Cl + KOH —— KCI + KCIO, + H,O 

(b) Ag + HNO; —~ AgNO; + NO + H,O 

(c) CuO + NH; —~>N, + Cu + H,O 

(d) PbO, + Sb + NaOH ——> PbO + NaSbO, + H,O 
(e) H,O, + KMnO, + H,SO, —> 

O, + MnSO, + K,SO, + H,O 

Balance the following ionic redox equations using the ion— 

electron method. All of these reactions occur in acidic so- 

lution. 

(a) ClO; + IT —>+1,+d- 

(b) Cr,077. + Fe** —— Cr?* + Fe** 
(c) MnO, + SO, —> Mn?* + SOZ7 
(d) H3AsOz; + MnO, —~> HAsO, + Mn?+ 

#(e) Cr,03- + HAsO; —> Cr?* + HAsO, 

Balance the following ionic redox equations using the ion— 

electron method. All of these reactions occur in basic solu- 

tions. 

(a) MnO; + SO3~ —+ MnO, + SO{- 
(b) ClO, + SbOz —~> ClOz + Sb(OH)¢ 

(c) Al + NO; ——> NH; + Al(OH), 

= (C1) eae). ast met 

#(¢) 2AlS Ol me Al(OH) ails 
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itional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

35: 

% 

37. 

38. 

Cl, 
39. 

*40. 

*41. 

*42. 

*43. 

The chemical reactions taking place during discharge in a 

lead storage battery are 

Pb + SO{7 ——> PbSO, 
PbO, + SO{~ + 4H* —~ PbSO, + 2 HO 

(a) Complete each half-reaction by supplying electrons. 

(b) Which reaction is oxidation and which is reduction? 

(c) Which reaction occurs at the anode of the battery? 

Use the following unbalanced redox equation to indicate 

KMnO, + HCl —~ KCl + MnCl, + H,O + Cl, 

(a) the oxidizing agent 

(b) the reducing agent 

(c) the number of electrons that are transferred per mole 

of oxidizing agent 

How many moles of NO gas will be formed by the reaction 

of 25.0 g of silver with nitric acid? 

Ag + HNO, —~> AgNO; + NO + H,O (unbalanced) 

What volume of chlorine gas, measured at STP, is required 

to react with excess KOH to form 0.300 mol of KCIO3? 

+ KOH —~ KCI + KCIO; + H,O (unbalanced) 

What mass of KMnO, would be needed to react with 100. 

mL of H,O, solution (d = 1.031 g/mL, 9.0% H,O, by 

mass)? 

H,O, ia KMnO, stn H,SO, =——> 

O, + MnSO, + K,SO, + H,O (unbalanced) 

What volume of 0.200 M K,Cr,07 will be required to 

oxidize 5.00 g of H3AsO3? 

Cr,03~— + H,AsO;—>Cr3* + HAsO, (unbalanced) 

What volume of 0.200 M K,Cr,07 will be required to 

oxidize the Fe** ion in 60.0 mL of 0.200 M FeSO, solu- 
tion? 

Cr,03~ + Fe** —+Cr?* + Fe?*+ (unbalanced) 

A sample of crude potassium iodide was analyzed using 

the following reaction (not balanced): 

I~ + SO{~ —~I, + HS (acid solution) 

If a 4.00-g sample of crude KI produced 2.79 g of iodine, 

what is the percent purity of the KI? 

What volume of NO gas, measured at 28°C and 744 torr, 

will be formed by the reaction of 0.500 mol of Ag reacting 

with excess nitric acid? 

45. 

46. 

47. 

48. 

49. 

50. 

=5I8 

Ag + HNO;——> AgNO; + NO + H,O (unbalanced) 
. How many moles of H, can be produced from 100.0 g of 

Al according to the following reaction? 

Al + OH~ —~> Al(OH), + H, (basic solution) 

There is something incorrect about each of the following 

half-reactions: 

(a) Cut + e7 —>Cu’*t - (b) Pb?* +c?” —>Pb 
Identify what is wrong, and correct each half-reaction. 

Why can oxidation never occur without reduction? 

The following observations were made concerning four 

different metals: A, B, C, and D. 

(a) When a strip of metal A is placed in a solution of 

ions, no reaction is observed. 

(b) Similarly, A in a solution containing C* ions produces 

no reaction. 

(c) When a strip of metal D is placed in a solution of C* 
ions, black metallic C deposits on the surface of D, 

and the solution tests positively for D?* ions. 
(d) When a piece of metallic B is placed in a solution of 

D** ions, metallic D appears on the surface of B and 

B?* ions are found in the solution. 

Arrange the ions, A*, B?*, C*, and D** in order of their 
ability to attract electrons. List them in order of increas- 

ing ability. 

B2+ 

Tin normally has oxidation numbers of 0, +2, and +4. 

Which of these species can be an oxidizing agent, which 

can be a reducing agent, and which can be both? In each 

case, what product would you expect as the tin reacts? 

Manganese is an element that can take on numerous oxida- 

tion states. In each of these compounds, identify the oxida- 

tion number of the manganese. Which compound would 

you expect to be the best oxidizing agent and why? 

(a) Mn(OH), 
(b) MnF, 
(c) MnO, 
(d) K,MnO, 
(e) KMnO, 

Which of these equations represent oxidations? 

(a) Mg —> Mg?* 
(b) SO, —> SO, 
(c) KMnO, —~> MnO, 

(d) Cl,03 —- C]™ 

In the equation that follows, one can see the reaction be- 

tween manganese (IV) oxide and bromide ions: 

MnO, + Br~ —> Bry + Mn?*t 



(a) Balance this redox reaction in acidic solution. 
(b) How many grams of MnO, would be needed to produce 

100.0 mL of 0.05 M Mn?2*? 
(c) How many liters of bromine vapor at 50°C and 1.4 

atm would also result? 

52. Use the table shown below to complete the following reac- 
tions. If no reaction occurs, write NR: 
(a) F, + Cl7 —> Activity 
(b) Bry + C17 —> at F 

(c) lL = Che ——— a Z 

(d) Bry + IT —~> 3 Cl, 

=| Bro 
° 

4| Lb 
o 

53. Manganese metal reacts with HCl to give hydrogen gas 
and the Mn?* ion in solution. Write a balanced equation 
for the reaction. 

54. If zinc is allowed to react with dilute nitric acid, zinc is 
oxidized to the +2 ion, while the nitrate ion can be reduced 

to ammonium, NHj’. Write a balanced equation for the 
reaction in acidic solution. 

55. In each of the following equations, identify 

(a) the atom or ion oxidized 

(b) the atom or ion reduced 

(c) the oxidizing agent 

(d) the reducing agent 

(e) the change in oxidation number associated with each 

oxidizing process 

(f) the change in oxidation number associated with each 

reducing process 

(1) C3Hg = O, —— CO, TS H,0 

(2) HNO; + HjS —>NO +S + 4H,0 

(3) CuO + NH; —~>N, + H,O + Cu 

(4) H,0, + Na,SO3; —~ Na,SO, + H,O 

(5) H,0, —~> H,O + O, 

ers to Practice Exercises 

17.1 (a) S = +6, (b) As = +5, (c) C = +4 

17.2 (Note: H = +1 even though it comes second in the 

formula; N is a nonmetal.) 

GaN == 3; (b) .Cri="--G, (©) (P= 3-5 

WS (@)ebea— --2-.Cl = — 1b) He ol Cli: 

O= —2, ©) H = +1; 0 = —17@ N= —3; 

He—e (ee bte— a) Or) 

17.4 (a) 6 HNO3 + S —~> 6 NO, + H,SO, + 2H,0, 

(b) 2 CrCl, + 3 MnO, + 2 H,O — > 3 MnCl, + 

2 NBEOKOS (CS) 2 UMNO => hy is(@lh a) Veh Sy 

2 KCI + 2 MnCl, + 5S + 8 H,O 

Answers to Practice Exercises 459 

56. In the galvanic cell shown in the diagram, a strip of silver 

is placed in a solution of silver nitrate, and a strip of lead 

placed in a solution of lead(II) nitrate. The two beakers are 

connected with a salt bridge. Determine 

(a) the anode 

(b) the cathode 

(c) where oxidation occurs 

(d) where reduction occurs 

(e) which direction electrons flow through the wire 

(f) which direction ions flow through the solution 

17.5 (a) 4H* + 217 + 2NOZ —>]L, + 2NO + 2H,0, 
(b) 2OH~ + Cl, + 10; —+IO; + H,O + 2C1-, 
(c) AuCly + Sn?+ — > Sn** + AuCl + 3Cl7 

17.6 (a) Zn + 2 H,O + 2 OH~ —~> Zn(OH){~ + Hb, 
(b) H,O, + Sn?* + 2H+t —~+Sn** + 24,0, 
(c) Cu + Cu** + 20H” —>Cu,0 + HO 

17.7 (a) yes, (b) no, (c) no 
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An unusual telephone conversation originated from the University of Chicago in 
December of 1942. The caller was American physicist Arthur Compton. “Jim,” he 
said, “the Italian navigator has just landed in the new world.” The reference was 
to the great physicist Enrico Fermi; the landing was the first controlled atomic chain 
reaction; and the new world was the dawning of the nuclear age. 

A new world indeed! Locked within the nucleus of an atom is a source of 
tremendous energy. Its power can be devastating, as seen in the effects of nuclear 
weapons, or accidents such as Three Mile Island or Chernobyl. But nuclear energy 
can also be harnessed to perform such useful tasks as generating power, treating 
cancer, and preserving food. Isotopes are used in medicine to diagnose illness and 
detect minute quantities of drugs or hormones. Researchers are using radioactive 
tracers to sequence the human genome. The applications of nuclear chemistry are 
important in medicine, industry, history, and research. Its impact both threatens and 
enhances our lives and our future. 

Discovery of Radioactivity 

One of the most important steps leading to the discovery of radioactivity was made 
in 1895 by Wilhelm Konrad Roentgen (1845-1923). Roentgen discovered X rays 

when he observed that a vacuum discharge tube, enclosed in a thin, black cardboard 

box, caused a nearby piece of paper coated with barium platinocyanide to glow 

with a brilliant phosphorescence. From this and other experiments he concluded 

that certain rays, which he called X rays, were emitted from the discharge tube, 

penetrated the box, and caused the salt to glow. Roentgen also showed that X rays 

could penetrate other bodies and affect photographic plates. This observation led 
to the development of X-ray photography. 

Shortly after this discovery, Antoine Henri Becquerel (1852-1908) attempted 

to show a relationship between X rays and the phosphorescence of uranium salts. 

In one of his experiments he wrapped a photographic plate in black paper, placed 

a sample of uranium salt on it, and exposed it to sunlight. The developed photographic 

plate showed that rays emitted from the salt had penetrated the paper. Later Becquerel 

prepared to repeat the experiment, but, because the sunlight was intermittent, he 
placed the entire setup in a drawer. Several days later he developed the photographic 

plate, expecting to find it only slightly affected. He was amazed to observe an 

intense image on the plate. He repeated the experiment in total darkness and obtained 

the same results, proving that the uranium salt emitted rays that affected the photo- 

graphic plate without its being exposed to sunlight. In this way Becquerel discovered 
radioactivity, but the actual name radioactivity was given to this phenomenon two 

years later (in 1898) by Marie Curie. Radioactivity is the spontaneous emission of 

particles and/or rays from the nucleus of an atom. Elements having this property 

are said to be radioactive. Becquerel later showed that the rays coming from uranium 

were able to ionize air and were also capable of penetrating thin sheets of metal. 

In 1898, Marie Sklodowska Curie (1867—1934) and her husband Pierre Curie 

(1859-1906) turned their research interests to radioactivity. In a short time the 

Curies discovered two new elements, polonium and radium, both of which are radio- 
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Marie Curie (1867-1934). 
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nucleon 

nuclide 

active. To confirm their work on radium they processed 1 ton of pitch-blende residue 

ore to obtain 0.1 g of pure radium chloride, which they used to make further studies 

on the properties of radium and to determine its atomic mass. 

In 1899, Ernest Rutherford began to investigate the nature of the rays emitted 

from uranium. He found two particles, which he called alpha and beta particles. 

Soon he realized that uranium, while emitting these particles, was changing into 

another element. By 1912, over 30 radioactive isotopes were known, and many 

more are known today. The gamma ray, a third type of emission from radioactive 

materials and similar to an X ray, was discovered by Paul Villard in 1900. After 

the description of the nuclear atom by Rutherford, the phenomenon of radioactivity 

was attributed to reactions taking place in the nuclei of atoms. 

The symbolism and notation described for isotopes in Chapter 5 is very useful 

in nuclear chemistry and is briefly reviewed here: 

Mass number 

eX Symbol of element 

Atomic number 

For example, 738U represents a uranium isotope with an atomic number of 92 and 

a mass number of 238. This isotope is also designated as U-238 or uranium-238 

and contains 92 protons and 146 neutrons. The protons and neutrons collectively 

are known as nucleons. The mass number is the total number of nucleons in the 

nucleus. Table 18.1 shows the isotopic notations for several particles associated 

with nuclear chemistry. 

When we speak of isotopes, we generally mean atoms of the same element 

with different masses, such as '$0, 40, '80. In nuclear chemistry, we use the term 

nuclide to mean any isotope of any atom. Thus '8O and 733U are referred to as 

nuclides. Nuclides that spontaneously emit radiation are referred to as radionuclides. 

TABLE 18.1 Symbols in Isotopic Notation for Several Particles (and Small 
Isotopes) Associated with Nuclear Chemistry 

Atomic number Mass number 
Particle Symbol Z A 

Neutron én 
Proton iH 
Beta particle (electron) Ae 

Positron (positive electron) +fe 

Alpha particle (helium nucleus) 4He 

Deuteron (heavy hydrogen nucleus) 7H 
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Natural Radioactivity 

Radioactive elements continuously undergo radioactive decay, or disintegration, radioactive decay 
to form different elements. The chemical properties of an element are associated 
with its electronic structure, but radioactivity is a property of the nucleus. Therefore, 
neither ordinary changes of temperature and pressure nor the chemical or physical 
state of an element has any effect on its radioactivity. 

The principal emissions from the nuclei of radionuclides are known as alpha 
rays (or particles), beta rays (or particles), and gamma rays. Upon losing an alpha 
or beta particle, the radioactive element changes into a different element. We will 
explain this process in detail later. 

Each radioactive nuclide disintegrates at a specific and constant rate, which is 
expressed in units of half-life. The half-life (t,/) is the time required for one-half _haif-life 
of a specific amount of a radioactive nuclide to disintegrate. The half-lives of the 

elements range from a fraction of a second to billions of years. For example, 

“32U has a half-life of 4.5 x 10° years, 728Ra has a half-life of 1620 years, and 
'2C has a half-life of 2.4 seconds. To illustrate, if we start today with 1.0 g of 

238Ra, we will have 0.50 g of *28Ra remaining at the end of 1620 years; at the end 
of another 1620 years, 0.25 g will remain; and so on. 

1.0 g 726Ra — 0.50  * 2c oe 0.25 g *26Ra 
1620 y ae 

The half-lives of the various radioisotopes of the same element are different 

from one another. Half-lives for some isotopes of radium, carbon, and uranium are 

listed in Table 18.2. A radioactive decay curve is illustrated in Figure 18.1. 

The half-life of '33I is 8 days. How much !23I will be left of a 32-g sample after Example 18.1 

five half-lives? 

This problem can be solved by using the graph in Figure 18.1. To find the number Solution 

of grams of '*'I left after one half-life, trace a perpendicular line from 8 days on 

the x axis to the line on the graph. Now trace a horizontal line from this point on 

the plotted line to the y axis and read the corresponding grams of '31T_ This process 

continues for each half-life, adding 8 days to the previous value on the x axis. 

Half-lives 0 1 2 3 4 5 

Number of days SG 2 248 32. 5 40 

Amount remaining 32's) 1621 (8 gor 4 gs Ze oP es 

Starting with 32 g, 1 g of '3'I will be left after five half-lives (40 days). 
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FIGURE 18.1 > 
Radioactive decay curve for '33I, 

which has a half-life of 8 days: 

"nl —> "Xe + Te 

Example 18.2 

Solution 

131 

Grams of 531 

8 3 

—_ So 

0 Tee ee ee eae 
Time (days) 

In how many half-lives will 10.0 g of a radioactive nuclide decay to less than 10% 
of its original value? 

Ten percent of the original amount is 1.0 g. After the first half-life, half of the 

original material remains and half has decayed. After the second half-life, one-fourth 

of the original material remains, which is one-half of the starting amount at the end 
of the first half-life. This progression continues, reducing the quantity remaining by 
half for each half-life that passes. 

Half-lives O- 1 2 3 4 

Percent remaining 100% 50% 25% 12.5% 6.25% 

Amount remaining 10.0g 5.00g 250g 1.25¢ 0.6252 

Therefore, the amount remaining will be less than 10% sometime between the third 
and the fourth half-lives. 
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Photographic 

plate 
<q FIGURE 18.2 

The effect of an electromagnetic 

field on alpha, beta, and gamma 

rays. Lighter beta particles are 

deflected considerably more 

than alpha particles. Alpha and 

beta particles are deflected in 

opposite directions. Gamma 

radiation is not affected by the 

electromagnetic field. 

Lead block Electromagnet 

Radioactive 

source 

Practice 18.1 

‘The half-life of '£C is 5668 years. How much '4C will remain after 
lives in a sample that initially contains 25.0 g? eS . 

Nuclides are said to be either stable (nonradioactive) or unstable (radioactive). 

All elements that have atomic numbers greater than 83 (bismuth) are naturally 

radioactive, although some of the nuclides have extremely long half-lives. Some of 

the naturally occurring nuclides of elements 81, 82, and 83 are radioactive, and 

some are stable. Only a few naturally occurring elements that have atomic numbers 

less than 81 are radioactive. However, no stable isotopes of element 43 (technetium) 

or of element 61 (promethium) are known. 
Radioactivity is believed to be a result of an unstable ratio of neutrons to protons 

in the nucleus. Stable nuclides of elements up to about atomic number 20 generally 

have about a 1:1 neutron-to-proton ratio. In elements above number 20 the neutron- 

to-proton ratio in the stable nuclides gradually increases to about 1.5:1 in element 

number 83 (bismuth). When the neutron-to-proton ratio is too high or too low, 

alpha, beta, or other particles are emitted to achieve a more stable nucleus. 

Properties of Alpha Particles, 
Beta Particles, and Gamma Rays 

The classical experiment proving that alpha and beta particles are oppositely charged 

was performed by Marie Curie (see Figure 18.2). She placed a radioactive source 

in a hole in a lead block and positioned two poles of a strong electromagnet so that 

the radiations that were given off passed between them. The paths of three different 

kinds of radiation were detected by means of a photographic plate placed some 

distance beyond the electromagnet. The lighter beta particles were strongly deflected 

toward the positive pole of the electromagnet; the heavier alpha particles were less 

strongly deflected and in the opposite direction. The uncharged gamma rays were 
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alpha particle 

beta particle 

not affected by the electromagnet and struck the photographic plates after traveling 

along a path straight out of the lead block. 

Alpha Particle 

An alpha particle consists of two protons and two neutrons, has a mass of about 

4 amu, a charge of +2, and is considered to be a doubly charged helium atom. It 

is usually given one of the following symbols: a, He?*, or 3He. When an alpha 

particle is emitted from the nucleus, a different element is formed. The atomic 

number of the new element is 2 less and the mass is 4 amu less than that of the 

starting element. 

238 For example, when *33U loses an alpha particle, 736Th is formed, because two 

neutrons and two protons are lost from the uranium nucleus. This disintegration 

may be written as a nuclear equation: 

2 con Lee of 9) oUt oe 

For the loss of an alpha particle from 72$Ra, the equation is 

26a + 22Rn + 4He or = 36Ra > 22Rn + 
A nuclear equation, like a chemical equation, consists of reactants and products 

and must be balanced. To have a balanced nuclear equation, the sum of the mass 

numbers (superscripts) on both sides of the equation must be equal, and the sum 

of the atomic numbers (subscripts) on both sides of the equation must be equal: 

sum of mass numbers equals 226 

226 222 4 pa hla ie: Ele 

sum of atomic numbers equals 88 

What new nuclide will be formed when 739Th loses an alpha particle? This 
loss is equivalent to two protons and two neutrons. The new nuclide will have a 
mass of (230 — 4) or 226 amu and will contain (90 — 2) or 88 protons, so its 
atomic number is 88. Locate the corresponding element on the periodic chart. It is 
226Ra or radium-226. 

Beta Particle 

The beta particle is identical in mass and charge to an electron; its charge is — 1. 
Both a beta particle and a proton are produced by the decomposition of a neutron: 

1 1 0 
Qn 1D 1c 

The beta particle leaves, and the proton remains in the nucleus. When an atom loses 
a beta particle from its nucleus, a different element is formed that has essentially 
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the same mass but an atomic number that is 1 greater than that of the starting 
element. The beta particle is written as B or _e. 

_ Loss of a beta particle from the nucleus results in 
no change in the mass number (A) 

increase of 1 in the atomic number (Z) 

Examples of equations in which a beta particle is lost are 

oath, 234Pa Es B 

234pa 2341y 4 _% 

*g2Pb —> *35Bi + B 

Gamma Ray 

Gamma rays are photons of energy. A gamma ray is similar to an X ray, but is gamma ray 

more energetic. They have no electrical charge and no measurable mass. Gamma 

rays emanate from the nucleus in many radioactive changes along with either alpha 

or beta particles. The designation for a gamma ray is y. Gamma radiation does not 

result in a change of atomic number or the mass of an element. 

"Loss of a gamma ray from the nucleus results in 
no change in mass number (A) or atomic number (Z) 

(a) Write an equation for the loss of an alpha particle from the nuclide rept Example 18.3 

(b) What nuclide is formed when aeeRa loses a beta particle from its nucleus? 

(a) Loss of an alpha particle, $He, means the loss of two neutrons and two protons. Solution 

This change results in a decrease of 4 in the mass number and a decrease of 2 

in the atomic number: 

Mass of new nuclide: A — 4 or 194 — 4 = 190 

Atomic number of new nuclide: Z— 2 or 78 — 2 = 76 

Looking up element number 76 on the periodic table, we find it to be osmium, 

Os. The equation, then, is 

art — 100s + 4He 

(b) The loss of a beta particle from a ?2*Ra nucleus means a gain of | in the atomic 

number with no essential change in mass. 

The new nuclide will have an atomic number of (Z + 1) or 89, which is 

actinium, Ac. The nuclide formed is *Z5Ac: 

228Ra — eaaAe a _% 
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Example 18.4 What nuclide will be formed when 735Pb successively emits 8, B, and a particles 

from its nucleus? Write successive equations showing these changes. 

Solution The changes brought about in the three steps outlined are as follows: 

B loss: Increase of 1 in the atomic number; no change in mass 

8 loss: Increase of 1 in the atomic number; no change in mass 

a loss: Decrease of 2 in the atomic number; decrease of 4 in the mass 

The equations are 

ee ee eS AF eS 
24ph ——+ 24K + B——> 24K + B—> OX + 

pote ee Se ee, 

where X stands for the new nuclide formed. Looking up each of these elements by 

their atomic numbers, we rewrite the equations 

214 gPb —<> *g3Bi <> *g4Po <> %goPb 
B B a 

_ Practice 18.2 

f ‘What nuclide will be formed when 73°Th emits an alpha particle? 

The ability of radioactive rays to pass through various objects is in proportion 

to the speed at which they leave the nucleus. Gamma rays travel at the velocity of 

light (186,000 miles per second) and are capable of penetrating several inches of 
lead. The velocities of beta particles are variable, the fastest being about nine-tenths 
the velocity of light. Alpha particles have velocities less than one-tenth the velocity 
of light. Figure 18.3 illustrates the relative penetrating power of these rays. A few 
sheets of paper will stop alpha particles; a thin sheet of aluminum will stop both 
alpha and beta particles; and a S-cm block of lead will reduce, but not completely 
stop, gamma radiation. In fact, it is difficult to stop all gamma radiation. Table 18.3 
summarizes the properties of alpha, beta, and gamma radiation. 

aracteristics of Nuclear Radiation _ 
Ms tee | _ Tonizing 
(amu) charge : Velocity Composition power 

2 Variable jess Identical to High 
_ than 10% the Hee oo 
speed of light 

_ Variable, up to Identical to an _ Moderate 
90% the speed electron ce 

of light — 

Speed of light — Photons or elec- =— Almost __ 
: = tromagnetic. 5 =] none: 

waves of energy 
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rt 
V—___—_—oC> 

Sadan REERREEiela 

eee No 
a 

—_—_—_—_—_—_—_—_—_—_—_—- 

(a) (b) (c) 

Radioactive Disintegration Series 

The naturally occurring radioactive elements with a higher atomic number than lead 

(Pb) fall into three orderly disintegration series. Each series proceeds from one 

element to the next by the loss of either an alpha or a beta particle, finally ending 

in a nonradioactive nuclide. The uranium series starts with 785U and ends with 

?06Pb. The thorium series starts with 735Th and ends with 78$Pb. The actinium series 
starts with 733U and ends with 73Pb. A fourth series, the neptunium series, starts 

with the synthetic element 764Pu and ends with the stable bismuth nuclide Ze Bi 

The uranium series is shown in Figure 18.4; gamma radiation, which accompanies 

alpha and beta radiation, is not shown in the figure. 

U Pa Th Ac Ra Fr Rn At Po Bi Pb 
242 

238 

234 

230 

226 

222 (i 

Mass number 218 >= 

214 

210 

206 

202 
93 92 91 90 89 88 87 86 85 84 83 82 81 

Atomic number 

By using such a series and the half-lives of its members, scientists have been 

able to approximate the age of certain geologic deposits. This approximation is 

done by comparing the amount of ?38U with the amount of 206Pb and other nuclides 

in the series that are present in a particular geologic formation. Rocks found in 

Canada and Finland have been calculated to be about 3.0 x 10° (3 billion) years 

old. Some meteorites have been determined to be 4.5 X 10° years old. 

<q FIGURE 18.3 
Relative penetrating ability of 

alpha, beta, and gamma 

radiation. (a) Thin sheet of 

paper; (b) thin sheet of 

aluminum; (c) 5-cm lead block. 

<q FIGURE 18.4 
The uranium disintegration 

series. 3U decays by a series of 

alpha (a) and beta (B) emissions 

to the stable nuclide 78$Pb. 



Chemistry in Action 

An interesting outgrowth of the use of the 

radionuclide techniques is radiocarbon 

dating. The method is based on the decay 
rate of C-14 and was devised by the Amer- 

ican chemist W. F. Libby, who received 

the Nobel Prize in chemistry in 1960 for 

this work. The principle of radiocarbon 

dating is as follows: Carbon dioxide in 

the atmosphere contains a fixed ratio of 

radioactive C-14 to ordinary C-12, be- 

cause C-14 is produced at a steady rate 

in the atmosphere by bombardment of 

N-14 by neutrons from cosmic ray 

sources: 

MIN + in —> Mc + [H 

Plants that consume carbon dioxide 

during photosynthesis and animals that eat 

the plants contain the same proportion of 

C-14 to C-12 as long as they are alive. 

When an organism dies, the amount of 

C-12 remains fixed, but the C-14 content 

diminishes according to its half-life (5668 

years). By comparing the ratio of C-14 to 

C-12 in an object to the same ratio in 

living plants, one can estimate the age of 

the object being evaluated. In 5668 years, 

one-half of the radiocarbon initially pres- 

ent will have undergone decomposition. 

Artifacts and Geologic Formatio 

Radiocarbon dating is used to 

verify the age of artifacts and 

fossils. This “bird” is about 40 

million years old (Eocene 
Period). 

In 11,336 years, one-fourth of the original 

C-14 will be left. The age of fossil mate- 

rial, archaeological specimens, and old 

wood can be determined by this method. 

The age of specimens from ancient Egyp- 

tian tombs calculated by radiocarbon dat- 

ing correlates closely with the chronologi- 

cal age established by Egyptologists. 

Charcoal samples obtained at Darrington 

Walls, a wood-henge in Great Britain, 

were determined to be about 4000 years 

old. Radiocarbon dating instruments cur- 

rently in use enable researchers to date 

specimens back as far as 70,000 years. 

This technique was used recently to esti- 

mate the age of the shroud of Turin. 

Radioactive decay has been used to 

date samples other than those containing 

carbon. For example, the age of rock for- 

mations containing uranium has been ap- 

proximated by determining the ratio of 

U-238 to Pb-206. Lead-206 is the last iso- 

tope formed in the U-238 disintegration 

series. Thus, a geologic deposit containing 

a 1:1 ratio of U-238 to Pb-206 would cor- 

respond to a time lapse of one half-life of 
U-238, which is 4.5 X 10° years, assum- 

ing that all the lead came from the decay 

of U-238. The age of moon rocks returned 

to earth by the Apollo missions were cal- 

culated by similar techniques. 

transmutation 

Transmutation of Elements 

Transmutation is the conversion of one element into another by either natural or 
artificial means. Transmutation occurs spontaneously in natural radioactive disinte- 
grations. Alchemists tried for centuries to convert lead and mercury into gold by 
artificial means. But transmutation by artificial means was not achieved until 1919, 

470 
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when Ernest Rutherford succeeded in bombarding the nuclei of nitrogen atoms with 

alpha particles and produced oxygen nuclides and protons. The nuclear equation 

for this transmutation can be written as 

MN+a—>40+4H or ('4N+ $He— 40 + 1H 

It is believed that the alpha particle enters the nitrogen nucleus, forming '8F as an 

intermediate, which then decomposes into the products. 

Rutherford’s experiments opened the door to nuclear transmutations of all kinds. 

Atoms were bombarded by alpha particles, neutrons, protons, deuterons (7H), elec- 

trons, and so forth. Massive instruments were developed for accelerating these 

particles to very high speeds and energies to aid their penetration of the nucleus. 

Some of these instruments are the famous cyclotron, developed by E. O. Lawrence 

at the University of California; the Van de Graaf electrostatic generator; the betatron; 

and the electron and proton synchrotrons. With these instruments many nuclear 

transmutations became possible. Equations for a few of these follow: 

7Li + 1H —> 2 4He 

ALE > aK te on 

73Na + |/H—> 73Mg + dn 

cd + 7H —> 123Cd + /H 

7H + {H — jH + |H 
Aerial view of Stanford 

209Bi + 7H —> 210Po + gn University’s Linear Accelerator. 

160 + In—> 3C + $He 
fee ee > eet 46 op 

Artificial Radioactivity 

Irene Joliot-Curie (daughter of Pierre and Marie Curie) and her husband Frederic 

Joliot-Curie observed that when aluminum-27 was bombarded with alpha particles, 

neutrons and positrons (positive electrons) were emitted as part of the products. 

When the source of alpha particles was removed, neutrons ceased to be produced, 

but positrons continued to be emitted. This observation suggested that the neutrons 

and positrons were coming from two separate reactions. It also indicated that one 

of the products of the first reaction was radioactive. After further investigation they 

discovered that, when aluminum-27 is bombarded with alpha particles, phosphorus- 

30 and neutrons are produced. Phosphorus-30 is radioactive, has a half-life of 2.5 

minutes, and decays to silicon-30 with the emission of a positron. The equations 

for these reactions follow: 

3 1 
at aa 4He —> eB te 00 

3 300; 0 
isP —> j4Si + 41€ 
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A 
FIGURE 18.5 

Left: Geiger—Miiller survey 

meter. 

Right: Worker wearing film 

badge (above I.D. tag) to 

measure radioactivity. 

artificial radioactivity 

induced radioactivity 

The radioactivity of nuclides produced in this manner is known as artificial radioac- 
tivity or induced radioactivity. Artificial radionuclides behave like natural radioac- 

tive elements in two ways: They disintegrate in a definite fashion and they have a 

specific half-life. The Joliot-Curies received the Nobel Prize in chemistry in 1935 
for the discovery of artificial, or induced, radioactivity. 

Radiation from radioactive sources is so energetic that it is called ionizing radiation. 
When it strikes an atom or a molecule, one or more electrons are knocked off, and 
an ion is created. One of the common instruments used to detect and measure 
radioactivity, the Geiger counter, depends on this fact. The instrument consists of 
a Geiger—Miiller detecting tube and a counting device. The detector tube is a pair 
of oppositely charged electrodes in an argon gas-filled chamber fitted with a thin 
window. When radiation, such as a beta particle, passes through the window into 
the tube, some argon is ionized, and a momentary pulse of current (discharge) flows 
between the electrodes. These current pulses are electronically amplified in the 
counter and appear as signals in the form of audible clicks, flashing lights, meter 
defections, or numerical readouts (Figure 18.5 left). 

The amount of radiation that an individual encounters can be measured by a 
film badge (Figure 18.5 right). This badge contains a piece of photographic film in 
a light-proof holder, and is worn in areas where radiation might be encountered. 
The silver grains in the film will darken when exposed to radiation. The badges are 
processed after a predetermined time interval to determine the amount of radiation 
the wearer has been exposed to. 

A scintillation counter is used to measure radioactivity for biomedical applica- 
tions. A scintillator is composed of molecules that emit light when exposed to 



Agricultural research scientists use 

gamma radiation from Co-60 or other 

sources to develop disease-resistant and 

highly productive grains and other crops. 

The seeds are exposed to gamma radiation 

to induce mutations. The most healthy and 
vigorous plants grown from the irradiated 
seed are then selected and propagated to 

obtain new and improved varieties for 
commercial use. Preservation of food- 

stuffs by radiation is another beneficial 

application. Food is exposed to either 

gamma radiation or a beam of beta parti- 
cles supplied by Co-60 or Cs-137. Micro- 

organisms that can cause food spoilage 

are destroyed, but the temperature of the 

topes in Agriculture 

process, but the shelf-life is extended sig- 

nificantly. 
Radioactivity has been used to control 

and, in some areas, to eliminate the screw- 

worm fly. The larvae of this obnoxious 

insect pest burrow into wounds in live- 

stock. The female fly, like a queen bee, 

mates only once. When large numbers of 

gamma ray-sterilized male flies are re- 

leased at the proper time in an area in- 

fested with screw-worm flies, the majority 

of the females mate with sterile males. As 

a consequence, the flies fail to reproduce 

sufficiently to maintain their numbers. 

This technique has also been used to eradi- 

cate the Mediterranean fruit fly in some 

ollie mAs ole 

The mushrooms on the right 

were treated with radiation. 

food is raised only slightly. The food does __areas. 

not become radioactive as a result of this 

ionizing radiation. A light-sensitive detector counts the flashes and converts them 

to a numerical readout. 

The curie is the unit used to express the amount of radioactivity produced by 

an element. One curie (ci) is defined as the quantity of radioactive material giving 

3.7 x 10!° disintegrations per second. The basis for this figure is pure radium, 

which has an activity of 1 curie per gram. Because the curie is such a large quantity, 

the millicurie and microcurie, representing one-thousandth and one-millionth of a 

curie, respectively, are more practical and more commonly used. 

The curie only measures radioactivity emitted by a radionuclide. Different units 

are required to measure exposure to radiation. The Roentgen (R) is the unit that 

quantifies exposure to gamma or X rays. One Roentgen is defined as the amount 

of radiation required to produce 2.1 X 10° ions per cm? of dry air. The rad 

(radiation absorbed dose) is defined as the amount of radiation that provides 

0.01 J of energy per kilogram of matter. The amount of radiation absorbed will 

change depending on the type of matter. The Roentgen and the rad are numerically 

similar. One Roentgen of gamma radiation provides 0.92 rad in bone tissue. 

Neither the rad nor the Roentgen indicates the biological damage caused by 

radiation. One rad of alpha particles has the ability to cause ten times more damage 

than one rad of gamma rays or beta particles. Another unit, rem (roentgen equivalent 

to man) takes into account the degree of biological effect caused by the type of 

radiation exposure. One rem is equal to the dose in rads multiplied by a factor 

specific to the form of radiation. The factor is 10 for alpha particles and 1 for both 

beta particles and gamma rays. Units of radiation are summarized in Table 18.4. 

curie 

Roentgen (R) 

rad (radiation absorbed dose) 

rem (roentgen equivalent to 

man) 
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Nuclear Fission 

In nuclear fission a heavy nuclide splits into two or more intermediate-sized frag- 
ments when struck in a particular way by a neutron. The fragments are called fission 
products. As the atom splits, it releases energy and two or three neutrons, each of 
which can cause another nuclear fission. The first instance of nuclear fission was 
reported in January 1939 by the German scientists Otto Hahn and F. Strassmann. 
Detecting isotopes of barium, krypton, cerium, and lanthanum after bombarding 
uranium with neutrons, the scientists were led to believe that the uranium nucleus 
had been split. 

Characteristics of nuclear fission are as follows: 

1. Upon absorption of a neutron, a heavy nuclide splits into two or more smaller 
nuclides (fission products). 

2. The mass of the nuclides formed range from about 70 to 160 amu. 
3. Two or more neutrons are produced from the fission of each atom. 
4. Large quantities of energy are produced as a result of the conversion of a 

small amount of mass into energy. 
5. Most nuclides produced are radioactive and continue to decay until they 

reach a stable nucleus. 

One process by which this fission takes place is illustrated in Figure 18.6. When 
a heavy nucleus captures a neutron, the energy increase may be sufficient to cause 
deformation of the nucleus until the mass finally splits into two fragments, releasing 
energy and usually two or more neutrons. 

In a typical fission reaction, a 733U nucleus captures a neutron and forms 
unstable 738U. This ?3SU nucleus undergoes fission, quickly disintegrating into two 



= 

Neutron 

235) 

236 

(unstable) ae 
Fission products: 

three neutrons and 

two nuclei (mass numbers 

85 to 105 and 130 to 150) 

fragments, such as '22Ba and 3¢Kr, and three neutrons. The three neutrons in turn 

may be captured by three other 783U atoms, each of which undergoes fission, 

producing nine neutrons, and so on. A reaction of this kind, in which the products 

cause the reaction to continue or magnify, is known as a chain reaction. For a 

chain reaction to continue, enough fissionable material must be present so that each 

atomic fission causes, on the average, at least one additional fission. The minimum 

quantity of an element needed to support a self-sustaining chain reaction is called 

the critical mass. Since energy is released in each atomic fission, chain reactions 

constitute a possible source of a steady supply of energy. (A chain reaction is 

illustrated in Figure 18.7.) Two of the many possible ways in which 3>U may 

fission are shown by the following equations. 

235 + dn —> 122Ba + 36Kr + 3 on 

23U + f2— \YXe + 3eSr + 2 bn 

Nuclear Power 

Nearly all electricity for commercial use is produced by machines consisting of a 

turbine linked by a drive shaft to an electrical generator. The energy required to 

run the turbine can be supplied by falling water, as in hydroelectric power plants, 

or by steam as in thermal power plants. 

The world’s demand for energy, largely from fossil fuels, has continued to 

grow at an ever-increasing rate for about 250 years. Even at the present rates of 

consumption, the estimated world supply of fossil fuels is sufficient for only a few 

centuries. Although the United States has large coal and oil shale deposits, it is 

currently importing about 40% of its oil supply. We clearly need to develop alterna- 

tive energy sources. At present, uranium is the most productive alternative energy 

source, and about 17% of the electrical energy used in the United States is generated 

from power plants using uranium fuel. 

A nuclear power plant is a thermal power plant in which heat is produced by 

a nuclear reactor instead of by combustion of fossil fuel. The major components of 

a nuclear reactor are as follows: 
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<q FIGURE 18.6 
The fission process. When a 

neutron is captured by a heavy 

nucleus, the nucleus becomes 

more unstable. The more 

energetic nucleus begins to 

deform, resulting in fission. Two 

nuclear fragments and three 

neutrons are produced by this 

fission process. 

chain reaction 

critical mass 
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FIGURE 18.7 > il 
Fission and chain reaction ° 

of 733U. Each fission produces 

two major fission fragments and 

three neutrons, which may be 

captured by other 733U nuclei, 

continuing the chain reaction. 

Fission 

fragment 

@ Neutron 

235, 
2361J (unstable) 

1. an arrangement of nuclear fuel, called the reactor core 

2. a control system, which regulates the rate of fission and thereby the rate of 
heat generation 

3. a cooling system, which removes the heat from the reactor and also keeps 
the core at the proper temperature 

One type of reactor uses metal slugs containing uranium enriched from the normal 
0.7% U-235 to about 3% U-235. The self-sustaining fission reaction is moderated, 
or controlled, by adjustable control rods containing substances that slow down and 
capture some of the neutrons produced. Ordinary water, heavy water, and molten 
sodium are typical coolants used. Energy obtained from nuclear reactions in the 
form of heat is used in the production of steam to drive turbines for generating 
electricity. (See Figure 18.8.) 

Two events that demonstrate the potential dangers of nuclear power are the 
accidents at Three Mile Island, Pennsylvania (1979) and Chernobyl, U.S.S.R. (1986). 
Both of these nuclear accidents resulted from the loss of coolant to the reactor core. 
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generator }——— 

Control rods 
Condenser (steam 

from turbine is 

condensed by 

Fuel rods river water) 
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Reactor core 

The reactors at Three Mile Island were covered by concrete containment buildings 

and therefore released a relatively small amount of radioactive material into the 

atmosphere. But because the Soviet Union did not require containment structures 

on nuclear power plants, the Chernobyl accident resulted in 31 deaths and the 

resettlement of 135,000 people. The release of large quantities of I-131, Cs-134, 

and Cs-137 may cause long-term health problems in that exposed population. 

Another major disadvantage of nuclear-fueled power plants is that they produce 

highly radioactive waste products, some of which have half-lives of thousands of 

years. As yet, no agreement has been reached on how to safely dispose of these 

dangerous wastes. 

In the United States, reactors designed for commercial power production use 

uranium oxide, U3Og, that is enriched with the relatively scarce fissionable U-235 

isotope. Because the supply of U-235 is limited, a new type of reactor known as 

the breeder reactor has been developed. Breeder reactors are designed to produce 

additional fissionable material at the same time that the fission reaction is occurring. 

In a breeder reactor, excess neutrons convert nonfissionable isotopes, such as U- 

238 or Th-232, to fissionable isotopes, Pu-239 or U-233: 

238y + In —> 2391) Yy 239NIp ys 239p 

ake 
B 

These transmutations make it a to greatly extend the supply of fuel for nuclear 

reactors. No breeder reactors are presently in commercial operation in the United 

States, but a number of them are being operated in Europe and Great Britain. 

3P. aa 232TH + In — 233TH + 23 
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<q FIGURE 18.8 

Diagram of a nuclear power 

plant. Heat produced by the 

reactor core is carried by a 

cooling fluid to a steam 

generator, which turns a turbine 

that produces electricity. 

Interior view of a reactor hall at 

a nuclear power plant in France. 

The core of the reactor is 

situated in the water pool (blue 

area). 
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18.10 The Atomic Bomb 

The atomic bomb is a fission bomb; it operates on the principle of a very fast chain 

reaction that releases a tremendous amount of energy. An atomic bomb and a nuclear 

reactor both depend on self-sustaining nuclear fission chain reactions. The essential 

difference is that in a bomb the fission is “wild,” or uncontrolled, whereas in a 

nuclear reactor the fission is moderated and carefully controlled. A minimum critical 

mass of fissionable material is needed for a bomb, or a major explosion will not 

occur. When a quantity smaller than the critical mass is used, too many neutrons 

formed in the fission step escape without combining with another nucleus, and a 

chain reaction does not occur. Therefore, the fissionable material of an atomic bomb 

must be stored as two or more subcritical masses and brought together to form the 

critical mass at the desired time of explosion. The temperature developed in an 

atomic bomb is believed to be about 10 million degrees Celsius. 

The nuclides used in atomic bombs are U-235 and Pu-239. Uranium deposits 

contain about 0.7% of the U-235 isotope, the remainder being U-238. Uranium-238 

does not undergo fission except with very high energy neutrons. It was discovered, 

however, that U-238 captures a low-energy neutron without undergoing fission and 

that the product, U-239, changes to Pu-239 (plutonium) by a beta-decay process. 

Plutonium-239 readily undergoes fission upon capture of a neutron and is therefore 

useful for nuclear weapons. The equations for the nuclear transformations are 

9 239 BU + jn —> BU > Np > BP 
p B 

The hazards of an atomic bomb explosion include not only shock waves from 

the explosive pressure and tremendous heat, but also intense radiation in the form 

of alpha particles, beta particles, gamma rays, and ultraviolet rays. Gamma rays 

and X rays can penetrate deeply into the body, causing burns, sterilization, and 

mutation of the genes, which may have an adverse effect on future generations. 

Both radioactive fission products and unfissioned material are present after the 

explosion. If the bomb explodes near the ground, many tons of dust are lifted into 

the air. Radioactive material adhering to this dust, known as fallout, is spread 

by air currents over wide areas of the land and constitutes a lingering source of 

radiation hazard. 

Today nuclear war is probably the most awesome threat facing civilization. 

Only two rather primitive fission-type atom bombs were used to destroy the Japanese 

cities of Hiroshima and Nagasaki and bring World War II to an early end. The 

threat of nuclear war is increased by the fact that the number of nations possessing 

nuclear weapons is steadily increasing. 

‘18.11 Nuclear Fusion 

The process of uniting the nuclei of two light elements to form one heavier nucleus 
nuclear fusion is known as nuclear fusion. Such reactions can be used for producing energy, 

because the mass of the two individual nuclei that are fused into a single nucleus 



18.12 Mass—Energy Relationship in Nuclear Reactions 

is greater than the mass of the nucleus formed by their fusion. The mass differential 

is liberated in the form of energy. Fusion reactions are responsible for the tremendous 

energy output of the sun. Thus, aside from relatively small amounts from nuclear 

fission and radioactivity, fusion reactions are the ultimate source of our energy, 

even the energy from fossil fuels. They are also responsible for the devastating 

power of the thermonuclear, or hydrogen, bomb. 

Fusion reactions require temperatures on the order of tens of millions of degrees 
for initiation. Such temperatures are present in the sun but have been produced only 
momentarily on earth. For example, the hydrogen, or fusion, bomb is triggered by 

the temperature of an exploding fission bomb. Two typical fusion reactions are 

3H a 7H —> 4He 4 on + energy 

tritium deuterium 

7H «6+ «1H = —+4He +. energy 

3.0150 1.0079 4.0026 - 
amu amu amu 

The total mass of the reactants in the second equation is 4.0229 amu, which is 

0.0203 amu greater than the mass of the product. This difference in mass is manifested 

in the great amount of energy liberated. 

During the past 40 to 45 years, a large amount of research on controlled nuclear 

fusion reactions has been done in the United States and in other countries, especially 

the former Soviet Union. So far, the goal of controlled nuclear fusion has not been 

attained, although the required ignition temperature has been reached in several 

devices. Evidence to date leads us to believe that it is possible to develop a practical 

fusion power reactor. Fusion power, if it can be developed, will be far superior to 

fission power for the following reasons: 

1. Virtually infinite amounts of energy are to be had from fusion. Uranium 

supplies for fission power are limited, but heavy hydrogen, or deuterium 

(the most likely fusion fuel), is relatively abundant. It is estimated that the 

deuterium in a cubic mile of seawater is an energy resource (as fusion fuel) 

greater than the petroleum reserves of the entire world. 

2. From an environmental viewpoint, fusion power is much “cleaner” than 

fission power because fusion reactions, in contrast to uranium and plutonium 

fission reactions, do not produce large amounts of long-lived and dangerously 

radioactive isotopes. 

Mass—Energy Relationship 
in Nuclear Reactions _ 

Because large amounts of energy are released in nuclear reactions, significant 

amounts of mass are converted to energy. We stated earlier that the amount of mass 

converted to energy in chemical changes is considered insignificant. In fission 

reactions, about 0.1% of the mass is converted into energy. In fusion reactions as 

much as 0.5% of the mass may be changed into energy. The Einstein equation, 

E = mc’, can be used to calculate the energy liberated, or available, when the mass 
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mass defect 

nuclear binding energy 

transuranium elements 

loss is known. For example, in the reaction 

7Li + 1H —~ 4He + 3He + energy 

7.016g 1.008 g 4.003 g 4.003 g 

the mass difference between the reactants and products (8.024 g — 8.006 g) is 

0.018 g. The energy equivalent to this amount of mass is 1.62 X 10! J. By 

comparison, this is more than 4 million times greater than the 3.9 X 10° J of energy 

obtained from the complete combustion of 12.01 g (1 mol) of carbon. 

The mass of a nucleus is actually less than the sum of the masses of the protons 

and neutrons that make up that nucleus. The difference between the mass of the 

protons and the neutrons in a nucleus and the mass of the nucleus is known as the 

mass defect. The energy equivalent to this difference in mass is known as the 

nuclear binding energy. This energy is the amount that would be required to break 

up a nucleus into its individual protons and neutrons. The higher the binding energy, 

the more stable is the nucleus. Elements of intermediate atomic masses have high 

binding energies. For example, iron (element number 26) has a very high binding 

energy and therefore has a very stable nucleus. Just as electrons attain less energetic 

and more stable arrangements through ordinary chemical reactions, neutrons and 

protons attain less energetic and more stable arrangements through nuclear fission 

or fusion reactions. Thus, when uranium undergoes fission, the products have less 

mass (and greater binding energy) than the original uranium. In like manner, when 

hydrogen and lithium fuse to form helium, the helium has less mass (and greater 

binding energy) than the hydrogen and lithium. It is this conversion of mass to 

energy that accounts for the very large amounts of energy associated with both 

nuclear fission and fusion reactions. 

Transuranium Elements 

The elements following uranium on the periodic table and having atomic numbers 
greater than 92 are known as the transuranium elements. All of them are synthetic 
radioactive elements; none of them occur naturally. 

The first transuranium element, number 93, was discovered in 1939 by Edwin M. 
McMillan (1907-1991) at the University of California while he was investigating 
the fission of uranium. He named it neptunium for the planet Neptune. In 1941, 
element 94, plutonium, was identified as a beta-decay product of neptunium: 

238 238 0 
93Np —> “oqPu + _je 

239 239 0 
o3Np —> “ogPu + _je 

Plutonium is one of the most important fissionable elements known today. 
Since 1964, the discoveries of eight new transuranium elements, numbers 104— 

111, have been announced. All of these elements were produced in minute quantities 
by high-energy particle accelerators. 



Imagine being able to view a living proc- 

ess as it is occurring. This was the dream 

of many a scientist in the past as they 

tried to extract this knowledge from dead 

tissue. Today, because of innovations in 

nuclear chemistry, this dream is a com- 

mon, everyday occurrence. 

Compounds containing a radionuclide 

are described as being labeled or tagged. 

These compounds undergo their normal 

chemical reactions, but their location can 

be detected because of their radioactivity. 

When such compounds are given to a plant 

or an animal, the movement of the nuclide 

can be traced through the organism by the 

use of a Geiger counter or other de- 

tecting device. 

One important use of the tracer tech- 

nique was determining the pathway by 

which CO, becomes fixed into carbohy- 

drate (CgH,20,) during photosynthesis. 

The net equation for the photosynthesis is 

6 CO, =F 6 H, O — C.6Hj20¢ a 6 O2 

In this technique, radioactive '*CO, was 

injected into a colony of green algae. The 

algae was then placed in the dark, killed at 

selected time intervals, and the radioactive 

compounds separated by paper chroma- 

tography and analyzed. The results eluci- 

dated a series of light-independent photo- 

synthetic reactions. 

Some other examples of biological re- 

search in which tracer techniques have 

been employed include determining 

1. the rate of phosphate uptake by plants, 

using radiophosphorus 

2. the flow of nutrients in the digestive 

tract using radioactive barium com- 

pounds 

3. the accumulation of iodine in the thy- 

roid gland, using radioactive iodine 
4. the absorption of iron by the hemoglo- 

bin of the blood, using radioactive iron 

indow into Living Organisms 

In chemistry, the uses for tracers are 

unlimited. The study of reaction mecha- 

nisms, the measurement of the rates of 

chemical reactions, and the determination 

of physical constants are just a few of the 

areas of application. 

Radioactive tracers are commonly 

used in medical diagnosis. Because radia- 

tion must be detected outside of the body, 

radionuclides that emit gamma rays are 

usually chosen. The radionuclide must 

also be effective at a low concentration 

and have a short half-life to reduce the 

possibility of damage to the patient. 

Radioactive iodine (1-131) is used to 

determine thyroid function, where the 

body concentrates iodine. In this process, 

a small amount of radioactive potassium 

or sodium iodide is ingested. A detector is 

focused on the thyroid gland and measures 

the amount of iodine in the gland. This 

picture can be compared to that of a nor- 
mal thyroid to detect any differences. 

Doctors can examine the heart’s pump- 

ing performance and check for evidence 

of obstruction in the coronary arteries by 

nuclear scanning. The radionuclide T1- 

201, when injected into the bloodstream, 

lodges in healthy heart muscle. Thallium- 

201 emits gamma radiation, which is de- 
tected by a special imaging device called 

a scintillation camera. The data obtained 

are simultaneously translated into pictures 

by a computer. With this technique doc- 

tors can observe whether heart tissue has 

died after a heart attack and whether blood 

is flowing freely through the coronary pas- 

sages. 
One of the newest applications of nu- 

clear chemistry is the use of positron emis- 

sion tomography (PET) in the measure- 

ment of dynamic processes in the body, 

such as oxygen use or blood flow. In this 

application a compound is made that con- 

tains a positron-emitting nuclide such as 

Chemistry in Action 
CARRERE EERE ERS 

During a stress test, 

radionuclides help doctors to 

determine cardiovascular _ 

problems in their patients. 

C-11, O-15, or N-13. The compound is 
injected into the body, and the patient is 

placed in an instrument that detects the 

positron emission. A computer produces 

a three-dimensional image of the area. 

PET scans have been used to locate the 
areas of the brain involved with epileptic 

seizures. Glucose tagged with C-11 is in- 

jected, and an image of the brain is pro- 

duced. Since the brain uses glucose al- 

most exclusively for energy, diseased ar- 

eas that use glucose at a rate different than 

normal tissue can then be identified. 
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ionizing radiation 

Biological Effects of Radiation 

Radiation that has enough energy to dislocate bonding electrons and create ions 

when passing through matter is classified as ionizing radiation. Alpha, beta, and 

gamma rays, along with X rays, fall into this classification. Ionizing radiation can 

damage or kill living cells. This damage is particularly devastating when it strikes 

the cell nuclei and affects molecules involved in cell reproduction. The overall 

effects of radiation on living organisms fall into these general categories: (1) acute 

or short-term, effects; (2) long-term effects, and (3) genetic effects. 

Acute Radiation Damage 

High levels of radiation, especially of gamma or X rays, produce nausea, vomiting, 

and diarrhea. The effect has been likened to a sunburn throughout the body. If the 

dosage is high enough, death will occur in a few days. The damaging effects of 

radiation appear to be centered in the nuclei of the cells, and cells that are undergoing 

rapid cell division are most susceptible to damage. It is for this reason that cancers 

are often treated with gamma radiation from a Co-60 source. Cancerous cells multiply 

rapidly and are destroyed by a level of radiation that does not seriously damage 

normal cells. 

Long-Term Radiation Damage 

Protracted exposure to low levels of any form of ionizing radiation can weaken an 

organism and lead to the onset of malignant tumors, even after fairly long time 

delays. The largest exposure to man-made sources of radiation is from X rays. 

Evidence suggests that a number of early workers in radioactivity and X-ray technol- 

ogy may have had their lives shortened by long-term radiation damage. 

Strontium-90 isotopes are present in the fallout from atmospheric testing of 

nuclear weapons. Strontium is in the same periodic-table group as calcium, and its 

chemical behavior is similar to that of calcium. Hence, when foods contaminated 

with Sr-90 are eaten, Sr-90 ions are laid down in the bone tissue along with ordinary 

calcium ions. Strontium-90 is a beta emitter with a half-life of 28 years. Blood cells 

that are manufactured in bone marrow are affected by the radiation from Sr-90. 

Hence, there is concern that Sr-90 accumulation in the environment may cause an 
increase in the incidence of leukemia and bone cancers. Currently no countries are 
testing nuclear weapons in the atmosphere. 

Genetic Effects 

All the information needed to create an individual of a particular species, be it a 
bacterial cell or a human being, is contained within the nucleus of a cell. This 
genetic information is encoded in the structure of DNA (deoxyribonucleic acid) 
molecules, which make up genes. The DNA molecules form precise duplicates of 
themselves when cells divide, thus passing genetic information from one generation 
to the next. Radiation can damage DNA molecules. If the damage is not severe 
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enough to prevent the individual from reproducing, a mutation may result. Most 
mutation-induced traits are undesirable. Unfortunately, if the bearer of the altered 

genes survives to reproduce, these traits are passed along to succeeding generations. 

In other words, the genetic effects of increased radiation exposure are found in 

future generations, not in the present generation. 

Because radioactive rays are hazardous to health and living tissue, special 

precautions must be taken in designing laboratories and nuclear reactors, in disposing 

of waste materials, and in monitoring the radiation exposure of people working in 

this field. For example, personnel working in areas of hazardous radiation wear film 

badges or pocket dosimeters to provide them with an accurate indication of cumula- 

tive radiation exposure. 

cepts in Review 

1. Outline the historical development of nuclear chemistry, including the major 

contributions of Henri Becquerel, Marie Curie, Ernest Rutherford, Irene Joliet- 

Curie, Otto Hahn, Fritz Strassmann, and Edwin McMillen. 

2. Write balanced nuclear chemical equations using isotopic notation. 

3. Determine the amount of radionuclide remaining after a given period of time 

when the starting amount and half-life are given. 

4. List the characteristics that distinguish alpha, beta, and gamma rays from the 

standpoint of mass, charge, relative velocities, and penetrating power. 

5. Describe the effect of a magnetic field on alpha particles, beta particles, and 

gamma rays. 

6. Describe a radioactive disintegration series, and predict which isotope would 

be formed by the loss of specified numbers of alpha and beta particles from a 

given radionuclide. 

7. Discuss the transmutation of elements. 

8. Indicate the methods used for the detection of radiation. 

~ Distinguish between radioactive disintegration and nuclear fission reactions. 

10. Explain how the fission of U-235 can lead to a chain reaction and why a critical 

mass is necessary. 

11. Explain how the energy from nuclear fission is converted to electrical energy. 

12 Explain the difference between fission reactions in a nuclear reactor and those 

of an atomic bomb. 

Explain what is meant by the term nuclear fusion and why a massive effort to 

develop controlled nuclear fusion is in progress. 
13 

14 

15. Indicate the major effects of radiation on living organisms. 

16. Explain how the age of objects can be determined using radioactivity. 

17 

Indicate the significance of mass defect and nuclear binding energy. 

Indicate several current uses for radioactive tracers. 

Containment shell around 

nuclear reactor. 
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Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

alpha particle (18.3) 

artificial radioactivity (18.6) 

beta particle (18.3) 

chain reaction (18.8) 

critical mass (18.8) 

curie (18.7) 

gamma ray (18.3) 

half-life (18.2) 

induced radioactivity (18.6) 

ionizing radiation (18.14) 

mass defect (18.12) 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. To afford protection from radiation injury, which kind of 

radiation requires (a) the most shielding? (b) the least 

shielding? 

. Why is an alpha particle deflected less than a beta particle 

in passing through an electromagnetic field? 

. Name three pairs of nuclides that might be obtained by 

fissioning U-235 atoms. 

. Identify the following people and their associations with 

the early history of radioactivity. 

(a) Antoine Henri Becquerel 

(b) Marie and Pierre Curie 

(c) Wilhelm Roentgen 

(d) Ernest Rutherford 

(e) Otto Hahn and Fritz Strassmann 

. Why is the radioactivity of an element unaffected by the 

usual factors that affect the rate of chemical reactions, such 

as ordinary changes of temperature and concentration? 

. Distinguish between the terms isotope and nuclide. 

. The half-life of Pu-244 is 76 million years. If the age of 

the earth is about 5 billion years, discuss the feasibility of 

this nuclide being found as a naturally occurring nuclide. 

- Tell how alpha, beta, and gamma radiation are distinguished 
from the standpoint of 

nuclear binding energy (18.12) 

10. 

11. 

12. 

13. 

14 

15. 

16. 

17. 

18 

19. 

nuclear fission (18.8) 

nuclear fusion (18.11) 

nucleon (18.1) 

nuclide (18.1) 

rad (radiation absorbed dose) (18.7) 

radioactive decay (18.2) 

radioactivity (18.1) 

rem (roentgen equivalent to man) (18.7) 

Roentgen (R) (18.7) 

transmutation (18.5) 

transuranium elements (18.13) 

(a) charge 

(b) relative mass 

(c) nature of particle or ray 

(d) relative penetrating power 

. Distinguish between natural and artificial radioactivity. 

What is a radioactive disintegration series? 

Briefly discuss the transmutation of elements. 

Stable Pb-208 is formed from Th-232 in the thorium disinte- 

gration series by successive, a, B, B, a, a, a, a, B, B, a 

particle emissions. Write the symbol (including mass and 

atomic number) for each nuclide formed in this series. 

The nuclide Np-237 loses a total of seven alpha particles and 

four beta particles. What nuclide remains after these losses? 

Bismuth-211 decays by alpha emission to give a nuclide 

that in turn decays by beta emission to yield a stable nuclide. 

Show these two steps with nuclear equations. 

Describe the use of a Geiger counter in measuring radioac- 
tivity. 

What was the contribution to nuclear physics of Otto Hahn 
and Fritz Strassmann? 

What is a breeder reactor? Explain how it accomplishes 
the “breeding”? 

What is the essential difference between the nuclear reac- 
tions in a nuclear reactor and those in an atomic bomb? 

Why must a certain minimum amount of fissionable mate- 
rial be present before a self-supporting chain reaction 
can occur? 
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20. What is mass defect and nuclear binding energy? (g) The longer the half-life of a radionuclide, the more 

21. Explain why radioactive rays are classified as ionizing radi- slowly it decays. 
ation. (h) The beta ray has the greatest penetrating power of all 

22. Give a brief description of the biological hazards associated ‘ a athe puted ke sv ed of an iat 
with radioactivity, (i) Ra ioactivity is due to an unstable ratio of neutrons to 

nucleons in an atom. 
23. Strontium-90 has been found to occur in radioactive fallout. (j) The half-life of different nuclides can vary from a 

Why is there so much concern about this radionuclide being fraction of a second to millions of years. 

found in cow’s milk? (Half-life of Sr-90 is 28 years.) (k) The symbol ,{e is used to indicate a positron, which 

24. What is a radioactive tracer? How is it used? is a positively charged particle with the mass of an 

25. Describe the radiocarbon method for dating archaeologi- = 5 De ae 
Paliariricie: (Il) The disintegration of “ggRa into ~g3Po involves the loss 

BRO pee eaisaceiie Ee a ak | of 3 alpha particles and 2 beta particles. 
: z mas a A eae used to locate a leak in an (m) If 1.0 g of a radionuclide has a half-life of 7.2 days, 

ee ae the half-life of 0.50 g of that nuclide is 3.6 days. 
27. Anthropologists have found bones whose age suggests that (n) If the mass of a radionuclide is reduced by radioactive 

the human line may have emerged in Africa as much as 4 decay from 12 g to 0.75 g in 22 hours, the half-life of 
million years ago. If wood or charcoal were found with the isotope is 5.5 hours. 

such bones, would C-14 dating be useful in dating the (o) A very high temperature is required to initiate nuclear 
bones? Explain. fusion reactions. 

28. Which of the following statements are correct? Rewrite the (p) Radiocarbon dating of archaeological artifacts is based 
incorrect statements to make them correct. 

(a) Radioactivity was discovered by Marie Curie. 

(b) An atom of 3gNi has 59 neutrons. 

(c) The loss of a beta particle by an atom of 23As forms 

an atom of increased atomic number. 

(d) The emission of an alpha particle from the nucleus of 

an atom lowers its atomic number by 4 and lowers its 

mass number by 2. 

(e) Emission of gamma radiation from the nucleus of an 

atom leaves both the atomic number and mass num- 

ber unchanged. 

(f) Relatively few naturally occurring radioactive nuclides 

have atomic numbers below 81. 

ed Exercises 

on an increase in the ratio of C-14 to C-12 in the object. 

(q) Cancers are often treated by radiation from Co-60, 

which destroys the rapidly growing cancer cells. 

(r) High levels of radiation produce nausea, vomiting, 

and diarrhea. 

(s) Carbon-14, used in radiocarbon dating, is produced in 

living matter by the beta decay of N-14. 

(t) Radioactive tracers are small amounts of radioactive 

nuclides of selected elements whose progress in chemi- 

cal or biological processes can be followed using a 

radiation detection instrument. 

These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numberéd exercise. Answers to the even-numbered exercises are given in Appendix V. 

29. Indicate the number of protons, neutrons, and nucleons in 

each of the following nuclei: 

(a) 77Cl_ (b) *ggRa 
31. How are the mass and the atomic number of a nucleus 

affected by the loss of an alpha particle? 

30. Indicate the number of protons, neutrons, and nucleons in 

each of the following nuclei: 

(a) 753U  (b) $5Br 
32. How are the mass and the atomic number of a nucleus 

affected by the loss of a beta particle? 

34. Write nuclear equations for the alpha decay of 

(a) '7gPt (b) *g4Po 
36. Write nuclear equations for the beta decay of 

(a) *93Np  (b) 3gSr 

33. Write nuclear equations for the alpha decay of 

(a) 7g5At (b) °g7Fr 
35. Write nuclear equations for the beta decay of 

(a) "§C (b) *35Cs 



486 CHAPTER 18 Nuclear Chemistry 

37. Write nuclear equations for the conversion of '2C to 'éC. 

39. Complete and balance the following nuclear equations by 

supplying the missing particles: 

(a) 7ZAl + $3He —> 79P + 2 
(b) 74Si—> fe +? 
(c) 2+ 7H ——> BN +n 
(d) ?—> 8Kr + _%e 

41. Strontium-90 has a half-life of 28 years. Ifa 1.00-mg sample 

were stored for 112 years, what mass of Sr-90 would 

remain? 

*43. Consider the fission reaction 

235U + dn ——> seSr + 123Ke + 3 an + energy 

Calculate the following using the mass data (1.0 g is equiva- 

lent to 9.0 x 101% J): 
U-235 = 235.0439 amu = Sr-94 = 93.9154 amu 

Xe-139 = 138.9179 amu n = 1.0087 amu 

(a) the energy released in joules for a single event (one uranium 

atom splitting) 

(b) the energy released in joules per mole of uranium splitting 

(c) the percentage of the mass that is lost in the reaction 

ditional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

45. If radium costs $50,000 a gram, how much will 0.0100 g 

of ?°RaCl, cost if the price is based only on the radium 
content? 

46. An archaeological specimen was analyzed and found to be 

emitting only 25% as much C-14 radiation per gram of 

carbon as newly cut wood. How old is this specimen? 

47. Barium-141 is a beta emitter. What is the half-life if a 

16.0-g sample of the nuclide decays to 0.500 g in 90 
minutes? 

*48. Calculate (a) the mass defect and (b) the binding energy 

of {Li using the mass data: 

ii = 7.0160 ¢ n = 1,0087 g 
p = 1.0073 g e~ = 0.00055 g 
1.0 ¢g=9.0 x 10° J (from E = mc’). 

*49. In the disintegration series 733U ——> 207Pb, how many 

alpha and beta particles are emitted? 

38. 

40. 

42. 

44, 

50. 

51. 

52. 

Ss 

54, 

. . . 30: 300: 

Write nuclear equations for the conversion of 75P to 74Si. 

Complete and balance the following nuclear equations by 

supplying the missing particles: 

(a) $§Cu —> $6Zn + ? 

(b) _9e + ? —> 4Li 
(c) 22Al + $He —> 7#¥Si + ? 
(d) Rb + 7? —> 82Br + 3He 

Strontium-90 has a half-life of 28 years. If a sample was 

tested in 1980 and found to be emitting 240 counts/minute, 

in what year would the same sample be found to be emitting 

30 counts/minute? How much of the original Sr-90 would 

be left? 

Consider the fusion reaction 

tH + 7H —> 3He + energy 

Calculate the following using the mass data (1.0 g is equiva- 

lent to 9.0 x 101° J): 
tH = 1.00794 amu 
+H = 2.01410 amu 
3He = 3.01603 amu 
(a) the energy released in joules per mole of He-3 formed 

(b) the percentage of the mass that is lost in the reaction 

List three devices used for radiation detection and explain 
their operation. 

The half-life of I-123 is 13 hours. If 10 mg of I-123 is 

administered to a patient, how much I-123 remains after 3 
days and 6 hours? 

Clearly distinguish between fission and fusion. Give an 

example of each. 

Starting with 1 g of a radioactive isotope whose half-life 
is 10 days, sketch a graph showing the pattern of decay 
for that material. On the x axis, plot time (you may want 
to simply show multiples of the half-life), and on the y axis, 
plot mass of material remaining. Then, after completing the 
graph, explain why one never really gets to the point where 
all of a sample’s radioactivity is considered to be gone. 

Identify each of the missing products (name the element 
and give its atomic number and mass number) by balancing 
each of the following nuclear equations: 



55. 

56. 

Sie 

58. 

59. 

(a) °U + gn —> 'Xe + 3 fn + 
(b) °U + fn —> PY + 3-fn + 
(c) 4N + fn— !H + 

Consider the three reactions listed below. 

(a) H,0(/) —> H,0(g) 
(b) 2 Ha(g) + On(g) —> 2 H2O(g) 
(c) 7H + 7H —> 3H + 1H 
Each of the following energy values belong to one of these 
equation: 

energy, 115.6 kcal released 

energy> 10.5 kcal absorbed 

energy3 7.5 X 10’ kcal released 

Match the equation to the energy value and explain briefly 

your choices. 

When 723U is struck by a neutron, the unstable isotope 

23°U results. When that daughter isotope undergoes fission, 

there are numerous possible products. If stronttum-90 and 

3 neutrons are the results of one such fission, what is the 

other product? 

Write balanced nuclear equations for 

(a) the beta emission by 73Mg 
(b) the alpha emission by 123Nd 
(c) the positron emission by 33As 

Rubidium-87, a beta emitter, is the product of positron 

emission. Identify 

(a) the product of rubidium decay 

(b) the precursor of rubidium-87 

Potassium-42 is used to locate brain tumors. Its half-life is 

12.5 hours. Starting with 15.4 mg, what fraction will remain 

after 100 hours? If it was necessary to have at least 1 

microgram for a particular procedure, could you hold the 

original sample for 200 hours? 

ers to Practice Exercises 

18.1 0.391 g 

18.2 726Ra 

sere eeeee 

61. 

62. 

63. 

65. 

*66. 
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. How much of a sample of cestum-137 (t;;. = 30 years) 

must have been present originally if, after 270 years, 

15.0 g remain? 

Suppose that the existence of element 114 were confirmed 

and reported. What element would this new substance fall 

beneath in the periodic table? Would it be a metal? What 

typical ion might you expect it to form in solution? 

Cobalt-60 has a half-life of 5.26 years. If 1.00 g of °°Co 
was allowed to decay, how many grams would be left after 

(a) one half-life? 

(b) two half-lives? 

(c) four half-lives? 

(d) ten half-lives? 

Write balanced equations to show each of the following 

changes: 

(a) alpha emission by boron-11 

(b) beta emission by strontium-88 

(c) neutron absorption by silver-107 

(d) proton emission by potassium-41 

(e) electron absorption by antimony-116 

. The '4C content of.an ancient piece of wood was found to 

be one-sixteenth of that in living trees. How many years 

old is this piece of wood, if the half-life of carbon-14 is 

5668 years? 

The curie is equal to 3.7 X 10!° disintegrations/second 

and the becqueral is equivalent to just one disintegration 

per second. Suppose that a hospital has a 150-g radioactive 

source that has an activity of 1.24 curies. What is its activity 

in becquerals? 

When an electron and a positron (a positively charged 

electron) encounter each other, they destroy each other and 

release energy. How much energy, in joules, would you 

expect from such a collision if the mass of the electron is 

9.1096 X 1073! kg? 

18.3 (a) 73{Pa 

(b) *ggRa 
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Many substances throughout nature incorporate silicon or carbon within their struc- 
tures. Silicon is the staple of the geologist—it combines with oxygen in a variety 
of ways to produce silica and a family of compounds known as the silicates. These 
compounds form the chemical foundation of most types of sand, rocks, and soil. 
In the living world, carbon provides the basis of millions of compounds in combina- 
tion with hydrogen, oxygen, nitrogen, and sulfur. 

The petroleum industry and the myriad of polymer products that surround us 
in our homes and offices are two of the many areas incorporated within the field 
of carbon chemistry. Synthetic fibers, found in clothing and carpeting, and plastics, 
including containers, compact discs, computer terminals, and pens, have emerged 
from carbon compounds. Cold remedies, cleaning products, nutrients for space 
travel, convenience foods, and countless drugs, both legal and illegal, have all come 
about from understanding the endless variety of carbon compounds. 

The Beginnings 
of Organic Chemistry 

During the late 18th and the early 19th centuries chemists were baffled by the fact 
that compounds obtained from animal and vegetable sources defied the established 

rules for inorganic compounds—namely, that compound formation is due to a simple 

attraction between positively and negatively charged elements. In their experience 

with inorganic chemistry only one, or at most a few, compounds were composed 

of any group of only two or three elements. However, they observed that a group 

of only four elements—carbon, hydrogen, oxygen, and nitrogen—gave rise to a 

large number of different compounds that often were remarkably stable. 

Because no organic compounds had been synthesized from inorganic substances 

and because they had no other explanation for the complexities of organic com- 

pounds, chemists believed that organic compounds were formed by some “vital 

force.” The vital-force theory held that organic substances could originate only 
from living material. In 1828, German chemist Friedrich Wohler (1800-1882) did 

a simple experiment that eventually proved to be the death blow to this theory. In 

attempting to prepare ammonium cyanate, NH,CNO, by heating cyanic acid, HCNO, 

and ammonia, NH3, Wohler obtained a white crystalline substance that he identified 

as urea, HJN—-CO—NH). Wohler knew that urea is an authentic organic substance 

because it is a product of metabolism that had been isolated from urine. Although 
Wohler’s discovery was not immediately and generally recognized, the vital-force 

theory was overthrown by this simple experiment because one organic compound 

had been made from nonliving materials. 

After the work of Wohler, it was apparent that no vital force other than skill 

and knowledge was needed to make organic chemicals in the laboratory and that 

inorganic as well as organic substances could be used as raw materials. Today, 

organic chemistry is the branch of chemistry that deals with carbon compounds 

but does not imply that these compounds must originate from some form of life. 
A few special kinds of carbon compounds (e.g., carbon oxides, metal carbides, and 

metal carbonates) are excluded from the organic classification because their chemis- 

try is more conveniently related to that of inorganic substances. 
The field of organic chemistry is vast, for it includes not only the composition 

of all living organisms but also of a great many other materials that we use daily. 
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FIGURE 19.1 > 

Tetrahedral structure of carbon. 

(a) A regular tetrahedron; (b) a 

carbon atom with tetrahedral 

bonds; (c) a carbon atom within 

a regular tetrahedron; (d) a 

methane molecule, CH,. 

Pree e ee ee ee ean es ee ree eeeeeeeeeeereneeres 

Examples of organic materials are foodstuffs (fats, proteins, carbohydrates); fuels; 

fabrics (cotton, wool, rayon, nylon); wood and paper preducts; paints and varnishes; 

plastics; dyes; soaps and detergents; cosmetics; medicinals, and rubber products. 

The sources of organic compounds are carbon-containing raw materials—petro- 

leum and natural gas, coal, carbohydrates, fats, and oils. In the United States we 

produce about 250 billion pounds of organic chemicals from these sources, which 

amounts to more than 1100 pounds per year for every man, woman, and child. 

About 90% of this 250 billion pounds comes from petroleum and natural gas. 

Because the amount of petroleum and natural gas in the world is finite, we will, 

sometime in the future, have to rely on the other sources to make the voluminous 

amount of organic chemicals that we use. Fortunately we know how to synthesize 

many organic compounds from sources other than petroleum, although at a much 

greater expense. 

The Carbon Atom 

The carbon atom is central to all organic compounds. The atomic number of carbon 

is 6, and its electron structure is 1s*2s*2p. Two stable isotopes of carbon exist, 

C-12 and C-13. In addition, carbon has several radioactive isotopes, C-14 being the 

most widely known of these because of its use in radiocarbon dating. 

A carbon atom usually forms four covalent bonds. The most common geometric 

arrangement of these bonds is tetrahedral (see Figure 19.1). In this structure the 

four covalent bonds are not planar about the carbon atom but are directed toward 

the corners of a regular tetrahedron. (A tetrahedron is a solid figure with four sides.) 

The angle between these tetrahedral bonds is 109.5°. 
With four outer-shell electrons, the carbon atom (-C:) forms four single covalent 

bonds by sharing electrons with other atoms. The structures of methane and carbon 

tetrachloride illustrate this point: 

H Cl 

H | Cl 
H:C:H H—C—H ci:¢:cl cl—Cc—cl 

H | Cl 
H Cl 

methane carbon tetrachloride 

Actually, these compounds have a tetrahedral shape with bond angles of 109.5° 
but, for convenience of writing, the bonds are drawn at right angles (see Figure 
19.2). In methane, each bond is formed by the sharing of electrons between a carbon 
and a hydrogen atom. 

(a) (b) (c) (d) 
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The formation of carbon-carbon bonds is due to the ability of a carbon atom 
to share electrons with other carbon atoms. One, two, or three pairs of electrons 
can be shared between two carbon atoms, forming a single, double, or triple 
bond, respectively: 

“C:C: erier sCrG: 

‘C—C: C=C: ‘C=C: CH, 

single bond double bond triple bond 

Each dash represents a covalent bond. Carbon, more than any other element, has 
the ability to form chains of covalently bonded atoms. This bonding ability is the 
main reason for the large number of organic compounds. Three examples are shown 
below. It is easy to see how, because of this bonding ability, long chains of carbon 
atoms can be formed by the linking of one carbon to another through covalent bonds: 

G 
eC CC. Camec: cc, 

te es atoms ree by single bonds ye Cee all ee eee 

ee Cn CCl. 

fee on Bay i = 
seven-carbon chain ‘ 2 oe : TG : ne ; 

Cc. 
ten carbon atoms bonded together 

Carbon forms so many different compounds that a system for grouping and 

classifying the molecules is necessary. Organic molecules are grouped into classes 

based on similar structural features. The members of each class of compounds 

contain a characteristic atom or group of atoms called a functional group. Molecules functional group 

with the same functional group share similarities in structure that result in similar 

chemical properties. This makes it possible to study only a few members of a 

particular class of compounds and use the information to predict the behavior of 
other molecules in that class. In this brief introduction to organic chemistry we will 

consider two categories of compounds: hydrocarbons and hydrocarbon derivatives. 

Hydrocarbons 

Hydrocarbons are compounds that are composed entirely of carbon and hydrogen hydrocarbon 

atoms bonded to each other by covalent bonds. These molecules are further classified 

as saturated or unsaturated. A saturated hydrocarbon has only single bonds between _ saturated hydrocarbon 

carbon atoms. These hydrocarbons are classified as alkanes. An unsaturated hydro- unsaturated hydrocarbon 

carbon contains a double or triple bond between two carbon atoms. This class of 

hydrocarbons includes alkenes, alkynes, and aromatic compounds. A summary of 
this classification system is shown in Figure 19.3. 

Fossil fuels—natural gas, petroleum, and coal—are the principal sources of 

hydrocarbons. Natural gas is primarily methane with small amounts of ethane, 
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This petrochemical plant in 

Holland operates night and day 

to convert crude oil into useful 

petroleum products. > 

FIGURE 19.3 p> 

General classification of 

hydrocarbons. 

‘alkane 

propane, and butane. Petroleum is a mixture of hydrocarbons from which gasoline, 

kerosene, fuel oil, lubricating oil, paraffin wax, and petrolatum (themselves mixtures 
of hydrocarbons) are separated. Coal tar, a volatile by-product of the process of 

making coke from coal for use in the steel industry, is the source of many valuable 

chemicals, including the aromatic hydrocarbons benzene, toluene, and naphthalene. 

Alkanes 

The alkanes, also known as paraffins or saturated hydrocarbons, are straight- or 

branched-chain hydrocarbons with only single covalent bonds between the carbon 

atoms. We shall study the alkanes in some detail because many other classes of 

organic compounds can be considered as derivatives of these substances. For exam- 



TABLE 19.1 \ Names, Formulas and Physica Properties of StrighChai ae 

___ Condensed structural formula 

- CH,CH,CH,CH, 
_CH,CH,CH,CH;CH, 
CH;CH3CH3CHjCH)CH, _ 

: (CH;CH)CH,CH,CH,CH>CH,CH; _ 

19.4 Alkanes 493 

| CHRCHSCHACH;CHCHLCIQCHSCH, 
S CEH 

ple, it is necessary to learn the names of the first ten members of the alkane series, 
because these names are used as a basis for naming other classes of compounds. 

Methane, CHyg, is the first member of the alkane series. Members having two, 

three, and four carbon atoms are ethane, propane, and butane, respectively. The 

names of the first four alkanes are common names and must be memorized, but the 

names beginning with the fifth member, pentane, are derived from Greek numbers 

and are relatively easy to recall. The names and formulas of the first ten members 
of the series are given in Table 19.1. 

Successive compounds in the alkane series differ from each other in composition 

by one carbon and two hydrogen atoms. When each member of a series differs from 

the next member by a CH) group, the series is called a homologous series. The 

members of a homologous series are similar in structure but have a regular difference 

in formula. All common classes of organic compounds exist in homologous series, 

which can be represented by a general formula. For all open-chain alkanes the 

general formula is C,,H>,,, 2, where n corresponds to the number of carbon atoms 

in the molecule. The formula of any specific alkane is easily determined from this 

general formula. Thus, for pentane, n = 5 and 2n + 2 = 12, so the formula is C5H,>. 

For hexadecane, a 16-carbon alkane, the formula is C;¢H34. 

One single type of reaction of alkanes has inspired people to explore equatorial 

jungles, endure the heat and sandstorms of the deserts of Africa and the Middle 

East, mush across the frozen Arctic, and drill holes in the earth more than 30,000 

feet deep! These expensive activities have been undertaken in search of oil. Oil 

contains alkanes (as well as other hydrocarbons) that undergo combustion with 

oxygen to evolve large amounts of heat energy. Combustion reactions overshadow 
all other reactions of alkanes in economic importance. For example, note the heat 

generated when methane reacts with oxygen: 

CHy(g) + 2 O(g) —> CO2(g) + 2 H,O(g) + 802.5 kJ (191.8 kcal) 

The thermal energy can then be converted to mechanical and electrical energy. But 

combustion reactions are not usually of great interest to organic chemists, because 

carbon dioxide and water are the only chemical products of complete combustion. 

Aside from their combustibility, alkanes are sluggish and limited in reactivity. 

It is important to learn the 

names of the alkanes in Table 

19.1. They form the root of 

many other names. 

homologous series 

The combustion of alkanes 

provides the energy for cars and 

camp stoves. 
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Structural Formulas and Isomerism 

if ite is A q 

The properties of an organic substance are dependent on its molecular structure. 

By structure we mean the way in which the atoms are bonded together within 

the molecule. The majority of organic compounds are made from relatively few 

elements—carbon, hydrogen, oxygen, nitrogen, and the halogens. In these com- 

pounds carbon has four bonds to each atom, nitrogen three bonds, oxygen two 

bonds, and hydrogen and the halogens one bond to each atom: 

a Hs Oa ara 8 ie Bras te 
| | 

In an alkane each carbon atom is joined to four other atoms by four single 

covalent bonds. These bonds are separated by angles of 109.5° (the angles correspond 

to those formed by lines drawn from the center of a regular tetrahedron to its 

comers). Alkane molecules contain only carbon-carbon and carbon—hydrogen bonds 

and are essentially nonpolar. Because of this low polarity, alkane molecules have 

very little intermolecular attraction and therefore relatively low boiling points com- 

pared with other organic compounds of similar molar mass. 

Without the use of models or perspective drawings, the three-dimensional 

character of atoms and molecules is difficult to portray accurately. Concepts of 

structure can be conveyed to some extent by Lewis diagrams of structural formulas. 

But it is more convenient to use conventional structural formulas representing 

electron pairs by single short lines. Methane and ethane are shown here: 

H EEE 

H | HH laa 
H:C:H get Omen LL H: Cc CG H Pa Cae Ce id 

H | HH 
H lah el 

methane ethane 

To write the correct structural formula for propane, C3Hg, the next member of 

the alkane series, we must determine how to place each atom in the molecule. An 

alkane contains only single bonds, so each carbon atom must be bonded to four 

other atoms by either C—C or C—H bonds. Hydrogen must be bonded to only one 

carbon atom by a C—H bond, since C—H—C bonds do not occur, and an H—H 

bond would simply represent a hydrogen molecule. Applying this information, we 

find that the only possible structure for propane is 

ee 
vie are 

Hater) 
propane 

However, it is possible to write two structural formulas corresponding to the molecu- 
lar formula C4H;o (butane): 
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H 
HV | Al 

ios oA fiat 
a ra eaten and pa : ee 

H H HH &H HH 

normal butane 2-methylpropane 

Two C4Hj9 compounds with the structural formulas shown above actually exist. 
The butane with the unbranched carbon chain is called normal butane (abbreviated 
n-butane); it boils at 0.5°C and melts at — 138.3°C. The branched-chain butane is tsomerisi 
called 2-methylpropane; it boils at — 11.7°C and melts at — 159.5°C. These differ- 
ences in physical properties are sufficient to establish that the two compounds, igure 19.4 
though they have the same molecular formula, are different substances. Models Ball-and-stick models illustrating 
illustrating the structural arrangement of the atoms in methane, ethane, propane, structural formulas of methane, 
butane, and 2-methylpropane are shown in Figure 19.4. ecnabe Pier ane, eee aie ze 

This phenomenon of two or more compounds having the same molecular for- Oe et eee 
mula but different structural arrangements of their atoms is called isomerism. The _ ames. 

i: CH, cea CH,CH, (eons CH,CH,CH, 
H—C—H Methane HC C_-H Ethane H-C —C—C-H Propane 

| Ivara 
H HoH H H H 

seat 
H-C—C—C-C-H Butane deta CH,CHCH, 

Inaal HF H—C—C—C—H _ _2-methylpropane 
| | 

H CH,CH,CH,CH, Sie : 
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isomers 

Example 19.1 

Solution 

TORT ETECERE CeCe TEC ry 

various individual compounds are called isomers. For example, there are 2 isomers 

of butane, C4Hjo. Isomerism is very common among organic compounds and is 

another reason for the large number of known compounds. There are 3 isomers of 

pentane, 5 isomers of hexane, 9 isomers of heptane, 18 isomers of octane, 35 isomers 

of nonane, and 75 isomers of decane. The phenomenon of isomerism is a compelling 

reason for the use of structural formulas. 

To save time and space in writing, condensed structural formulas are often 
used. In the condensed structural formulas, atoms and groups that are attached to 

a carbon atom are generally written to the right of that carbon atom. For example, 
the condensed structural formula for pentane is CH3;CH,CH,CH,CH3 or 

CH3(CH,)3CH3. Some condensed structural formulas are shown in Figure 19.4. 

Let us interpret the condensed structural formula for propane: 

1 2 3 

CH;CH,CH3 

Carbon-1 has three hydrogen atoms attached to it and is bonded to C-2, which has 

two hydrogen atoms on it and which is bonded to C-3. Carbon-3 has three hydrogen — 

atoms bonded to it. 

Pentane, C;H)>, has three isomers. Write structural formulas and condensed struc- 

tural formulas for these isomers. 

In a problem of this kind, it is best to start by writing the carbon skeleton of the 

compound containing the longest continuous carbon chain. In this case it is five 
carbon atoms. Now complete the structure by attaching hydrogen atoms around 

each carbon atom so that each carbon atom has four bonds attached to it. The carbon 
atoms at each end of the chain need three hydrogen atoms. The three inner carbon 

atoms each need two hydrogen atoms to give them four bonds: 

eros 
C—C—C—C—C emperors CH,CH,CH,CH,CH, 

H H H H H 
For the next isomer, start by writing a four-carbon chain and attach the fifth 

carbon atom to either of the middle carbon atoms; do not use the end ones: 

C Cc Both of these structures 
CGC 26 CH C=C =e represent the same compound. 

Now add the 12 hydrogen atoms to complete the structure: 
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H 

H CH, 
| 

H— or i‘. a s H  CH,CH,CHCH, or  CH,CH,CH(CH,), 

Eger rl 

For the third isomer, write a three-carbon chain, attach the other two carbon atoms to 

the central carbon atom, and complete the structure by adding the 12 hydrogen atoms: 

| 
ace” H—C—C—C—H _ CH,CCH, or C(CH,), 

Naming Alkanes 

In the early development of organic chemistry each new compound was given a 

name, usually by the person who had isolated or synthesized it. Names were not 

systematic but often did carry some information—usually about the origin of the 

substance. Wood alcohol (methanol), for example, was so named because it was 

obtained by destructive distillation or pyrolysis of wood. 

‘During a meeting in Geneva in 1892, an international system for naming 

compounds was developed. In its present form, the method recommended by the 

International Union of Pure and Applied Chemistry (IUPAC) is systematic, generally 

unambiguous, and internationally accepted. Despite the existence of the official 

IUPAC System, a great many well-established common names and abbreviations 

(such as TNT and DDT) are used because of their brevity and/or convenience. So it 

is necessary to have a knowledge of both the IUPAC System and the common names. 

In order to name organic compounds systematically, you must be able to 

recognize certain common alkyl groups. Alkyl groups have the general formula 

C,,H>,+1 (one less hydrogen atom than the corresponding alkane). The name of 

the group is formed from the name of the corresponding alkane by simply dropping 

-ane and substituting a -yl ending. The names and formulas of selected alkyl groups 

are given in Table 19.2. The letter “R” is often used in formulas to represent any 

of the many possible alkyl groups: 

R = C,Hp,, +1 (any alkyl group) 

alkyl group 
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The following relatively simple rules are all that are needed to name a great 

many alkanes according to the IUPAC System. In later sections these rules will be 
extended to cover other classes of compounds, but advanced texts or references 

must be consulted for the complete system. The IUPAC rules for naming alkanes 
are as follows. 

Rule 1. 

Rule 2. 

Rule 3. 

Rule 4. 

Rule 5. 

Select the longest continuous chain of carbon atoms as the parent 

compound, and consider all alkyl groups attached to it as branch chains 
or substituents that have replaced hydrogen atoms of the parent hydro- 
carbon. If two chains of equal length are found, use the chain that has 
the larger number of substituents attached to it. The name of the alkane 
consists of the name of the parent compound prefixed by the names 
of the alkyl groups attached to it. 
Number the carbon atoms in the parent carbon chain starting from the 
end closest to the first carbon atom that has an alkyl or other group 
substituted for a hydrogen atom. If the first substituent from each end 
is on the same-numbered carbon, go to the next substituent to determine 
which end of the chain to start numbering. 
Name each alkyl group and designate its position on the parent carbon 
chain by a number (e.g., 2-methyl means a methyl group attached to 
C-2). 
When the same alkyl-group branch chain occurs more than once, indi- 
cate this repetition by a prefix (di-, tri-, tetra-, and so forth) written in 
front of the alkyl group name (e.g., dimethyl indicates two methyl 
groups). The numbers indicating the positions of these alkyl groups 
are separated by a comma and followed by a hyphen and are placed 
in front of the name (e.g., 2,3-dimethyl). 
When several different alkyl groups are attached to the parent com- 
pound, list them in alphabetical order (e.g., ethyl before methyl in 3- 
ethyl-4-methyloctane). Prefixes are not included in alphabetical order- 
ing (ethyl comes before dimethyl). 
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Consider naming the compound shown below by the IUPAC System: 
> 

4 3 2 | 

CH;—CH;—CH —CH, or CH;—CH~ CH,~ CH, 

Gis CH, 
2-methylbutane 

The longest continuous chain contains four carbon atoms. Therefore, the parent 

compound is butane, and the compound is named as a butane. The methyl group, 

CH3—, attached to C-2 is named as a prefix to butane, the “2-” indicating the point 

of attachment of the methyl group on the butane chain. 

How would we write the structural formula for 2-methylpentane? An analysis 

of its name gives us this information. The parent compound, pentane, contains five 

carbons. Write and number the five-carbon skeleton of pentane. Put a methyl group 

on C-2 (“2-methyl” in the name gives this information). Add hydrogens to give 

each carbon four bonds: 

a te ee Oe Co eer tae 
C—C—C—C—C_C—C—C—E—C CH; CH CH, CH CH, 

CH, CH, 

2-methylpentane 

Should this compound be called 4-methylpentane? No, because the IUPAC System 

specifically states that the parent carbon chain shall be numbered starting from the 

end nearest to the branch chain. 
It is very important to understand that the sequence of atoms and groups—not 

the way the sequence is written—determines the name of a compound. Each of the 

following formulas represents 2-methylpentane: 

i I 2 1 . . 
rae cn Sak tip ee CL. Clas CH a CH ay Chae CH 

CH, 

| ee 2 CH, 

4 | eae NS 
Cy CH, Che CH, CH, 

The following formulas and names demonstrate other aspects of the official 

nomenclature system: 

ie 4 3 ? { 

GEC CeO, CH,— CU CH 

CH, CH, CH, 
2,3-dimethylbutane 2,2-dimethylbutane 

In 2,3-dimethylbutane the longest carbon chain is four, indicating butane; “dimethyl” 

indicates two methyl groups; “2,3-” means that one CH; is on C-2 and one is on 

C-3. In 2,2-dimethylbutane both methyl groups are on the same carbon atom, both 

numbers are required. 
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CH, CH, 
7 6 5 4| een 1 
CHy~CH—CH;— CH—CH—CH— CH, 

CH, CH, 
2,3,4,6-tetramethylheptane (not 2,4,5,6-) 

(The molecule is numbered from right to left.) 

2 | 
CH,—CH, 
SRG 4 5 6 

CH,—CH—CH;—CH,—CH, 
3-methylhexane 

The longest continuous chain in 3-methylhexane has six carbons. 

In the next structure, the longest carbon chain is eight. The groups that are 

attached or substituted for hydrogen on the octane chain are named in alphabeti- 
cal order. 

CH,—CH, 
8 7 6 5 4| 3 2 | 
CH,—CH;—CH,— CH CH, 

CH5, Cli as@H, 
3-chloro-4-ethyl-2,4-dimethyloctane 

Example 19.2 Write the formulas for (a) 3-ethylpentane and (b) 2,2,4-trimethylpentane. 

Solution (a) The name pentane indicates a five-carbon chain. Write five connecting carbon 
atoms and number them. Attach an ethyl group, CH,CH,—, to C-3. Now add 
hydrogen atoms to give each carbon atom four bonds. C-1 and C-5 each need 
three hydrogen atoms; C-2 and C-4 each need two hydrogen atoms; and C-3 
needs one hydrogen atom. 

| 2 3 AS ass | 2 é 4-55 
G20. C-0_ GC. CC i C—C CH,CH|CHCH CH: 

CH,CH, CH,CH, 
3-ethylpentane 

(b) Pentane indicates a five-carbon chain. Write five connecting carbon atoms and 
number them. There are three methyl groups, CH;—, in the compound (tri- 
methyl), two attached to C-2 and one attached to C-4. Attach these three methyl 
groups to their respective carbon atoms. Now add hydrogen atoms to give each 
carbon atom four bonds. Thus, C-1 and C-5 each need three hydrogen atoms; 
C-2 does not need any hydrogen atoms; C-3 needs two hydrogen atoms; and 
C-4 needs one hydrogen atom. The formula is complete: 

Gu aa CH CH, CH, 
purty <DoRaeg aes i PG PPdgiity aes C—C—C—c-—C Ore rattan Cae C CH,CCH,CHCH, 

CH, CH, 
2,2,4-trimethylpentane 
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Name the following compounds: Example 19.3 

(a) en (b) ee 

Clie CECH ach Ch. 

(a) The longest continuous carbon chain contains six carbon atoms (Rule 1). Thus, Sade 

the parent name of the compound is hexane. Number the carbon chain from 

right to left so that the methyl group attached to C-2 is given the lowest possible 
number (Rule 2). With a methyl group on C-2 the name of the compound is 

2-methylhexane (Rule 3). 

(b) The longest continuous carbon chain contains eight carbon atoms: 

) 5 8 7 : 4 3 

eto RE suk 
2 J 

CS Oe! & 

Thus the parent name is octane. As the chain is numbered, a methyl group is on 

C-3 and an ethyl group is on C-5. Thus, the name of the compound is 5-ethy]-3- 

methyloctane. Note that ethyl is named before methyl (alphabetical order) (Rule 5). 

Practice 19.1 

Name the following alkanes. 

CH, CH, 

(a) cn,ca—¢—CH,CH,CH, (b) CH,CHCHCH,CH, 

cH, cu, CH,cHCH, 

CH,CH, 

ore 9.7. Alkenes and Alkynes 

Alkenes and alkynes are classified as unsaturated hydrocarbons. They are said to 

be unsaturated because, unlike alkanes, their molecules do not contain the maximum 

possible number of hydrogen atoms. Alkenes have two less hydrogen atoms and alkene 

alkynes have four less hydrogen atoms than alkanes with a comparable number of = alkyne 

carbon atoms. Alkenes contain at least one double bond between adjacent carbon 

atoms while alkynes contain at least one triple bond between adjacent carbon atoms. 

Alkenes contain a carbon-carbon double bond. 

| Alkynes contain a carbon-carbon triple bond. 
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FIGURE 19.5 > 

Ball-and-stick models for 

ethylene and acetylene. 

H-C=C-H 
acetylene (common name) 

Ethyne (IUPAC) ethylene (common name) 

Ethene (TUPAC) 

ecw, 

The simplest alkene is ethylene (or ethene), CH,=CH),, and the simplest alkyne 
is acetylene (or ethyne), CH=CH (Figure 19.5). Ethylene and acetylene are the 
firstmembers of homologous series in which the formulas of successive members differ 
by increments of CH) (e.g., CH»=CH, CH;CH=CH;, and CH3;CH,CH=CH,). 
Huge quantities of alkenes are made by cracking and dehydrogenating alkanes during 
the processing of crude oils. These alkenes are used to manufacture motor fuels, poly- 
mers, and petrochemicals. Alkene molecules, like those of alkanes, have very little 
polarity. Hence, the physical properties of alkenes are very similar to those of the 
corresponding saturated hydrocarbons. 

General formula for : 
General formula for alkynes: C,H>,_> 

Table 19.3 gives the names and formulas for several alkenes and alkynes. 
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<q Acetylene is used for welding 

many things as varied as steel 

girders and car exhaust systems. 

The names of alkenes and alkynes are derived from the names of corresponding 

alkanes. To name an alkene (or alkyne) by the IUPAC System: 

Select the longest carbon-carbon chain that has a double or triple bond. L. 

2. Name this parent compound as you would an alkane but change the -ane 

ending to -ene for an alkene or to -yne for an alkyne; for example, propane 

is changed to propene or propyne: 

CH3CH>CH3 CH3,CH=CH), CH,C==CH 

propane propene propyne 

3. Number the carbon chain of the parent compound starting with the end 

nearer to the double or triple bond. Use the smaller of the two numbers 

on the double- or triple-bonded carbon atoms to indicate the position of 

the double or triple bond. Place this number in front of the alkene or alkyne 

name; for example, 2-butene means that the carbon-carbon double bond 

is between C-2 and C-3. 

4. Side chains and other groups are treated as in naming alkanes. Name 

the substituent group, and designate its position on the parent chain with 

a number. 

Study the following examples of named alkenes and alkynes: 

6 5 4 

CH. CH. CH, 
3 2 l 

A pga y td : yh v2 3 4 CHCH= CH, 
CH,CH,CH=CH, CH,CH=CHCH, | 

1-butene 2-butene CH,CH,CH, 
3-propyl-1-hexene 
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CH; 
A ae eal | 2. 3a 5 6 
CH,CH,C=CH CH,—C=C—CH—CH—CH, 

1-butyne | 
CH, 

4,5-dimethyl-2-hexyne 

To write a structural formula from a systematic name, the naming process is 

reversed. For example, how would we write the structural formula for 4-methyl-2- 

pentene? The name indicates: (1) five carbons in the longest chain, (2) a double 

bond between C-2 and C-3, and (3) a methyl group C-4. 

Write five carbon atoms in a row. Place a double bond between C-2 and C-3, 

and place a methyl group on C-4. Now add hydrogen atoms to give each carbon 

atom four bonds. Carbons | and 5 each need three hydrogen atoms; C-2, C-3, and 

C-4 each need one hydrogen atom. 

I 2 3 4 5 

eae ees eae 

CH, CH, 
carbon skeleton 4-methyl-2-pentene 

Example 19.4 Write structural formulas for (a) 7-methyl-2-octene and (b) 3-hexyne. 

Solution (a) Octene, like octane, indicates an eight-carbon chain. The chain contains a double 
bond between C-2 and C-3 and a methyl group on C-7. Write eight carbon 
atoms in a row, place a double bond between C-2 and C-3, and place a methyl 
group on C-7. Now add hydrogen atoms to give each carbon atom four bonds: 

] 2 3 4 5 6 of 8 
C—C=C—C—c—c— -_ CH,CH= Ea aCe, 

CH, CH, 
carbon skeleton 7-methyl-2-octene 

(b) The stem hex- indicates a six-carbon chain; the suffix -yne indicates a carbon— 
carbon triple bond; the number 3 locates the triple bond between C-3 and 
C-4. Write six carbon atoms in a row and place a triple bond between C-3 
and C-4. Now add hydrogen atoms to give each carbon atom four bonds. 
C-3 and C-4 do not need any hydrogen atoms: 

| Sing OS 
C—C—C=C—C—C_CH,CH,C=CCH,CH, 

3-hexyne 
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Reactions of Alkenes 

The alkenes are much more reactive than the corresponding alkanes. This greater 

reactivity is due to the carbon-carbon double bonds. In our brief overview, we will 

limit our discussion to the most common reaction of alkenes. 

Addition 

In organic chemistry a reaction in which two substances join together to produce 

one compound is called an addition reaction. Addition at the carbon-carbon double 

bond is the most common reaction of alkenes. Hydrogen, halogens (Cl, or Brg), 

hydrogen halides, and water are some of the reagents that can be added to unsaturated 

hydrocarbons. Ethylene, for example, reacts in this fashion: 

Pe Pine 
CH—CH, + H, mise CH each: 

ethylene ethane 

CH—CH, + Br—Br~——~> CHBr— CHL Br 
Saat date) 

1,2-dibromoethane 

Visible evidence of the Br, addition is the disappearance of the reddish brown color 

of bromine as it reacts. 

+ 1 

CH=CH, + HCl — CH,CH,Cl 
Aero Sh) 

chloroethane 

f \ eee pee 
CH=CH, + HOH Ht CH.CH.OH (The H™ indicates that the reaction is 

Pr Daas 2 3 2 carried out under acidic conditions.) 

ethanol 

(ethyl alcohol) 

Note that the double bond is broken and the unsaturated alkene molecules become 

saturated by an addition reaction. 

The preceding examples dealt with ethene, but reactions of this kind can be 

made to occur with almost any molecule that contains a carbon-carbon double bond. 

Aromatic Hydrocarbons 

Benzene and all substances that have structures and chemical properties resembling 

benzene are classified as aromatic compounds. The word aromatic originally 

referred to the rather pleasant odor possessed by many of these substances, but 

this meaning has been dropped. Benzene, the parent substance of the aromatic 

hydrocarbons, was first isolated by Michael Faraday in 1825. Its correct molecular 

formula, CgHg, was established a few years later, but finding a reasonable structural 

addition reaction 

aromatic compound 
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formula that would account for the properties of benzene was a very difficult problem 
for chemists. 

Finally, in 1865, August Kekulé proposed that the carbon atoms in a benzene 
molecule are arranged in a six-membered ring with one hydrogen atom bonded to 
each carbon atom and with three carbon-carbon double bonds: 

i i 
Hs Cw ee Hy 20s Sata Vee ee 

1 | —S | | 

Kekulé’s concepts are a landmark in the history of chemistry. They mark the 
beginning of our understanding of structure in aromatic compounds, though his 
formulas have one serious shortcoming: They represent benzene and related sub- 
stances as highly unsaturated compounds. Yet benzene does not readily undergo 
addition reactions like a typical alkene. For example, benzene does not decolorize 
bromine solutions rapidly. Instead, the chemical behavior of benzene resembles that 
of an alkane. Its typical reactions are the substitution type, wherein a hydrogen 
atom is replaced by some other group; for example, 

CHCl > CHCl. HCl 
Modern theory suggests that the benzene molecule is a hybrid of the two Kekulé 
structures shown earlier. 

For convenience, the present-day chemist usually writes the structure of benzene 
as one or the other of these abbreviated forms: 

30 
In both representations, it is understood that there is a carbon atom and a hydrogen 
atom at each corner of the hexagon. The classical Kekulé structure is represented 
by A; the modern molecular orbital structure is represented by B. Hexagonal struc- 
tures, like A or B above, are used in representing the structural formulas of benzene 
derivatives—that is, substances in which one or more hydrogen atoms in the ring 
have been replaced by other atoms or groups. Chlorobenzene, C.H;Cl, for example, 
is written in this fashion: 

; Cl 

chlorobenzene, C;H.Cl 

This notation indicates that the chlorine atom has replaced a hydrogen atom and is 
bonded directly to a carbon atom in the ring. Thus, the correct formula for chloroben- 
zene is CgHsCl, not CgH,Cl. 
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Naming Aromatic Compounds 

A substituted benzene is derived by replacing one or more hydrogen atoms of 

benzene by another atom or group of atoms. Thus, a monosubstituted benzene has 
the formula CgH;G, where G is the group replacing a hydrogen atom. Because all 

the hydrogen atoms in benzene are equivalent, it does not matter which hydrogen 

is replaced by the monosubstituted group. 

Monosubstituted Benzenes 

Some monosubstituted benzenes are named by adding the name of the substituent 

group as a prefix to the word benzene. The name is written as one word. Several 

examples follow: 

CH,CH, NO, Cl Br 

nitrobenzene ethylbenzene chlorobenzene bromobenzene 

Certain monosubstituted benzenes have special names that should be learned. 

These are used as parent names for further substituted compounds: 

CH, OH OH NH, 

| 

ae Or 
toluene phenol benzoic acid aniline 

(methylbenzene) (hydroxybenzene) (aminobenzene) 

The C,H;— group is known as the phenyl group (pronounced fen-ill). The 

name phenyl is used for compounds that cannot be easily named as benzene deriva- 

tives. For example, the following compounds are named as derivatives of alkanes: 

| 

CH, 
Pe ess 
oO CHCHCICH,CH, Oo ae) 

3-chloro-2-phenylpentane diphenylmethane 

Disubstituted Benzenes 

When two substituent groups replace two hydrogen atoms in a benzene molecule, 

three isomers are possible. The prefixes ortho-, meta-, and para- (abbreviated o-, 

m-, and p-) are used to name these disubstituted benzenes. In the ortho-compound 

the substituents are located on adjacent carbon atoms. In the meta-compound they 

are one carbon apart. And in the para-compound the substituents are located on 
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cally followed by the word benzene. 

opposite sides of the ring. When the two groups are different, name them alphabeti- 

room temperature. 

Cl 

Cl 

Moth crystals or mothballs used 

to be made of naphthalene. 

Today most are para- 
dichlorobenzene. ortho-dichlorobenzene 

(1,2-dichlorobenzene) 

mp -17.2°C, bp 180.4°C 

Cl 

Cl 

meta-dichlorobenzene 
(1,3-dichlorobenzene) 

mp —24.8°C, bp 172°C 

The dichlorobenzenes, CgH4Cl), illustrate this method of naming. The three 

isomers have different physical properties, indicating that they are truly different 
substances. Note that the para-isomer is a solid and the two others are liquids at 

Cl 

Cl 
para-dichlorobenzene 
(1,4-dichlorobenzene) 
mp 53.1°C, bp 174.4°C 

When one of the substituents corresponds to a monosubstituted benzene that 
has a special name, the disubstituted compound is named as a derivative of that 
parent compound. In the following examples the parent compounds are phenol, 
aniline, toluene, and benzoic acid: 

NH, Cre 

OL oO NO, NO, 
Br 

o-nitrophenol p-bromoaniline 

Tri- and Polysubstituted Benzenes 

m-nitrotoluene 

COOH 

NH 2 
p-aminobenzoic acid 

When a benzene ring has more than two substituents, the carbon atoms in the ring 
are numbered. Numbering starts at one of the substituted groups and may go either 
clockwise or counterclockwise, but must be done in the direction that gives the 
lowest possible numbers to the substituent groups. When the compound is named 
as a derivative of one of the special parent compounds, the substituent of the parent 
compound is considered to be on C-1 of the ring (the CH3 group is on C-1 in 2,4,6- 
tribromotoluene). The following examples illustrate this system: 

NO, Br 

Oo e 
ON NO, 

Br 
1,3,5-trinitrobenzene 

(not 1,4,6-) 
1,2,4-tribromobenzene 

CH, 
O,N io} NO, 

NO, 
2,4,6-trinitrotoluene 

(TNT) 

Br cs OH 

Cl 

5-bromo-2-chlorophenol 
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Write formulas and names for all the possible isomers of (a) chloronitrobenzene, Example 19.5 

C.6H,Cl(NO,), and (b) tribromobenzene, C,H3Br3. 

(a) The name and formula indicate a chloro-group, Cl, and a nitro-group, NOo, Solution 

attached to a benzene ring. There are six positions in which to place these two 

groups. They can be ortho-, meta-, or para- to each other. 

Cl Cl Cl 

NO, 
NO, 

o-chloronitrobenzene m-chloronitrobenzene p-chloronitrobenzene 

(b) For tribromobenzene, start by placing the three bromo-groups in the 1, 2, and 

3 positions; then the 1, 2, and 4 positions, and so on, until all the possible 

isomers are formed. Name each isomer to check that no duplicate formulas 

have been written: 

Br Br Br 

: Br Br ; 

Br Br Br 

Br 

1,2,3-tribromobenzene 1,2,4-tribromobenzene 1,3,5-tribromobenzene 

Tribromobenzene has only three isomers. However, if one Br is replaced by a Cl, TNT is the abbreviation for the 

six isomers are possible common name trinitrotoluene. 

Practice | 9.3 

: “Name the following compounds: 

(a) CH,CH, _ (b) Of. Cow 

Ge OO, 

Hydrocarbon Derivatives 

Hydrocarbon derivatives are compounds that can be synthesized from a hydrocarbon. 

These derivatives contain not only carbon and hydrogen, but such additional elements 

as oxygen, nitrogen, or a halogen. The compounds in each class have similarities 
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Formaldehyde 

Acetaldehyde 

Re Propanone Acetone 

2-Butanone Methyl ethyl 
ketone 

Carboxylic . ZO : Z O HCOOH Methanoic Formic acid 
acid — KC So acid 

OH OH CH3;COOH Ethanoic acid Acetic acid 

Ester oS HCOOCH; Methyl Methyl 
RC < aan iS methanoate formate 

OR OR CH3COOCH; Methyl Methyl 
ethanoate acetate 

Se 
*The letter “R” is used to indicate any of the many possible alkyl groups. 

in structure and properties. We will consider the classes of hydrocarbon derivatives 
shown in Table 19.4. Notice that the table is divided into two sections of different 
color. The compounds in the first section do not contain a C—O group in their 
molecules while those in the second section of Table 19.4 each contain a C=O 
group. A carbon double bonded to an oxygen atom is called a carbonyl group, and 
organic compounds containing carbonyl groups have distinctive properties. 

Alkyl Halides 

Alkanes can react with a halogen in ultraviolet light to produce an alkyl halide, 
R—X. Halogenation is a general term for the substitution of a halogen atom for a 
hydrogen atom. 



Imagine a clear, hard coating that repels 
water, does not hold paint or dirt, and even 
repels adhesive tape. In a world filled with 

graffiti and grime from our environment, 

a nonstick coating would go far in clean- 
ing up our cities: Donald Schmidt, a Dow 

polymer chemist developed just such a 

water-based cross-linked fluorochemical 

coating during the late 1980s. 
The coating is actually a mixture of 

two different polymers: a reactive surfac- 

tant and a cross-linking agent. The poly- 

mers dissolve in water and can be brushed 
or sprayed on any surface to form a thin 

layer of twisted molecules. When the coat- 

ing is heated, the spaghetti-like molecules 

link together preventing the coating from 

redissolving in water. 
To enhance the nonstick properties of 

End for Graffiti? 

the coating, other solvents with high boil- 

ing points are added, which makes the 

coating dry more slowly, allowing the 

strands of polymer to get closer. The coat- 

ing is very smooth with no tiny crevices 

where objects can stick. 

The 3M Corporation is currently in- 

vestigating potential uses for this coating 

material. Initial plans include hard sur- 

faces such as kitchen counters, bathroom 

tile, automobile finishes, and even wallpa- 

per. In addition, the coating may be useful 

on airplane wings to facilitate deicing, and 

the medical profession may use the coat- 

ing to prevent blood cells from clogging 

an artificial heart. 
Since the material resists paint and 

markers, it is being considered as a way 

of combatting graffiti. The greatest diffi- 

Chemistry in Action 

culty in this application is the tremendous 

variety of surfaces requiring treatment. 

Scientists are working to develop the 

proper formulation for the various com- 

mercial uses. 

RH. + X, ——— RX + HX 
light 

. 

(X = Clor Brn 

When a specific halogen is used, the name reflects this. For example, when 

chlorine is the halogen, the process is called chlorination. 

CH3CH; + Cl, aa CH3;CH,Cl + HCl 
ig 

chloroethane 

The reaction yields alkyl halides, RX, which are useful as intermediates for the 

manufacture of other substances. 

A well-known reaction of methane and chlorine is shown by the equation 

CH, + CL=—— CHCl + HCl 
light 

chloromethane 

According to TUPAC nomenclature rules, organic halides are named by giving the 

halogen substituent as a prefix of the parent alkane (e.g., CH;Cl is chloromethane). 

Alkyl halides are primarily used as industrial solvents. Carbon tetrachloride, 

CCl,, was once used extensively in the dry cleaning process but it has now been 

replaced because of its toxicity and carcinogenic effects. Common dry cleaning 

solvents are now dichloromethane, CH»Cly, and 1,1,1-trichloroethane, CH3CCl3. 
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The dry cleaning process now 

uses safer alkyl halides (CH,Cl, 

or CH;CCI,) for solvents. 

alcohol 

primary alcohol 

secondary alcohol 

tertiary alcohol 

FIGURE 19.6 p> 

Ball-and-stick models illustrating 

structural formulas of methanol 

and ethanol. 

Organic halides are also used as anesthetics. Chloroform, CHCl; was once a 

popular anesthetic. It is no longer used though, because it is harmful to the respiratory 
system. Instead, such compounds as halothane, CF;CHCIBr, are being used. (See 

the Chemistry in Action on p. 518.) 

Chlorinated fluorocarbons (CFCs) are alky! halides used in aerosol propellents 

and refrigerants. CFCs are composed of carbon, hydrogen, fluorine, and chlorine. 

Today CFCs are being replaced by other compounds because they generate chlorine 

atoms in the upper atmosphere, which deplete the ozone layer (see Section 12.17). 

Many aerosols are now propelled by carbon dioxide. New refrigerant molecules 

(called hydrofluorocarbons, HFCs) are being used in refrigerators and air condi- 
tioners. 

Alcohols 

Alcohols are organic compounds whose molecules contain a hydroxyl (—OH) group 

bonded to a saturated carbon atom. Thus, if we substitute an —OH for an H in 

CH,, we get CH3OH, methyl alcohol. The functional group of the alcohols is —OH. 

The general formula for alcohols is ROH, where R is an alkyl or a substituted 
alkyl group. 

Alcohols differ from metal hydroxides in that they do not dissociate or ionize 
in water. The —OH group is attached to the carbon atom by a covalent bond and 
not by an ionic bond. The alcohols form a homologous series, with methanol, 
CH30OH, as the first member of the series. Models illustrating the structural arrange- 
ments of the atoms in methanol and ethanol are shown in Figure 19.6. 

Alcohols are classified as primary (1°), secondary (2°), or tertiary (3°), 
depending on whether the carbon atom to which the —OH group is attached is 
bonded to one, two, or three other carbon atoms, respectively. Generalized formulas 
for 1°, 2°, and 3° alcohols are 

E i i 
‘alae eta Soc an 

H H R 
primary alcohol secondary alcohol tertiary alcohol 

oe 

: CH,OH fin «pp OPE laa CECH SEL 
H Se 45 methanol H— : —C—FH ethanol 

| H | eel ei 



TABLE 19.5 Names and Classifications of Alcohols 

Class 

Primary 
Primary 
Primary 

Primary 
Primary 
Primary 

Primary 

Secondary 

Secondary 

Tertiary 

Dihydroxy 
Trihydroxy 

Formula 

CH,OH 
CH,CH,OH 
CH;CH,CH,OH 
CH,CH,CH,CH,OH 
CH;(CH;);CH,OH 
CH;(CH),CH,OH 

Or 

CH, 
Ge 

OH 
ee 

OH. 
CH, 

CH- : —OH 

CH, 
HOCH,CH,OH 
HOCH, CHCHO# 

OH 

IUPAC name . 

Methanol 
Ethanol 
1-Propanol 
1-Butanol 

1-Pentanol 
1-Octanol 
2-Methyl-1-propanol 

2-Propanol 

2-Butanol 

2-Methyl-2-propanol 

1,2-Ethanediol 
1,2,3-Propanetriol 

*The abbreviations n, sec, and tert stand for normal, secondary, and tertiary, respectively. 

Common name* 

Methyl alcohol 
Ethyl alcohol 
n-Propyl alcohol 
n-Butyl alcohol 
n-pentyl alcohol 
n-Octyl alcohol 
Isobutyl alcohol 

Isopropyl] alcohol 

sec-Butyl alcohol 

tert-Butyl alcohol 

Ethylene glycol 
Glycerol or 

glycerine 

19.14 Alcohols 

Boiling point (°C) 

Formulas of specific examples of these classes of alcohols are shown in Table 19.5. 

Methanol, CH3OH, is grouped with the primary alcohols. 

Molecular structures with more than one —OH group attached to a single 

carbon atom are generally not stable. But an alcohol molecule can contain two or 

more —OH groups if each —OH is attached to a different carbon atom. Accordingly, 

alcohols are also classified as monohydroxy, dihydroxy, trihydroxy, and so on, on 

the basis of the number of hydroxyl groups per molecule. Polyhydroxy alcohol is 

a general term for an alcohol that has more than one —OH group per molecule. 

Methanol 

Methanol is a volatile (bp 65°C), highly flammable liquid. It is poisonous and 

capable of causing blindness or death if taken internally. Exposure to methanol 

vapors for even short periods of time is dangerous. Despite the hazards, over 8 

billion pounds of methanol (3.6 X 10° kg) are manufactured annually and used in 

the following ways: 

1. Conversion to formaldehyde (methanol) primarily for use in the manufacture 

of polymers 

2. Manufacture of other chemicals, especially various kinds of esters 

3. Denaturing ethyl alcohol (rendering it unfit as a beverage) 

4. An industrial solvent 

5. An inexpensive and temporary antifreeze for radiators (it is not a satisfactory 

permanent antifreeze because its boiling point is lower than that of water) 

polyhydroxy alcohol 

513 
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This vintner is checking alcohol 

content, color, and sediment 

before wine is bottled. p> 

Ethanol 

Ethanol is without doubt the most widely known alcohol. Huge quantities of this 

substance are prepared by fermentation using starch and sugar as the raw materials. 

Conversion of simple sugars to ethanol is accomplished by the yeast enzyme zymase: 

zymase CHAO; 2 CH;CH,OH + 2 CO, 
glucose ethanol 

Some of the economically significant uses of ethanol are the following: 

1. Intermediate in the manufacture of other chemicals such as acetaldehyde, 
acetic acid, ethyl acetate, and diethyl ether. 

2. Solvent for many organic substances (e.g., pharmaceutical, perfumes, fla- 
vorings). 

3. Ingredient in alcoholic beverages. 

Ethanol acts physiologically as a food, as a drug, and as a poison. It is a food 
in the limited sense that the body is able to metabolize small amounts of it to carbon 
dioxide and water with the production of energy. As a drug, ethanol is often 
mistakenly considered to be a stimulant, but it is in fact a depressant. In moderate 
quantities ethanol causes drowsiness and depresses brain functions so that activities 
requiring skill and judgment (such as automobile driving) are impaired. In larger 
quantities ethanol causes nausea, vomiting, impaired perception, and lack of coordi- 
nation. If a very large amount is consumed, unconsciousness and ultimately death 
may occur. 

Ethanol for industrial use is often denatured (rendered unfit for drinking), which 
is done by adding small amounts of methanol and other denaturants that are extremely 
difficult to remove. Denaturing is required by the federal government to protect the 
beverage alcohol tax source. Special tax-free use permits are issued to scientific 
and industrial users who require pure ethanol for nonbeverage uses. 

Other widely used alcohols are 

1. Isopropyl alcohol (2-propanol), is the principal ingredient in rubbing alco- 
hol formulations. 



19.15 Naming Alcohols 515 
Pee Rema ee eee ee ee eee ee eee e Ee ee EEE EsE EE EEE HEHE EE EEE SESE SES EE SHEE EEE EE eEeESEEeeseEeEsEEse® 

2. Ethylene glycol is the main compound in antifreezes and is used in the 

manufacture of synthetic fibers; it is also widely used in the paint industry. 

3. Glycerol, also known as glycerine, is a syrupy, sweet-tasting liquid, whose 

major uses are in the manufacture of polymers and explosives, as an emollient 

in cosmetics, as a humectant in tobacco, and as a sweetener. 

Naming Alcohols 

If you know how to name alkanes, it is easy to name alcohols by the IUPAC 

System. Unfortunately, several of the alcohols are generally known by common or 

nonsystematic names, so it is often necessary to know more than one name for a 

given alcohol. The common name is usually formed from the name of the alkyl 

group that is attached to the —OH group, followed by the word alcohol. (See 

examples given below and in Table 19.5.) To name an alcohol by the IUPAC System: 

1. Select the longest continuous chain of carbon atoms containing the hy- 

-droxyl group. 
2. Number the carbon atoms in this chain so that the one bearing the 

group has the lowest possible number. 

3. Form the parent alcohol name by replacing the final -e of the corresponding 

alkane name by -ol. When isomers are possible, locate the position of the 

—OH by placing the number (hyphenated) of the carbon atom to which the 

—OH is bonded immediately before the parent alcohol name. 

4. Namie each alkyl side chain (or other group) and designate its position 

by number. 

OH 

Study the following examples of this naming system and also those shown in 

Table 19.5. 

g 2 1 I Z 3 
CHCh (iO Ci rate, 

1-propanol i: 

2-propanol 
(isopropyl alcohol) 

+ 3 2 | 2 | 

CH... CH CH,--CH,OH HOCH,— CH,OH 

a 1,2-ethanediol 
CH, (ethylene glycol) 

3-methyl-1-butanol 

Name this alcohol by the IUPAC method: Example 19.6 

ee nent 

CH seOH 

Step 1 The longest continuous carbon chain containing the —OH group has Solution 

six carbon. atoms. 
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Step 2 This carbon chain is numbered from right to left so that the —OH 

group has the smallest possible number. In this case, the —OH is on 

C-2: 

6 5 4 5 2 ] 

Bearer aint 

CH, OH 

Step 3 The name of the six-carbon alkane is hexane. Replace the final e in 

hexane by -ol, forming the name hexanol. Since the —OH is on carbon- 

2, place a 2- before hexanol to give it the parent alcohol name of 

2-hexanol. 

Step 4 A methyl group, —CHs3, is located on C-4. Therefore the full name of 
the compound is 4-methyl-2-hexanol. 

Example 19.7 Write the structural formula of 3,3-dimethyl-2-hexanol. 

Solution Step 1 The 2-hexanol refers to a six-carbon chain with an —OH group on C-2. 
Write the skeleton structure with an —OH on C-2. Now place the two 
methyl groups (3,3-dimethyl) on C-3: 

La ASO ae LOL ad Onell <On- Gh fate Userore 
eae ocak be Sa idol a des 

OH HO CH, 

Step 2 Finally, add hydrogen atoms to give each carbon atom four bonds: 

CH, 

os ce CH,CH,CH, 

HO CH, 
3,3-dimethyl-2-hexanol 

ERR see 

Practice 19.400 
iE _ Name the following alcohols and classify each as primary, secondary. or ae 

OH 
a ee ee (b) Bie 

oh CH CH 



mabe 

Ethers 

Ethers have the general formula ROR’. The two groups, R and R’, may be derived 

from saturated, unsaturated, or aromatic hydrocarbons and, for a given ether, may 

be alike or different. Table 19.6 shows structural formulas and names for some of 

the different kinds of ethers. 

Saturated ethers have little chemical reactivity, but, because they ally dissolve 

a great many organic substances, ethers are often used as solvents in both laboratory 

and manufacturing operations. 
Alcohols (ROH) and ethers (ROR’) are isomeric, having the same molecular 

formula but different structural formulas. For example, the molecular formula for 

ethanol and dimethyl ether is C,H,O, but the structural formulas are 

CH3CH,0OH CH3;—O—CH3 

ethanol dimethyl ether 

These two molecules are extremely different in both physical and chemical proper- 

ties. Ethanol boils at 78.3°C, and dimethyl ether boils at —23.7°C. In addition, 

ethanol is capable of intermolecular hydrogen bonding and therefore has a much 

higher boiling point. It also has a greater solubility in water than dimethyl] ether. 

Naming Ethers 

Like alcohols, individual ethers may be known by several names. The ether having 

the formula CH,CH,—O—CH,CH; and formerly widely used as an anesthetic is 

ether 
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The most widely known use of ethyl ether 

has been as a general anesthetic for sur- 

gery. The introduction of ether for this 

purpose is one of the great landmarks of 

medicine. Two Americans, Crawford W. 

Long and William T. Morton, played im- 

portant roles in this development. Long, 

a physician, used ether in a surgical opera- _ 
tion as early as 1842 but did not publish 

his discovery until 1849. Morton, a den- 
tist, used ether as an anesthetic for dental 

work in 1846. He publicly demonstrated 

its effectiveness by administering ether to 
a patient undergoing surgery at the Massa- 

chusetts General ao on October 

16, 1846. 

The word anesthesia is from the 

Greek, meaning insensibility, and was 

suggested to Morton by the poet and phy- 
sician Oliver Wendel Holmes. A general 
anesthetic is a substance or combination 
of substances that produces both uncon- 

sciousness and insensitivity to pain. Many 

other substances, including other ethers 

such as divinyl ether (Vinethene) and 

methoxyflurane (Penthrane), are eee 

inhalation ane ouicics: 

_ child. 

These substances are superior in some re- 

spects, and in recent years have replaced © 

ethyl ether as a general anesthetic. 

Ether produces unconsciousness by 

depressing the activity of the central nerv- 

ous system. The major disadvantages 
of ether include flammability, irritation of 

respiratory passages, and occurrence of 

nausea and vomiting after its use. These 

hazards have resulted in a change toward 

the use of other substances (such as nitrous 

oxide, NO, or halogenated compounds 

_ like halothane, CF;CHCIBr) as general 
anesthetics. These substitute compounds 

also pose hazards and must be used 

with caution. 

Ether also serves as an oe ex- 

tracting medium. It acts as a good solvent 

for separating lipids (ether soluble) from 

carbohydrates and proteins (ether insolu- 

ble). Ether is the solvent of choice for 

cocaine users as well. The technique 

_ known as “free-basing” involves the sepa- 
ration of cocaine from other substances 

by extracting it into ether. One method 

_ used to apprehend cocaine manufacturers 

involves tracking large ether shipments. 

~S 

Anesthetist giving anesthetic to 

CH,—=CH- CH, 

divinyl ether 

CHCI,CF,—O—CH; 

methoxyflurane 

called diethyl ether, ethyl ether, ethoxyethane, or simply ether. Common names of 
ethers are formed from the names of the groups attached to the oxygen atom followed 
by the word ether: 

In the IUPAC System, ethers are named as alkoxy, 

— 0—CH, CH, — O —CH,CH, 
lib Fiske ity dk | 

methyl ether methyl methyl ether ethyl 

dimethyl] ether methyl ethyl ether 

RO—, derivatives of the 
alkane corresponding to the longest carbon-carbon chain in the molecule. To name 
an ether by this system, use these steps: 

518 

1. Select the longest carbon-carbon chain and label it with the name of the 
corresponding alkane. 



19.17 Aldehydes and Ketones 519 
One ee meee eee e ee eee eee Hes ese EEE S SHE EE EEE EEEESEESEEH OEE EE SESE OEHESOE OS ESEEE SHEETS EE ELED 

2. ‘Change the -y/ ending of the other hydrocarbon group to -oxy to obtain the 

alkoxy group name. For example, CH30— is called methoxy. 

3. Combine the two names from Steps | and 2, giving the alkoxy name first, 

to form the ether name: 

Gie=0 = CH,CH, 
NL This is the longest carbon-carbon chain, 

so call it ethane. 

This is the other group; modify its name to methoxy and combine 
with ethane to obtain the name of the ether, methoxyethane. 

Thus, 

CH3CH,—O—CH,CH; is ethoxyethane 
CH3CH,CH,—O—CH,CH>CH>CH; is propoxybutane 

Aldehydes and Ketones 

The aldehydes and ketones are closely related classes of compounds. Their structures 

contain the carbonyl group, —C=O, a carbon double-bonded to oxygen. Alde- carbonyl group 

hydes have at least one hydrogen atom bonded to the carbonyl] group, while ketones aldehyde 

have two alkyl (R) or aromatic (Ar) groups bonded to the carbonyl group: rorone 

i 1 i i i 
Rte = Ar C—H rah CR Re CG —-Arag -Ar=—C Ar 

aldehydes ketones 

In a linear expression the aldehyde group is often written as CHO or CH—O. 

For example, 

O 

CH,CHO _is equivalent to en eat 

In the linear expression of a ketone, the carbonyl group is written as CO; for example, 

O 

CH,COCH, is equivalent to CH,CCH, 

Formaldehyde is the most widely used aldehyde. It is a poisonous, irritating 

gas that is very soluble in water. It is marketed as a 40% aqueous solution called 

formalin. The largest use of this chemical is in the manufacture of polymers. About 

2.1 billion pounds (9.6 X 10° kg) of formaldehyde are manufactured annually 

in the United States. Formaldehyde vapors are intensely irritating to the mucous 

membranes, and ingestion may cause severe abdominal pains, leading to coma 

and death. 
Acetone and methyl ethyl ketone are widely used organic solvents. Acetone, 

in particular, is used in very large quantities for this purpose. The U.S. production 



520 
Serer ence re eee ee eneeeeseeeees 

CHAPTER 19 Introduction to Organic Chemistry 
ee ree eee errr er eer er ere reer) 

of acetone is about 1.9 billion pounds (8.7 X 10% kg) annually. It is used as a 
solvent in the manufacture of drugs, chemicals, and explosives; for removal of 

paints, varnishes, and fingernail polish; and as a solvent in the plastics industry. 

Methyl ethyl ketone (MEK) is also widely used as a solvent, especially for lacquers. 

Naming Aldehydes and Ketones 

Aldehydes 

The IUPAC names of aldehydes are obtained by dropping the final -e and adding 

-al to the name of the parent hydrocarbon (i.e., the longest carbon—carbon chain 

carrying the —CHO group). The aldehyde carbon is always at the end of the carbon 

chain, is understood to be carbon number 1, and does not need to be numbered. The 

first member of the homologous series, H»C—=O, is methanal. The name methanal is 

derived from the hydrocarbon methane, which contains one carbon atom. The second 

member of the series is ethanal, the third member of the series is propanal, and so on: 

O O 
| | 

CH, H—C—H CH,CH, CH,C—H 
methane methanal ethane ethanal 

(from methan¢g + al) (from ethan¢g + al) 

The longest carbon chain containing the aldehyde group is the parent compound. 
Other groups attached to this chain are numbered and named as we have done 
previously. For example, 

CH, 
| | 

CH,CH,CHCH,CH,C —H 
4-methylhexanal 

Common names for some aldehydes are widely used. The common names for 
the aldehydes are derived from the common names of the carboxylic acids (see 
Table 19.7). The -ic acid or -oic acid ending of the acid name is dropped and is 
replaced with the suffix -aldehyde. Thus the name of the one-carbon acid, formic 
acid, becomes formaldehyde for the one-carbon aldehyde: 

i i i i | H—C--OH | H-C_H « CH.C—OH) cre 
formic acid formaldehyde acetic acid acetaldehyde 

The IUPAC name of a ketone is derived from the name of the alkane correspond- 
ing to the longest carbon chain that contains the ketone—carbonyl group. The parent 
name is formed by changing the -e ending of the alkane to -one. If the chain is 
longer than four carbons, it is numbered so that the carbonyl carbon has the smallest 
number possible, and this number is prefixed to the name of the ketone. Other 
groups bonded to the parent chain are named and numbered as previously indicated 
for hydrocarbons and alcohols. See the following examples: 
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CH,—C—CH, — CH,CH,CH,—C—CH, BHA CH is Grn HEELCH 

CH, 
propanone 2-pentanone 4-methyl-3-hexanone 

Note that in 4-methyl-3-hexanone the carbon chain is numbered from left to right 
to give the ketone group the lowest possible number. 

An alternative non-[UPAC method commonly used to name simple ketones is 
to list the names of the alkyl or aromatic groups attached to the carbonyl carbon 
together with the word ketone. 

i ieetiol 
Che C= CH.GH. CH,—— C —CHCH, 

methyl ketone ethyl ' methyl ketone isopropyl 

(methyl ethyl ketone) (methyl isopropy] ketone) 

Two of the most widely used ketones have special common names: propanone is 

called acetone, and butanone is known as methyl ethyl ketone, or MEK. 

Write the formulas and the names for the straight-chain five- and six-carbon alde- Example 19.8 

hydes. 

The TUPAC names are based on the five- and six-carbon alkanes. Drop the -e of Solution 

the alkane name and add the suffix -a/. Pentane, C;, becomes pentanal and hexane, 

C., becomes hexanal. 

i i 
€H{CH (CH, GHC —H CHUGH CH-CH CH Gast 

pentanal hexanal 

Give two names for each of the following ketones: Example 19.9 

CH, 6 1 
(a) CH,CH,CCH,CHCH, —(b) eS an) 

(a) The parent carbon chain that contains the carbonyl group has six carbons. Solution 

Number this chain from the end nearest to the carbonyl group. The ketone group 

is on C-3, and a methyl group is on C-5. The six-carbon alkane is hexane. Drop 

the -e from hexane and add -one to give the parent name hexanone. Prefix the 

name hexanone with 3- to locate the ketone group and with 5-methyl- to locate 

the methyl group. The name is 5-methyl-3-hexanone. The common name is 

ethyl isobutyl ketone since the C—O has an ethyl group and an isobutyl group 

bonded to it. 
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carboxylic acid 

carboxyl group 

(b) The longest chain has four carbons. The parent ketone name is butanone, derived 

by dropping the -e of butane and adding -one. The butanone has a phenyl 

group attached to C-1. The IUPAC name is therefore 1-phenyl-1-butanone. The 

common name for this compound is phenyl n-propyl ketone, since the C—O 

group has a phenyl and an n-propyl group bonded to it. 

| . Practice I 9. 5. 

- Write the TUPAC: names for the : following molecules: 

@t oe a -CHCH, eos & cH, CH. CH. ,CHCH, ,cHEC 

CH, CH CH; : 

Carboxylic Acids 

Organic acids, known as carboxylic acids, are characterized by the functional group 

called a carboxyl group. The carboxyl group is represented in the following ways: 

i 
—C—OH® “or; 9=-GOOH. | com =2COU 

Open-chain carboxylic acids form a homologous series. The carboxyl group is 

always at the end of a carbon chain, and the carbon atom in this group is understood 

to be C-1 in naming the compound. 

To name a carboxylic acid by the IUPAC System, first identify the longest 

carbon chain including the carboxyl group. Then form the acid name by dropping 

the -e from the corresponding parent hydrocarbon name and adding -oic acid. Thus, 

the names corresponding to the C-1, C-2, and C-3 acids are methanoic acid, ethanoic 

acid, and propanoic acid. These names are, of course, derived from methane, ethane, 

and propane: 

CH, methane HCOOH methanoic acid 

CH,CH; ethane CH3;COOH ethanoic acid 

CH3CH,CH3 propane CH3CH»COOH propanoic acid 

The IUPAC method is neither the only nor the most generally used method of 

naming acids. Organic acids are usually known by common names. Methanoic, 

ethanoic, and propanoic acids are commonly called formic, acetic, and propionic 
acids, respectively. These names usually refer to a natural source of the acid and 

are not really systematic. Formic acid was named from the Latin word formica, 

meaning “ant.” This acid contributes to the stinging sensation of ant bites. Acetic 

acid is found in vinegar and is so named from the Latin word for vinegar. The 
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(CH;,CH,COOH ~ 

_ CHlx(CH,),COOH 

S CH(CH,),COOH 

_CH,(CH,),4COOH 

5 CH3(CH,) 1sCOOH 

| Te _ 

_CH,(CH)),COOH 
_ CH;(CH3);COOH 

CH,(CHy),,COOH oe 

: - Menace acid 

_ Ethanoic acid — 

-Propanoic acid 

Tetradecanoic acid 
_ Hexadecanoic acid 

~ Octadecanoic acid — 

-  eiccace acid 
The sting of an ant bite is caused 

by formic acid. 

name of butyric acid is derived from the Latin term for butter, since it is a constituent 

of butterfat. Many of the carboxylic acids, principally those having even numbers 

of carbon atoms ranging from 4 to about 20, exist in combined form in plant and 

animal fats. These acids are called saturated fatty acids. Table 19.7 lists the IUPAC 

and common names of the more important saturated aliphatic acids. 

The simplest aromatic acid is benzoic acid. ortho-Hydroxybenzoic acid is known 

as salicylic acid, the basis for many salicylate drugs such as aspirin. There are three 

methylbenzoic acids, known as o-, m-, and p-toluic acids. ; 

Cros Oe. Oe 

O i CH, 

benzoic acid 

Carboxylic acids react with alcohols in an acidic medium to form esters. Esters have 

Esters 

COOH 

salicylic acid en acid p-toluic acid 
(o-hydroxybenzoic acid) (aspirin) 

ester 

the general formula RCOOR’ where R’ can be any type of saturated, unsaturated, or 

aromatic hydrocarbon group. The functional group of the ester is —COOR’: 

ZO 

OR! 
functional group of an ester 

or —COOR' 
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polymerization 

polymer 

monomer 

copolymer 

Beene eee een eeenereeee es eseeseeeeseees 

The reaction of acetic acid and ethyl alcohol is shown as an example of the group 

of reactions called esterification. In addition to the ester, a molecule of water 1s 

formed as a product. 

O 
| 2 | [para H | 

CH,C O—CH,CH,——=CH,C — OCH,CH, + H,O 
acetic acid Nora ethyl alcohol ethyl acetate 

(ethanol) (ethanoic acid) (ethyl ethanoate) 

Esters are alcohol derivatives of carboxylic acids. They are named in much 

the same way as salts. The alcohol part (R’ in OR’) is named first, followed by the 

name of the acid modified to end in -ate. The -ic ending of the organic acid name 

is replaced by the ending -ate. Thus, in the IUPAC System, ethanoic acid becomes 

ethanoate. In the common names, acetic acid becomes acetate. To name an ester it 

is necessary to recognize the portion of the ester molecule that comes from the acid 

and the portion that comes from the alcohol. In the general formula for an ester, 

the RC—=O comes from the acid and the R’O comes from the alcohol: 

O 
| 

CO—R') CH,C+OCH, 
acid alcohol acetic methyl] 

acid alcohol 

methyl acetate 
(methyl ethanoate) 

Esters occur naturally in many varieties of plant life. Many of them have 

pleasant, fragrant, fruity odors and are used as flavoring and scenting agents. Esters 

are insoluble in water but soluble in alcohol. Table 19.8 gives a list of selected esters. 

Polymers—Macromolecules 

There exist in nature some very large molecules (macromolecules) containing tens 

of thousands of atoms. Some of these, such as starch, glycogen, cellulose, proteins, 

and DNA, have molar masses in the millions and are central to many of our life 

processes. Man-made macromolecules touch every phase of modern living. It is 

hard to imagine a world today without polymers. Textiles for clothing, carpeting, 

and draperies; shoes; toys; automobile parts; construction materials; synthetic rubber; 

chemical equipment; medical supplies; cooking utensils; synthetic leather; recre- 

ational equipment—the list could go on and on. The vast majority of these polymeric 
materials are based on petroleum. Since petroleum is nonreplaceable, our dependence 

on polymers is another good reason for not squandering our limited world supply 
of petroleum. 

The process of forming very large, high-molar-mass molecules from smaller 

units is called polymerization. The large molecule, or unit, is called the polymer 

and the small repeating unit, the monomer. Polymers containing more than one 
kind of monomer are called copolymers. The term polymer is derived from the 
Greek word polumerés, meaning “having many parts.” Ethylene is a monomer and 
polyethylene is a polymer. Because of their large size, polymers are often called 
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TABLE 19.8 Odors and Flavors of Selected Esters 

Formula IUPAC name _. Common name Odor or flavor ee ee 
a Isopenty] ethanoate Isoamyl acetate Banana, pear 

CH. 

CH,CH,CH,COOCH,CH, Ethy] butanoate Ethyl butyrate Pineapple 

ee Isobutyl methanoate Isobutyl formate Raspberry 

CH, 

CH,COOCH,(CH,),CH, Octy] ethanoate n-Octyl acetate Orange 

COOCH, Methyl-2-hydroxy Methyl salicylate Wintergreen 
benzoate 

<q Synthetic polymers are used to 

form commercial products, such 

as curtains, carpets, disposable 

diapers, and various plastic 

macromolecules. Some synthetic polymers are called plastics. The word plastic 

means “capable of being molded, or pliable.” Although all polymers are not pliable 

and capable of being remolded, the word plastics has gained general use and has 

come to mean any of a variety of polymeric substances. 

Polyethylene is an example of a synthetic polymer. Ethylene, derived from 

petroleum, is made to react with itself to form polyethylene (or polythene). 

Polyethylene is a long-chain hydrocarbon made from many ethylene units: 

n CH,=CH, —CH,CH)[CH2CH>],CH,CH,CH,CH;— 
ethylene polyethylene —> 

A typical polyethylene molecule is made up of about 2,500—25,000 ethylene mole- 

cules joined in a continuous structure. Over 12 billion pounds of polyethylene are 
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TABLE 19.9 Polymers Derived from Modified Ethylene Monomers 

Monomer Polymer Uses 

CH,= CH, (CH, -CHs)7 Packing material, molded 
Ethylene Polyethylene articles, containers, toys 

CH= Ci CH,— CH Textile fibers, molded 
| | articles, lightweight ropes, 
CH; CH3/n autoclavable biological 

Propylene Polypropylene equipment 

CH, =CH CH,— CH Garden hoses, pipes, molded 
| | articles, floor tile, electrical 
Cl Cl Jn insulation, vinyl leather 

Vinyl chloride Polyvinyl chloride ‘ 

CH, = . CH. iB Textile fibers 

CN CN /, 

Acrylonitrile Orlon, Acrilan 

CF, =CF, (CF, — CF, ); Gaskets, valves, insulation, 

Tetrafluoroethylene Teflon heat-resistant and chemical 
resistant coatings, linings 
for pots and pans 

CH,=CH CH,— CH Molded articles, styrofoam, 
insulation, toys, disposable 
food containers 

n 

Styrene Polystyrene 

CH, 5 —CH, Contact lenses, clear sheets 
for windows and optical uses, 

i a O—CH; CH, 5 molded articles, automobile 
O O—6 finishes 

Methylmethacrylate Sa : 

Lucite, Plexiglas 
(acrylic resins) 

produced annually in the United States. Its uses are as varied as any single substance 

known and include chemical equipment, packaging material, electrical insulation, 
films, industrial protective clothing, and toys. 

Ethylene derivatives, in which one or more hydrogen atoms have been replaced 
by other atoms or groups, can also be polymerized. Many of our commercial 
synthetic polymers are made from such modified ethylene monomers. For example, 
CH,—CH-— is a vinyl group and CH)==CHC1 is vinyl chloride. Vinyl chloride can 
be polymerized to polyvinylchloride (PVC). The names, structures, and some uses 
for several of these polymers are given in Table 19.9. 



Key Terms 527 

cepts in Review 

. Describe the tetrahedral nature of the carbon atom. 

. Identify the different types of bonding between the carbon atoms. 

- Explain what is meant by a homologous series. 

. Write the names and formulas for the first ten normal alkanes. 

. Write the names and structural formulas for the common alkyl groups, C,,H>,, + 1- 

. Write common or IUPAC names for each class of compounds discussed in 
this chapter. 

1 

2 

3 

4. Describe the phenomenon of isomerism. 

5 

6 

7 

8. When given a name, write the structural formulas for compounds from each 

classification in this chapter. 

9. Write structural formulas for the isomers of a compound when given a name 

or molecular formula. 

10. Write equations for the combustion of alkanes. 

11. List the major classes of hydrocarbon derivatives and their functional groups. 

12. Distinguish by structure an alkane, an alkene, and an alkyne. 

13. Write equations for addition reactions of alkenes. 

14. Describe the nature of benzene and how its properties differ from open-chain 

unsaturated hydrocarbons. 

15. Recognize and write formulas for benzene compounds. 

16. Recognize and identify primary, secondary, and tertiary alcohols. 

17. Write the equations for the preparation of esters from carboxylic acids and al- 

cohols. 

18. Identify the alcohol and the carboxylic acid that would be needed to prepare a 

given ester. 

19. Write structural formulas for polymers derived from modified ethylene mono- 

mers when given a monomer, or vice versa. 

Terms 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. 

addition reaction (19.9) copolymer (19.21) polyhydroxy alcohol (19.14) 

alcohol (19.14) ester (19.20) polymer (19.21) 

aldehyde (19.17) ether (19.16) ' polymerization (19.21) 

alkane (19.4) functional group (19.2) primary alcohol (19.14) 

alkene (19.7) homologous series (19.4) saturated hydrocarbon (19.3) 

alkyl group (19.6) hydrocarbon (19.3) secondary alcohol (19.14) 

alkyne (19.7) isomerism (19.5) tertiary alcohol (19.14) 

aromatic compound (19.10) isomers (19.5) unsaturated hydrocarbon (19.3) 

carbonyl group (19.17) ketone (19.17) vital-force theory (19.1) 

carboxyl group (19.19) monomer (19.21) 

carboxylic acid (19.19) organic chemistry (19.1) 
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Jestions 

15. What is wrong with the name 1-methylpentane? 

16. Which of the following statements are correct? Rewrite 

each incorrect statement to make it correct. 

(a) In the alkane homologous series the formula of each 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. 

10. 

11. 

12. 

13. 

14. 

What bonding characteristic of carbon is primarily respon- 

sible for the existence of so many organic compounds? 

. What is the most common geometric arrangement of cova- 

lent carbon bonds? Illustrate this structure. 

. In addition to single bonds, what other types of bonds can 

carbon atoms form? Give examples. 

. Draw a Lewis structure for 

(a) a single carbon atom 

(b) molecules of methane, ethene, and ethyne 

. Write the names and draw the structural formulas for the 

first ten normal alkanes. 

. Write the names and draw the structural formulas for all 

possible alkyl groups, C,,H>, 41, containing from one to 

four carbon atoms. 

. What are the three principal sources of hydrocarbons? 

. Which one of the following compounds belongs to a differ- 

ent homologous series than the others? 

(a) CjHy (c) CeHi4 

(b) CH, (d) Cs Hi2 
. Which word does not belong with the others? 

member differs from the preceding member by CH3. 

(b) Carbon atoms can form single, double, and triple bonds 

with other carbon atoms. 

(c) The IUPAC name for CH3;CH,CH,CHCICH; is 

4-chloropentane. 

(d) Propane is an isomer of propene. 
(e) Isopropyl alcohol is an isomer of both methyl ethyl 

ether and methyl ethyl ketone. 

(f) Depending on which hydrogen atom is removed, it is 

possible to get two alkyl groups, 2,2-dimethylpropyl 

and 2-methylpropyl, from 2-methylpropane. 

(g) 2-Methylpropane, methylpropane, and 1,1-dimeth- 

ylethane are all correct names for the same compound. 

(h) Compounds belonging to the same homologous series 

will generally exhibit similar chemical properties. 

(i) There are eight carbon atoms in a molecule of 

3,3,4-trimethylpentane. 

(j) The compound C,Hj9 can have in its structure two 

carbon-carbon double bonds or one carbon—carbon tri- 

ple bond. 

(k) Dimethyl ketone, acetone, and propanone all have the 

same molecular formula but different structural for- 

(a) alkane (d) ethane mulas. 

(b) paraffin (e) ethylene (1) Methyl alcohol is a very poisonous substance that can 

(c) saturated (f) pentane lead to blindness when ingested. 

What is the single most important reaction of alkanes? 

Draw the structure for vinyl acetylene, which has the for- 

mula C,H, and contains one double bond and one triple 

bond. 

An open-chain hydrocarbon has the formula CgHg. What 

possible combinations of carbon-carbon double bonds 

and/or carbon-carbon triple bonds can be in this compound? 

Why is ethylene glycol (1,2-ethanediol) superior to methyl 

alcohol (methanol) as an antifreeze for automobile radi- 

ators? 

Alcohols are considered to be toxic to the human body— 

with ethanol, the alcohol in alcoholic beverages, being the 

least toxic one. What are the hazards of ingesting 

(a) methanol, (b) ethanol? 

(m) The number of isomers of dichlorobenzene, trichloro- 

benzene, and tetrachlorobenzene is the same. 

(n) (CH3)3CCH,OH is a primary alcohol. 

(0) Polymerization is the process of forming very large 

high-molar-mass molecules from smaller units. 

(p) The monomer of Teflon is tetrafluoroethylene, 

CF,=CF),. 

(q) The chemical characteristics of CH;OH and NaOH 

are similar. 

(r) Ethers, because of their relative unreactivity, are often 

used as solvents in organic reactions. 

(s) Esters are derivatives of alcohols and carboxylic acids. 

(t) Acetic acid is the most common and structurally the 

simplest carboxylic acid. 

(u) Methyl propanoate and propyl methanoate are isomers. 
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These exercises are paired. Each odd-numbered exercise is followed by a similar even- 

numbered exercise. Answers to the even-numbered exercises are given in Appendix V. 

17. 

19. 

21. 

23. 

25. 

27. 

29. 

31. 

33. 

35. 

Name the following normal alkyl groups: 

(a) CsH,;— 
(b) C7H,;— 

Write condensed structural formulas for the five isomers 

of hexane. 

Give IUPAC names for the following: 

(a) CH3CH,Cl 

(b) CH;CHCICH; 

(c) (CH3)2CHCH,Cl 

Give IUPAC names for the following compounds: 

(a) See meta 

Che eiLe. 

(b) Bo ee Pes 

CH, CH,CH, CH,CH, 

Draw structural formulas of the following compounds: 

(a) 2,4-dimethylpentane 

(b) 2,2-dimethylpentane 

(c) 3-isopropyloctane 

One name in each of the following pairs is incorrect. Draw 

structures corresponding to each name and indicate which 

name is incorrect. 
(a) 2-methylbutane and 3-methylbutane 

(b) 2-ethylbutane and 3-methylpentane 

Draw structural formulas for all the isomers of 

(a) CH3Br 

(b) CHCl, 
(c) C,H;Cl 
(d) C3H,Br 

Using alkenes and any other necessary inorganic reagents, 

write reactions showing the formation of 

(a) CH3;CH,CHCICH,Cl 

(b) CH3CH>Br 

Draw structures containing two carbon atoms for each of 

the following classes of compounds: 

(a) alkene 

(b) alkyne 

(c) alkyl halide 

(d) alcohol 

Give the IUPAC name for each of the compounds in Exer- 

cise 33. 

18. 

20. 

22. 

24. 

26. 

28. 

30. 

32. 

34. 

36. 

Name the following normal alkyl groups: 

(a) CgH,7— 
(b) CyoH2;— 
Write condensed structural formulas for the nine isomers 

of heptane. 

Give TUPAC names for the following: 

(a) CH3;CH,CH,Cl 

(b) (CH3)3CCl 
(c) CH3;CHCICH,CH, 

Give IUPAC names for the following compounds: 

(a) CH— ae 

pein gl 
CH, CH, 

(b) CH,CH,CH,CHCH,CH, 

CH,CHCH, 

Draw structural formulas of the following compounds: 

(a) 4-ethyl-2-methylhexane 

(b) 4-tert-butylheptane 

(c) 4-ethyl-7-isopropyl-2,4,8-trimethyldecane 

One name in each of the following pairs is incorrect. Draw 

structures corresponding to each name and indicate which 

name is incorrect. 

(a) 2-dimethylbutane and 2,2-dimethylbutane 

(b) 2,4-dimethylhexane and 2-ethyl-4-methyl-pentane 

Draw structural formulas for all the isomers of 

(a) C4Hol 

(b) C3H¢Clo 

(c) C3H¢BrCl 

(d) C4HgCl, 

Using alkenes and any other necessary inorganic reagents, 

write reactions showing the formation of 

(a) CH3;CHBrCH,Br 

(b) CH3;CHBrCH3; 

Draw structures containing two carbon atoms for each of 

the following classes of compounds: 

(a) ether 

(b) aldehyde 

(c) carboxylic acid 

(d) ester 

Give the IUPAC name for each of the compounds in Exer- 

cise 34. 
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37. Draw structural formulas for the following: 

(a) chloromethane 

(b) vinyl chloride 

(c) chloroform 

(d) 1,1-dibromoethene 

39. Draw structural formulas for the following: 

(a) 2,5-dimethyl-3-hexene 

(b) 2-ethyl-3-methyl-1-pentene 

(c) 4-methyl-2-pentene 

41. Name the following compounds: 

(a) ec, 

CH, 
(b) oe ol —CH, 

CH, CH, 

43. Complete the following reactions and name the products: 

(a) CH,=CHCH,+ Br, —~> 

(b) 2 CH, — CH HBr 

(c) CH,CH=CHCH, + H,722> 

45. Name the following aromatic compounds: 

(a) OH (b) CH, 

(c) COOH (d) NH, 

(e) Cl (f) Cl 

Cl 

Cl 

47. Draw structural formulas for 

(a) benzene 

(b) toluene 

(c) benzoic acid 

(d) aniline 

49, Draw structural formulas for 

(a) ethylbenzene 

(b) 1,3,5-tribromobenzene 

51. Draw structural formulas and write the TUPAC names for 

all the isomers of trichlorobenzene, CgH3Cl3. 

38. Draw structural formulas for the following: 

(a) hexachloroethane 

(b) iodoethyne 

(c) 6-bromo-3-methyl-3-hexene-1-yne 

(d) 1,2-dibromoethene 

40. Draw structural formulas for the following: 

(a) 1,2-diphenylethene 

(b) 3-penten-1-yne 

(c) 3-phenyl-1-butyne 

42. Name the following compounds: 

(a) Sa se eae 

CH 
iS 

H.C” CH, 
(b) EE CEREE SCC Ge 

CH, 

44. Complete the following reactions and name the products: 

(a) CH, = CH, + H,o 
(RCH == Ciera br, 

(c). CH, — CH, + i — 

46. Name the following aromatic compounds: 

(a) (b) OH 

NO, 

(d) CH,CH, 

(f) OH 
| 
C=0 

: a 
NO, 

48. Draw structural formulas for 

(a) phenol 

(b) o-bromochlorobenzene 

(c) 1,3-dichloro-5-nitrobenzene 

(d) m-dinitrobenzene 

50. Draw structural formulas for 

(a) tert-butylbenzene 

(b) 1,1-diphenylethane 

52. Draw structural formulas and write the IUPAC names for 
all the isomers of dichlorobromobenzene, C.eH3ClL Br. 



53. 

55s 

57. 

Do: 

61. 

Write the IUPAC name for each of these alcohols. Classify 

each as primary, secondary, or tertiary alcohols. 

(a) CH,CH,CH— CH, 
| 
OH 

(b) os CH,CH,CH— OH 

CH, CH, 

Draw structural formulas for the following: 

(a) 2-pentanol 

(b) isopropyl alcohol 

Name each of these aldehydes: 

(a) CH,=0O 

i 
(b) CELCTECH C—H 

i 
(c) CEES ain 

CH, 

Name each of these ketones: 

(a) CH,COCH, 

(b) CH,CH,COCH, 

(c) O 
| 

eee 

Name each of the following acids: 

(a) CH,CHBrCOOH 
(b) CH= CHCH,COOH 
(c) CH,CH,CH,COOH 
(d) COOH 

S a 

54, 

56. 

58. 

60. 

62. 

Paired Exercises 
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Write the IUPAC name for each of these alcohols. Classify 

each as primary, secondary, or tertiary alcohols. 

OH 
| 

(a) an Raters 

CH,CH, CH,CH, 
(b) eee 

OH  CH—CH, 
wae 

CH; 

Draw structural formulas for the following: 

(a) 2,2-dimethyl-1-heptanol 

(b) 1,3-propanediol 

Name each of these aldehydes: 

(b) O=CCH,CH,C—H 

| 
(c) SE cae 

OH 

Name each of these ketones: 

9 CH 

(ayCrHC Cele 
| 
CH, 

T 
(b) CH,CCH,CH,CCH, 

Hs | 
(ec), CHG = CH. CCH, 

| 
OH 

Name each of the following acids: 

(a) CH,CHCOOH 

CH,CH, 

(b) Goynare 

(c) CH,CH,CH,CH,COOH 
(d) z COOH 
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63. 

65. 

67. 

69. 

CHAPTER 19 Introduction to Organic Chemistry 

Draw structural formulas for the following esters: 

(a) ethyl formate 

(b) methyl ethanoate 

(c) isopropyl propanoate 

Write IUPAC names for the following esters: 

(a) CH,COCH,CH, 

(b) ae 
O 

GH: 
Il | 

(¢)) CH. CH Cr C—O—CHCH, 

Complete the following equations: 

(a) CH,COOH + NaOH —> 
(b) CH,CHCOOH + NH;— 

OH 

Ethylene and its derivatives are the most common mono- 

mers for polymers. Write formulas for the following 

ethylene-based polymers: 

(a) polyethylene 

(b) polyvinyl chloride 

dditional Exercises 

These exercises are not paired or labeled by topic and 

provide additional practice on concepts covered in this 

chapter. 

71. 

72. 

73. 

74. 

Se 

Draw the structural formulas and write the [IUPAC names 

for all the isomers of (a) pentyne and (b) hexyne. 

Eight open-chain isomeric alcohols have the formula 

(a) Draw the structural formula and write the IUPAC name 

for each of these alcohols. 

(b) Indicate which of these isomers are primary, secondary, 

and tertiary alcohols. 

What is the molar mass of an open-chain saturated alcohol 

containing 30 carbon atoms? This alcohol is present in 
beeswax as an ester. 

Write the name and structure of the ether that is isomeric 

with (a) 1-propanol, (b) ethanol, and (c) isopropyl alcohol. 

Give the names and structures of all ethers having the 
molecular formula C5H, 0. 

64. 

66. 

68. 

70. 

76. 

Wile 

78. 

79. 

80. 

Draw structural formulas for the following esters: 

(a) n-nonyl acetate 

(b) ethy! benzoate 

(c) methyl salicylate 

Write IUPAC names for the following esters: 

(a) eae? 

(b) Or 
O 

CH, O 

(c) CH,CHCH,C—OCH,CH, 

Complete the following equations: 

(a) CH,COOH + KOH —— 

(b) oO COOH + oO CH,oH+ 

Ethylene and its derivatives are the most common mono- 

mers for polymers. Write formulas for the following 

ethylene-based polymers: 

(a) polyacrylonitrile 

(b) Teflon 

Draw structural formulas for propanal and propanone. From 

these formulas, do you think that aldehydes and ketones 

are isomeric with each other? Show evidence and substanti- 

ate your answer by testing with a four-carbon aldehyde 
and ketone. 

Give the common and the IUPAC names for the first five 

straight-chain carboxylic acids. 

Draw the structural formulas and write the IUPAC names 
for all the isomers of hexanoic acid, CH3(CH>),COOH. 

Write equations for the preparation of the following esters: 
(a) ethyl formate 

(b) methyl propanoate 

(c) n-propyl benzoate 

(a) Draw a structural formula showing the polymer that 
can be formed from each of the following mono- 
mers (show four units): (1) propylene, (2) 1-butene, 
(3) 2-butene 

(b) How many ethylene units are in a polyethylene mole- 
cule that has a molar mass of 35,000? 



81. How many different dibromobenzenes are there? How 

many tribromobenzenes? 

*82. What is the oxidation number of carbon in each of the 

following compounds? 

(a) CH3;0H 

(b) CO, 
(c) CoH 

83. A compound has the following composition: 

C = 24.3% 
H = 4.1% 
Cl = 71.7% 

It was found that 140.3 mL of the vapor at 100°C and 740 

mm Hg pressure had a mass of 0.442 g. What is the molecu- 

lar formula of the compound? Sketch it. 

84. A compound was found to contain 24 g of carbon, 4 g of 

hydrogen, and 32 g of oxygen. The molar mass of the 

compound is 60. Which of these following structures is 

correct for that compound? 

(a) C,H;0H 
(b) CH,;CHO 
(c) CH30CH3 

(d) COH 
(e) CH;COOH 

ers to Practice Exercises 

19.1 (a) 2,3,3-trimethylhexane, 

(b) 3-ethyl-2,5-dimethyl-heptane 

19.2 (a) 2,5-dimethyl-3-heptene, (b) 4-ethyl-2-octyne 

19.3 (a) m-chloroethylbenzene, (b) 3,5-dibromophenol, 

(c) o-nitroaniline 
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85. Write formulas for 

(a) ethyl alcohol 

(b) iodomethane 

(c) 2-chloropentane 

(d) decane 

(e) tert-butyl alcohol 

86. Write equations for the reactions between 

(a) methanol and formic acid 

(b) butanol and butanoic acid 

(c) hexanol and hexanoic acid 

Name the esters produced in each case. 

87. Sketch the structural formula for 

(a) asix-carbon alkane with methyl branches on two adja- 

cent carbons 

(b) a six-carbon alcohol with an —OH group not at the 

end of the chain 

(c) a three-carbon organic (carboxylic) acid 

(d) a four-carbon aldehyde 

(e) the ester formed when a four-carbon alcohol reacts 

with a three-carbon acid 

19.4 (a) Secondary; 6-methyl-3-heptanol, 

(b) Tertiary; 2,4-dimethyl-2-pentanol 

19.5 (a) 2-methylhexanal, (b) 3,5-dimethyl-2-octanone 



Introduction to Biochemistry 



Biochemistry is the study of the molecular basis of life. The chemical bases for 

some of the fundamental processes in biology are well understood, such as the 

conversion of sunlight and carbon dioxide into a food source for other living 

organisms. Now we are beginning to pinpoint the location of specific genes. We 

can use DNA in much the same manner as a fingerprint to identify the presence of 

a suspect at a crime scene. 

Common molecular patterns underscore the diversity of life. Using these princi- 

ples, we can produce essential substances, such as insulin for diabetics, using bacteria 

as the manufacturing machine. Other substances, such as the human growth factor, 

are being genetically engineered as well. 
Biochemistry is also making an impact in the fields of medicine and nutrition. 

For example, the severity of a heart attack can be determined by the levels of certain 

enzymes in the blood. The role of cholesterol, fats, and trace elements in our diet 

are current topics of great interest in biochemistry laboratories. 

Chemistry in Living Organisms 

The study of life has long fascinated people—it is probably the most intriguing of 

all scientific studies, but the answer to the question, “What is life?” still eludes us. 

The chemical substances present in all living organisms—from microbes to 

humans—range in complexity from water and simple salts to DNA (deoxyribonu- 

cleic acid) molecules containing tens of thousands of atoms. Four of the chemical 

elements, hydrogen, carbon, nitrogen, and oxygen, make up approximately 95% of 

the mass of living matter. Small amounts of sulfur, phosphorus, calcium, sodium, 

chlorine, magnesium, and iron, together with trace amounts of many other elements 

such as copper, manganese, zinc, cobalt, and iodine, are also found in living orga- 

nisms. The human body consists of about 60% water with some tissues having a 

water content as high as 80%. 

Biochemistry is the branch of chemistry concerned with the chemical reactions 

occurring in living organisms. Its scope includes such processes as growth, respira- 

tion, digestion, metabolism, and reproduction. 

The four major classes of biomolecules upon which all life depends are carbohy- 

drates, lipids, proteins, and nucleic acids. Each kind of living organism has an 

amazing ability to select and synthesize a large portion of the many complicated 

molecules needed for its existence. In fact, the processes carried out in a living 

organism can be likened to those of a highly automated, smoothly running “chemical 

factory.” But unlike a chemical factory, a living organism is able to expand (grow), 

repair damage (if not too severe), and, finally, reproduce itself. 

Carbohydrates 

Chemically, carbohydrates are polyhydroxy aldehydes or polyhydroxy ketones or 

substances that yield these compounds when hydrolyzed. The name carbohydrate 

was given to this class of compounds many years ago by French scientists who 
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rolls are storage molecules for 

energy from the sun. 

monosaccharide 

H—C=O 

H—C—OH 

H—C—OH 

CH,OH 
erythrose 

(an aldotetrose) 

POO e emcee ween cere neeseeeeeeeeeseeees 

called them hydrates de carbone because their empirical formulas approximated 

(C - H,O),,. However, the hydrogen and oxygen do not actually exist as water or in 
hydrate form as we have seen in such compounds as BaCl,-2 H,O. Empirical 

formulas used to represent carbohydrates are C,(H20),, and (CH20),,. 

Carbohydrates, also known as saccharides, occur naturally in plants and are 
one of the three principal classes of animal food. The other two classes of foods 
are lipids (fats) and proteins. Plants are able to synthesize carbohydrates by the 
photosynthetic process. Animals are incapable of this synthesis and are dependent on 
the plant kingdom for their source of carbohydrates. Animals are capable, however, of 
converting plant carbohydrate into glycogen (animal carbohydrate) and storing this 
glycogen throughout the body as a reserve energy source. The amount of energy 
available from carbohydrates is about 17 kJ/g. 

Carbohydrates exist as sugars, starches, and cellulose. The simplest of these 
are the sugars. The names for sugars end in -ose (e.g., glucose, sucrose, maltose). 
Carbohydrates are classified as monosaccharides, disaccharides, oligosaccharides, 
and polysaccharides according to the number of monosaccharide units linked together 
to form a molecule. 

Monosaccharides 

Monosaccharides are carbohydrates that cannot be hydrolyzed to simpler carbohy- 
drate units. They are often called simple sugars, the most common of which is 
glucose. Monosaccharides containing three-, four-, five-, and six-carbon atoms are 
called trioses, tetroses, pentoses, and hexoses, respectively. Monosaccharides that 
contain an aldehyde group on one carbon atom and a hydroxyl group on each of 
the other carbon atoms are called aldoses. Ketoses are monosaccharides that contain 
a ketone group on one carbon atom and a hydroxyl group on each of the other carbons. 

i O 
| 

—C=O —OH a7 

aldehyde hydroxyl ketone 

Structural formulas of several monosaccharides are as follows: 

Bria alee CH,OH 

ah ies, H—C—On Sor tae C=O 

Saree HO—C—H HOCH feu 

ee H—C—OH HOCH Beer oe 

Pee oe ae a H—C—0H AeterGr 

CH,OH CH,OH CH,OH CH,OH 
ribose glucose galactose fructose (an aldopentose) (an aldohexose) (an aldohexose) (a ketohexose) 

Fructose, is a ketohexose and is the sweetest of the sugars, followed by sucrose, 
and then glucose. 

We can write structural formulas for many monosaccharides, but only a limited number are of biological importance. Sixteen different isomeric aldohexoses of 
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formula CgH;O,¢ are known; glucose and galactose are the most important of 

these. Most sugars exist predominantly in a cyclic structure, forming a five- or six- 
membered ring. For example, glucose exists as a ring in which C-1 is bonded 

through an oxygen atom to C-S: 

1 
H—C=0,. 6 

Bent x orion 
HG 2 OH» 5 c é eae 
HOCH pl Ne H 

l4 i Elstar H en A H i 
H—C—O8 / we OH H = H 

mw He | OH HONE 0H 
Hee C—O Ce als 

6 3 H OH 

CH,OH 
open-chain form 

of glucose 

°CH,OH 
5 

HO OH 
a H 

H beta he OH 
3 2 

H OH 

cyclic form of galactose cyclic form of fructose cyclic form of ribose 

Now let’s examine the properties of four important monosaccharides. 

Glucose Glucose, CgH, 0g, is the most important of the monosaccharides. It is an 

aldohexose and is found in the free state in plants and animal tissues. Glucose is 

commonly known as dextrose or grape sugar and is a component of the disaccharides 

sucrose, maltose, and lactose; it is also the monomer of the polysaccharides starch, 

cellulose, and glycogen. Among the common sugars, glucose is of intermediate 

sweetness (see Table 20.1). 

Glucose is the key sugar of the body and is carried by the bloodstream to all 

body parts. The concentration of glucose in the blood is normally 80-100 mg per 

100 mL of blood. Because glucose is the most abundant carbohydrate in the blood, 

it is also sometimes known as blood sugar. Glucose requires no digestion and 

therefore may be given intravenously to patients who cannot take food by mouth. 

Glucose is found in the urine of those who have diabetes mellitus (sugar diabetes), 

a condition called glycosuria. 

Galactose Galactose, CgH, 20g, is also an aldohexose and occurs along with glucose 

in the disaccharide lactose and in many oligo- and polysaccharides, such as pectin, 

gums, and mucilages. It is an isomer of glucose, differing only in the spatial 

arrangement of the —H and —-OH groups around C-4. Galactose is synthesized in 

the mammary glands to make the lactose of milk, and is less than half as sweet 

as glucose. 

A severe inherited disease, called galactosemia, is the inability of infants to 

metabolize galactose. The galactose concentration increases markedly in the blood 

and also appears in the urine. Galactosemia causes vomiting, diarrhea, enlargement 

of the liver, and often mental retardation. If not recognized within a few days after 
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Lactose is a disaccharide found 

in breast milk. 

disaccharide 

birth, it can lead to death. But if diagnosis is made early and lactose is excluded 

from the diet, the symptoms disappear and normal growth is resumed. 

Fructose Fructose, CsH,20¢, also known as levulose, is a ketohexose and occurs 
in fruit juices, honey, and (along with glucose) as a constituent of the disaccharide 
sucrose. Fructose is the major constituent of the polysaccharide inulin, a starch-like 
substance present in many plants, such as dahlia tubers, chicory roots, and Jerusalem 
artichokes. Fructose is the sweetest of all the sugars, being about twice as sweet as 
glucose. This sweetness accounts for the sweet taste of honey; the enzyme invertase, 
which is present in bees, splits sucrose into glucose and fructose. Fructose is metabo- 
lized directly but is also readily converted to glucose in the liver. 

Ribose Ribose, C5H,9Os, is an aldopentose and is present in adenosine triphosphate 
(ATP), one of the chemical energy carriers in the body. Ribose and one of its 
derivatives, deoxyribose, are also important components of the nucleic acids DNA 
and RNA—the genetic information carriers in the body. 

Disaccharides 

Disaccharides are carbohydrates whose molecules yield two molecules of the same 
or of different monosaccharides when hydrolyzed. The three disaccharides that are 
especially important from a biological viewpoint are sucrose, lactose, and maltose. 
Sucrose, C,H» 0;;, which is commonly known as table sugar, is found in the free 
state throughout the plant kingdom. Sugar cane contains 15-20% sucrose, and sugar 
beets contain 10-17%. Maple syrup and sorghum are also good sources of sucrose. 

Lactose, C,H» 0}, or milk sugar, is found free in nature mainly in the milk 
of mammals. Human milk contains about 6.7% lactose, and cow’s milk contains 
about 4.5%. 

Maltose, C)9H 70), is found in sprouting grain but occurs much less commonly 
(in nature) than either sucrose or lactose. Maltose is prepared commercially by the 
partial hydrolysis of starch, catalyzed either by enzymes or by dilute acids. 

Disaccharides are not used directly in the body but are first hydrolyzed to 
monosaccharides. Disaccharides yield two monosaccharide molecules when hydro- 
lyzed in the laboratory at elevated temperatures in the presence of hydrogen ions 
(acids) as catalysts. In biological systems, enzymes (biochemical catalysts) carry 
out the reaction. A different enzyme is required for the hydrolysis of each of the 
three disaccharides: 

H+ or sucrase 
Sucrose + Water ——————> Glucose + Fructose 

H+ orl 
Lactose + Water ———~—“"*, Galactose + Glucose 

Maltose + Water 1 St maltase, Glucose + Glucose 

The structure of a disaccharide is derived from two monosaccharide molecules 
by the elimination of a water molecule between them. In maltose, for example, 
the two monosaccharides are glucose. The water molecule is eliminated between 
the OH group on C-1 of one glucose unit and the OH group on C-4 of the other 
glucose unit. Thus the two glucose units are joined through an oxygen atom at 
C-1 and C-4. Sucrose consists of a glucose unit and a fructose unit linked together 



through an oxygen atom from C-1 on glucose to C-2 on fructose. In lactose, the 

linkage is from C-1 of galactose through an oxygen atom to C-4 of glucose. The 

structures of as and sucrose follow: 

cH 50H cH ,OH 

peer () 

ee ae \ 
wor He gece Bilt 

maltose, 
i On a disaccharide H On 

glucose unit glucose unit 

6 

CH,OH 

peer H HOCH, 
is ee ae oes 

aie ame po i on /\, 
HO | Is 4 CHO 

sucrose, 
H On a disaccharide On H 
glucose unit fructose unit 

Polysaccharides 

Polysaccharides are also called complex carbohydrates and can be hydrolyzed to 

a large number of monosaccharide units. The molar masses of polysaccharides range 

up to 1 million or more. Three of the most important polysaccharides are starch, 

glycogen, and cellulose. 

Starch is a polymer of glucose and is found mainly in the seeds, roots, and 

tubers of plants. Corn, wheat, potatoes, rice, and cassava are the chief sources of 

starch whose principal use is for food. 

Glycogen is the reserve carbohydrate of the animal kingdom and is often called 

animal starch. Glycogen is formed in the body by polymerization of glucose and 

is stored especially in the liver and in muscle tissue. Glycogen also occurs in some 

insects and lower plants including fungi and yeasts. 

Cellulose, like starch and glycogen, is also a polymer of glucose. It differs from 

starch and glycogen in the manner in which the cyclic glucose units are linked 

together to form chains. Cellulose is the most abundant organic substance found in 

nature. It is the chief structural component of plants and wood. Cotton fibers are 

almost pure cellulose, and wood, after removal of moisture, consists of about 50% 

cellulose. An important substance in the textile and paper industries, cellulose is 

also used to make rayon fibers, photographic film, guncotton, and cellophane. Hu- 

mans cannot utilize cellulose as food because they lack the necessary enzymes to 

hydrolyze it to glucose. Thus, cellulose is an important source of bulk in the diet. 

The digestion or metabolism of carbohydrates is a very complex biochemical 

process. It starts in the mouth where the enzyme amylase in the saliva begins the 
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lipids 

fats 

oils 
triacylglycerols or triglycerides 

hydrolysis of starch to maltose and temporarily stops in the stomach where hydro- 

chloric acid deactivates the enzyme. Digestion continues again in the intestines 

where the hydrochloric acid is neutralized and pancreatic enzymes complete the 

hydrolysis to maltose. The enzyme maltase then catalyzes the digestion of maltose 

to glucose. Other specific enzymes in the intestines convert sucrose and lactose to 
monosaccharides: 

amylase maltase 1 
ee a Maltose ——————> Glucose Starch Dextrins 

Glucose is absorbed through the intestinal walls into the bloodstream where it is 
transported to the cells to be used for energy. Excess glucose is rapidly removed 
by the liver and muscle tissue, where it is polymerized and stored as glycogen. As 
the body calls for it, glycogen is converted back to glucose, which is ultimately 
oxidized to carbon dioxide and water with the release of energy. This energy is 
used by the body for maintenance, growth, and other normal functions. 

Lipids 

Lipids are a group of oily, greasy organic substances found in living organisms 
that are water insoluble but soluble in fat solvents, such as diethyl ether, benzene, 
and chloroform. Unlike carbohydrates, lipids share no common chemical structure. 
The most abundant lipids are the fats and oils, which make up one of the three 
important classes of foods. 

Fats and oils are esters of glycerol and predominantly long-chain fatty acids 
(carboxylic acids). Fats and oils are also called triacylglycerols or triglycerides, 
since each molecule is derived from one molecule of glycerol and three molecules 
of fatty acid: 

O O 
| | 
C—R CH,—O—C—C,H,, 

glycerol O O 
portion || || 

C—R’ CH=-0=CcrHy 
O O 
| | 
C—R CH,—-O—C—C,H,, 

general formula typical triacylglycerol 
for a triacylglycerol containing three different 

fatty acids 

The formulas of triacylglycerol molecules vary for the following reasons: 

1. The length of the fatty acid chain may vary from 4 to 20 carbons, but the 
number of carbon atoms in the chain is nearly always even. 

2. Each fatty acid may be saturated, or it may be unsaturated and contain one, 
two, or three carbon-carbon double bonds. 

3. An individual triacylglycerol may, and frequently does, contain three differ- 
ent fatty acids. 
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The most abundant saturated fatty acids in fats and oils are lauric, myristic, 

palmitic, and stearic acids (see Table 19.7). The most abundant unsaturated acids 

in fats and oils contain 18 carbon atoms and have one, two, or three carbon—carbon 

double bonds. Their formulas are 

CH;(CH;);CH=CH(CH,),COOH 
oleic acid 

CH3(CH)4CHCHCH,CH=CH(CH,);COOH 

linoleic acid 

CH,CH,CH=CHCH,CH—=CHCH,CH=CH(CH,);COOH 
linolenic acid 

Other significant unsaturated fatty acids are palmitoleic acid (with 16 carbons) and 

arachidonic acid (with 20 carbons). 

palmitoleic acid arachidonic acid 

Three unsaturated fatty acids—linoleic, linolenic, and arachidonic—are essen- 

tial for animal nutrition and must be supplied in the diet. Diets lacking these fatty 

acids lead to impaired growth and reproduction, and such skin disorders as eczema _Ft cells can clog arteries but 

and dermatitis. We do not require fats in our diet except as a source of these three they is Pole ae 

fatty acids. 
reserve of potential energy. 

The major physical difference between fats and oils is that fats are solid and 

oils are liquid at room temperature. Since the glycerol part of the structure is the 

same for a fat and an oil, the difference must be due to the fatty acid end of the 

molecule. Fats contain a higher proportion of saturated fatty acids, whereas oils 

contain higher amounts of unsaturated fatty acids. The term polyunsaturated means 

that the molecules of a particular product each contain several double bonds. 

Fats and oils are obtained from natural sources. In general, fats come from 

animal sources and oils from vegetable sources. Olive, cottonseed, corn, soybean, 

linseed, and other oils are obtained from the fruit or seed of their respective vegetable 

sources. Table 20.2 shows the major constituents of several fats and oils. 

Fats are an important energy source for humans and normally account for about 

25-50% of caloric intake. When oxidized to carbon dioxide and water, fats supply 

about 39 kJ/g, which is more than twice the amount obtained from carbohydrates 

and proteins. 

Fats are digested in the small intestine where they are first emulsified by the 

bile salts and then hydrolyzed to di- and monoglycerides, fatty acids, and glycerol. 

The fatty acids pass through the intestinal wall and are coated with a protein to 

increase solubility in the blood. They are then transported to various parts of the 

body where they are broken down in a series of enzyme-catalyzed reactions for 

the production of energy. Part of the hydrolyzed fat is converted back into fat in 

the adipose tissue and stored as a reserve source of energy. These fat deposits also 

function to insulate against loss of heat as well as to protect vital organs against 

mechanical injury. 

Solid fats are preferable to oils for the manufacture of soaps and for use as 

certain food products. Hydrogenation of oils to make them solid is carried out on 

a large commercial scale. In this process hydrogen, bubbled through hot oil con- 
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TABLE 20.2 Fatty Acid Composition of Selected Fats and Oils 

 . Fatty acid (%) o 
Fator Myristic = Palmitic —_Stearic Oleic Linoleic — 
ol ee i li lt 

Animal fat — | oe : 
: Butter* 7-10 © 23-26 10-13 30-40 45 
(tad tk Os 6-7 
_ Vegetable oil — el. 
Po Olive 0 O01 8 = 515 a fo gt 413 

Peanut 6 26 80. 3% 
| Com. 02 Fi 34 43-49 34—42 

_ Cottonseed 02 + &+&#&« 19-24 12) 2338 AO 
2 Soybean’ = 2 G10 24. 21-20 50-59 
lier  — (eo 343 

| Bityncacid, 34% 
_ PLinolenic acid, 25-58% = 

taining a finely dispersed nickel catalyst, adds to the carbon-carbon double bonds 
of the oil to saturate the double bonds and form fats. In practice, only some of the 
double bonds are allowed to become saturated. The product that is marketed as 
solid “shortening” is used for cooking and baking. Oils and fats are also partially 
hydrogenated to improve their shelf life. Rancidity in fats and oils results from air 
oxidation at points of unsaturation, producing low-molar-mass aldehydes and acids 
of disagreeable odor and flavor. 

Soap is made by hydrolyzing fats or oils with aqueous NaOH. This hydrolysis 
process, called saponification, requires 3 mol of NaOH per mole of fat: 

Oe Gs I Clive: One Ga sagan dere bys 
| ul CH,— OH " 

CH aad est +, 3 NaOH — > ve welt +, .NaQ —= CR! 
O | O CH,— OH | 

CH,—O—C—R"” NaO —> OR 

|| glycerol soap 
O 

a fat 

The most common soaps are the sodium salts of long-chain fatty acids, such 
as sodium stearate, NAOOCC,7H35; sodium palmitate, NtOOCC 15H3,; and sodium 
oleate, NaOOCC,7H33. 

Other principal classes of lipids, besides fats and oils, are phospholipids, glyco- 
lipids, and steroids (see Figure 20.1). The phospholipids are found in all animal 
and vegetable cells and are abundant in the brain, the spinal cord, egg yolk, and 
liver. Glycolipids (cerebrosides) contain a long-chain alcohol called sphingosine. 
They contain no glycerol but do contain a monosaccharide (usually galactose). 
Glycolipids are found in many different tissues but, as the name cerebroside indi- 
cates, occur in large quantities in brain tissue. 
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CH32-Os- GR <q FIGURE 20.1 
| Formulas for a phospholipid, 

a glycolipid, and steroids. 
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CH, 
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cholesterol (a steroid) 
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H,C G=—CH 

O 
Norlutin 

(a birth control pill) 

Cholesterol is the principal 

component of gallstones. (The 

dime is for size comparison.) 

Steroids all have a four-fused carbocyclic-ring system (as in cholesterol) with 

various side groups attached to the rings. Cholesterol is the most abundant steroid 

in the body. It occurs in the brain, the spinal column, and nervous tissue, and it is 

the principal constituent of gallstones. The body synthesizes about 1 g of cholesterol 

per day, while about 0.3 g per day is ingested in the average diet. The major sources 

of cholesterol in the diet are meat, liver, and egg yolk. The cholesterol level in the 
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blood generally rises with a person’s age and body weight. In recent years, a high 

blood-level cholesterol has been associated with atherosclerosis (hardening of the 

arteries), which results in reduced flow of blood and high blood pressure. Cholesterol 

is needed by the body to synthesize other steroids, some of which regulate male 
and female sexual characteristics. Many synthetic birth control pills are modified 

steroids that interfere with a woman’s normal conception cycle. 

Amino Acids and Proteins 

Proteins are the third important class of foodstuffs. Some common foods with high 

(over 10%) protein content are gelatin, fish, beans, nuts, cheese, eggs, poultry, and 

meat. Proteins are present in all body tissue. They can form structural elements, 

such as hair, fingernails, wool, and silk. Proteins also function as enzymes that 

regulate the countless chemical reactions taking place in every living organism. 

About 15% of the human body weight is protein. Chemically, proteins are polymers 

of amino acids with molar masses ranging up to more than 50 million. 

Amino acids are carboxylic acids that contain an amino (—NH,) group attached 
to C-2 (the alpha carbon), and thus are called a-amino acids. They also contain 
another variable group, R. The R group represents any of the various groups that 
make up the specific amino acids. For example, when R is H—, the amino acid is 
glycine; when R is CH3—,, the amino acid is alanine; when R is CH;SCH,CH.—, 
the amino acid is methionine. 

a-carbon 
variable group carboxyl group 

R=.- vos COOH 

NH, 

amino group 

a-amino acid 

Some amino acids have two amino groups and some contain two acid groups. All 
naturally occurring amino acids have an amino group in the alpha (a) position to 
the carboxyl group; they are called a-amino acids. The alpha position is the carbon 
atom adjacent to the carboxyl group. The beta (8) position is the next adjacent 
carbon, the gamma (7) position the next carbon, and so on: 

a 6B a 

CH;CH,CHCOOH 
| 
NH, 

a-aminobutyric acid 

(an a-amino acid) 

There are approximately 200 different known amino acids in nature. Some are 
found in only one particular species of plant or animal, others in only a few life- 
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forms. But twenty of these amino acids are found in almost all proteins. Furthermore, 

these same twenty amino acids are used by all forms of life in the synthesis of 

proteins. The names, formulas, and abbreviations of these twenty amino acids are 

given in Table 20.3. eight of these are considered essential amino acids, since the 

human body is not capable of synthesizing them. Therefore, they must be supplied 

in our diets if we are to enjoy normal health. 
Proteins are polymeric substances that yield primarily amino acids on hydroly- 

sis. The bond connecting the amino acids in a protein is commonly called a peptide 

linkage or peptide bond. If we combine two glycine molecules with the elimination 

of a water molecule between the amino group of one and the carboxyl group of the 

second glycine, we form a compound containing the amide structure and the peptide 

linkage. The compound containing the two amino acid groups is called a dipeptide: 

amide structure Me 
peptide linkage 

O CH.COOH > cH ic”. -CH,COOH + H,O 
a 

U ' 2 2} 

GG. Bae fen : | * “ a 

fp OU HN NH, 
NH 2 1 

glycine glycine glycylglycine (Gly-Gly 
(a dipeptide) 

The product formed from two glycine molecules is called glycylglycine (abbreviated 

Gly-Gly). Note that the molecule still has a free amino group at one end and a free 

carboxyl group at the other end. The formation of Gly-Gly may be considered to 

be the first step in the synthesis of a protein, since each end of the molecule is 

capable of joining to another amino acid. We can thus visualize the formation of a 

protein by joining a great many amino acids in this fashion. Another example 

showing a tripeptide (three amino acids linked together) follows. This compound 

contains two peptide linkages: 

no ))—cHycHicoor + CH,CHCOOH + Cee ee 2 3 2 

NH, NH, NH, 

tyrosine | alanine glycine 

: CH: 

ae ZO 
HO CH CHC CH =C CH,COOH 

Na ~NH~ 
NH, 

tyrosylalanylglycine (a tripeptide)(Tyr-Ala-Gly) 

There are five other tripeptide combinations of these three amino acids using only 

one unit of each amino acid. Peptides containing up to about 40-50 amino acid 

units in a chain are polypeptides. Still longer chains of amino acids are proteins. 

The amino acid units in a peptide are called amino acid residues or simply 

residues. (They no longer are amino acids because they have lost an H atom from 

their amino groups and an OH from their carboxyl groups.) In linear peptides, one 

end of the chain has a free amino group and the other end a free carboxyl group. 

protein 

peptide linkage 

polypeptide 
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TABLE 20.3 Common Amino Acids Derived from Proteins 

Name | Abbreviation Formula 

Alanine : Ala . CH,CHCOOH 

NH, 
Arginine Arg Ni i == NH Seems 

Asparagine Nit a 

O NH, 

Aspartic acid HOOCCH, To 

NH, 
Cysteine HSCH, To 

Glutamic acid HOOCCH, See 

NH, 
Glutamine Reece ee 

O NH, 

Glycine eo 

i 
Histidine i HC C— CH,CHCOOH 

NZ 
: NH, 

Isoleucine* oe — To 

CH, NH, 

(CH,);CHCH,CHCOOH 

NH, 

The amino-group end is called the N-terminal residue and the other end the 
C-terminal residue: 

[Dede within Aeris Sccaty WF 
Ala-Pro-Tyr-Met-Gly-Lys-Gly 

N-terminal residue C-terminal residue 

The sequence of amino acids in a chain is numbered starting with the N-terminal 
residue, which is usually written to the left with the C-terminal residue at the right. 

Peptides are named as acyl derivatives of the C-terminal amino acid with the 
C-terminal unit keeping its complete name. The -ine ending of all but the C-terminal 
amino acids is changed to -y/, and these are listed in the order in which they appear, 
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TABLE 20.3 (continued) 

Name Abbreviation Formula 

Lysine* Lys Dee, ae 

NH, 

CHSCH,CH,CHOOOH 

NH, 
Phenylalanine* Oe 

NH 
2 

O- COOH 

H 
HOCH,CHCOOH 

NH, 
CH,CH— CHCOOH 

OH NH, 
Tryptophan* OL: (oo 

: SH NH, 

y 
H 

Tyrosine HO OO) CH,CHCOOH 

NH, 
(CH;),CHCHCOOH 

NH, 
*Amino acids essential in human nutrition. 

starting with the N-terminal amino acid: 

O 
| 

——NHCHC—— NHCH,COOH i 2 

CH, 
a 
“ 
OH 

tyrosyl glycine 

-Tyr-Gly 
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FIGURE 20.2 > 
Amino acid sequences of 

oxytocin and vasopressin. The 

difference in only two amino 

acids (shown in color) in these 

two compounds results in very 
different physiological activity. 

Frederick Sanger (1918- ) 

won the Nobel prize for 

determining the amino acid 

sequence in insulin. 

eee eee meme e reer nee e een eee eeeseseeesseeeee 

I 3 8 
Cy-Tyr- Ile -Gln-Asn-Cy-Pro-Leu -Gly-NH , 

| eth | 
oxytocin 

l 3 8 
Cy-Tyr-Phe-Gln-Asn-Cy-Pro-Arg -Gly-NH, 

ee eee 
vasopressin 

Thus, Ala-Tyr-Gly is called alanyltyrosylglycine. The name of Arg-Gln-His-Ala is 
arginylglutamylhistidylalanine. 

Many small, naturally occurring polypeptides have significant biochemical func- 
tions. The amino acid sequences of two of these, oxytocin and vasopressin, are shown 
in Figure 20.2. Oxytocin controls uterine contractions during labor in childbirth and 
also causes contraction of the smooth muscles of the mammary gland, resulting in 
milk secretion. Vasopressin in high concentration raises the blood pressure and has 
been used in surgical shock treatment for this purpose. Vasopressin is also an 
antidiuretic, regulating the excretion of fluid by the kidneys. The absence of vasopres- 
sin leads to diabetes insipidus. This condition, which is characterized by excretion 
of up to 30 liters of urine per day, may be controlled by administration of vasopressin 
or its derivatives. Oxytocin and vasopressin are similar nonapeptides, differing only 
at positions 3 and 8. 

Determining the sequence of the amino acids in even one protein molecule was 
once a formidable task. The amino acid sequence of beef insulin was announced 
in 1955 by the British biochemist Frederick Sanger (b. 1918). This structure determi- 
nation required several years of effort by a team under Sanger’s direction. He was 
awarded the 1958 Nobel Prize in chemistry for this work. As a result of this work, 
automated amino acid sequencers have been developed that can determine the 
sequence of an average-sized protein in a few days. Beef insulin consists of 51 
amino acid units in two polypeptide chains. The two chains are connected by 
disulfide linkages (—S—S—) of two cysteine residues at two different sites. The 
structure is shown in Figure 20.3. Insulins from other animals, including humans, 
differ slightly by one, two, or three amino acid residues. 

Protein digestion takes place in the stomach and the small intestine. Here, 
digestive enzymes hydrolyze proteins to smaller peptides and amino acids, which 
pass through the walls of the intestines, are absorbed by the blood, and are transported 
to the liver and other tissues of the body. The body does not store free amino acids. 
They are used in many ways: 

1. to synthesize proteins to replace and repair body tissues 
2. to synthesize other nitrogen-containing substances, such as certain hormones 

and heme 

3. to synthesize nucleic acids 
4. to make enzymes that control the synthesis of other necessary products, such 

as carbohydrates and fats 

Proteins are catabolized (degraded) to carbon dioxide, water, and urea. Urea, con- 
taining the protein nitrogen, is eliminated from the body in the urine. 
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Carbohydrates and fats are used primarily to supply heat and energy to the 

body. Proteins, on the other hand, are used mainly to repair and replace worn- 

out tissue. Tissue proteins are continuously being broken down and resynthesized. 

Therefore, protein must be continually supplied to the body in the diet. It is nothing 

short of amazing how the organism picks out the desired amino acids from the 

bloodstream and puts them together in proper order to synthesize a needed protein, 

Now let’s look at nucleic acids, which control the synthesis of proteins. 

Nucleic Acids 

Explaining how hereditary material duplicates itself was one of the most baffling 

problems for biologists. For many years, biologists attempted in vain to solve this 

problem and also to find an answer to the question, “Why are the offspring of a 

given species undeniably of that species?” Many thought the chemical basis for 

heredity lay in the structure of the proteins. But no one was able to provide sufficient 

evidence as to how protein could reproduce itself. The answer to the hereditary 

problem was finally found in the structure of the nucleic acids. 

The unit structure of all living things is the cell. Suspended in the nucleus of 

cells are chromosomes, which consist largely of proteins and nucleic acids. the 

nucleic acids and the proteins are intimately associated into complexes called nucleo- 

proteins. The two types of nucleic acids are those that contain the sugar deoxyribose 

and those that contain the sugar ribose. Accordingly, they are called deoxyribonucleic 

acid (DNA) and ribonucleic acid (RNA). DNA was discovered in 1869 by Swiss 

physiologist Friedrich Miescher (1844-1895), who extracted it from the nuclei 

of cells. 

<q FIGURE 20.3 
Amino acid sequence of beef 

insulin. 
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DNA is a polymeric substance made up of thousands of units called nucleotides. 

The fundamental components of the nucleotides in DNA are phosphoric acid, deoxy- 

ribose (a pentose sugar), and the four nitrogen-containing bases, adenine, thymine, 

guanine, and cytosine (abbreviated as A, T, G, and C). Phosphoric acid is obtained 

from minerals in the diet; deoxyribose is synthesized in the body from glucose; and 

the four nitrogen bases are made in the body from amino acids. The formulas for 
these compounds are given in Figure 20.4. 

A nucleotide in DNA consists of one of the four bases linked to a deoxyribose 

sugar, which in turn is linked to a phosphate group. Each nucleotide has the follow- 

ing sequence: 

The structures for a single nucleotide and a segment of a polynucleotide (DNA) 

are shown in Figure 20.5. 

In 1953, the American biologist James D. Watson (b. 1928) and the British 

physicist Francis H. C. Crick (b. 1916) announced their double-stranded helix 
structure for DNA. This concept was a milestone in the history of biology, and in 
1962 Watson and Crick, along with Maurice H. F. Wilkin (b. 1916), who did the 

brilliant X-ray diffraction studies on DNA, were awarded the Nobel Prize in medicine 
and physiology. 

The structure of DNA, according to Watson and Crick, consists of two polymeric 

strands of nucleotides in the form of a double helix, with both nucleotide strands 

coiled around the same axis (see Figure 20.6). Along each strand are alternate 
phosphate and deoxyribose units with one of the four bases adenine, guanine, 
cytosine, or thymine attached to deoxyribose as a side group. The double helix is 
held together by hydrogen bonds extending from the base on one strand of the 
double helix to a complementary base on the other strand. Watson and Crick 
furthermore ascertained that adenine was always hydrogen bonded to thymine, and 
guanine was always hydrogen bonded to cytosine. Previous analytical work by 
others, substantiating this concept of complementary bases, showed that the molar 
ratio of adenine to thymine in DNA was approximately 1:1 and the molar ratio of 
guanine to cytosine was also approximately 1:1. 
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The structure of DNA has been compared to a ladder that has been twisted into 

a double helix, with the rungs of the ladder perpendicular to the twisted railings. 

The phosphate and deoxyribose units alternate along the two railings of the ladder, 

and two nitrogen bases form each rung of the ladder. The DNA structure is illustrated 

in Figure 20.6. 

For any individual of any species, the sequence of base pairs and the length of 

the nucleotide chains in DNA molecules contain the coded messages that determine 

all of the characteristics of that individual. In this sense the DNA molecule is a 

template that stores information for recall as needed. DNA contains the genetic 

code of life, which is passed on from one generation to another. 

A 
FIGURE 20.5 
(a) A single nucleotide, adenine 

deoxyribonucleotide. (b) A 

segment of one strand of 

deoxyribonucleic acid (DNA) 

showing four nucleotides, 

including those of adenine (A), 

cytosine (C), guanine (G), and 

thymine (T). 



552 CHAPTER 20 Introduction to Biochemistry 

Francis Crick (1916- ) and 
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RNA is a polymer of nucleotides, but it differs from DNA in that (1) it is single 
stranded, (2) it contains the pentose sugar ribose instead of deoxyribose (see margin 
figure), and (3) it contains uracil instead of thymine as one of its four nitrogen bases 
(see margin figures). 

Transcription is the process by which DNA directs the synthesis of RNA. The 
nucleotide sequence of only one strand of DNA is transcribed into a single strand 
of RNA. This transcription occurs in a complementary fashion. Where there is a 
guanine base in DNA, a cytosine base will occur in RNA. Cytosine is transcribed 
to guanine, thymine to adenine, and adenine to uracil. 

The main function of RNA is to direct the synthesis of proteins. RNA is 
produced in the cell nucleus but performs its function outside of the nucleus. Three 
kinds of RNA are produced directly from DNA: messenger RNA (mRNA), transfer 
RNA (tRNA), and ribosomal RNA (rRNA). Messenger RNA contains bases in the 
exact order transcribed from a strip of the master code in DNA. The base sequence 
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on the mRNA in turn establishes the sequence of amino acids that are put together 

to make a specific protein. The function of the relatively small transfer RNA mole- 

cules is to bring specific amino acids to the site of protein synthesis. There is at 

least one different tRNA for each amino acid. The actual site of protein synthesis 

is a ribosome, which is composed of rRNA and protein. The function of the rRNA 

is not completely understood. However, the ribosome is believed to move along 

the mRNA chain and to aid in the polymerization of amino acids in the order 

prescribed by the base sequence of the mRNA chain. The flow of genetic information 

usually is in one direction, from DNA to RNA to proteins (Figure 20.7). 

DNA and Genetics 

Heredity is the process by which the physical and mental characteristics of parents 

are transferred to their offspring. In order for this process to occur, it is necessary 

for the material responsible for genetic transfer to be able to make exact copies of 

itself. The design for replication is built into the DNA structure of Watson and 

Crick, first by the nature of its double helical structure and second by the complemen- 

tary nature of its nitrogen bases, where adenine will bond only to thymine and 

guanine only to cytosine. The DNA double helix unwinds, or “unzips,” into two 

separate strands at the hydrogen bonds between the bases. Each strand then serves 

as a template combining only with the proper free nucleotides to produce two 

identical replicas of itself. This replication of DNA occurs in the cell just before 

the cell divides, thereby giving each daughter cell the full genetic code of the cell 

that it came from. This process is illustrated in Figure 20.8. 

DNA, as we have indicated before, is an integral part of the chromosomes. 

Each species carries a specific number of chromosomes in the nucleus of each of 

its cells. The number of chromosomes varies with different species. Humans have 

23 pairs, or 46 chromosomes (see Figure 20.9). Chromosomes are long, thread-like 

bodies composed of nucleic acids and proteins that contain the basic units of heredity 

called genes. Genes are segments of the DNA chain that contain the codes for 
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<q FIGURE 20.7 
A flow diagram representing the 

process of cellular genetic 

information. 

genes 
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A 
FIGURE 20.8 
Method of replication of DNA. 

The two helices unwind, 

separating at the point of the 

hydrogen bonds. Each strand 

then serves as a template, 

recombining with the proper 

nucleotides to duplicate itself as 

a double-stranded helix. 

mitosis 

meiosis 

the formation of polypeptides and RNAs. Hundreds of genes can exist along a 

DNA chain. 

In ordinary cell division, known as mitosis, each DNA molecule forms a 

duplicate by uncoiling to single strands. Each strand then assembles the complemen- 

tary portion from available free nucleotides to form a duplicate of the original DNA 
molecule. After cell division is completed, each daughter gene contains the genetic 

material that correspond exactly to those that were present in the original cell 

before division. 
However, in almost all higher forms of life, reproduction takes place by union 

of the male sperm with the female egg. Cell splitting to form the sperm cell and 

the egg cell occurs by a different and more complicated process called meiosis. In 

meiosis, the genetic material is divided so that each daughter cell receives one 
chromosome from each pair. After meiosis, the egg cell and the sperm cell each 

carry only half of the chromosomes from its original cell. Between them they form 

a new cell that once again contains the correct number of chromosomes and all of 

the hereditary characteristics of the species. Thus, the offspring derives half of its 
genetic characteristics from the father and half from the mother. 
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Nature is not 100% perfect. Occasionally, DNA replication is not perfect, or a 

section of the DNA molecule is damaged by X rays, radioactivity, or drugs, and a 

mutant organism is produced. In the disease of sickle-cell anemia, a large proportion 

of the red blood cells form into sickle shapes instead of the usual globular shape. 

This irregularity limits the ability of the blood to carry oxygen and causes the person 

to be weak and unable to fight infection, leading to early death. Sickle-cell anemia 

is due to one misplaced amino acid in the structure of hemoglobin. The sickle-cell- 

producing hemoglobin has a valine residue where a glutamic acid residue should 

be located. Sickle-cell anemia is an inherited disease indicating a fault in the DNA 

coding that is transmitted from parent to child. Many biological disorders and 

ailments have been traced directly to a deficiency in the genetic information of DNA. 

Enzymes 

Enzymes are the catalysts of biochemical reactions. All enzymes are proteins, and 

they catalyze nearly all of the reactions that occur in living cells. Uncatalyzed 

reactions that may require hours of boiling in the presence of a strong acid or a 

strong base can occur in a fraction of a second in the presence of the proper enzyme 

at room temperature and nearly neutral pH. This process is all the more remarkable 

when we realize that enzymes do not actually cause chemical reactions. They act 

as catalysts by greatly lowering the activation energy of specific biochemical reac- 

tions. The lowered activation energy permits these reactions to proceed at high 

speed at body temperature. 

Louis Pasteur (1822-1895) was one of the first scientists to study enzyme- 

catalyzed reactions. He believed that living yeasts or bacteria were required for 

these reactions, which he called fermentations—for example, the conversion of 

glucose to alcohol by yeasts. In 1897, Eduard Biichner (1860-1917) made a cell- 

free filtrate that contained enzymes prepared by grinding yeast cells with very fine 

sand. The enzymes in this filtrate converted glucose to alcohol, thus proving that 

the presence of living cells was not required for enzyme activity. For this work 

Biichner received the Nobel Prize in chemistry in 1907. 
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<q FIGURE 20.9 

A karyotype of a normal male 

showing all the pairs of 

chromosomes. This information 

can be used in genetic counseling 

to identify possible genetic 

abnormalities in offspring. 

enzyme 



Chemistry in Action 

Not only are enzymes important in biol- 

ogy, they are becoming increasingly im- 

portant in industry. Enzymes offer two 

major advantages to manufacturing proc- 

esses and in commercial products: first, | 
enzymes cause very large increases in re- 
action rates even at room temperature; 
second, enzymes are relatively specific 

and can be used to target selected re- 

actants. Perhaps the biggest disadvantage 

to industrial enzymes is their relative short 

supply (and, therefore, higher cost as com-_ 

pared to traditional chemical treatments). 

Recent developments in biotechnology 

offer supplies of less expensive enzymes 

through genetic engineering. : 

Enzymes have long been used in food 

processing. The citrus industry has re-— 

The enzyme pectinase can 

effectively peel an orange, 

leaving the fruit in perfect 
condition. 

v 
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cently perfected a process to remove peel 

from oranges or grapefruits by using the 

enzyme pectinase. The pectinase pene- 

trates the peel in a vacuum infusion proc- 

ess. There it dissolves the albedo (the 

white stringy material) that attaches the 
peel to the fruit. When the fruit is removed 

from the solution, the skin can be peeled 

easily by machine or hand. The industry 
is now marketing pre-peeled citrus to hos- 
pitals, airlines, and restaurants (see 

photo). 
About 25% of all industrial enzymes 

are used to convert cornstarch into syrups 
that are equivalent in sweetness and in 

calories to ordinary table sugar. More 

than 5 billion pounds of such syrups are 

produced annually. The process uses 

three enzymes: the first, a-amylase, cata- 

lyzes the liquefaction of starch to dextrins; 
the second, a glucoamylase, catalyzes 

the breakdown of dextrins to glucose; the 

third, glucose isomerase, converts glucose 

to fructose: 

Industrial Strength Enzyn 

a-amylase Y 
Starch z Dextrins 

as s lucoamylase 
Dextrins es Glucose 

lucose 
Glucose —————_—> = Fructose 

isomerase 

The product is a high-fructose syrup 
“equivalent in sweetness to sucrose. One 

of these syrups, sold commercially since 

1968, contains by dry weight about 42% 

fructose, 50% glucose, and 8% other car- 

bohydrates. 
Industrial enzymes offer solutions to 

environmental pollution problems for 

some manufacturers. For example, the pa- 

per industry, like other industries that use 

chemicals, is concerned with minimizing 

processes that produce potentially hazard- 

ous waste. Paper is produced from wood 

chips by first digesting the cellulose struc- 

ture with calcium sulfite and then bleach- 

ing the pulp with chlorine to obtain a 

bright white paper. An excess of chlorine 

must be used because the pulp is not com- 

pletely broken down. This excess creates 

a significant disposal problem as chlorine 

is environmentally hazardous. Recent de- 

velopments in biotechnology offer a po- 

tential solution. The enzymes needed to 

complete wood fiber digestion (cellulase 

and hemicellulase) have been produced in 

larger quantities via genetic engineering. 

With such enzymes to finish degrading 

the wood pulp, paper manufacturers may 

be able to markedly decrease the amount 

of chlorine used as bleach. 

Consumer goods are increasingly im- 

pacted by enzyme technology. Many 

detergents are better cleansing agents be- 

cause they contain enzymes; fully 40% of 

all industrially produced enzymes are used 

in detergents. Meat tenderizers often con- 

tain papain, an enzyme that breaks down 

protein molecules. 

Even clothing manufacturers are find- 

ing uses for newly available enzymes. 

More and more denim products are 



enzyme-treated to replace stone-washing, 

a process in which the material is washed 

with pumice to soften the fabric’s appear- 

ance and remove some of the dye. Because 

this abrasion may weaken the fabric as 

well, some manufacturers now use “bio- 

stoning.” The denim is treated with the 

enzyme, cellulase, which changes the fab- 

ric’s appearance without weakening the 

fabric structure. 

Pee neem eee eee ne were eee eeeeereee 

The ability to produce large quantities 

of purified enzymes has raised a number 

of potential medical applications. For ge- 

netic diseases characterized by the loss of 

a specific enzyme, a treatment known as 

enzyme-replacement therapy may be use- 

ful. For example, a lysosomal storage dis- 

ease, such as Tay—Sachs disease, leads to 

the accumulation of excess intracellular 

polysaccharides because specific diges- 
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tive enzymes are unavailable. Polysaccha- 

ride buildup can lead to mental retarda- 

tion, paralysis, blindness, and death. Cur- 

rent research is aimed at developing an 

appropriate microcapsule package that 

will transport additional digestive en- 
zymes to the affected cells. Such enzyme- 

replacement therapy has also been pro- 

posed for removing toxic substances from 

the bloodstream. 

Each organism contains thousands of enzymes. Some enzymes are simple 

proteins consisting only of amino acid units. Others are conjugated and consist of 

a protein part, or apoenzyme, and a nonprotein part, or coenzyme. Both parts are 

essential, and a functioning enzyme consisting of both the protein and nonprotein 

parts is called a holoenzyme. 

Apoenzyme + Coenzyme = Holoenzyme 

Often the coenzyme is a vitamin, and the same coenzyme may be associated with 

many different enzymes. 
For some enzymes, an inorganic component, such as a metal ion (e.g., Gaius 

Mg?*, or Zn?*), is required. This inorganic component is an activator. From the 

standpoint of function, an activator is analogous to a coenzyme, but inorganic 

components are not called coenzymes. 
Another remarkable property of enzymes is their specificity of reaction—that 

is, a certain enzyme will catalyze the reaction of a specific type of substance. For 

example, the enzyme maltase catalyzes the reaction of maltose and water to form 

glucose. Maltase has no effect on the other two common disaccharides sucrose and 

lactose. Each of these sugars requires a specific enzyme—sucrase to hydrolyze 

sucrose, lactase to hydrolyze lactose. (See the hydrolysis equations in Section 20.2.) 

The substance acted on by an enzyme is called the substrate. Sucrose is the substrate 

substrate of the enzyme sucrase. Enzymes are named by adding the suffix -ase to 

the root of the substrate name. Note, for example, the derivations of maltase, sucrase, 

and lactase from maltose, sucrose, and lactose. Many enzymes, especially digestive 

enzymes, have common names such as pepsin, rennin, trypsin, and so on. These 

names have no systematic significance. 

Enzymes act according to the following general sequence. Enzyme (E) and 

substrate (S) combine to form an enzyme-substrate intermediate (E—S). This interme- 

diate decomposes to give the product (P) and regenerate the enzyme: 

E+S277ES—E++P 

For the hydrolysis of maltose, the sequence 1s 

Maltase + Maltose —— Maltase—Maltose 

B S 

Maltase—Maltose + H,O —~ Maltase + 2 Glucose 

E-S P 
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Enzyme specificity is believed to be due to the particular shape of a small part 

of the enzyme, its active site, which exactly fits a complementary-shaped part of 

the substrate (see Figure 20.10). This interaction is analogous to a lock and key; 

the substrate is the lock and the enzyme, the key. Just as a key will open only the 

lock it fits, the enzyme will act only on a molecule that fits its particular shape. 

When the substrate and the enzyme come together, they form a substrate-enzyme 

complex unit. The substrate, activated by the enzyme in the complex, reacts to form 

the products, regenerating the enzyme. 

A more recent model of the enzyme-substrate catalytic site is known as the 

“flexible site” model. In this model, the enzyme site of attachment to the substrate 

is flexible, with the substrate inducing a change in the enzyme shape to fit the shape 

of the substrate. This theory allows for the possibility that in some cases the enzyme 
might wrap itself around the substrate and so form the correct shape of lock and 

key. Thus, the enzyme does not need to have an exact preformed catalytic site to 

match the substrate. 

cepts in Review 

1. Classify carbohydrates as mono-, di-, or polysaccharides. 

2. Draw structural formulas in the open-chain and cyclic forms for glucose, fruc- 

tose, galactose, and ribose. 

3. Draw structural formulas for maltose and sucrose. 

4. State the properties and general occurrence of glucose, galactose, fructose, 

and ribose. 

5. Understand the manner in which monosaccharides are linked together in maltose, 
lactose, and sucrose. 

6. Write equations for the enzyme-catalyzed hydrolysis of maltose, lactose, and 
sucrose. 

7. Give the monosaccharide composition of maltose, lactose, sucrose, starch, cellu- 

lose, and glycogen. 

8. Discuss the similarities and differences between starch and cellulose. 



10. 

11. 

12. 

i. 

14. 

15. 

16. 

17. 

18. 

19. 

20. 

21. 

22. 

23. 

24. 

25. 

26. 

27. 

28. 

29. 

30. 

31. 

32. 

Key Terms 559 

. Discuss, in simple terms, the metabolism of carbohydrates in the human body. 

Rate the relative sweetness of the common mono- and disaccharides. 

Give the general formula for fats and oils. 

Write the names and formulas of the fatty acids that most commonly occur in 

fats and oils. 

State which fatty acids are essential to human diets. 

Write the structure of a triacylglycerol when given the fatty acid composition. 

Write an equation for the saponification of a fat or an oil with caustic soda, 

NaOH. 

Tell how a fat differs from an oil. 

Explain the “hydrogenation” of vegetable oils, and the purposes for this process. 

Draw the structural formula for cholesterol and the structural feature that is 

common to all steroids. 

Distinguish among these three lipids: fats, phospholipids, and glycolipids. 

List five foods that are major sources of proteins. 

Explain the meaning of a-amino acids and the significance of these compounds 

in naturally occurring protein material. 

Show the structural formula of a di-, tri-, or polypeptide that will be formed 

by combining amino acids. 

Describe the functions and metabolic fate of amino acids and proteins. 

Name and write the formulas of the six fundamental components of DNA. 

Write the structure for a segment of a polynucleotide that contains up to four 

nucleotides. 

Explain the three structural differences between DNA and RNA. 

Describe the double-helix structure of DNA according to Watson and Crick. 

Explain the concept of complementary bases and how it relates to DNA. 

Discuss the role of DNA in genetics. 

Distinguish between cell division in mitosis and meiosis. 

Discuss the role of enzymes in the body and the theory of how they function. 

Tell what is meant by the specificity of an enzyme. 

The terms listed here have been defined within this chapter. Section numbers are 

referenced in parenthesis for each term. More detailed definitions are given in the 

Glossary. 

amino acid (20.4) lipids (20.3) polysaccharide (20.2) 

biochemistry (20.1) | meiosis (20.6) polypeptide (20.4) 

carbohydrate (20.2) mitosis (20.6) protein (20.4) 

disaccharide (20.2) monosaccharide (20.2) RNA (20.5) 

DNA (20.5) nucleotide (20.5) substrate (20.7) 

enzyme (20.7) oils (20.3) transcription (20.5) 

fats (20.3) peptide linkage (20.4) triacylglycerols or triglycerides (20.3) 

genes (20.6) 



560 CHAPTER 20 Introduction to Biochemistry 

Questions refer to tables, figures, and key words and 

concepts defined within the chapter. A particularly 

challenging question or exercise is indicated with an 

asterisk. 

1. 

10. 

11. 

12. 

13. 

14. 

Of the sugars tabulated in Table 20.1, which is the sweetest 

disaccharide? Which is the sweetest monosaccharide? (In- 

vert sugar is a mixture of glucose and fructose, so it should 

not be considered.) 

. According to Table 20.2, are the fatty acids in vegetable 

oils more saturated or unsaturated than those in animal 

fats? Explain your answer. 

. Which of the common amino acids in Table 20.3 have 

more than one carboxyl group? Which have more than one 

amino group? 

. How many disulfide linkages are there in each molecule 

of beef insulin? (See Figure 20.3.) 

. In the four nucleotide units of DNA shown in Figure 20.5, 

which of these components are part of the backbone chain, 

and which are off to the side: the nitrogen bases, the deoxyri- 

bose, and the phosphoric acid? 

. In the double-stranded helix structure of DNA, which nitro- 

gen bases are always hydrogen bonded to each of the fol- 

lowing: cytosine, thymine, adenine, and guanine? (See Fig- 

ure 20.6.) 

. Life is dependent on four major classes of biomolecules. 

What are they? 

. Indicate the three types of carbohydrates. Which is the sim- 

plest? 

. What is an aldose, an aldotetrose, a ketose, a ketohexose? 

Give an example of each. 

Classify each of the following as a monosaccharide, disac- 

charide, or polysaccharide: glucose, sucrose, maltose, fruc- 

tose, cellulose, lactose, glycogen, galactose, starch, and 

ribose. 

Draw structural formulas in the open-chain form for ribose, 

glucose, fructose, and galactose. 

Draw structural formulas in the cyclic form for ribose, 

glucose, fructose, and galactose. 

State the properties and the sources of ribose, glucose, 

fructose, and galactose. 

The molecular formula for lactic acid is C3H,O3, and its 

structural formula is CH;CH(OH)COOH. Is this compound 

a carbohydrate? Explain. 

15. 

16. 

17. 

18. 

19. 

20. 

21. 

22. 

23. 

24. 

25. 

26. 

27. 

28. 

29. 

30. 

31. 

32. 

33. 

What is the monosaccharide composition of (a) sucrose, 

(b) maltose, (c) lactose, (d) starch, (e) cellulose, and 

(f) glycogen? 

Draw structural formulas in the cyclic form for sucrose 

and maltose. 

If the most common monosaccharides have the formula 

C6H,20¢, why do the resulting disaccharides have the for- 

mula C)2H>20; 1> rather than Cy2H240 10? 

Write equations, using structural formulas in the cyclic 

form, for the hydrolysis of (a) sucrose, and (b) maltose. 

What enzymes catalyze these reactions? 

Discuss the similarities and differences between starch 

and cellulose. 

In what form is carbohydrate stored in the body? 

Discuss, in simple terms, the metabolism of carbohydrates 

in the human body. 

State the natural sources of sucrose, maltose, lactose, and 

starch. 

Invert sugar, obtained by the hydrolysis of sucrose to an 

equal-molar mixture of fructose and glucose, is commonly 

used as a sweetener in commercial food preparations. Why 

is invert sugar sweeter than the original sucrose? 

What properties of molecules cause them to be classified 

as lipids? 

Write structural formulas for glycerol, stearic acid, palmitic 

acid, oleic acid, and linoleic acid. 

Distinguish both chemically and physically between a fat 

and a vegetable oil. 

What is a triacylglycerol? Give an example. 

Write the structure for tristearin, a fat in which all the fatty 

acid units are stearic acid. 

Write the structure of a triacylglycerol that contains one 

unit each of linoleic, stearic, and oleic acids. How many 

other formulas are possible in which the triacylglycerol 

contains one unit each of these acids? 

Write equations for the saponification of (a) tripalmitin and 

(b) the triacylglycerol of Question 29. Name the product(s) 

that is a soap. 

How can vegetable oils be solidified? What is the advantage 

of solidifying these oils? 

What functions do fats have in the human body? 

Which fatty acids are essential to human diets? 



34. 

a2. 

36. 

BE 

38. 

39. 

40. 

41. 

42. 

43. 

45. 

46. 

47. 

48. 

49. 

50. 

51. 

52. 

53. 

54. 

55, 

56. 

Sis 

58. 

Draw the structural formula of cholesterol. 

Draw the ring structure that is common to all steroids. 

List six foods that are major sources of proteins. 

What functional groups are present in amino acids? 

Why are the amino acids of proteins called a-amino acids? 

Write out the full structure for the two possible dipeptides 

containing glycine and phenylalanine. 

Write structures for (a) glycylglycine, (b) glycylglycylalan- 

ine, and (c) leucylmethionylglycylserine. 

Using amino acid abbreviations, write all the possible tri- 

peptides containing one unit each of glycine, phenylalanine, 

and leucine. 

What are essential amino acids? Write the names of the 

amino acids that are essential for humans. 

When proteins are eaten by a human, what are the metabolic 

fates of the protein material? 

. Why should protein be continually included in a bal- 

anced diet? 

Write structural formulas for the compounds that make 

up DNA. 

(a) What are the three units that make up a nucleotide? 

(b) List the components of the four types of nucleotides 

found in DNA. 

(c) Write the structure and name of one of these nucleotides. 

Briefly describe the structure of DNA as proposed by Wat- 

son and Crick. 

What is the role of hydrogen bonding in the structure of 

DNA? 

Explain the concept of complementary bases and how it 

relates to DNA. 

A segment of a DNA strand has a base sequence of 

C-G-A-T-T-G-C-A. What is the base sequence of the other 

complementary strand of the double helix? 

Explain the replication process of DNA. 

Briefly discuss the relationship of DNA to genetics. 

What are the three differences between DNA and RNA in 

terms of structure? 

Distinguish between cell division in mitosis and in meiosis. 

What are enzymes and what is their role in the body? 

What is meant by specificity of an enzyme? 

In the polypeptide Tyr-Gly-His-Phe-Val, identify the 

N-terminal and the C-terminal residues. 

How are polypeptides numbered? Number the polypeptide 

in Exercise 57. 

Questions 56l 

59. Which of the following statements are correct? Rewrite 

each incorrect statement to make it correct. 

(a) Biochemistry is the branch of chemistry that is con- 

cerned with the chemical reactions occurring in liv- 

ing organisms. 
(b) Carbohydrates are polyhydroxy aldehydes or polyhy- 

droxy ketones or compounds that will yield them 

when hydrolyzed. 

(c) The body stores glucose as glycogen until it is needed. 

(d) The ultimate use of carbohydrates in the body is oxida- 

tion to carbon dioxide and water and the utilization of 

the energy released. 

(e) A disaccharide molecule consists of two monosaccha- 

ride units linked together, minus a water molecule. 

(f) The most common lipids are fats and oils. 

(g) Oils have a higher percentage of saturated fatty acids 

than fats. 

(h) Fats are digested in the stomach and converted to mono- 

saccharides. 

(i) Oleic, linoleic, and linolenic acids are the three essen- 

tial fatty acids required by humans. 

(j) Proteins are high-molar-mass polymers of amino acids. 

(k) The bond connecting the amino acids in a protein is 

commonly called a peptide linkage. 

(1) The double helix of DNA is tied together by hydrogen 

bonds between the deoxyribose and the phosphoric 

acid units. 
(m) When a cell divides, the DNA double helix unwinds 

and each helix serves as a template combining only with 

the proper free nucleotides to produce two identical 

replicas of itself. 
(n) The amino acid residues in a polypeptide chain are 

numbered beginning with the C-terminal amino acid. 

(o) A major difference between RNA and DNA is that 

RNA contains the pentose ribose and DNA contains de- 

oxyribose. 

(p) A nucleotide is made up of components called nu- 

cleic acids. 
(q) The backbone of each strand of DNA is made up of 

alternating units of deoxyribose and nitrogen bases. 

(r) The molecular difference between ribose and deoxyri- 

bose is an oxygen atom on C-2. 

(s) Genes are contained in the nucleotide sequence of 

DNA. 

(t) The substrate acted on by an enzyme is called a co- 

enzyme. 

(u) DNA is a polymer made from nucleotides. 

(v) The molar ratio of adenine to thymine and guanine to 

cytosine is about 1:1 in DNA. 



562 
TOTP CeTere Teer ee eee reer eee ee eee eee ee eee Tere rere rere err errr r reer ere eee 

60. 

61. 

62. 

63. 

64. 

65. 

CHAPTER 20 Introduction to Biochemistry 

(w) The main function of RNA is to see that each cell 

contains 46 chromosomes. 

(x) Humans have 46 pairs of chromosomes. 

(y) Enzymes are proteins. 

(z) The enzyme that catalyzes the hydrolysis of sucrose 

is sucrets. 

Differentiate between the lock-and-key and the flexible site 

hypothesis for enzyme function. 

What is meant by enzyme specificity? 

What is the function of enzymes in the body? 

Explain the following using molecular structure: 

(a) Fructose is a ketone. 

(b) Glucose is an aldehyde. 

What is the simplest empirical formula for a carbohydrate? 

How can you discern the difference between an amino acid 

and an ordinary carboxylic acid? 

*66. 

67. 

68. 

What change in oxidation state is experienced by the carbon 

in the combustion of sugar, C;2H2204;, to CO? 

Write the formula for the triacylglycerol formed from 

(a) glycerol and butanoic acid 

(b) glycerol and one molecule each of stearic 

(C,7H3s;COOH), palmitic (C);H3,;COOH), and myris- 

tic (C,3H»7COOH) acids. 

The molar mass of cellulose is approximately 6.0 10° 

and the molar mass of a soluble starch is on the order of 

4.0 X 10°. The monomer unit in both of these molecules 

has the empirical formula, CsH, 905. The units are about 

5.0 x 10~!° m long. In each of the molecules, about 

how many units occur, and how long are the molecules of 

cellulose and starch as a result? 
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1. Multiplication Multiplication is a process of adding any given number or quantity to 

itself a certain number of times. Thus, 4 times 2 means 4 added two times, or 2 added 

together four times, to give the product 8. Various ways of expressing multiplication are 

(a)(b) 

Each of these expressions means a times b, or a multiplied by b, or b times a. 

ab aXb a:b a(b) 

When a = 16 and b = 24, wehave 16 X 24 = 384. 

The expression °F = (1.8 X °C) + 32 means that we are to multiply 1.8 times the Celsius 

degrees and add 32 to the product. When °C equals 50, 

PF = (1.8 xX 50) + 32 = 90 + 32 = 122°F 

The result of multiplying two or more numbers together is known as the product. 

2. Division The word division has several meanings. As a mathematical expression, it is 

the process of finding how many times one number or quantity is contained in another. 

Various ways of expressing division are 

a 
+b = a 5 a/b 

Each of these expressions means a divided by b. 

pes When a= 15 and b = 3, 3 >) 

The number above the line is called the numerator; the number below the line is the denomina- 

tor. Both the horizontal and the slanted (/) division signs also mean “per.” For example, in 

the expression for density, the mass per unit volume: 

ass : m E 
density = mass/volume = = g/mL 

volume 

The diagonal line still refers to a division of grams by the number of milliliters occupied by 

that mass. The result of dividing one number into another is called the quotient. 

3. Fractions and Decimals A fraction is an expression of division, showing that the 

numerator is divided by the denominator. A proper fraction is one in which the numerator 

is smaller than the denominator. In an improper fraction, the numerator is the larger number. 

A decimal or a decimal fraction is a proper fraction in which the denominator is some power 

of 10. The decimal fraction is determined by carrying out the division of the proper fraction. 

Examples of proper fractions and their decimal fraction equivalents are shown in the accompa- 

nying table. 

4. Addition of Numbers with Decimals To add numbers with decimals, we use the same 

procedure as that used when adding whole numbers, but we always line up the decimal points 

in the same column. For example, add 8.21 + 143.1 + 0.325: 

8.21 

+ 143.1 

+ 0.325 

151.635 

When adding numbers that express units of measurement, we must be certain that the numbers 

added together all have the same units. For example, what is the total length of three pieces 

Proper Decimal Proper 

1 
8 

a 
10 

3 
4 

a 
— S oO 

fraction fraction fraction 

0.125 = 125 
1000 

0.1 - 
10 
15 
100 
1 

100 
25 
100 
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Remember: When one of 

the numbers is a 

measurement, the answer 

must be adjusted to the 

correct number of significant 

figures. 
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of glass tubing: 10.0 cm, 125 mm, and 8.4 cm? If we simply add the numbers, we obtain a 

value of 143.4, but we are not certain what the unit of measurement is. To add these lengths 

correctly, first change 125 mm to 12.5 cm. Now all the lengths are expressed in the same 

units and can be added: 

10.0 cm 

2 Srcm 

8.4 cm 

30.9 cm 

5. Subtraction of Numbers with Decimals To subtract numbers containing decimals, we 

use the same procedure as for subtracting whole numbers, but we always line up the decimal 

points in the same column. For example, subtract 20.60 from 182.49: 

182.49 

— 20.60 

161.89 

6. Multiplication of Numbers with Decimals To multiply two or more numbers together 

that contain decimals, we first multiply as if they were whole numbers. Then, to locate the 

decimal point in the product, we add together the number of digits to the right of the decimal 

in all the numbers multiplied together. The product should have this same number of digits 

to the right of the decimal point. 
Multiply 2.05 X 2.05 (total of four digits to the right of the decimal): 

2.05 
X 2.05 
1025 

4100 
4.2025 (four digits to the right of the decimal) 

Here are more examples: 

14.25 X 6.01 X 0.75 = 64.231875 (six digits to the right of the decimal) 

39.26 X 60 = 2355.60 (two digits to the right of the decimal) 

7. Division of Numbers with Decimals To divide numbers containing decimals, we first 

relocate the decimal points of the numerator and denominator by moving them to the right 

as many places as needed to make the denominator a whole number. (Move the decimal 

of both the numerator and the denominator the same amount and in the same direction.) 

For example, 

136.94 1369.4 

4.1 4] 

The decimal point adjustment in this example is equivalent to multiplying both numerator 

and denominator by 10. Now we carry out the division normally, locating the decimal point 
immediately above its position in the dividend: 

33.4 ee 0.0168 
41)1369.4 ae 2625)44.1000 
123 2625 

139 17850 
123 15750 
164 21000 
164 21000 
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The foregoing examples are merely guides to the principles used in performing the 

various 

and the 

mathematical operations illustrated. There are, no doubt, shortcuts and other methods, 

student will discover these with experience. Every student of chemistry should learn 

to use a calculator for solving mathematical problems. The use of a calculator will save many 

hours of doing tedious longhand calculations. After solving a problem, the student should 

check for errors and evaluate the answer to see if it is logical and consistent with the data given. 

8. Algebraic Equations Many mathematical problems that are encountered in chemistry 

fall into the following algebraic forms. Solutions to these problems are simplified by first 

isolating the desired term on one side of the equation. This rearrangement is accomplished 

by treating both sides of the equation in an identical manner until the desired term is isolated. 

a=? 
Cc 

(b) 

To solve for b, multiply both sides of the equation by c: 

b 
x =-—xXé ac Z 

bi= Gx. Cc 

To solve for c, multiply both sides of the equation by = 

7 da) We 
x—-=—- xX 

Z AEP a 

b 
c= 

a 

Ce 
d 

4 : bxd 
To solve for b, multiply both sides of the equation by rahe 

ae bx de vi bxd 

b eee: é 

ie axd 

cc 

aXb=cxXd 

To solve for a, divide both sides of the equation by b: 

GOD Cad 

Bb 

coed 

b 
az 
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scientific or exponential notation 

exponent 

To solve for b, first multiply both sides of the equation by a: 

d(b — c) _ 

a 

be Ga=d xaa 

Pag 

Then add c to both sides of the equation: 

DEO tie Ca 10s ta 

b=(dXa)t+e 

When a = 1.8, c = 32, and d = 35, 

b = (5 X 1.8) + 32 = 63 + 32 = 95 

9. Exponents, Powers of 10, Expression of Large and Small Numbers In scientific 

measurements and calculations, we often encounter very large and very small numbers—for 

example, 0.00000384 and 602,000,000,000,000,000,000,000. These numbers are troublesome 

to write and awkward to work with, especially in calculations. A convenient method of 

expressing these large and small numbers in a simplified form is by means of exponents or 

powers of 10. This method of expressing numbers is known as scientific or exponential 

notation. 

An exponent is a number written as a superscript following another number. Exponents 

are often called powers of numbers. The term power indicates how many times the number 

is used as a factor. In the number 107, 2 is the exponent, and the number means 10 squared, 

or 10 to the second power, or 10 X 10 = 100. Three other examples are 

37 =3x3=9 
34=3x3x3x3=81 

10? = 10 x 10 x 10 = 1000 

For ease of handling, large and small numbers are expressed in powers of 10. Powers 

of 10 are used because multiplying or dividing by 10 coincides with moving the decimal 

point in a number by one place. Thus, a number multiplied by 10! would move the decimal 

point one place to the right; 107, two places to the right; 1077, two places to the left. To 

express a number in powers of 10, we move the decimal point in the original number to a 

new position, placing it so that the number is a value between 1 and 10. This new decimal 

number is multiplied by 10 raised to the proper power. For example, to write the number 

42,389 in exponential form, the decimal point is placed between the 4 and the 2 (4.2389), 

and the number is multiplied by 10*; thus, the number is 4.2389 x 107: 

42,389 = 4.2389 x 104 
RANANY 

4321 

The exponent of 10 (4) tells us the number of places that the decimal point has been moved 

from its original position. If the decimal point is moved to the left, the exponent is a positive 
number; if it is moved to the right, the exponent is a negative number. To express the number 
0.00248 in exponential notation (as a power of 10), the decimal point is moved three places 
to the right; the exponent of 10 is —3, and the number is 2.48 x 1073. 

0.00248 = 2.48 x 1073 
nra 

123 

Study the following examples. 
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1237 = 1.237 x 10° 
988 = 9.88 x 10? 

147.2 = 1.472 x 10? 
2,200,000 = 2.2 x 10° 

0.0123) 123. 9a 07 2 
0.00005 = 5 x 107° 

0.000368 = 3.68 x 10~* 

ll 

Exponents in multiplication and division The use of powers of 10 in multiplication 

and division greatly simplifies locating the decimal point in the answer. In multiplication, 

first change all numbers to powers of 10, then multiply the numerical portion in the usual 

manner, and finally add the exponents of 10 algebraically, expressing them as a power of 

10 in the product. In multiplication, the exponents (powers of 10) are added algebraically. 

107 x 10° = 102+ = 10° 
107 x 102 x 107! = 102*2- = 10? 

Multiply: 40,000 x 4200 
Change to powers of 10: 4 X 10* x 4.2 x 10° 
Rearrange: 4x 42 x 10* x 10° 

16.8 x 10¢*» 
16.8 X 10’ or 1.68 x 10® (Answer) 

Multiply: 380 x 0.00020 
3.80 x 10? X 2.0 x 10—* 
320 % 2.0 x 10° x 107 * 
1.690100 72 
71.6 X107% or 0.076 (Answer) 

Multiply: 125 x 284 x 0.150 
1.25 X.102 % 2.84.x 10? x 1.50 x 1074 

1.25 X 2.84 x 1.50 x 10? x 10? x 107! 

S895 NS 
5.33 x 10° (Answer) 

In division, after changing the numbers to powers of 10, move the 10 and its exponent 

from the denominator to the numerator, changing the sign of the exponent. Carry out the 

division in the usual manner and evaluate the power of 10. The following is a proof of the 

equality of moving the power of 10 from the denominator to the numerator: 

pie 02 = 1x 1077 1 
ae =O = xe = 00! 100 

In division, change the sign(s) of the exponent(s) of 10 in the denominator and move the 10 

and its exponent(s) to the numerator. Then add all the exponents of 10 together. For example, 

10° 5 amet ($= 3) a Ae 
=e 0 an) =O =—w0) 

10 

3 4 
ae = 103 x 10¢ x 10? = 10¢*4*” = 10° 
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10. Significant Figures in Calculations The result of a calculation based on experimental 

measurements cannot be more precise than the measurement that has the greatest uncertainty. 

(See Section 2.5 for additional discussion.) 

Addition and Subtraction The result of an addition or subtraction should contain no 

more digits to the right of the decimal point than are contained in the quantity that has the 

least number of digits to the right of the decimal point. 

Perform the operation indicated and then round off the number to the proper number 

of significant figures: 

142.8 g 

18.843 g 93.45 mL 

36.42 g S810 mis 

198.063 g 75.45 mL 

198.1 g (Answer) 75.5 mL (Answer) 

Multiplication and Division In calculations involving multiplication or division, the 

answer should contain the same number of significant figures as the measurement that has 

the least number of significant figures. In multiplication or division the position of the decimal 

point has nothing to do with the number of significant figures in the answer. Study the 

following examples: 

Round off to 

2.05 X 2.05 = 4.2025 4.20 

18.48 X 5.2 = 96.096 96 

0.0126 X 0.020 = 0.000252 or 
1 26am ex 2.0 8 1027 592520107 * 250K ies 

1369.4 
= 33.4 

Al & 
2268 
eG 540. 540. 

11. Dimensional Analysis Many problems of chemistry can be readily solved by dimen- 

sional analysis using the factor-label or conversion-factor method. Dimensional analysis 

involves the use of proper units of dimensions for all factors that are multiplied, divided, 

added, or subtracted in setting up and solving a problem. Dimensions are physical quantities 

such as length, mass, and time, which are expressed in such units as centimeters, grams, and 

seconds, respectively. In solving a problem, we treat these units mathematically just as though 

they were numbers, which gives us an answer that contains the correct dimensional units. 

A measurement or quantity given in one kind of unit can be converted to any other 
kind of unit having the same dimension. To convert from one kind of unit to another, the 
original quantity or measurement is multiplied or divided by a conversion factor. The key 
to success lies in choosing the correct conversion factor. This general method of calculation 
is illustrated in the following examples. 

Suppose we want to change 24 ft to inches. We need to multiply 24 ft by a conversion 
factor containing feet and inches. Two such conversion factors can be written relating inches 
to feet: 

12 in. : 1 ft 

1 ft 12iins 

We choose the factor that will mathematically cancel feet and leave the answer in inches. 
Note that the units are treated in the same way we treat numbers, multiplying or dividing as 
required. Two possibilities then arise to change 24 ft to inches: 
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2c, left 
1k or 24 fx soo 

In the first case (the correct method), feet in the numerator and the denominator cancel, 

giving us an answer of 288 in. In the second case, the units of the answer are ft?/in., the 

answer being 2.0 ft7/in. In the first case, the answer is reasonable since it is expressed in 

units having the proper dimensions. That is, the dimension of length expressed in feet has 

been converted to length in inches according to the mathematical expression 

24 f Xx 

f X te = in. 

In the second case, the answer is not reasonable since the units (ft7/in.) do not correspond 

to units of length. The answer is therefore incorrect. The units are the guiding factor for the 

proper conversion. 

The reason we can multiply 24 ft times 12 in./ft and not change the value of the 

measurement is that the conversion factor is derived from two equivalent quantities. Therefore, 

the conversion factor 12 in./ft is equal to unity. When you multiply any factor by 1, it does 

not change the value: 

‘ute and tae ee 
ait 

Convert 16 kg to milligrams. In this problem it is best to proceed in this fashion: 

Ke 

The possible conversion factors are 

1000 g e 1 kg 1000 mg - lg 

1 kg 1000 g lg 1000 mg 

We use the conversion factor that leaves the proper unit at each step for the next conversion. 

The calculation is 

1000 g 1000 mg _ 

1 kg 1g 

Many problems can be solved by a sequence of steps involving unit conversion factors. 

This sound, basic approach to problem solving, together with neat and orderly setting up of 

data, will lead to correct answers having the right units, fewer errors, and considerable saving 

of time. 

16 kg X 1.6 x 10’ mg 

12. Graphical Representation of Data A graph is often the most convenient way to present 

or display a set of data. Various kinds of graphs have been devised, but the most common 

type uses a set of horizontal and vertical coordinates to show the relationship of two variables. 

It is called an x-y graph because the data of one variable are represented on the horizontal 

or x axis (abscissa) and the data of the other variable are represented on the vertical or 

y axis (ordinate). See Figure ele 

As a specific example of a simple graph, let us graph the relationship between Celsius 

and Fahrenheit temperature scales. Assume that initially we have only the information in the 

following table: 
y axis 

(ordinate) 

ee x axis aca! 
(abscissa) 

FIGURE 1.1! 
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On a set of horizontal and vertical coordinates (graph paper), scale off at least 100 

Celsius degrees on the x axis and at least 212 Fahrenheit degrees on the y axis. Locate and 
mark the three points corresponding to the three temperatures given and draw a line connecting 

these points (see Figure I.2). 

Here is how a point is located on the graph: Using the 50°C-—122°F data, trace a vertical 

line up from 50°C on the x axis and a horizontal line across from 122°F on the y axis and 

mark the point where the two lines intersect. This process is called plotting. The other two 

points are plotted on the graph in the same way. [Note: The number of degrees per scale 
division was chosen to give a graph of convenient size. In this case, there are 5 Fahrenheit 

degrees per scale division and 2 Celsius degrees per scale division.] 

The graph is Figure I.2 shows that the relationship between Celsius and Fahrenheit 
temperature is that of a straight line. The Fahrenheit temperature corresponding to any given 

Celsius temperature between 0 and 100° can be determined from the graph. For example, to 

find the Fahrenheit temperature corresponding to 40°C, trace a perpendicular line from 40°C 
on the x axis to the line plotted on the graph. Now trace a horizontal line from this point on 
the plotted line to the y axis and read the corresponding Fahrenheit temperature (104°F). See 
the dashed lines in Figure I.2. In turn, the Celsius temperature corresponding to any Fahrenheit 

temperature between 32 and 212° can be determined from the graph by tracing a horizontal 

line from the Fahrenheit temperature to the plotted line and reading the corresponding 
temperature on the Celsius scale directly below the point of intersection. 

The mathematical relationship of Fahrenheit and Celsius temperatures is expressed by 
the equation °F = 1.8 X °C + 32. Figure I.2 is a graph of this equation. Because the graph 
is a straight line, it can be extended indefinitely at either end. Any desired Celsius temperature 
can be plotted against the corresponding Fahrenheit temperature by extending the scales 
along both axes as necessary. 

215 |p 

250 | i i 

225 fe 

175 | 

150 | 

125 | 

Temperature in Fahrenheit degrees (°F) 

0 10 20 30 40 50 6 7 8 90 100 
Temperature in Celsius degrees (°C) 
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Figure 1.3 is a graph showing the solubility of potassium chlorate in water at various 

temperatures. The solubility curve on this graph was plotted from the data in the table next 

to the graph. 

In contrast to the Celsius—Fahrenheit temperature relationship, there is no simple mathe- 

matical equation that describes the exact relationship between temperature and the solubility 

of potassium chlorate. The graph in Figure I.3 was constructed 
from experimentally determined 

solubilities at the six temperatures shown. These experimentally determined solubilities are 

all located on the smooth curve traced by the unbroken-line portion of the graph. We are 

therefore confident that the unbroken line represents a very good approximation of the 

solubility data for potassium chlorate over the temperature range from 10 to 80°C. All points 

on the plotted curve represent the composition of saturated solutions. Any point below the 

curve represents an unsaturated solution. 

The dashed-line portions of the curve are extrapolations; that is, they extend the curve 

above and below the temperature range actually covered by the plotted solubility data. Curves 

such as this one are often extrapolated a short distance beyond the range of the known data, 

although the extrapolated portions may not be highly accurate. Extrapolation is justified only 

in the absence of more reliable information. 

The graph in Figure I.3 can be used with confidence to obtain the solubility of KCIO3 

<4 FIGURE 1.3 

beeen eee een eerenerene eee 

Solubility 
(g KCIO;/100 g water) 

5.0 
7A 

10.5 
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24.5 
38.5 
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at any temperature between 10 and 80°C, but the solubilities between 0 and 10°C and between 

80 and 100°C are less reliable. For example, what is the solubility of KCIO3 at 55°C, at 

40°C, and at 100°C? 
First draw a perpendicular line from each temperature to the plotted solubility curve. 

Now trace a horizontal line to the solubility axis from each point on the curve and read the 

corresponding solubilities. The values that we read from the graph are 

SoG 22.0 g KCIO3/100 g water 

40°C 14.2 g KCIO3/100 g water 

100°C 59 g KCIO3/100 g water 

Of these solubilities, the one at 55°C is probably the most reliable because experimental 

points are plotted at 50°C and at 60°C. The 40°C solubility value is a bit less reliable because 

the nearest plotted points are at 30°C and 50°C. The 100°C solubility is the least reliable of 

the three values because it was taken from the extrapolated part of the curve, and the 

nearest plotted point is 80°C. Actual handbook solubility values are 14.0 and 57.0 g of 

KCI1O3/100 g water at 40°C and 100°C, respectively. 

The graph in Figure 1.3 can also be used to determine whether a solution is saturated 

or unsaturated. For example, a solution contains 15 g of KCIO3/100 g of water and is at a 

temperature of 55°C. Is the solution saturated or unsaturated? Answer: The solution is unsatu- 

rated because the point corresponding to 15 g and 55°C on the graph is below the solubility 
curve; all points below the curve represent unsaturated solutions. 
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Vapor Vapor 

Temperature pressure Temperature pressure 

(°C) (torr) CC) (torr) 

0 4.6 26 252 

5 6.5 27 26.7 

10 9.2 28 28.3 

15 12.8 «29 30.0 

16 13.6 30 31.8 

17 14.5 40 55:3 

18 155 50 92.5 

19 16.5 60 149.4 

20 17.5 70 233 

21 18.6 80 355.1 

22 19.8 90 525.8 

2 22 100 760.0 

24 22.4 110 1074.6 

25 23.8 
a 
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Appendix Ill Units of Measurement 
LAER ae 

Physical Constants 

Constant Value 

Atomic mass unit 1.6606 X 107°’ kg 
Avogadro’s number 6.022 x 1077/mol 

Gas constant R (at STP) 0.08205 L atm/K mol 

Mass of an electron Me ii x 10 7! kg 
5.486 x 10~* amu 

Mass of a neutron My 1.675.x 10°77 ke 
1.00866 amu 

Mass of a proton Mp 1.673 X 10-7’ kg 
1.00728 amu 

Speed of light 2.997925 x 10° m/s 

A-12 
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SI Units and Conversion Factors 

Length © Mass 

SI unit: meter (m) SI unit: kilogram (kg). 

jl meter = 1.0936 yards 1 kilogram = 1000 grams 

1 centimeter = 0.3937 inch = 2.20 pounds 

1 inch = 2,54 centimeters 1 pound = 453.59 grams 

(exactly) = 0.45359 kilogram 

1 kilometer = 0.62137 mile = 16 ounces 

1 mile = 5280 feet 1 ton = 2000 pounds 

= 1.609 kilometers = 907.185 kilograms 

1 angstrom = 10~ !° meter lounce = 2838 
1 atomic - oo 
mass unit = 1.6606 X 107°” kilogram 

Volume Temperature 

SI unit: cubic meter (m*) : SI unit: kelvin (K) 

1 liter = 10m" OK= —273.15°C 
=1da = —459.67°F _ 
= 1.0567 quarts K= °C 4 273.15 

1 gallon = 4 quarts ep = 32 

= 8 pints : °C= 18 

= 3.785 liters R= 1.8(°C) 7 3) 

1 quart = 32 fluid ounces oR= 18°C + 40) — 40 

= 0.946 liter ee 
1 fluid ounce = 29.6 milliliters 

Energy Pressure 
ELL 

SI unit: joule (J) SI unit: pascal (Pa) 

ljoule = 1kg m/s? Jpascal = = 1 kg/m s? 

= 0.23901 calorie 1 atmosphere = 101.325 kilopascals 

1 calorie = 4.184 joules = 760 torr (mm Hg) 
= 14.70 pounds per 

square inch (psi) 



Appendix IV Solubility Table 
dated ttt dette tet tha h hahaa 

2 F- Clo 8  f =O SS #$$OH = NO; CO; 50, #CHO, 
Ht S 5 5 S Ss Ss S So Ss S : Ss: 

Na Ss S Ss S Ss S S S S a 

K+ s s S oS S s 8 S S S . 

NH? 5 S s s a. Sos S S S . 
ASS I I I I = s I I 1 
Mg?* I 5 S s I d I S I S 5s 
Ca** J S S Ss I d I S 1 I S 

Ba?* I S S s s d s S I I S 
Fe?* s S S Ss | I l S s S SS 
re CLS S I I I s. I S I 
Co?* Ss Ss Ss 1 L 1 S I 8 5 

Wo fF gs I S Ss 
Cet s 5 Ss — I I I 5 I Ss S 

oe s 58 I i. I os I 5 8 
He’ dS bb kG i oo S 
1 8 Us 1 i d S 1 5 ce 
Set SS Ss i I 7) I Ss SS 
me of 12 io 1 I I S I a: Se 
Moor UC I I I S is S 
a eh lh USC d I S - S = 

Key: S = soluble in water 
__. 5 = slightly soluble in water 

I = insoluble in water (less than 1 g/100 g H,O) 
d = decomposes in water 



Appendix V Answers to Even-Numbered 
Questions and Exercises 

Chapter 2 

2. 

4. 

7.6 cm 
The most dense (mercury) at the bottom and the least dense 

(glycerin) at the top. In the cylinder the solid magnesium 

would sink in the glycerin and float on the liquid mercury. 

6. 0.789 g/mL < ice < 0.91 g/mL 

8. D = m/V _ specific gravity = Asubstance 
water 

10. A lean person weighs more in water than an obese person 

and has a higher density. 

12. Rule 1. When the first digit after those you want to retain 

is 4 or less, that digit and all others to its right are dropped. 

The last digit retained is not changed. 

Rule 2. When the first digit after those you want to retain 

is 5 or greater, that digit and all others to the right of it 

are dropped and the last digit is increased by one. 

14. The correct statements are: a, c, d, e, g, h, i, j, 1, n, p, q. 

16. (a) mg (d) nm 

(bt) kg @A 
(c) m (f) pL 

18. (a) not significant (d) significant 

(b) significant (e) significant 

(c) not significant (f) significant 

20. (a) 40.0 (3) (c) 129,042 (6) 

(b) 0.081 (2) (d) 4.090 x 107? (4) 

22. (a) 8.87 (c) 130. (1.30 x 107) 

(b) 21.3 (d) 2.00 x 10° 
24. (a) 4.56 X 10-7 (c) 4.030 x 10! 

(b) 4.0822 x 10? (d) 1.2 x 107 

26. (a) 28.1 (d) 2.010 x 10° 

(b) 58.5 (ey 249-x 107 * 
(c) 4.0 x 10! = (f):1.79 x 10° 

28. (a) 4 = ©) org 
(3 @5 

30. (a) 1.0 X 107 
(b) 4.6 mL 

(c) 22 

32. (a) 4.5 x 10° A (e) 6.5 X 10° mg 

(by 1k. -d10, .cmotinelf)c5: 50% 10° g 

(c) 8.0 X 10°mm_—_ (g) 468 mL 

(d) 0.164 g (h) 9.0 X 10-7 mL 

34. (a) 117 ft (d) 4.3 x 10*g 

(b) 10.3 mi (e) 75.7 L 

(c) 74 X 10'mm? = (f):1.3 X 10° m? 

36. 50. ft/s 
38. 0.102 km/s 
40. 5.0 X 10° s 
42. 3 x 10* mg 
44. 3.0 X 10° hummingbirds to equal the mass of a condor 

46. $2800 

48. 57 L 

50. 

52. 
54. 
56. 
58. 

60. 
62. 
64. 
66. 
68. 
70. 
72. 
74. 
76. 
78. 
80. 
82. 
84. 

160 L 

4 a0 m* 
5 gal 
113°F Summer! 

(a) 90.°F (c) 546K 

(b) =—22.6°C (d) —300 K 

—11.4°C = 11.4°F 

3.12 g/mL 

1.28 g/mL 

3.40 x 10° g 
7.0 Ib 
Yes, 116.5 L additional solution 

— 15°C > 4.5°F 
B is 14 mL larger than A. 

76.9 g 

3.57 X 10° g 
The container must hold at least 50 mL. 

The gold bar is not pure gold. 

0.842 g/mL 

Chapter 3 

2. 

N 

10. 
12. 

(a) Attractive forces among the ultimate particles of a solid 

(atoms, ions, or molecules) are strong enough to hold 

these particles in a fixed position within the solid and 

thus maintain the solid in a definite shape. Attractive 

forces among the ultimate particles of a liquid (usually 

molecules) are sufficiently strong to hold them together 

(preventing the liquid from rapidly becoming a gas) 

but are not strong enough to hold the particles in fixed 

positions (as in a solid). 

(b) The ultimate particles in a liquid are quite closely 

packed (essentially in contact with each other) and thus 

the volume of the liquid is fixed at a given temperature. 

But, the ultimate particles in a gas are relatively far 

apart and essentially independent of each other. Conse- 

quently, the gas does not have a definite volume. 

(c) In a gas the particles are relatively far apart and are 

easily compressed, but in a solid the particles are closely 

packed together and are virtually incompressible. 

. mercury and water 

. Three phases are present. 

. A system containing only one substance is not necessar- 

ily homogeneous. 

30 Si g/1 g H. There are more Si atoms than H atoms. 

P Na 

Al N 

H Ni 

K Ag 

Mg Pu 

A-15 
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14. sodium silver 54. No. The only common liquid elements (at least at room 

potassium tungsten temperature) are mercury and bromine. 

iron gold 56. 75% solids 

antimony mercury 58. 420 atoms 

tin lead 60. 40 atoms H 

16. In an element all atoms are alike, while a compound con- 62. (a) magnesium, manganese, molybdenum, mendelevium, 
tains two or more elements which are chemically combined. mercury 

Compounds may be decomposed into simpler substances (b) carbon, phosphorus, sulfur, selenium, iodine, asta- 
while elements cannot. tine, boron 

18. 

20. 

22. 

30. 

32. 

34, 

36. 

38. 

40. 

42. 

44, 

46. 

48. 

50. 

52. 

7 metals 1 metalloid 2 nonmetals 

aurum 

A compound is two or more elements chemically combined 

in a definite proportion by mass. Its properties differ from 

those of its components. A mixture is the physical combin- 

ing of two or more substances (not necessarily elements). 

The composition may vary, the substances retain their prop- 

erties and may be separated by physical means. 

. characteristic physical and chemical properties 

26. 

28. 

Cations are positive, anions are negative. 

Homogeneous are one phase, heterogeneous have two or 

more phases. 

(a) H, (c) HCl (e) NO 

Sponge iron rusts easily. During this process hydrogen is 

generated and collected. The sponge iron can be regenerated 

from the rust formed and the process repeated indefinitely. 

Charcoal—destructive distillation of wood. 

Bone black—destructive distillation of bones or waste. 

Carbon black—residue from burning natural gas. 

Correct statements are: c, f, g, j, m, 0, q, t, U, W, X, y. 

(a) magnesium, bromine 

(b) carbon, chlorine 

(c) hydrogen, nitrogen, oxygen 

(d) barium, sulfur, oxygen 

(e) aluminum, phosphorus, oxygen 

(a) AIBr3 (c) PbCrO, 

(b) CaF, (d) CeHe 
(a) 1 atom Al, 3 atoms Br 

(b) 1 atom Ni, 2 atoms N, 6 atoms O 

(c) 12 atoms C, 22 atoms H, 11 atoms O 

(a) 2 atoms (d) 5 atoms 

(b) 2 atoms (e) 17 atoms 

(c) 9 atoms 

(a) 2 atoms H 

(b) 6 atoms H 

(c) 12 atoms H 

(a) element 

(b) compound 

(d) 4 atoms H 

(e) 8 atoms H 

(c) element 

(d) mixture 

(a) mixture (c) mixture 

(b) element (d) compound 

(a) HO 

(b) C,HsO 

(c) NajCr,07 

64. 
(c) sodium, potassium, iron, silver, tin, antimony 

(a) As temperature decreases, density increases. 

(b) 1.28 g/L, 1.17 g/L, 1.08 g/L 

Chapter 4 

2. 
4. 

6. 

10. 

12. 

. (a) chemical 

16. 

18. 

20. 

22. 

24. 
26. 
28. 
30. 
32. 
34. 
36. 
38. 
40. 
42. 

solid 

Water disappears. Gas appears above each electrode and 

as bubbles in solution. 

A new substance is always formed during a chemical 

change, but never formed during physical changes. 

. The hot pack contains a solution of sodium acetate or 

sodium thiosulfate. A small crystal is added by squeezing 

a corner of the bag or bending a small metal activator. The 

solution crystallizes and heat is released to the surroundings. 

To reuse it, the pack is heated: in boiling water until the 

crystals dissolve. Then, it is slowly cooled and stored un- 
til needed. 

Potential energy is the energy of position. Kinetic energy 

is the energy matter possesses due to its motion. 

The correct statements are: a, f, h, i. 

(d) chemical 

(b) physical (e) chemical 

(c) physical (f) physical 

The copper wire, like the platinum wire, changed to a 

glowing red color when heated. Upon cooling, a new sub- 

stance, black copper(II) oxide, had appeared. 

Reactant: water 

Products: hydrogen, oxygen 

the transformation of kinetic energy to thermal energy 
(a) + (@) =: 

(6) = (e) = 
(eC) es 
22s al, 
503 Oe - ee 
BSG 
ZOE 

45.7 g coal 

656 °C 
LOE 

6:06 and 54 s 

at the same rate 
The mercury and sulfur react to form a compound since the 
properties of the product are different from the properties of 
either reactant. 
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Chapter 5 Chapter 6 

2. A neutron is about 1840 times heavier than an electron. 2. Charges on their ions must be equal and opposite in sign. 

4. An atom is electrically neutral. An ion has a charge. 4. Seaborg is still alive. Elements can only be named for a 

6. a Wintergreen Lifesaver 

8. SIRA technique is stable isotope ratio analysis. 

10. The correct statements are: a, b, c, f, g. 

12. The correct statements are: b, d. 8. (a) BaO ‘) BRP A 
(b) H,S (e) LigSi 

(c) AICI, (f) Mg3P> 

person after he is dead according to TUPAC rules. 

6. The correct statements are: a, b, c, e, f, h, i, k, n, p, q- 

14. (a) The nucleus of the atom contains most of the mass. 

(b) The nucleus of the atom is positively charged. 

(c) The atom is mostly empty space. 10. Cl” HSO, ~ 

16. The nucleus of an atom contains nearly all of its mass. Eas ae " 

18. Electrons: Dalton—Electrons are not part of his model. us ms = 

Thomson—Electrons are scattered throughout 1 J CO3 a 

the positive mass of matter in the oe HCO; 3 

atom. 
O ‘ C3H302 

Rutherford—Electrons are located out in space oe C103 +; 

away from the central positive s ais ee s 
SO, C,04 

mass. 

Positive matter: Dalton—No positive matter in his model. 12. (NH,),SO, NH,Cl (NH4)3AsO, NH4C2H302 (NH 4)2CrO4 

Thomson—Positive matter is distributed CaSO4 CaCl, Ca3(AsO4)2 Ca(C2H302)2 CaCrO, 

throughout the atom. Fe,(SO,)3 FeCl; FeAsO,4 Fe(C,H303)3 Fe2(CrO4)3 

Rutherford—Positive matter is concen- AgoSO4 AgCl Ag3AsO4 AgC,H30, Ag CrO, 

trated in a small central nu- CuSO, CuCl, Cu3(AsO4). Cu(C2H30)2 CuCrO, 

, ‘ ee ; 14. (a) carbon dioxide (f) dinitrogen tetroxide 

20. The isotope of C with a mass of 12 is an exact number. (b) dinitrogen oxide (g) diphosphorus pentoxide 

22. Three isotopes of hydrogen have the same number of pro- (c) phosphorus pentachloride (h) oxygen diflouride 

tons and electrons but differ in the number of neutrons. (d) carbon tetrachloride (i) nitrogen trifluoride 

24. (a) 80 protons; +80 (e) sulfur dioxide (j) carbon disulfide 

He 16. (a) potassium oxide (e) sodium phosphate 

oa 
(b) ammonium bromide (f) aluminum oxide 

28. (a) 27 protons, 32 neutrons (c) calcium iodide (g) zinc nitrate 

(b) 15 protons, 16 neutrons (d) barium carbonate (h) silver sulfate 

(c) 74 protons, 110 neutrons 

(d) 92 protons, 143 neutrons 18. s Hee a Berea 

30. 24.31 amu 
ue Ce 

32. 6.716 amu 
(c) Fe,(CO3)3 (f) Fe(C,H303)2 

34, 1.0 x 10!9:1 20. (a) HC,H30, = (d) na? 

36. (a) isotopes is 2 a a oie B 

(b) adjacent to each other on the periodic table 
2 

38. (a) The (+) particles are much lighter mass particles. 22. (a) phosphoric acid (e) hypochlorous acid 

(b) negative 
(b) carbonic acid (f) nitric acid 

40. the number of protons and electrons (c) iodic acid ae (g) hydroiodic acid 

42. °Q = 50% (d) hydrochloric acid (h) perchloric acid 

8Q = 50% 24. (a) Na,CrO, (h) Co(HCO3), 

44. 6.03 xX 1074 atoms (b) MgH, (i) NaClo 

46. Atomic Mass (c) Ni(C,H303)2 —(j). AS2(CO3)s 

number number Symbol Protons Neutrons (d) Ca(ClO3)2 (k) Cro(SO3)3 

(a) 8 16 O 8 8 (e) Pb(NO3)2 (1) Sb2(SO4)3 

(b) 28 58 Ni 28 30 (f) KH,PO, (m) NayC 04 

(c) 80 199 Hg 80 119 (g) Mn(OH)> (n) KSCN 
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26. 

28. 

30. 

32. 

34. 

36. 

(a) calcium hydrogen sulfate 

(b) arsenic(III) sulfite 

(c) tin(II) nitrite 

(d) iron(II) bromide 

(e) potassium hydrogen carbonate 

(f) bismuth(III) arsenate 

(g) iron(II) bromate 

(h) ammonium monohydrogen phosphate 

(i) sodium hypochlorite 

(j) potassium permanganate 

(a) FeS, (e) Mg(OH) 
(b) NaNO; (f) NasCO3-10 HO 
(c) CaCO; (g) CoH;OH 
(d) Cy2Ho2041 
-ide: Suffix is used to indicate a binary compound except 

for hydroxides, cyanides, and ammonium com- 

pounds. 

Used in acids to indicate that the polyatomic anion 

continued the -ite suffix; also used for the lower 

ionic charge of a multivalent metal. 

Used as a prefix in acids or salts when the polya- 

tomic ion contains less oxygen than that of -ous 

acid or the -ite salt. 

Used as a prefix in acids or salts when the poly- 

atomic ion contains more oxygen than that of the 

-ic acid or the -ate salt. 

-ite: The suffix of a salt derived from an -ous acid. 

-ate: The suffix of a salt derived from an -ic acid. 

Roman numerals indicate the charge on the metal cation. 

(a) 50e~ , SOp 

(b) 48e7 , 50p 

(c) 46e” , 50p 

Li3Fe(CN)¢ 

AlFe(CN)¢ 

Zn3[Fe(CN)¢]2 
ammonium oxide 

ammonium carbonate 

ammonium chloride 

ammonium acetate 

zinc oxide 

zinc carbonate 

-OUus; 

hypo: 

per: 

zinc chloride 

zinc acetate 

carbonic acid 

acetic acid 

hydrochloric acid 

Chapter 7 

2. 
4. 

6. 
8. 

10. 

12. 

A mole of gold has a higher mass than a mole of potassium. 

A mole of gold atoms contains more electrons than a mole 

of potassium atoms. 

61022 x 10” 
(a) 6.022 x 10° atoms 
(b) 6.022 x 107° molecules 
(c) 1.204 x 1074 atoms 
Choosing 100 g of a compound allows us to simply drop 

the % sign and use grams for each percent. 

calculation based on body mass in mg additive/kg mass/day 

(d) 16.00 g 

(e) 32.00 g 

14. 

16. 

18. 

20. 

22. 

24. 

26. 

28. 

30. 

32. 

34. 

36. 

38. 

APPENDIX V Answers to Even-Numbered Questions and Exercises 

An empirical formula gives the smallest whole number 

ratio of the atoms present in a compound. The molecular 

formula represents the actual number of atoms of each 

element in a molecule of the compound. It may be the 

same as the empirical formula or may be a multiple of the 

empirical formula. 

The correct answers are: a, d, f, g, j, k, m. 

(a) 40.00 (i) 2281 

(b) 275.8 (g) 180.2 

(c) 152.0 (h) 368.4 

(d) 96.09 (i) 244.2 

(e) 146.3 

(a) 0.625 mol NaOH 

(b) 0.275 mol Br> 

(c) 7.18 X 10-7 mol MgCl, 
(d) 0.462 mol CH;0H 
(e) 2.03 X 10~* mol Na,SO, 
(f) 5.97 mol ZnlI, 

(a) 0.0417 gH,SO, = (c) 0.122 g Ti 
(b) 11 g CCl (d) 80X10? 2s 
(a) 1.05 x 1074 molecules Cl, 
(b) 1.6 X 107? molecules C,H, 
(c) 1.64 x 1073 molecules CO, 
(d) 3.75 X 1074 molecules CH4 
(3.271 1022 8. Au 
(b). 3.952 x 10, ~ 6 U 
(c) 2.828 x 10-73 g NH; 
(d) 1.795 x 10772 g CgH,4(NH>)> 
(a) 0.886 mol S 

(b) 42.8 mol NaCl 
(c) 1.05 x 1074 atoms Mg 
(d) 9.47 mol Br, 

(a) 6.022 x 107? molecules NH; 
(b) 6.022 xX 1073 N atoms 
(c) 1.807 x 1074 H atoms 
(d) 2.41 x 1074 atoms 
(a) 6.0 X 10** atoms O 

(b) 5.46 x 1074 atoms O 
(c) 5.0 x 1018 atoms O 
(a) 1.27 ¢Cl 

(b) 9.07 gH 

(c) 23.0 gI 

(a) 47.97% Zn  (d) 21.21% N 

52.02% Cl 6.104% H 

(b) 18.17% N 24.27% S 

SES 3 9on 48.45% O 

31.16% C (e) 23.09% Fe 

41.51% O 17.37% N 

(c) 12.26% Mg 59.53% O 

31.24% P (f) 54.39% I 

56.48% O 45.61% Cl 

(a) 47.55% Cl (c) 83.46% Cl 

(b) 34.05% Cl (d) 83.63% Cl 



40. 

42. 

44. 

46. 

48. 

50. 

52. 
54. 

56. 
58. 

60. 
62. 
64. 
66. 

68. 
70. 
72. 
74. 

24.2% C 

4.04% H 

71.72% Cl 
(a) KCIO3 

(b) KHSO, 

(c) NagCrO4 

(a) CuCl 

(b) CuCl, 

(c) Cr2S3 
V0; 

The empirical formula is CHO. The molecular formula 

is C6H 1206. 

5.88 g Na 

5.54 x 10!9 m 
(a) 8 X 10.8 drops 

(b) 8 X 10° mi? 
10.3 mol H,SO4 

(a) H,O 

(b) CH,;0H 

8.66 g Li 
There is not sufficient S present. 

4.77 g¢0O 
(a) CCl, 
(b) CyCle 
(@) (Ggele 

(d) C3Clg 
2.4 x 10° atoms Cu 

8 x 10! mol people 

32 g Mg 

carbon 

(d) K3PO, 
(e) BaCr,07 

(f) PBrgCl, 

Chapter 8 

2. 

4. 

6. 

10. 

the number of moles of each of the chemical species in 

the reaction 

The correct statements are: a, d, e, f, h, i, j, 1, n, 0, P, 4. 

(a) H, + Bro —~ 2 HBr 

A 

A 

(c), Ba(Cl03); —> BaCl, + 3 Op 
(d) CrCl; + 3 AgNO; —> Cr(NO3)3 + 3 AgCl 
(e) p H,O, — 2 H,O tr Oz 

. (a) combination 

(b) combination 

(c) decomposition 

(d) double displacement 

(e) decomposition 

(a) 2 MnO, + CO — > Mn,03 + CO2 

(b) Mg3N, + 6 HO —> 3 Mg(OH), + 2 NH3 

(c) 4C3H5(NO3)3 —> 12 CO, + 10H,0 + 6Nz + Oo 

(d) 4 FeS + 70, —>2 Fe,03 + 4 SO, 

(e) 2 Cu(NO3)2 —> 2CuO + 4NO, + Oo 

Answers to Even-Numbered Questions and Exercises 

12. 

14. 

16. 

18. 

20. 

22. 

24. 

26. 

28. 

30. 

32. 
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(f) 3 NO, + H,O —> 2 HNO; + NO 
(g) 2 Al + 3 H)SO4-—— Al,(SO,)3 + 3 He 
(h) 4HCN + 50, >2N, + 4CO, + 2H,0 
(i) 2.BsHo + 12 0,—~+5B,0; + 9 H,0 

ay ojo 2 H, + 0, 
(b) HCj;H,0, + KOH —+KC>H30, + H,0 
() TPHe3 Gs JPR 
(d) 2 Al + 3 CuSO, —> 3 Cu + Al(SO,)3 
(e) (NH4)9SO4 + BaCl, —> 2 NH,Cl + BaSO, 
(f) SF, + 2H,O —> SO, + 4 HF 

A 

(g) Cr2(CO3)3 — Cr203 + 3 CO2 

(a) Cu + FeCl,(aq) —~ no reaction 

A 

(b) H, + Al,03(s) —~ no reaction 

(c) 2 Al + 6 HBr(aq) —~> 3 H2(g) + 2 AIBr3(aq) 

(d) Ih + HCl(Gqg) —— no reaction 

(a) SO, + H,O —> H,SO3 
(b) SO; + H,O —~> H,SO, 
(c) Ca + 2 H,O —> Ca(OH) + Ho 
(d) 2 Bi(NO3), + 3 HyS —> Bi,S3 + 6 HNO; 

A 

(a) CoreOge =r COs 
A 

(b) 2 Al(C103)3 —> 9 O2 + 2 AICI, 

(c) CuBr, + Cl —> CuCl, + Br 

(d) 2 SbCl, + 3 (NH4)28 ——> Sb2S3 + 6 NH,Cl 

: A 
(e) 2 NaNO; —> 2 NaNO, + Op 

(a) exothermic 

(b) endothermic 

H20 

(a) 2 Al + 3 Jp —»2 All, + heat 
(b) 4 CuO + CH, + heat —> 4 Cu + CO, + 2H,0 
(c) FeO; + 2 Al——>2 Fe + Al,O3 + heat 

58 O on each side 

A balanced equation tells us 

(a) the type of atoms/molecules involved in the reaction. 

(b) the relationship between quantities of the substances 

in the reaction. 

A balanced equation gives no information about 

(a) the time required for the reaction. 

(b) odor or colors which may result, 

Mg above Zn on the activity series 

(@) 4k + 0, > 2.K50 
(b) 2 Al + 3 Clh —>2 AICL 
(c) CO, + H,O —> H,CO; 
(d) CaO + H,O —> Ca(OH), 

(a) Zn + H,SO, —> H2 + ZnSO, 

(b) 2 Ally 3 Cl 2 AIC +3: 

(c) Mg + 2 AgNO; —> Mg(NOs)2 + 2 Ag 

(d) 2 Al + 3 CoSO, —> Al,(SO4)3 + 3 Co 
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34. (a) AgNO3(aq) + KCl(aqg) —> AgCl(s) + KNO3(aq) 

(b) Ba(NO3)2(aq) + MgSO,4(aq) —> 

Mg(NO3)2(aq) + BaSO,(s) 
(c) H2SO,4(aq) + Mg(OH)2(aq) —> 

2 H,O() + MgSO,(aq) 

(d) MgO(s) + H,SO4(aq) —> H,0(2) + MgSO,(aq) 
(e) NayCO3(aq) + NH,4Cl(aq) —— no reaction 

36. chlorophyll photosynthesis 

carotenoids absorb high energy oxygen and 

release it appropriately 

anthocyanins diversity in leaf color 

38. Leaves containing all pigments: 

photosynthesis 

yes no 

| 
green 

protein _ chlorophyll/carotenoids/sugars 

aa chlorophyll  carotenoids/sugars 
decomposes 

root storage 
carotenoids anthocyanins/sugars 

yellow/orange blue/red 

40. CO , CH4, HO They act to trap the heat near the surface 

of the earth. 

42. One-half the CO, released remains in the air. 

Chapter 9 

2. (a) correct (d) incorrect 

(b) incorrect (e) correct 

(c) correct (f) incorrect 

4. (a) 25.0 mol NaHCO; 

(b) 3.85 X 107? mol ZnCl, 
(c) 16 mol CO, 

(d) 4.3 mol C;H;OH 
6. (a) 1.31 g NiSO, 

(b) 3.60 g HC,H30, 
(c) 373 g BinS; 
(d) 1.35% C-Hi.0¢ 
(e) 18 g K,CrO, 

8. HCl 

3 mol CaCl, 1 mol Ca3(PO,) 10. ee Ch) aD) 
CO etot'Ca,(PO,)5 fon! "Smal H3PO, 

(b) 6 mol HCl (c) 6 mol HCl 

2 mol H3PO,4 1 mol Ca3(PO4)> 

(c) 3 mol CaCl, (f) 2 mol H3PO, 

2 mol H3PO4 6 mol HCl 

12. 

14, 

16. 
18. 

20. 

22. 

24, 

26. 
28. 
30. 
32. 

34, 

36. 
38. 
40. 

42. 

44, 
46. 
48. 

50. 

15.5 mol CO, 
4.20 mol HCl 

19.7 g Zn3(PO4)2 

117 g H,O 
271 g Fe 

(a) 0.500 mol Fe,03 

(b) 12.4 mol O23 

(c) 6.20 mol SO, 

(d) 65.6 g SO, 
(e) 0.871 mol O, 
(f) 332 g FeS, 
(a) HS is the limiting reactant and Bi(NO3)3 is in excess. 

(b) H,O is the limiting reactant and Fe is in excess. 

(a) 16.5 g CO, 
(b) 59.9 g CO, 
(c) 6.0 mol CO,, 8.0 mol H,0, and 4.0 mol O, 
sulfur 

95.0% yield 
77.8% CaCyz 

A subscript is used to indicate the number of atoms in a 

formula. It cannot be changed without changing the identity 

of the substance. Coefficients are used only to balance 

atoms in chemical equations. They may be changed as 

needed to achieve a balanced equation. 

(a) 380 g C,H;OH 

370 g CO, 
(b) 480 mL C,H;OH 
65 g Op 
1.0 g AgoS 

(a) 2.0 mol Cu, 2.0 mol FeSO,, and 1.0 mol CuSO, 

(b) 15.9 g Cu, 38.1 g FeSO4, 6.0 g Fe, and no CuSO, 

(a) 3.2 x 10* g CjH;OH 
(by 1:10 10" = C2H.O: 
371 <el0r kee a0) 
13 tablets 

The mask protects the parts of the machine that are not to 
be etched away. 

Micromachines could be used as smart pills, drug reser- 

voirs, or mini computers. 

Chapter 10 

2. 

6. 
8. 

A second electron may enter an orbital already occupied 
if its spin is opposite the electron already in the orbital, and 
if all other orbitals of the same sublevel contain an electron. 

- Both 1s and 2s orbitals are spherical in shape and located 
symmetrically around the nucleus. The radius of 2s is larger 
than the 1s. 

1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p 

The Bohr orbit has an electron traveling a specific path 
while an orbital is a region of space where the electron is 
most probably found. 



10. s orbital % 32. (a) Sc 

(b) Zr 

= 3 (c) Sn 

(d) Cs 

' 34. Atomic number Electron structure 

(a) 9 [He]2s72p° 

P orbitals z (b) 26 [Ar]4s73d° 

fe Pe (c}i 2n31 [Ar]4s23d!4p! 
_ (d) 39 [Kr]5s74d! 

(e) 52 [Kr]5s74d!°5p4 

y Gyan 10 [He]2s*2p° 

12. Transition elements are found in the center of the periodic 36. (a) Ie Be 3e7 a Al 

table. The last electrons for these elements are found in 

the d or f orbitals. Representative elements are located on 

either side of the periodic table. The valence electrons for (b) 2e~ 8e 10e" 2e™ aT 

these elements are found in the s and/or p orbitals. 

14. Atomic number Symbol 38. It is in the fourth energy level because the 4s orbital is at 

8 O a lower energy level than the 3d orbital. 

16 S 40. Noble gases each have filled s and p orbitals in the outer 

34 Se energy level. 

52 Te 42. All the elements in a Group have the same number of outer- 

84 Po shell electrons. 

All these elements have an outermost electron structure 

of s?p*. 

44. All of these elements have an s7d'° electron configuration 

in their outermost energy levels. 

16. 32; the 6th period has this number of elements. aoa) a fe 

18. Ar and K: Co and Ni; Te and I; Th and Pa; U and Np; Oy) 
48. 7, 33 since they are in the same group. 

Es and Fm; Md and No. 

20. The correct statements are: a, c, e, f, g, i, and n. 50. . pore 

22. (a) F 9 protons 

(b) Ag 47 protons (mee! ; 

(c) Br 35 protons (d) nerd be : 

(4) Sb 51 protons 52. Period 6, lanthinide series 

24. (a) Cl 1522s?2p°3s23p° 54. Group VIIA contains 7 valence electrons. 

(b) Ag 1522s?2p3s23p° 4523q)0 4p%5s! 4q'0 Group VIIB contains 2 electrons in the outermost level and 

(li 15225! 5 electrons in an inner d orbital. 

(d) Fe 1522s?2p°3s23p 4523d° 56. Nitrogen has more valence electrons on more energy levels. 

(om 1522522p%3s73p° 4523! p95? 4 d'5p° More varied electron jumps are possible. 

: ; 58. (a) 100% (d) 24% 

26. Each line corresponds to a change from one orbit to another. 

28. 32 electrons 
a ates Ores 
c fo 

30. (a) ee 2e~ 8e 4e~ Si stato: 
60. 1 

(b) [e Ie~ 8e~ 6e~ 725 62. In the scanning-probe microscope, a probe is placed near 

ee the surface of a sample and a parameter such as voltage is 

measured. The signals are translated electronically into a 

(c) 2e 8e 8e {Ar topographic image of the object. In a light microscope the 

image is formed by light reflecting from the object. 

oe eee = 64. In the atomic force microscope, the probe measures the 

(d) 2e 8e™ Ile 2e 23V electric forces between electrons in the molecule, while in 

scanning-tunneling the actual movement of the electrons 

a 31 is measured. 

() c2) tage, 22 iF 66. Transition elements are found in Groups IB—VIIB and VIII. 

68. 8, 16, 34, 52, 84. All have 6 electrons in their outer shell. 
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70. 35 would be in VIIA and 37 would be in IA. 30. Si (4) N (5) P (5) O (6) C1) 
72. () [Ra]7s-64 os fT p* 32. (a) Chloride ion, none 

74. 

76. 

(b) 7 valence electrons 

(REYES Brae At 

(d) halogen family, Group VIIA 

Most gases are located in the upper right part of the periodic 

table (H is the exception). They are nonmetals. Liquids 

show no pattern. Neither do solids, except that the vast 

majority of solids are metals. 

Oil can be traced by added labeled fullerenes. 

Chapter 11 

2. 

10. 

12. 

14. 

16. 

18. 
20. 

22. 

24. 

26. 

28. 

More energy is required for neon because it has a very 

stable outer electron structure consisting of an octet of 

electrons in filled orbitals (noble gas electron structure). 

. The first ionization energy decreases from top to bottom 

because, in successive alkali metals, the outermost electron 

is farther away from the nucleus and is shielded from the 

positive nucleus by additional electron shells. 

. Barium has a lower ionization energy than beryllium. 

. (a) K > Na (d) I> Br 

(b) Na > Mg (©)e Zig ii 

() O>F 

Atomic size increases down the column since each succes- 

sive element has an additional energy level. 

Cs+ Ba: Tl: +Pb: -Po: -At: :Rn: 
Each of these is a representative element and has the same 

number of electrons in its outer shell as its periodic 

group number. 

Valence electrons are the electrons found in the outermost 

energy level of an atom. 

An aluminum ion has a +3 charge because it has lost 3 

electrons in acquiring a noble gas electron structure. 

The correct statements are: b, c, g, h, j, k, n, and o. 

A bromine atom is smaller since it has one less electron 

than the bromine ion in its outer shell. 
+ — 

(a) H Cl 

(b) Li H 

(c) C Gi 

(d) I Br 

(e) Mg H 

(f) O F 

(a) covalent 

(b) ionic 

(c) covalent 

(d) ionic 

(a) F+ le —F- 

(a) Caf+ 20: — CaO 
Sek 

(6), CaC a4 ity Dee 

(b) Na: +:Bri— NaBr 
S06 

34, 

36. 

38. 

40. 
42. 

44, 

46. 

48. 

50. 

32% 

54. 

56. 

(b) Nitrogen atom, gain 3e or lose 5e — 

(c) Potassium atom, lose le ~ 

(a) A magnesium ion, Mg?", is larger than an aluminum 

ion mAle te 

(b) The Fe** ion is larger than the Fe** ion. 

(a) SbH3, Sb,03 

(b) HSe, SeO3 

(c) HCl, Cl,07 

(d) CCly, CO 

BeBr, beryllium bromide 

MgBr>, magnesium bromide 

RaBr>, radium bromide 

(a) Ga? (b) [Ga}** (c) [Ca]°* 
(a) covalent (c) covalent 

(b) ionic (d) covalent 

(a) covalent 

(b) covalent 

(c) ionic 

(TOnO:  () {BesBr: te) te: 

(a) :S:H 

H 

(b) :S::C::S: 

(c) H:N:H 

H 

H 

H:N:H 
H 

(a) ae 

(b) Eble 

+ 

cy fuckin] (Ge) 

ae 
(c) Osc: 0) 

(d) OvelO: 
70: 

:O:N::0: ‘ 

:O: 

(e) 

(a) nonpolar 

(b) nonpolar 

(c) polar 

(a) 2 electron pairs, linear 

(b) 4 electron pairs, tetrahedral 

(c) 4 electron pairs, tetrahedral 

(a) tetrahedral 

(b) pyramidal 

(c) tetrahedral 



58. 

60. 
62. 

64. 

66. 
68. 

70. 
72. 

74. 

76. 

78. 

80. 

82. 

84. 

86. 

(a). tetrahedral 

(b) bent 

(c) bent 

potassium 

(a) Zn 

(b) Be 

(c) Ne 
Lithium has a + 1 charge after the first electron is removed. 
It takes more energy to overcome that charge than to remove 

ane from helium 

SnBr>, GeBr> 
A covalent bond results from the sharing of a pair of elec- 
trons between two atoms, while an ionic bond involves the 

transfer of one electron or more from one atom to another. 
N, O, FE, Gl 
It is possible for a molecule to be nonpolar even though it 

contains polar bonds. 

(a) 105° 
(b) 107° 
(c) 109.5° 
(d) 109.5° 
77 K is the boiling point of liquid N>. If a substance 
superconducts at this temperature, liquid Nz can be used 

to cool the material. 
Current material used in superconductors is brittle, non- 
malleable, and does not carry a high current per cross- 

sectional area. 
Normally, the LCD acts as a mirror reflecting light. It has 

a series of layers, however. When the molecules at the top 

align with the lines etched on the first layer of glass and 
those at the bottom align with the grooves on the bottom 
layer of glass, the molecules in between form a twisted 
spiral (trying to align with those near them). If a current 
is applied to specific segments of the etched glass, the plates 
become charged and the spirals of molecules are attached 
to the charged plate destroying the arrangement. The pattern 

of reflected light is changed and a number appears. 

(a) Both use the p orbitals for bonding. B uses one s and 

2p while N uses 3p orbitals. 

(b) BF; is trigonal planar; NF is pyramidal. 

(c) BF; has no lone pairs; NF3 has one lone pair. 

(d) BF; has 3 very covalent bonds; NF3 has 3 covalent 

bonds. 

Each element in a particular group has the same number 

of valence electrons. 

C,Cly 

Chapter 12 

2. 

On & 

The air pressure inside the balloon is greater than the air 

pressure outside the balloon. 

. 1 torr = 1 mm He. 

. 1 atm corresponds to 4 L. 

. The piston would move downward. 

. Oy, HLS, HCl, F,, CO2 

12. Rn, F>, No, CHy, He, H2, decreasing molar mass 

Answers to Even-Numbered Questions and Exercises 

14. 

16. 

18. 

20. 

22. 

24. 

26. 

28. 

30. 

32. 

34. 

36. 

38. 
40. 
42. 
44, 
46. 

48. 

50. 
52. 

54. 

56. 

58. 

60. 
62. 

64. 
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(a) pressure (c) temperature 

(b) volume (d) number of moles 

A gas is least likely to behave ideally at low temperatures. 

Equal volumes of H, and O, at the same T and P: 

(a) have equal numbers of molecules (Avogadro’s law) 

(b) mass O7 = 16 X mass H) 

(c) moles O. = moles H, 

(d) average kinetic energies are the same (T same) 

(e) rate H, = 4 (rate O2) (Graham’s law of effusion) 

(f) density O. = 16 (density H>) 

N2(g) + On(g) —> 2NO(g) 
1 vol + 1 vol —~ 2 vol 

Conversion of oxygen to ozone is an endothermic reaction. 

Heating a mole of N» gas at constant pressure has the 

following effects: 

(a) Density will decrease. 

(b) Mass does not change. 

(c) Average kinetic energy of the molecules increases. 

(d) Average velocity of the molecules will increase. 

(e) Number of N, molecules remains unchanged. 

The correct statements are: b, d, fl, £4, h, 1, n, 0, p, q, t. 

(a) 715 torr 

(b) 953 mbar 

(c) 95.3 kPa 

(a) 0.082 atm 

(b) 55.92 atm 

(c) 0.296 atm 

(d) 0.0066 atm 

(a) 132 mL 

(b) 615 mL 

711 mm Hg 

(a) 6.17 L 

(b) 8.35 L 

7.8 X 10? mL 
33.4 L 

681 torr 

1.45 x 10° torr 
1.19 L C3Hg 

28.0 L No 

1.33 g NH3 

(a) 11 mol H,S 

(b) 14.7 L H2S 

(c) 31.8 L H2S 

2.69 X 107? molecules CH, 

(a) 0.179 g/L He 

(b) 2.50 g/L Cy4Hg 

(a) 3.17 g/L Cl 

(b) 1.46 g/L Cl, 

19 L Kr 

ze Ole 

(a) 5.6 mol NH, 

(b) 0.640 L NO 

uke < 1042.0, 
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66. 
68. 
70. 

72. 

74, 

76. 

78. 
80. 
82. 
84. 
86. 
88. 

90. 
92. 
94. 
96. 
98. 

100. 

(80 cal/g); heat of vaporization, 2.26 kJ/g (540 cal/g); 

density = 1.0 g/mL (at 4°C); specific heat = 4.184 J/g °C 

If you apply heat to an ice-water mixture, the heat energy 

is absorbed to melt the ice, rather than to warm the water, 

so the temperature remains constant until all the ice has 

Ice floats in water because it is less dense than water. 

Ice sinks in ethyl alcohol because it is more dense than 

the alcohol. 

Ethyl alcohol exhibits hydrogen bonding; ethyl ether 

Ammonia exhibits hydrogen bonding; methane does not. 

H,NCH,CH2NH> 

(a) mercury, acetic acid, water, toluene, benzene, carbon 

tetrachloride, methyl alcohol, bromine 

(b) Highest is mercury; lowest is bromine. 

In a pressure cooker, the temperature at which water boils 

increases above its normal boiling point, because the water 

vapor (steam) formed by boiling cannot escape. This re- 

sults in an increased pressure over the water, and conse- 

quently, an increased boiling temperature. 

As temperature increases, molecular velocities increase. 

Ammonia 
HE has a higher boiling point because of the strong H- 

bonding in HF. 

The expected temperature would be 4°C at the bottom of 

endothermic 

APPENDIX V Answers to Even-Numbered Questions and Exercises 

153 L SO, 

The can will explode. 

(a) 5LClh 18. 

(b) 5.0 L NH3 

(c) 5.9 L SO3 
(a) CH, melted. 

(b) CoH one 

i 
(Ces Oe Clee 226 

| | does not. 

Hy 24. 
430 mL CO, 26. 

(a) 0.18 mol air 28. 

(b) 5.2 g air 

(c) 0.3 g air 

1.0 X 107 atm 30. 

1.5 X 10° torr 
65 atm 

Online 

7.39 X 102! molecules, 2.22 x 107” atoms 
(a) 34 mol 32. 

(b) 121 g Hy 34. 

44.6 mol Cl, 36. 

—78°C 

1.64 X 107 g/mol 38. 34.6°C 

0.13 mol N5 40. 
9.0 atm the lake. 

(a) Helium effuses twice as fast as CH4. af 

102. 

104. 

106. 

(b) The gases meet 66.7 cm from the helium end. 

(a) 10.0 mol CO); 3.0 mol Oz; no CO, 

(b) 29 atm 

Some ammonia gas dissolves in the water squirted into 

the flask, lowering the pressure inside the flask. The atmo- 

spheric pressure outside is greater than the pressure inside 

the flask and thus pushes water from the beaker up the 

tube and into the flask. 

(a) 1.1 X 10? torr CO; 13 torr Hy 
(b) 120 torr 

Chapter 13 

2. 
4. 

10. 

12. 
14. 

16. 

HS, H>Se, and HjTe are gases 

+ ’ 

. Prefixes preceding the word hydrate are used to indicate 

the number of molecules of water present in the formulas. 

. about 70°C 

case (b) 

remain unchanged 

(a) 88°C 

(b) 78°C 

(Co) 16.€ 

melting point, 0°C; boiling point, 100°C (at 1 atm pres- 

sure); colorless; odorless; tasteless; heat of fusion, 335 J/g 

46. 
48. 
50. 

52. 

54. 

56. 
. 1.05 mol H,O 

60. 
62. 
64. 
66. 
68. 

70. 

The correct statements are: a, b, c, f, h, 1, m, 0, p, s, t, W 
[HC1O,, Cl,07] [H2CO3, COz] [H3PO4, P20s] 
[Ca(OH),CaO] [KOH, K,0] [Ba(OH) , BaO] 
(a) L150"37 H50'—— 21408 

(b) 2 KOH ai K,0 + H,0 
(c) Ba + 2 H,O ——> Ba(OH), + Ho 
(d) Cl, + H,O ——HEl + HCO 
(e) SO, + H,O —~> H,SO,4 
(f) H,SO3, + 2 KOH —> K,SO3 + 2 H,O 
(a) magnesium ammonium phosphate hexahydrate 
(b) iron(II) sulfate heptahydrate 

(c) tin(IV) chloride pentahydrate 

(a) Distilled water has been vaporized by boiling and re- 

condensed. 
(b) Natural waters are generally not pure, but contain 

dissolved minerals and suspended matter, and can 

even contain harmful bacteria. 

0.262 mol Fel,-4 H,O 

48.7% HzO 
FePO,:4 HO 
SSE MOG I 
42g 

The system will be at O°C. It will be a mixture of ice 
and water. 
(a) 0.784 g H,O 
(b) 0.447 g H,O 
(c) 0.167 g H,O 



72. 

74. 

76. 
78. 

80. 
82. 

84. 

86. 

88. 

90. 
92. 
94. 
96. 
98. 

100. 

Eventually the water will lose enough energy to change 

from a liquid to a solid (freeze). 

(a) From 0°C to 40°C solid X warms until at 40°C it 

begins to melt. The temperature remains at 40°C until 

all of X is melted. After that, liquid X will warm 

steadily to 65°C where it will begin to boil and remain 

at 65°C until all the liquid becomes vapor. Beyond 

65°C the vapor will warm steadily until 100°C. 

100 -— 

aay 

60 }— 

TCC) 40 + 

20 = 

(b) 37,000 J 
75°C at 270 torr 
MgsSO,:7 HO 

chlorine 
When organic pollutants in water are oxidized by dis- 

solved oxygen, there may not be sufficient dissolved oxy- 

gen to sustain marine life. 

Nay zeolite(s) + Mg?* (aq) —> 
Mg zeolite(s) + 2Na™ (aq) 

Humectants are polar compounds while emollients are 

nonpolar compounds. 
The triangle theory of sweetness states that “sweet” mole- 

cules contain three specific sites that produce the proper 

structure to attach to the taste buds and trigger the 

“sweet” response. 

1.6 X 10° cal 
3.1 kcal 

D30nX Al 0°] 
40.2 g H,O 
6.97 x 1018 molecules/s 

(a) 40.0 mL O, 
(b) 20.0 mL O, unreacted 

Na ,HPO, ri2 H,O 

Chapter 14 

2. 
4. 

4.5 g NaF 

For lithium and sodium halides, solubility is 

Pare Clai<e Breil s 

For potassium halides, solubility is 
Clas Bras Er ale 

KNO; 
. 6 X 10% cm? 

10. The dissolving process involves solvent molecules at- 

taching to the solute ions or molecules. This rate decreases 

12. 
14. 

16. 
18. 
20. 

22. 

24. 
26. 
28. 

. Water molecules can pass through in both directions. 

32. 

34. 

36. 

38. 

40. 

42. 

44. 
46. 

48. 

. Reasonably soluble: (c) CaCl, 

as more of the solvent molecules are already attached to 

solute molecules. As the solution becomes saturated, the 

number of unused solvent molecules decreases. Also, the 

rate of recrystallization increases as the concentration of 

dissolved solute increases. 
The solution level in the thistle tube will fall. 

It is not always apparent which component in a solution 

is the solute. 

yes 
Hexane and benzene are both nonpolar molecules. 
Air is considered to be a solution because it is a homoge- 
neous mixture of several gaseous substances and does not 

have a fixed composition. 
The solubility of gases in liquids is greatly affected by 

the pressure of a gas above the liquid; little effect for 

solids in liquids. 
In a saturated solution, the net rate of dissolution is zero. 

16 moles HNO3/L of solution 
The champagne would spray out of the bottle. 

A lettuce leaf immersed in salad dressing containing salt 

and vinegar will become limp and wilted as a result of os- 

mosis. 
The correct statements are: a, b, f, h, j, k, 1, n, p, r, s, t, 

Vn GG HZ 
Since there are 2 equivalents per mole of H,SO4, 18 M 

is equivalent to 36 N. 

(a) 1 M NaOH 1 
(b) 0.6 M Ba(OH)> 0.83 L 
(c) 2 M KOH 0.50 L 
(d) 1.5 M Ca(OH), 0:33 
The vapor pressure of the solution equals the vapor pres- 

sure of the pure solvent at the freezing point. See Fig- 

ure 14.8. 
The presence of the methanol lowers the freezing point 

of the water. 
The molarity of a 5 molal solution is less than 5 M. 

When the paper on a scratch and sniff label is scratched 
or pulled open the fragrance is released into the air. 
Three types of microencapsulation systems are: 
(a) water diffuses through capsule forming a solution 

which diffuses out again 

(b) mechanical 

(c) thermal 

(d) Fe(NCly)3 
(e) BaSO4 Insoluble: (a) PbI, (b) MgCO3 

. (a) 7.41% Mg(NO3). 
(b) 6.53% NaNO; 

. 544 g solution 

. (a) 8.815% NaOH 

(b) 15% C6Hy20¢ 
. 37.5 g K,CrO, 
. 33.6% NaCl 
. 22% Cos 
. (a) 2.5 M HCl 

(b) 0.59 M BaCly:2H,0 
(c) 2.19 X 10-3 M AL,(SO,)3 
(d) 0.172 M Ca(NO3)> 
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APPENDIX V Answers to Even-Numbered Questions and Exercises 

(a) 3.5 X 107+ mol NaOH 
(b) 16 mol CoCl, 

(a) 13 g HCl 
(b) 8.58 g Na,C0,4 
(a) 3.91 X 10* mL 
(b) 7.82 X 10° mL 
(a) 0.250 L 
(b) 1.81 M NaCl 
(a) 20. mL 15 M NH; 
(b) 69 mL 18 M H,SO, 
(a) 1.83 M H,SO, 
(b) 0.30 M H,SO,4 
(a) 33.3 mL of 0.250 M Na3PO, 

(b) 1.10 g Mg3(PO4)2 
(a) 0.13 mol Cl, 

(b) 16 mol HCI 
(c) 1.3 X 107 mL of 6 M HCl 
(d) 3250 Cl; 

(a) (# 08 g te 

56.11 Sd 

49.00 g H3PO (b) a 3 HPs) 

( 
( 
ee 95g zi) 

( 63.02 g HNO (c) a 0302 g HNO) 

(oon g re 

eq 
(a) 5.55 N H3PO,4 

(b) 0.250 N HC,H30, 

(c) 1.25 N NaOH 

(a) 11.94 mL NaOH 

(b) 10.09 mL NaOH 

(a) 5.5 m C6H 1206 

(b) 0.25 m I, 

(a) 0.544 m 

(O27 € 

(©) LSte 

163 g/mol 

97 g 10% NaOH solution 

CgH4N> 

0.14 M 

(a) 4.5 g NaCl 

(b) 450. mL H,O must be evaporated. 

210. mL solution 

6.72 M HNO; 

540. mL water to be added 

To make 250. mL of 0.625 M KOH, take 31.3 mL of 5.00 

M KOH and dilute with water to a volume of 250. mL. 

2.08 M HCl 

12.0 g Mg(OH)> 

114. 

116. 

118. 

120. 
122. 

124. 

126. 
128. 

130. 

6.2 m H,SO4 
5.0 M H,SO4 
(a) 2.9m 

(b) 101.5°C 
(a) 8.04 X 10° g CyH6O2 
(b) 7.24 x 10° mL C,H,O, 
(c) —4.0°F 
0.46 L HCl 
(a) 7.7 L H,O must be added 

(b) 0.0178 mol 
(c) 0.0015 mol 

Mix together 667 mL 3.00 M HNO; and 333 mL 12.0 M 
HNO; to get 1000. mL of 6.00 M HNO; 
2.84 g Ba(OH), is formed. 

(a) 0.011 mol 

(b) 14g 
(c) 3.2 X 107 mL solution 
(d) 1.5% 
$0 x 105° 
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An electrolyte must be present in the solution for the bulb 

to glow. 

First the orientation of the polar water molecules about 

the Na* and Cl ions is different. Second more water 

molecules will fit around Cl”, since it is larger than the 

Na* ion. 
. tomato juice 

. Arrhenius: HC] + NaOH ——~ NaCl + H,O 

Brg@nsted-Lowry: HCl + KCN —~> HCN + KCl 

Lewis: AIC], + NaCl —> AICl,~ + Na* 
acids, bases, salts 

Hydrogen chloride dissolved in water conducts an electric 

current. HCI does not ionize in benzene. 

CH;OH is a nonelectrolyte; NaOH is an electrolyte. This 

indicates that the OH group in CH3OH must be covalently 

bonded to the CH; group. 

The dissolving of NaCl is a dissociation process, while the 

dissolving of HCl in water is an ionization process. 

Ions are hydrated in solution because there is an electrical 

attraction between the charged ions and the polar water 

molecules. 

(a) [H*] = [OH] 
(b) [H*] > [OH] 
(c) [OH] > [H*] 
HCl is much more soluble in the polar solvent, water, than 

the nonpolar solvent, benzene. 

The correct statements are: a, c, f, i, j, k, 1, n, p, r, t, u 

Colloids are prepared by two methods: 

(a) dispersion 

(b) condensation 

Adsorption refers to the adhesion of particles to a surface 

while absorption refers to the taking in of one material 

by another. 
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Dialysis is the process of removing dissolved solutes from 

colloidal dispersion by the use of a dialyzing membrane. 

Acidic shampoo breaks hydrogen bonds and salt bridges 

in the hair leaving only disulfide bonds. In a depilatory, a 

basic solution is used which breaks all types of bonds (H, 

salt bridges, disulfide) and the hair dissolves. 

(a) H,SO, — HSO,~ ; H»C,H3;0,* — HC,H30, 

(b) Step 1: H,SO, — HSO,~; H;30* — H,O 
Step 2: HSO,~ — SO{~;H,0*t — H,O 

(c) HClO, — ClO,~ ; H,0* — H,O 
(d) H30* — H,0; CH;0H — CH3;07 

(a) NaOH(aq) + HBr(aqg) —~ NaBr(aqg) + H2O(/) 

(b) KOH(aqg) + HCl(aq) —> KCl(aq) + H,0(/) 
(c) Ca(OH) (aq) + 2 HI(aq) ——> Calz(aq) + 2 H,0(/) 
(d) Al(OH)3(s) + 3 HBr(aq) —~> AIBr3(aq) + 3 H,O(/) 
(e) Na,O(s) + 2 HClO,(aq) —> 2 NaClO,(aq) + H,0(/) 

(f) 3 LiOH(ag) + FeCl3(aq) —— Fe(OH)3(s) + 

3 LiCl(aq) 

(a) NaHCO3—salt 

(c) AgNO3;—salt 

(d) HCOOH—acid 

(e) RbOH—base 

(f) K,CrO4—salt 

(a) 0.75 M Zn?*, 1.5 M Br 
(b) 4.95 M SO,2~, 3.30 M AP * 
(c) 0.682 M NH,*, 0.341 M SO,?~ 
(d) 0.0628 M Mg*t, 0.126 M ClO3— 

(a) 4.9 g Zn?*, 12 g Br~ 
(b) 8.90 g Al’*, 47.5 g SO. 
(c) 1.23 g NHy*, 3.28 g SO, 
(d) 0.153 g Mg?*, 1.05 g ClO3— 

(a) [K*] = 1.0 M, [Ca**] = 0.5 M, [Cl"] = 20M 
(b) No ions are present in the solution. 

(c) 0.67 M Na, 0.67 M NO3~ 

(a) 0.147 M NaOH 

(b) 0.964 M NaOH 
(c) 0.4750 M NaOH 

(a) HyS(g) + Cd** (aq) —> CdS(s) + 2 H* (aq) 

(b) Zn(s) + 2H* (aq) —> Zn** (aq) + Ho(g) 
(c) AP* (aq) + PO4*” (aq) —> AIPO4(s) 
(a) 2 M HCl 
(b) 1 M H,SO, 

1.57 X 10° mL of 0.245 M HCl 
7.0% NaCl in sample 

0.936 L H> 

(a) 7.0 

(b) 0.30 
(c) 4.00 

(a) 4.30 

(b) 10.47 

22.7 mL of 0.325 N H,SO4 

57 g/eq 
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3.0 X 10° mL 
The ionization of the acetic acid solution increases the 

particle concentration above that of the alcohol solution. 

A hydronium ion is a hydrated hydrogen ion. 

(a) 100°C pH = 6.0 
25°C pH = 7.0 

(b) H* concentration is higher at 100°C. 
(c) The water is neutral at both temperatures. 

0.201 M HCl 

0.673 g KOH 

13.9 L of 18.0 M H,SO, 

0.3586 N NaOH 

a7 10, ome 
0.100 N NaOH, 0.0500 N HCl 

The molarity and normality of an acid solution will be 

the same when the acid has one ionizable hydrogen. The 

molarity and the normality of a base solution will be the 

same when the base has one ionizable hydroxide. The nor- 

mality and molarity of a salt (ionic compound) solution 

will be the same when the salt contains one ionizable cation 

with a charge of +1. 

1.1, acidic 

(a) 2 NaOH(aq) + H2SO,(aq) ——> 

Na,SO,(aq) + 2 H2O0(/) 

(b) 1.0 X 10? mL NaOH 
(c) 0.71 g Na2SO4 

12 M HNO, 

(c) 

Chapter 16 
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The reaction is endothermic because the increased temper- 

ature increases the concentration of product present at 

equilibrium. 
. The yield of NH3 would be greater if it were carried out 

in a 1-L vessel. 

. Stronger than HC,H30, are benzoic, cyanic, formic, hy- 

drofluoric and nitrous acids. Weaker than HC,H3O> are 

carbonic, hydrocyanic, and hypochlorous acids. 

. (a) AgsCrO4 

(b) Ag>CrO, has a greater molar solubility than BaCrO,. 

The figure should be modified to show the energy level of 

the product as lower than the energy level of the reactants. 

increase since the number of collisions increases 

increase since the number of molecules increases 

The equilibrium shifts to the right, yielding a higher per- 

cent ionization. 

The pH of the water can be different at different tempera- 

tures. 

More AgC>,H30, would dissolve in HCl than in pure 

water. 

A buffer solution contains a weak acid or base plus a salt 
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APPENDIX V Answers to Even-Numbered Questions and Exercises 

of that weak acid or base. When a small amount of a 

strong acid (H* ) is added to this buffer solution, the H* 
reacts with anions of the salt, thus neutralizing the added 

acid. When a strong base, OH, is added it reacts with 

un-ionized acid to neutralize the added base. As a result, 

in both cases, the approximate pH of the solution is main- 

tained. 

Both molecules bind oxygen. The myoglobin molecule 

binds oxygen differently than hemoglobin. Since the af- 

finity between oxygen and myoglobin is higher than that 

between oxygen and hemoglobin, the hemoglobin will 

release oxygen to myoglobin for storage. 

The correct statements are: c, d, g, i, j, k, 1, n, p, q, s, t, 

Ua eZ 
100°C 

(a) H,0(/) <—, H20(g) 
(b) SO,(1) =, SO2(g) 

(a) [NH3], [O02], and [N>] will be increased. [HO] will 

be decreased. Reaction shifts left. 

(b) The addition of heat will shift the reaction to the left. 

(a) left I I D 

(b) left I I D 

(c) no change N N N 

(d) ? ey I I 

Increase Increase Add 

Reaction temperature pressure catalyst 

(a) right left no change 

(b) left left no change 

(c) left left no change 

(a) left 

(b) right 

(c) right 

_ [HIC10, 7] 
(a) Kea = “THCIOs] 

[H* ][C,H3;07_ ] Ki 
Ee PCO, 

NO}*[H,0]° @) x, = Norttor 
[NH3]"[O>] 

(a) Ky = [Fe?*][0H~]? 
(6) K,, = [Sb’* TIS? 
(CieKeg = Ca IE I 
(d) Ky = [Ba?*P[PO,4°~ }? 
(a) pH is decreased. 

(b) pOH is increased. 

(c) OH ~ is decreased. 

(d) Kw remains unchanged. 

(a) Ca(CN)>, basic 

(b) BaBr,, neutral 

(c) NaNOsz, basic 

(d) NaF, basic 

(a) NH,* (aq) + H,O() *~, H3;0* (aq) + NH;(aq) 
(b) SO;7~ (aq) + H,O()) *~, OH (aq) + HSO;7 (aq) 

(a) OCI” (aq) + H,O() <= OH (aq) + HOCI(aq) 

(b) ClO,” (aq) + H,O()) —— OH (aq) + HC1O,(aq) 

50 
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54. 
56. 
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100. 
102. 
104. 

106 

. When excess base gets into the bloodstream it reacts with 

H* to form water. Then H>CO; ionizes to replace H™, 
thus maintaining the approximate pH of the solution. 

(a). 5a x10 ° M 
(b) 5.24 
(c) 2.3 X 10~°% ionized 
Tx 1058" 
(a) 3.72 
(b) 4.23 
(c) 4.72 
To 0 
[OH~] = 1.0 M, pOH = 0.00, pH = 14.00, [H*] = 
a0; faa 

(a) pH = 11.4, pOH = 2.60 
(b) pH = 4.73, pOH = 9.8 
(c) pH = 9.1, pOH = 4.92 
(a) [OH~] = 2.5 x 10 © 
(b) [OH] = 41 10 © 
(a) [H*] = 2.2 x 10°? 

(ha 1A 
(ant C05 
(O26 50 105 = 
(cy 815 10> 
(d) 513 Sor 
a) 16 X10 7 
(6) 12 5105 a 

- (a) 0.50 g AgoSO4 
(b) 7.0 X 10-4 g Mg(OH)> 

. Precipitation occurs. 

. 2.5 X 10~!* mol AgBr will dissolve. 

. 4.74 

. Change in pH = 4.74 — 4.72 = 0.02 units in the buffered 

solution. Initial pH = 4.74. 
. (a) 3.16 mol HI 

(b) 0.57 mol I, 

(C} eK gaa od 
a eeea ee 
. Hypochlorous acid: K, = 3.5 X 107-8 
Propanoic acid: K= 1310; ° 
Hydrocyanic acid: ky = 4.0>010,,° 

. (a) Precipitation occurs. 
(b) Precipitation occurs. 

(c) No precipitation occurs. 

. BaSO, precipitates first. 
“Kee del x 108 
. 8.0M 
. Ky = 4.00 x 10778 
. (a) The temperature could have been cooler. 

(b) The humidity in the air could have been higher. 

(c) The air pressure could have been greater. 
Soe 
Ke 

(a) After an initial increase, [OH ] will be neutralized 

and equilibrium shifts to the right. 
(b) [H*] will be reduced (reacts with OH~ ). Equilibrium 

shifts to the right. 

(c) [NO] increases as equilibrium shifts to the right. 

(d) [HNO,] decreases as equilibrium shifts to the right. 
ceeds 
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(a) Al 

(b) Ba 

(c) Ni 

. (a) 2-Al + Fe,03 ——~> Al,0,.4+52 Fe +. heat 
(b) Al is more active than Fe. 

(c) No 

(d) Yes 

. (a) Oxidation occurs at the anode. 

2G w(ag) ——> Clee 265 

(b) Reduction occurs at the cathode. 

Ni?* (aq) + 2e7 —> Ni(s) 
(c) The net chemical reaction is 

electrical 
Ni?* (aq) + 2 Cl” (aq) 7 NiG) + Ch(s) 

. (a) It would not be possible to monitor the voltage pro- 

duced, but the reactions in the cell would still occur. 

(b) Ifthe salt bridge were removed, the reaction would stop. 

Ca?t + 2¢e° cathode reaction, reduction 
2 Br. —~>Br, + 2e anode reaction, oxidation 

Since lead dioxide and lead(II) sulfate are insoluble, it is 

unnecessary to have salt bridges in the cells of a lead 

storage battery. 

cathode 

A salt bridge permits movement of ions in the cell. This 

keeps the solution neutral with respect to the charged parti- 

cles (ions) in the solution. 

—> Ca 

Patina is the blue-green product of the atmospheric corro- 

sion of copper. It forms a coating on the surface that can 

protect the copper from further oxidation. 

The correct statements are: a, c, e, g, j, k, m, p, q, Tr, $ 

(a) KMnO, at 
(b) I, 0 
(c) NH; oat 
(d) KCIO3 a) 

(e) K,CrO4 +6 
(f) K,Cr,07 +6 

(a) Oo 0 
(by AsO? +5 
(c) Fe(OH); —2 
(d) 103 a 

Changing Type of 

element reaction 

(a) S oxidation 

(b) N reduction 

(c) S oxidation 

(d) Fe oxidation 

Equation (1): 
(a) As is oxidized, Ag* is reduced. 

(b) Ag* is the oxidizing agent, AsH; the reducing agent. 

Equation (2): 
(a) Br is oxidized, Cl is reduced. 

(b) Cl, is the oxidizing agent, NaBr the reducing agent. 
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(a) 3 Cl, + 6 KOH —> KCIO, + 5 KCI + 3 H,O 
(b) 3 Ag + 4 HNO, —> 3 AgNO; + NO + 2H,O 
(c) 3 CuO + 2 NH, —>N, + 3Cu + 3H,0 
(d) 3 PbO, + 2 Sb + 2 NaOH —> 

3 PbO + 2 NaSbO, + H,O 
(e) 5 H,O, + 2 KMnO, + 3 H,SO, — 

5 O, + 2 MnSO, + K,SO, + 8 H,O 

(a) 6H*+ + CIO,” + 61 —>31L,+ Cl +3H,0 
(b) 14H* + Cr0,?~ + 6 Fe?* —> 

2Cr’+ + 6Fe’?t + 7H,O 
(c) 2H,O + 2MnO,~ + 5SO,—> 

AHOLD Mace at 5 SO; 
(d) 6H* + 5 H,AsO, + 2 MnO,~ — 

5 H,AsO, + 2 Mn** + 3 H,O 
(e) 8H* + Cr,0,?— + 3 HAsO; — 

2Cr?* + 3 HAsO, + 4H,O 

(a) HO + 2MnO,~ + 3 SO3;7~ —> 
2 MnO, + 3 SO,2~ + 2 OH™ 

(b) 2H,O + 2ClO, + 20H + SbO,~ —> 
2 ClO,~ + Sb(OH),~ 

(c) 8 Al + 3NO,. + 18H,O + 5OH” —> 
3 NH; + 8 Al(OH),4~ 

(d) 4OH-.+.2H,0 +P, —>2 HPO;?~ + 2 PH, 
(e) 2 Al + 6H,O + 2OH~ —~>2 AI(OH), + 3 Hp 

(a) The oxidizing agent is KMnO,. 

(b) The reducing agent is HCl. 

electrons ve 
ioe ~ mol KMnO, 
20.2 L Cl 

66.2 mL of 0.200 M K,Cr207 solution 

91.3% KI 

5.56 mol H> 

The electrons lost by the species undergoing oxidation must 

be gained (or attracted) by another species which then 

undergoes reduction. 

Sn** can only be an oxidizing agent. 
Sn° can only be a reducing agent. 

Sn** can be both oxidizing and reducing agents. 

Equations (a) and (b) represent oxidations. 

(a) Fote2 Cl-> +2 F  +.Ch 

(b>) Bia © eee NIN 

©@) thy ae CI INI 

(d) Bro -.21- ——> 2 Br ab 

4Zn + NO,~ + 10H* —+4Zn** + NH,* + 3H,0 

(a) Pb 

(b) Ag 
(c) Pb (anode) 

(d) Ag (cathode) 

(e) Electrons flow from the lead through the wire to the 

silver. 

(f) Positive ions flow through the salt toward the negatively 

charged strip of silver; negative ions flow toward the 

positively charged strip of lead. 
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Alpha +2 

Beta —] 

Gamma 0 0 
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Alpha particles are much heavier. 

Contributions to the early history of radioactivity include 

(a) Henri Becquerel—discovered radioactivity. 

(b) Marie and Pierre Curie—discovered polonium and 

radium. 

(c) Wilhelm Roentgen—discovered x rays and developed 

the technique for producing them. 

(d) Earnest Rutherford—discovered alpha and beta parti- 

cles, established the link between radioactivity and 

transmutation and produced the first successful man- 

made transmutation. 

(e) Otto Hahn and Fritz Strassmann—were first to produce 

nuclear fission. 

Isotope is used with reference to atoms of the same element 

that contain different masses. Nuclide infers any isotope 

of any atom. 
Nature of 

particles 

Penetrating 

Charge Mass power 

4 amu He nucleus low 

1 
1837 amu moderate electron 

electromagnetic high 

radiation 

A disintegration series is a series of a and 8 emissions 

leading to production of a stable nuclide. 

2327p 7) Yee ae 228 Ac oc 2287p ao 

224R4 — * 220Rn — “, 216P9 — 

212 Db AS 212 Bi ore 212 pg ane: 208pp 

711Ri —>3He + 787T1 =. 787 TI + _9e + 702 Pb 
They were the first to report nuclear fission. 

The fission reaction in a nuclear reactor and in an atomic 

bomb are essentially the same. The difference is that the 

fissioning is uncontrolled in the bomb. In a nuclear reactor, 

the fissioning rate is controlled. 

The mass defect is the difference between the mass of an 

atom and the sum of the masses of the number of protons, 

neutrons, and electrons in that atom. The energy equivalent 

of this mass defect is known as the nuclear binding energy. 

(a) High levels of radiation can cause nausea, vomiting, 

diarrhea, and death. 

(b) Long exposure to low levels of radiation can weaken 

the body and cause malignant tumors. 

(c) Radiation can damage DNA molecules in the body, 

causing mutations. 

A radioactive “tracer” is a radioactive material whose pres- 

ence is traced by a Geiger counter or some other de- 

tecting device. 

Radioactivity could be used to locate a leak in an under- 

ground pipe by using a water soluble tracer element. For 

example, dissolve the tracer in water and pass the water 

through the pipe. Test the ground along the path of the 

28. 

30. 

32. 

34. 

36. 

38. ; 

40. 

42. 
44. 

46. 
48. 

50. 

52. 

54. 

56. 

58. 

60. 
62. 

64. 
66. 
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pipe with a Geiger counter until radioactivity from the leak 

is detected. Then dig. 
The correct statements are: c, e, f, g, j, k, n, 0, q, Tr, t. 

Protons Neutrons Nucleons 

Gyr wa 92 143 235 
(b) EeBE 85 47 82 

Its atomic number increases by one, and its mass number 

remains unchanged. 

Equations for pus cecay®: 

(a) Lae ght —> 3He + 18 580s 

(b) 734 0 —> 7He +: 2 SPb 
(a) 233NP— 0 + 2py 

(b) ger ~18 ay 
0p —+ ? 9s + 9% 

(a) $Cu—+ $$2n + _%e 
(b) zl + [Be —> {Li 
(c) 7ZAl + 2He — jai + jH 
(d) Rb + bn —> 82Br + 3He 
3 half-lives; 1/8 

(a) 5.4 x 10'! J/mol 
(b) 0.199% mass loss 

11,340 years old 

(a) 0.0424 g/mol 

(b) 3.8 X 10! J/mol 
(a) Geiger counter: Radiation passes through a thin glass 

window into a chamber filled with argon gas and con- 

taining two electrodes. Some of the argon ionizes, 

sending a momentary electrical impulse between the 

electrodes to the detector. This signal is amplified elec- 

tronically and read out on a counter or as a series 

of clicks. 

Scintillation counter: Radiation strikes a scintillator, 

which is composed of molecules that emit light in 

the presence of ionizing radiation. A light-sensitive 

detector counts the flashes and converts them into a 

digital readout. 

(c) Film badge: Radiation penetrates a film holder. The 

silver grains in the film darken when exposed to radia- 
tion. The film is developed at regular intervals. 

Fission is the process of splitting a large nucleus into two 

roughly equal mass pieces. Fusion is the process of combin- 

ing two relatively small nuclei to form a single larger nu- 
cleus. 

(a) 733U + os 'Xe + 3on + 3°Sr 

(b) 2354 + gn—> !82y + 3dn + 13 ear 
(c) aN + jn—> Li ate ee 

U0 — 3 8Sr ie 36n 2 IBN 

(b we 

(a) 7Rb——> _ te ie ease 
(b) 83Sr —> ,%e + 87Rb 
7680 g 
(a) 0.500 g left 

(b) 0.250 g left 

(c) 0.0625 g 

(d) 9.77 x 107*g 
2.267 X 10* years 
1.6397 X 1072s 
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2. tetrahedral 

4. 

10. 

12. 

14. 

16. 

20. 

22. 

(a) Tor 

H 
(b) H:C:H H:C::C:H 

H H H 

methane 

Feds: Gees ates Oersiiel 

ethylene acetylene 

. (a) CH;— 
(b) CH;CH,— 
(c) CH;CH;CH)— 
(d) (CH3)2CH— 
(e) CH;CH,CH,CH;— 
(f) nara 

(g) (CH3)2CHCH:— 
(h) (CH3)3C— 

. (a) is an alkene, C,H)>,. 

(b), (c), and (d) are all alkanes, C,H, +9. 

combustion 

C,Hg can contain three carbon-carbon double bonds or one 

double bond and one triple bond. 

(a) Methanol, taken internally, is poisonous and capable 

of causing blindness and death. Breathing methanol 

vapors is also very dangerous. 

(b) Physiologically, ethanol acts as a food, as a drug, and 

as a poison. In larger quantities, ethanol causes nausea, 

vomiting, impaired perception, and a lack of coordina- 

tion. Consumption of very large quantities may cause 

unconsciousness, and even death. 

The correct statements are: b, h, i, j, 1, m, n, 0, p, fr, S, u. 

CH,CH,CH,CH,CH,CH,CH, = CH,CH,CH,CH,CHCH, 

ou, 
CH, CH, 

etaeian eae 

oH, cu, 
CH,CH,CH,CHCH,CH, CH,CHCH,CHCH, 

cH, cH, CH, 
CH, CH, CH, 

CH,CH,CHCHCH, CHLCH CCH, 

a CH, 

CH,CH,CHCH,CH, 

du,cx, 

(a) CH3CH,CH,Cl 

(b) (CH3)3CC1 

(c) CH;CHCICH,CH; 

1-chloropropane 
2-chloro-2-methylpropane 

2-chlorobutane 

24. 

26. (a) HCH anaes” 

28. 

30. 

32. 

34. 

(a) 3,6-dimethyloctane 

(b) 3-ethyl-2-methylhexane or (3-isopropylhexane) 

CH,CH, 

(b) SC ae 

C(CH,), 

CH, CH, 
| | | 

(c) CH,CHCH,CCH,CH,CHCHCH,CH, 
| 
CH,CH, CH(CH,), 

(a) CH, 
| 

See 

CH, 
2,2-dimethylbutane 

(b) CH,CHCH,CHCH, 

CH, CH,CH, 

2,4-dimethylhexane 

(a) (4 isomers) 

CH, 
| 

CH,C—I 
| 
CH, 

(b) (4 isomers) 

CH3CH,CHCI, 

CH3CHCICH,Cl 

(c) (5 isomers) 

CH3;CH,CHBrCl 

CH3CHBrCH,Cl 

CH,CCIBrCH3 

(d) (9 isomers) 

CH3CH,CH»CHCl, 

CH,CHCICH,2CH>CI 

asi 
CH. 

CH,CHCH,Cl 

CH,Cl 

CH,CH,CH,CH,I CH,CHI 
| 
CH,CH, 

CH SHH! 

CH, 

CH,CCl,CH; 
CH,CICH,CH>Cl 

CH;CHCICHBr 
CH,CICH,CHBr 

CH;CH,CHCICH,C1 
CH,CICH,CH,CH,CI 
creer 

cu, 

(a) CH3CH—CH), stg Br. —— CH3CHBrCH,Br 

(b) CH,;CH=CH, + HBr —> CH,CHBrCH; 
(a) CH,;0CH; 
(b) CH;CHO 
(c) CH;COOH 
(d) HCOOCH; 

ether 

ester 

aldehyde 

carboxylic acid 

methoxymethane 

ethanal 

ethanoic acid 

methyl methanoate 
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36. (a) methoxymethane 

(b) ethanal 

38. (a) hexachloroethane 

(b) iodoethyne 

(c) 6-bromo-3-methyl- 

3-hexene-1-yne 

(c) ethanoic acid 

(d) methyl methanoate 

CERCEL 
CH=CI 
BCH a each 

CH; 
(d) 1,2-dibromoethene CHBr=CHBr 

40. (a) 1,2-diphenylethene (b) 3-pentene-1-yne 

CH=CCH=CHCH, 
aN iy (c) 3-phenyl-1-butyne 

CH=CCHCH; 

42. (a) ee 

CH(CH,), 

3-isopropyl-1-pentene 

(b) CH,CH,CH = eee 3-methyl-3-hexene 

CH, 

H 
44, (a) CH=CH, + H,O —> CH,CH,OH (ethanol) 

(b) CH=CH + 2Br, —> 

agen 1,2,2-tetrabromoethane) 

(c) CH,—=CH, == H, woe CH3CH3 (ethane) 

46. (a) Cl (b) OH 

Cl NO, 
para-dichlorobenzene para-nitrophenol 
(1,4-dichlorobenzene) 

(c) CH, GN CEs 

Br 

Br 

Br ethylbenzene 
2,4,5-tribromotoluene 

(e) CH, (f) ni 

C=O 

CH, 
OH NO, 

para-methylphenol 2-methyl-3-nitrobenzoic acid 

48. (a) OH (b) Oo 

Cl 

o-bromochlorobenzene 
phenol 

(c) al 3 

Cl NO, NO 

1,3-dichloro-5-nitrobenzene m-dinitrobenzene 

50. (a) 

Onn CH, 

Te eee 

Cl 

x Br 

Cl 

1,3-dichloro-2-bromo- 

benzene 

Cl 

Br oO. cl 

1,3-dichloro-5-bromo- 

benzene 

Cl 

ox Cl 

Br 

1,2-dichloro-3-bromo- 

benzene 

54. (a) OH 

‘Oro 
1,1-diphenylethane 

Cl 

Cl 

Br 

1,3-dichloro-4-bromobenzene 

Cl 

CO Br 

Cl 

1,4-dichloro-2-bromobenzene 

Oo : 
Br 

1,2-dichloro-4-bromobenzene 

| 
CH,CH — CHCH,CH,CHCH, 

| 
CH,CH, CH,CH, 

3,7-dimethyl-4-nonanol secondary 

(b) HO— a eee 

CH,CHCH, 

3-isopropyl-1-hexanol primary 

56. (a) 2,2-dimethyl-1- CH, 

heptanol | 
ait 2) Caen ae 

CH 

(b) 1,3-propanediol HOCH,CH,CH,OH 



58. 

60. 

62. 

64. 

- (a) n-nony! acetate 

66. 

(a) i 

@ Cc=0 benzaldehyde 

(b) O=CCH,CH,C=O butanedial 
| | 
H H 

O 

(c) CH .CHCH.C——H. 3-hydroxybutanal 

3,3-dimethyl-2-butanone (a) CHC — CCH, 
| methyl! t-butyl ketone 

CH, 

(b) see ia i 2,5-hexanedione 

O O 
CH, +0 

(c) CH,CCH,CCH, 4-hydroxy-4-methy]l-2-pentanone 

| 
OH 

(a) Pg 2-methylbutanoic acid 

CH,CH, 

(b) Oo CH,COOH 

(c) CH;CH,CH,CH,COOH 

(d) oO COOH 

Esters 

phenylacetic acid 

pentanoic acid 

benzoic acid 

O 
Ih 

CH,C —O — CH, (CH,),CH, 

nony! ethanoate O 
I 

(b) ethyl benzoate Cay OCH GH, 

O 
| 

Oo 
(c) methyl salicylate 

OH 

(a) H—C—OCH(CH,), isopropyl methanoate 

| 
O 

(b) Oo C— OCH, methyl benzoate 

| 
O 

(c) CHO ethyl-3-methylbutanoate 

| | 
CH,CHCH,C — OCH,CH, 

68. 

70. 

72. 

74. 

76. 

78. 

(a) 2CH;COOH + KOH — CH,;COO~K* + H,O 

(b) @ COOH | oO CH,OH Ht 
A 

O 
| 
C—OCH, + HO 

(a) “CH= th re polyacrylonitrile 

CN 

(be CE,— CE teflon 

CH3CH,CH,CH,CH,OH 1-pentanol LS 

CH,CH,CH,CHCH, 
| x ° OH 2-pentanol 2 

Se eae 3-pentanol De 

OH 
CH,CH,CHCH,OH 

| 
CH, 2-methyl-1-butanol il 

Eee: 3-methyl-1-butanol ie 

CH, 

oS 

Eee 2-methyl-2-butanol ae 

CH, 

OH 

CH,CHCHCH, 3-methyl-2-butanol poe 

| 
CE 

CH 
| 

CH,CCH,OH 2,2-dimethyl-1-propanol 1° 

| 
Cry 

(a) methyl ethyl ether CH3CH,0CH3 

(b) dimethyl ether CH30CH3 

(c) methyl ethyl ether CH3CH,0CH3; 

Propanal and propanone are isomers, C3H¢0. Butanal and 

butanone are isomers, C,HgO. 

CH3(CH)4COOH hexanoic acid 

CH,CH,CH,CHCOOH 2-methylpentanoic acid 

cu, 
4-methylpentanoic acid Se 

CH, 



A-34 

PCE eeReH 3-methylpentanoic acid 

CH: 

ne 
CH,CH,CCOOH 2,2-dimethylbutanoic acid 

ie 
Cr 

CH, 
| 
i 3,3-dimethylbutanoic acid 

CH, 

ie 
SOE Saag 2,3-dimethylbutanoic acid 

GH. 

CH,CH,CHCOOH 2-ethylbutanoic acid 
| 
CHCHY 

80. (a) € CH, cai ates me —CH, aie — CH, —CH * 
| 

CH, CH CH, CH 3 3 

polypropylene 

= CH — i pee CNC h et ea Cd oo CE oa 

| | 
i ch CH CH, 

| | 
CH. CH, CH, CH. 

poly-1-butene 

CH, CH CH, CH, 

| | | | 
Ray ooh Guam cH > 

| 
CHy Cun 
poly-2-butene 

CH, CH, 

(b) 1.2 X 10° units 
82. (a) 4H = +4 

O= -2 
C= 2 

(bt) 20 = -4 
C= +4 

(c) 6H = +6 
6C = -6 
Crmiead 

84. CH,;COOH 
H 

86. (a) H-COOH + CH;0H —> HCOOCH, + H,0 
methyl] formate 

H 
(b) CH3;CH,CH,COOH + CH3CH,CH,CH,OH — 

CH3CH,CH,COOCH,CH>CH,CH; + H,O 
butyl butanoate 

H 
(c) CH,(CH,),COOH + CH,(CH,),CH,0H —> 

CH;(CH)4COOCH,(CH>),CH3 + H,O 
hexyl hexanoate 

APPENDIX V Answers to Even-Numbered Questions and Exercises 

Chapter 20 

2. Fatty acids in vegetable oils are more unsaturated than fatty 

acids in animal fats. 
three disulfide linkages 
Guanine and cytosine are mutually bonded to each other 
as are adenine and thymine. 

4. 
6. 

8. Monosaccharides, disaccharides, and polysaccharides. 

Monosaccharides are the simplest. 
10. Monosaccharides Disaccharides Polysaccharides 

glucose sucrose cellulose 

fructose maltose glycogen 

galactose lactose starch 

ribose 
12. H,CO O OH oe 

OH\H H/H Wee y 

OH OH OH\ OH. gH Oe 

ribose H OH 

glucose 

H,coH~9~__ OH oe 
O 

Hox, (HO. CH OM s 

GHal eH H\OH H/OH 

fructose H OH 

galactose 

14. hydroxyl group and an acid group 

16. CH,OH 
O H 0 

H/H H,COH H 

HO\GHE H/m — H HO/CH,OH 

H OH sucrose Oe = 

CH,OH CH,OH 
=) O 

H/H a Ht H H 

HO\OH H OV ON GH: H1/0H 

H OH H OH 
maltose 

sucrase 

18. (a) sucrose rae glucose + fructose 

malt 
(b) maltose ———> glucose + glucose 

(c) Sucrase catalyzes the hydrolysis of sucrose while malt- 
ase catalyzes the hydrolysis of maltose. 

20. glycogen 



22. Sucrose is found in the free state throughout the plant 

kingdom. 

Maltose is found in sprouting grain. 

Lactose is found free in nature mainly in the milk of 

mammals. 
Starch is found mainly in the seeds, roots, and tubers of 

plants. 

24. Substances are classified as lipids on the basis of their 

solubility in nonpolar solvents, their insolubility in water, 

and their greasy feeling. 

26. Fats are solid and vegetable oils are liquid at room temper- 

ature. 

28. O 

| 
CH,— 0 —C — (CH,),CH, 

O 
| 

CH— 0 —C —(CH,),,CH, 
O 
| 

CH,— O —C —(CH,),,CH, 

30. (a) Tripalmitin is a fat in which all the fatty acid units are 

palmitic acid. 

er 
CH, —O— C—(CH,).CH=CHCH CH = CH(CH,),CH, 

O 
| 

CH-—-O--€—(CH_) i. 

O 

+ 3 NaOH — 

| 
CH, —O—C—(CH,),CH =CH(CH,),CH, 

CH,OH CH,(CH,),CH=CHCH,CH=CH(CH,),COO™ Nat 
| 
ror + CH,(CH,),<COO” Nat 

CH,OH CH,(CH,),CH=CH(CH,),COO Nat 

The soaps top to bottom are: sodium linoleate, sodium 

stearate, and sodium oleate. 

32. Fats are an important food source for man. They normally 

account for 25 to 50% of caloric intake. Fats are the major 

constituent of adipose tissue. Fat deposits function to insu- 

late the body against loss of heat and protect vital organs 

against mechanical injury. Source of reserve energy. 

34, CH, 
cy,CHCH,CH,CH,CHCH, 

CH, 
CH, 

HO 

eee c cece een e rece e sere seers eee eee eseseseresesesesHeressessssssssssessnesesesssreresesees 

36. Some common foods with high (over 10%) protein content 

are gelatin, fish, beans, nuts, cheese, eggs, poultry, and 

meat of all kinds. 

38. The amino acids in proteins are called a-amino acids be- 

cause the amine group is always attached in the « position, 

that is, the first carbon next to the carboxylic acid group. 

40. (a) O 
I 

H,N—CH, — C— NH—CH,COOH 

(b) i 1 

HN — CH, -C—NH—CH,—C —NH —CH—COOH 
| 
CH, 

(c) O 1 

(CH) CHCH, CHONHCHCNECH, CNHEHEOOH 
| 

NH, CH, CH,OH 

CH, —S—CH, 

42. Essential amino acids are those needed by the human body 

that cannot be synthesized by the body. They are isoleucine, 

leucine, lysine, metheonine, phenylalanine, threonine, tryp- 

tophan, and valine. 

44. Tissue proteins are continuously being broken down and re- 

synthesized. 

46. (a) phosphate, ribose or deoxyribose, and one of the four 

nitrogen-containing bases (A, T, G, C). 

(b) phosphate—deoxyribose—thymine 

phosphate—deoxyribose—cytosine 

phosphate—deoxyribose—adenine 

phosphate—deoxyribose—guanine 

(c) ii NH, 

? | an 
HO—P—O J 
fc ees N~o 
O 

peer es 
i H 

OH H 

cytosine deoxyribonucleotide 

48. The two helices of the double helix are joined together by 

hydrogen bonds between bases. 

50°G—C—1- AA C_G 

52. The sequence of bases and the length of the nucleotide 

chains in the DNA molecules contain the coded messages 

that determine all the characteristics of the individual, in- 

cluding the reproduction of that species. 

54. In mitosis, each DNA molecule forms a duplicate by uncoil- 

ing to single strands. Each strand then assembles the com- 

plementary portion from available free nucleotides to form 

duplicates of the original DNA molecule. 

In meiosis, the sperm cell carries only one half the 

chromosomes from its original cell, and the egg cell also 
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56. 

58. 

carries one-half of its original chromosomes. Between 

them, they form a new cell that once again contains the 

correct number of chromosomes and all the hereditary char- 

acteristics of the species. 

Enzymes are often specific for one particular reaction be- 

cause the substrate usually fits exactly into a small part 

of the enzyme (known as the “active site”) to form an 

intermediate enzyme-substrate complex. 

Polypeptides are numbered starting with the N-terminal 

acid. 

tals 35 74 5 

try—gly—his—phe—val 

60. 

62. 

64. 
66. 
68. 

APPENDIX V Answers to Even-Numbered Questions and Exercises 

In the lock-and-key hypothesis, the active site of an enzyme 

exactly fits the complementary-shaped part of a substrate. 

In the flexible-site hypothesis, the enzyme changes its shape 

to fit the shape of the substrate. 
Enzymes act as catalysts of biochemical reactions. Their 

function is to lower the activation energy of biochemical re- 

actions. 

CH,0 
0 to +4 

Cellulose: 3.7 X 10° monomer units 

Starch: 25 monomer units 

Cellulose: 1.9 x 107° m long 

Starch: 1.3 X 107° m long 



OTe a 

absolute zero — 273°C, the zero point on the Kelvin (absolute) 

temperature scale. See also Kelvin scale. [2.11, 12.6] 

acid (1) A substance that produces H* (H30* ) when dissolved 
in water. (2) A proton donor. (3) An electron-pair acceptor. 

A substance that bonds to an electron pair. [15.1] 

acid anhydride A nonmetal oxide that reacts with water to 

form an acid. [13.12] 

acid ionization constant (K,) The equilibrium constant for 

the ionization of a weak acid in water. [16.11] 

activated complex The intermediate high energy product 

formed when reactants collide; the complex can decompose 

to form either reactants or products. [16.15] 

activation energy The amount of energy needed to start a 

chemical reaction. [8.5, 16.15] 

activity series of metals A listing of metallic elements in de- 

scending order of reactivity. [17.5] 

actual yield The amount of product actually produced in a 

chemical reaction (as compared to the theoretical yield). 

[9.6] 

addition reaction In organic chemistry, areaction in which two 

substances join together to produce one substance. [19.9] 

alcohol An organic compound consisting of an —-OH group 

bonded to a carbon atom in a nonaromatic hydrocarbon 

group; alcohols are classified as primary (1°), secondary 

(2°), or tertiary (3°), depending on whether the carbon 

atom to which the —OH group is attached is bonded to 

one, two, or three other carbon atoms, respectively. [19.14] 

aldehyde An organic compound that contains the CHO: 

group. The general formula is RCHO. [19.17] 

alkali metal An element (except H) from Group IA of the 

periodic table. [10.4] 

alkaline earth metal An element from Group IIA of the peri- 

odic table. [10.4] 

alkane (saturated hydrocarbon) A compound composed of 

carbon and hydrogen, having only single bonds between 

the atoms; also known as paraffin hydrocarbon. See also 

alkene and alkyne. [19.4] 

alkene (unsaturated hydrocarbon) A hydrocarbon whose 

molecules have at least one carbon-carbon double bond. 

[19.7] 

alkyl group An organic group derived from an alkane by re- 

moval of one H atom. The general formula is C,Hon+1 

(for example, CH3, methyl). Alkyl groups are generally 

indicated by the letter R. [19.6] 

alkyl halide A halogen atom bonded to an alkyl group. The 

general formula is RX (for example, CHCl). [19.13] 

alkyne (unsaturated hydrocarbon) A hydrocarbon whose 

molecules have at least one carbon-carbon triple bond. 

[19.7] 

allotrope A substance existing in two or more molecular or 

crystalline forms (example: graphite and diamond are two 

allotropic forms of carbon). [12.17] 

alpha particle A particle emitted from a nucleus of an atom 

during radioactive decay; it consists of two protons and 

two neutrons with a mass of about 4 amu and a charge 

of +2; it is considered to be a doubly charged helium 

atom. [18.3] 

amide An organic compound containing the 
O 
| 

group. [20.4] Ne 

amino acid An organic compound containing two functional 

groups—an amino group (NH) and a carboxyl group 

(COOH). Amino acids are the building blocks for pro- 

teins. [20.4] 

amorphous A solid without shape or form. [3.2] 

amphoteric (substance) A substance having properties of both 

an acid and a base. [15.3] 

anion A negatively charged ion. See also ion. [3.9, 5.5, 6.2] 

anode The electrode where oxidation occurs in an electrochem- 

ical reaction. [17.6] 

aqueous solution A water solution. [16.3] 

aromatic compound An organic compound whose molecules 

contain a benzene ring, or which has properties resembling 

benzene. [19.10] 

artificial radioactivity Radioactivity produced in nuclides dur- 

ing some types of transmutations; artificial radioactive nu- 

clides behave like natural radioactive elements in two 

ways: they disintegrate in a definite fashion and they have 

a specific half-life. Sometimes called induced radioactiv- 

ity. [18.6] 

1 atmosphere The standard atmospheric pressure, that is, the 

pressure exerted by a column of mercury 760 mm high at 

~ a temperature of 0°C. See also atmospheric pressure. [12.3] 

atmospheric pressure The pressure experienced by objects on 

the earth as a result of the layer of air surrounding our 

planet. A pressure of 1 atmosphere (1 atm) is the pressure 

that will support a column of mercury 760 mm high at 

0° (23 

atom The smallest particle of an element that can enter into a 

chemical reaction. [3.4] 

atomic mass The average relative mass of the isotopes of an 

element referred to the atomic mass of carbon-12. [5.11] 

atomic mass unit (amu) A unit of mass equal to one-twelfth 

the mass of a carbon-12 atom. [5.11] 

atomic number The number of protons in the nucleus of an 

atom of a given element. See also isotopic notation. [5.9] 

atomic theory The theory that substances are composed of 

atoms, and that chemical reactions are explained by the 

properties and the interactions of these atoms. [5.2, Ch. 10] 

Avogadro’s law Equal volumes of different gases at the same 

temperature and pressure contain equal numbers of mole- 

cules. [12.11] 

Avogadro’s number 6.022 x 10°?; the number of formula 

units in 1 mole. [7.1, 9.1] 
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balanced equation A chemical equation having the same num- 

ber of each kind of atom and the same electrical charge 

on each side of the equation. [8.2] 

barometer A device used to measure atmospheric pressure. | 

[12.3] 

base A substance whose properties are due to the liberation of 

hydroxide (OH ) ions into a water solution. [15.1] 

basic anhydride A metal oxide that reacts with water to form 

a base. [13.12] 

beta particle A particle identical in charge (— 1) and mass to 
an electron. [18.3] 

binary compound A compound composed of two different 

elements. [6.4] 
biochemistry The branch of chemistry concerned with chemi- 

cal reactions occurring in living organisms. [20.1] 

boiling point The temperature at which the vapor pressure of 

a liquid is equal to the pressure above the liquid. [13.5] 

bond length The distance between two nuclei that are joined 

by a chemical bond. [13.10] 

Boyle’s law At constant temperature, the volume of a fixed 

mass of gas is inversely proportional to the pressure 

(PV = constant). [12.5] 

Brownian movement The random motion of colloidal parti- 

cles. [15.15] 

buffer solution A solution that resists anes in pH when - 

diluted or when small amounts of a strong acid or strong 

base are added. [16.14] 

EAGER BA EY, 

calorie (cal) A commonly used unit of heat energy; one calorie 

is a quantity of heat energy that will raise the temperature 

of 1 g of water 1°C (from 14.5 to 15.5°C). Also, 4.184 

joules = 1 calorie exactly. See also joule. [4.6] 

capillary action The spontaneous rising of a liquid ina narrow 

tube, which results from the cohesive forces within the 

liquid and the adhesive forces between the liquid and the 
walls of the container. [13.4] 

carbohydrate A polyhydroxy aldehyde or polyhydroxy ke- 

tone, or a compound that upon hydrolysis yields a polyhy- 

droxy aldehyde or ketone; sugars, starch, and cellulose are 

examples. [20.2] 

carbonyl group The structure ee =0O[19.17] 

carboxyl group The functional group of carboxylic acids: 

° [19.19] 

= O-7OH 

carboxylic acid An organic compound having a 1 carboxyl 

group. [19.19] 

catalyst A substance that influences the rate of a reaction and 

can be recovered essentially unchanged at the end of the 

reaction. [16.8] 

cathode The electrode where reduction occurs in an electro- 

chemical reaction. [17.6] 

cation A positively charged ion. See also ion. [3.9, 5.5] 

Celsius temperature scale (°C) The temperature scale on 

which water freezes at 0°C and boils at 100°C at 1 atm 

pressure. [2.11] 

chain reaction A self-sustaining nuclear or chemical reaction 

in which the products cause the reaction to continue or to 

increase in magnitude. [18.8] 

Charles’ law At constant pressure, the volume of a fixed mass 

of any gas is directly proportional to the absolute tempera- 

ture (V/T = constant). [12.6] 

chemical bond The attractive force that holds atoms together 

in a compound. [Ch.11] 

chemical change A change producing products that differ in 

composition from the original substances. [4.3] 

chemical equation A shorthand expression showing the re- 

actants and the products of a chemical change (for exam- 

ple, 2 H,O = 2 Hy + Op). [4.3, 8.1] 
chemical equilibrium The state in which the rate of the for- 

ward reaction equals the rate of the reverse reaction in a 

chemical change. [16.3] 

chemical family See groups or families of elements. 

chemical formula A shorthand method for showing the com- 

position of a compound using symbols of the elements. 
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chemical kinetics The study of reaction rates and reaction 
mechanisms. [16.2] 

chemical properties The ability of a substance to form new 

substances either by reaction with other substances or by 

decomposition. [4.1] 

chemistry The science of the composition, structure, proper- 

ties, and reactions of matter, especially of atomic and mo- 

lecular systems. [1.2] 

chlorofluorocarbons A group of compounds made of carbon, 

chlorine, and fluorine. [CIA p. 62] 

colligative properties Properties of a solution that depend on 

the number of solute particles in solution and not on the 

nature of the solute (examples: vapor pressure lowering, 

freezing point lowering, boiling point elevation). [14.7] 

colloid A dispersion in which the dispersed particles are larger 

than the solute ions or molecules of a true solution and 

smaller than the particles of a mechanical suspension. 
[15.13] 

combination reaction A direct union or combination of two 

substances to produce one new substance. [8.4] 

combustion A chemical reaction in which heat and light are 
given off; generally, the process of burning or uniting a 
substance with oxygen. [8.5] 

common ion effect The shift of a chemical equilibrium caused 
by the addition of an ion common to the ions in the equilib- 
rium. [16.12] 

common names Arbitrary names that are not based on the 
chemical compostion of compounds (examples: quick- 
silver for mercury, laughing gas for nitrous oxide). [6.1] 



compound A distinct substance composed of two or more 

elements combined in a definite proportion by mass. [3.9] 

concentrated solution A solution containing a relatively large 

amount of dissolved solute. [14.6] 

concentration of a solution A quantitative expression of the 

amount of dissolved solute in a certain quantity of sol- 

vent. [14.2] 

condensation The process by which molecules in the gaseous 

state return to the liquid state. [13.3] 

conjugate acid-base Two molecules or ions whose formulas 

differ by one H*. (The acid is the species with the HT, 
and the base is the species without the H*.) [15.1] 

copolymer A polymer containing two different kinds of mono- 

mer units. [19.21] 

covalent bond A chemical bond formed between two atoms 

by sharing a pair of electrons. [11.5] 

critical mass The minimum quantity of mass required to sup- 

port a self-sustaining chain reaction. [18.8] 

curie (Ci) A unit of radioactivity indicating the rate of decay 

of a radioactive substance: 1 Ci = 3.7 X 10!° disintegra- 

tions per second. [18.7] 
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Dalton’s atomic theory The first modern atomic theory to state 

that elements are composed of minute individual particles 

called atoms. [5.2] 

Dalton’s law of partial pressures The total pressure of a 

mixture of gases is the sum of the partial pressures exerted 

by each of the gases in the mixture. [12.10] 

decomposition reaction A breaking down, or decomposition, 

of one substance into two or more different substances. 

[8.5] 
deliquescence The absorption of water from the atmosphere 

by a substance until it forms a solution. [13.14] 

density The mass of an object divided by its volume. [2.12] 

dialysis The process by which a parchment membrane allows 

the passage of true solutions but prevents the passage of 

colloidal dispersions. [15.17] 

diatomic molecules The molecules of elements that always 

contain two atoms. Seven of the elements occur as diatomic 

molecules: Hy, Nz, O2, Fo, Clo, Bro, and Ip. [3.10] 

diffusion The property by which gases and liquids mix sponta- 

neously because of the random motion of their particles. 

[12.2] 

dilute solution A solution containing a relatively small amount 

of dissolved solute. [14.6] 

dipeptide Two a-amino acids joined by a peptide linkage. 

[20.4] 

dipole A molecule that is electrically asymmetrical, causing it 

to be oppositely charged at two points. [11.6] 

disaccharide A carbohydrate that yields two monosaccharide 

units when hydrolyzed. [20.2] 

disintegration series The spontaneous decay of a certain radio- 

active nuclide by emission of alpha and beta particles from 
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the nucleus, finally stopping at a stable isotope of lead or 

bismuth. [18.4] 

dissociation The process by which a salt separates into individ- 

ual ions when dissolved in water. [15.6] 

DNA Deoxyribonucleic acid; a high molar-mass polymer of 

nucleotides, present in all living matter, that contains the 

genetic code that transmits hereditary characteristics. 

[20.5] 
double bond A covalent bond in which two pairs of electrons 

are shared. [11.5, 19.2] 

double-displacement reaction A reaction of two compounds 

to produce two different compounds by exchanging the 

components of the reacting compounds. [8.4] 

effusion The process by which gas molecules pass through a 
tiny orifice from a region of high pressure to a region of 

lower pressure. [12.2] 

Einstein’s mass-energy equation E = MC’: the relationship 
between mass and energy. [18.12] 

electrolysis The process whereby electrical energy is used to 

bring about a chemical change. [17.6] 

electrolyte A substance whose aqueous solution conducts elec- 

tricity. [15.5] 

electrolytic cell An electrolysis apparatus in which electrical 

energy from an outside source is used to produce a chemical 

change. [17.6] 

electron A subatomic particle that exists outside the nucleus 

and carries a negative electrical charge. [5.6] 

electron configuration The orbital arrangement of electrons 

in an atom. [10.5] 

electron-dot structure See Lewis structure. 

electronegativity The relative attraction that an atom has for 

a pair of shared electrons in a covalent bond. [11.6] 

electron shell See principal energy levels of electrons. 

element A basic building block of matter that cannot be broken 

down into simpler substances by ordinary chemical 

changes; in 1994 there were 111 known elements. [3.4] 

empirical formula A chemical formula that gives the smallest 

whole-number ratio of atoms in a compound, that is, the 

relative number of atoms of each element in the compound; 

also known as the simplest formula. [7.4] 

endothermic reaction A chemical reaction that absorbs 

heat. [8.5] 

energy The capacity of matter to do work. [4.5] 

energy levels of electrons Areas in which electrons are located 

at various distances from the nucleus. [10.4] 

energy sublevels The s, p, d, and f orbitals within a principal 

energy level occupied by electrons in an atom. [10.4] 

enzyme A protein that catalyzes a biochemical reaction. [20.7] 

equilibrium A dynamic state in which two or more opposing 
processes are taking place at the same time and at the same 

rate. [16.3] 

equilibrium constant (Keq) A value representing the un- 
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changing concentrations of the reactants and the products 

in a chemical reaction at equilibrium. [16.9] 

equivalent mass That mass of a substance that will react with, 

combine with, contain, replace, or in any other way be 

equivalent to 1 mole of hydrogen atoms or hydrogen 

ions. [14.6] 

essential amino acid An amino acid that is not synthesized by 

the body and therefore must be supplied in the diet. [20.4] 

ester An organic compound derived from a carboxylic acid 

and an alcohol. The general formula is oe 

o [19. 20] 

ether An organic compound having two hydrocarbon groups 

attached to an oxygen atom. The Aes formula is 

‘ROR’ [19.16] 
evaporation The escape of molecules from the ligui state to 

the gas or vapor state. [13. 2] 

exothermic reaction A chemical reaction in which heat is 

released as a product, [8.5] 

Fahrenheit (ipa tae scale (°F) The temperature scale on 

which water freezes at 32°F and boils at 212°F at 1 atm 

pressure. [2.11] 

fats and oils Esters of fatty acids and ae See also triacyl- 

glycerol. [20.3] 
- fatty acids Long-chain eibossle acids oie in lipids (fats 

and oils). [20.3] 

formula unit The atom or molecule indicated by the fornia 

of the substance under consideration (examples: Mg, O>, 

H,0). [7.1] 
free radical A neutral atom or group of atoms having one or 

more unpaired electrons. [16.15] 

freezing or melting point The temperature at which the solid 

and liquid states of a substance are in equilibrium. [13.6] 

frequency speed A measurement of the number of waves that 

pass a particular point per second. [10.2] : 

functional group An atom or group of atoms that characterizes 

a class of organic compounds. For example, —COOH is 

the functional group of carboxylic acids. [19.2] 
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galvanic cell See voltaic cell. 

gamma ray High-energy photons emitted by radioactive nu- 

clei; they have no electrical charge and no measurable 

mass. [18.3] 

gas A state of matter that has no shape or definite volume so 

that the substance completely fills its container. [3.2] 

Gay-Lussac’s law At constant volume, the pressure of a fixed 

mass of gas is directly proportional to the absolute tempera- 

ture (P/T = constant). [12.7] 

Gay-Lussac’s law of combining volumes (of gases) When 

measured at the same temperature and pressure, the ratios 

of the volumes of reacting gases are small whole num- 

bers. [12.11] 

genes Basic units of heredity that consist primarily of DNA 

and proteins and occur in the chromosomes. [20.6] 

Graham’s law of effusion The rates of effusion of two gases 

at the same temperature and pressure are inversely propor- 

tional to the square roots of their densities or molar 

masses. [12.2] 

ground state The lowest available energy level within an 

atom. [10.3] 

groups or families (of elements) Vertical groups of elements 

in the periodic table (IA, IIA, and so on). Families of 

elements that have similar outer-orbital electron struc- 

tures. [10.6] 
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half-life The time required for one-half of a specific amount 

of a radioactive nuclide to disintegrate; half-lives of the 

elements range from a fraction of a second to billions of 

years. [18.2] 
halogenation The substitution of a halogen atom for a hydro- 

gen atom in an organic compound. [19.3] 

halogens Group VIIA of the periodic table; consists of the 

elements fluorine, chlorine, bromine, iodine, and asta- 

tine. [10.4] 

heat A form of energy associated with the motion of small 

particles of matter. [2.11] 

heat of fusion The energy required to change 1 gram of a solid 

into a liquid at its melting point. [13.7] 

heat of reaction The quantity of heat produced by a chemical 

reaction. [8.5] 

heat of vaporization The amount of heat required to change 1 

gram of a liquid to a vapor at its normal boiling point. [13.7] 

heterogeneous Matter without uniform composition—having 

two or more components or phases. [3.3] 

homogeneous Matter that has uniform properties throughout. 

[3.3] 
homologous series A series of compounds in which the mem- 

bers differ from one another by a regular increment. For 

example, each successive member of the alkane series of 

hydrocarbons differs by a CH, group. [19.4] 

hydrate A solid that contains water molecules as a part of its 

crystalline structure. [13.13] 

hydrocarbon A compound composed entirely of carbon and 

hydrogen. [CIA p. 62, 8.5, 19.3] 

hydrogen bond The intermolecular force acting between mole- 

cules that contain hydrogen covalently bonded to the highly 

electronegative elements, F, O, and N. [13.11] 

hydrolysis Chemical reaction with water in which the water 

molecule is split into H* and OH~. [16.13] 
hydronium ion The result of a proton combining with a polar 

water molecule to form a hydrated hydrogen ion 

(H3,0*). [15.1] 

hygroscopic substance A substance that readily absorbs and 

retains water vapor. [13.14] 



hypothesis A tentative explanation of certain facts to provide - 

a basis for further experimentation. [1.4] 

ideal gas A gas that behaves precisely according to the Kinetic 

Molecular Theory; also called a perfect gas. [12.2] 

ideal gas equation PV = nRT; that is, the volume of a gas 

varies directly with the number of gas molecules and the 

absolute temperature and inversely with the pressure. 

[12.14] 
immiscible Incapable of mixing; immiscible liquids do not 

form a solution with one another. [14.2] 

induced radioactivity See artificial radioactivity. 
ion A positively or negatively charged atom or group of atoms. 

See also cation, anion. [3.9, 5.5] 

ionic bond The chemical bond between a positively charged 

ion and a negatively charged ion. [11.3] 

ionic compound A compound that will conduct electricity 

when dissolved in water. [6.3] 

ionization The formation of ions, which occurs as the result of 
a chemical reaction of certain substances with water. [15.6] 

ionization energy The energy required to remove an electron 

from an atom, an ion, or a molecule. [11.1] 

ionizing radiation Radiation that has enough energy to dislo- 

cate bonding electrons and create ions when passing 

through matter. [18.4] 

ion product constant for water (K,,) An equilibrium constant 

defined as the product of the H* ion concentration and 

the OH™ ion concentration, each in moles per liter. 

K, = (H* | (OH }'=1x 107 at 05°C. (16.10) 

isomerism The phenomenon of two or more compounds having 

the same molecular formula but different molecular struc- 

tures. [19.5] 

isomers Compounds having identical molecular formulas but 

different structural formulas. [19.5] 

isotope Anatom of an element that has the same atomic number 

but a different atomic mass. Since their atomic numbers 

are identical, isotopes vary only in the number of neutrons 

in the nucleus. [5.10] 

isotopic notation Notation for an isotope of an element where 

the subscript is the atomic number, the superscript is the 

mass number, and they are attached on the left of the 

symbol for the element. (For example, hydrogen-1 is no- 

tated as |H.) See also atomic number, mass number. 

P5107 1951 

IUPAC International Union of Pure and Applied Chemistry, 

which devised (in 1921) and continually upgrades the sys- 

tem of nomenclature for inorganic and organic compounds. 

[6.1, 19.6] 
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joule (J) The SI unit of energy. See also calorie. [4.6] 
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Kelvin temperature scale (K) Absolute temperature scale 

starting at absolute zero, the lowest temperature possible. 
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Freezing and boiling points of water on this scale are 

273 K and 373 K, respectively, at | atm pressure. See also 

absolute zero. [2.11, 12.6] 

ketone An organic compound that contains a carbonyl group 

between two other carbon atoms. The general formula is 

R,C=O. [19.17] 
kilocalorie (kcal) 1000 cal; the kilocalorie is also known as 

the nutritional or large Calorie, used for measuring the 

energy produced by food. [4.6] 

kilogram (kg) The standard unit of mass in the metric system; 

1 kilogram equals 2.205 pounds. [2.9] 

kilojoule (kJ) 1000J. [4.6] 

kinetic energy (KE) The energy that matter possesses due to 

its motion; KE = 1/2 mv~. [4.5] 
Kinetic-Molecular Theory (KMT) A group of assumptions 

used to explain the behavior and properties of gases. [12.2] 

law A statement of the occurrence of natural phenomena that 

occur with unvarying uniformity under the same condi- 

tions. [1.4] 

Law of Conservation of Energy Energy can neither be created 

nor destroyed, but it may be transformed from one form 

to another. [4.8] 

Law of Conservation of Mass No change is observed in the 

total mass of the substances involved in a chemical reac- 

tion; that is, the mass of the products equals the mass of 

the reactants. [4.4] 

Law of Definite Composition A compound always contains 

two or more elements in a definite proportion by mass. [5.3] 

Law of Multiple Proportions Atoms of two or more elements 

may combine in different ratios to produce more than one 

compound. [5.3] 

Le Chatelier’s principle See principle of Le Chatelier. 

Lewis structure A method of indicating the covalent bonds 

between atoms in a molecule or an ion such that a pair of 

electrons (:) represents the valence electrons forming the 

covalent bond. [11.2] 

limiting reactant A reactant that limits the amount of product 
formed because it is present in insufficient amount com- 

pared to the other reactants. [9.6] 

linear structure In the VSEPR model, an arrangement where 

the pairs of electrons are arranged 180° apart for maximum 

separation. [11.11] 

line spectrum Colored lines generated when light emitted by 

a gas is passed through a spectroscope. Each element pos- 

sesses a unique set of these lines. [10.3] 

lipids Organic compounds found in living organisms that are 

water insoluble, but soluble in such fat solvents as diethyl 

ether, benzene, and carbon tetrachloride; examples are fats, 

oils, and steroids. [20.3] 

liquid A state of matter in which the particles move about 

freely while the substance retains a definite volume; thus, 

liquids flow and take the shape of their containers. [3.2] 
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liter (L) A unit of volume commonly used in chemistry; 

1 L = 1000 mL; the volume of a kilogram of water at 

4°C. [2.10] 

logarithm (log) The power to which 10 must be raised to give 

a certain number. The log of 100 is 2. [15.9] 

macromolecule See polymer. 

mass The quantity or amount of matter that an object pos- 

sesses. [2.1] 

mass defect The difference between the actual mass of an atom 

of an isotope and the calculated mass of the protons and 

neutrons in the nucleus of that atom. [18.12] 

mass number The sum of the protons and neutrons in the 

nucleus of a given isotope of an atom. See also isotopic 

notation. [5.10] 

mass percent solution The grams of solute in 100 g of a 

solution. [14.6] 

matter Anything that has mass and occupies space. [3.1] 

mechanism of a reaction The route or steps by which a reac- 

tion takes place; the mechanism describes the manner in 

which atoms or molecules are transformed from reactants 

into products. [16.15] 

meiosis The process of cell division to form a sperm cell and. 

an egg cell in which each cell formed contains half of the 

chromosomes found in the normal single cell. [20.6] 

melting or freezing point See freezing or melting point. 

meniscus The concave shape of the surface of a liquid when 

placed in a glass cylinder. [13.4] 

metal An element that is solid at room temperature and whose 

properties include luster, ductility, malleability, and good 

conductivity of heat and electricity; metals tend to lose 

their valence electrons and become positive ions. [3.8] 

metalloid An element having properties that are intermediate 

between those of metals and nonmetals (for example, sili- 

con); these elements are useful in electronics. [3.8] 

meter (m) The standard unit of length in the SI and metric 

systems; | meter equals 39.37 inches. [2.7] 

metric system A decimal system of measurements. See also 

SI. [2.6] 
miscible Capable of mixing and forming a solution. [14.2] 

mitosis Ordinary cell division in which a DNA molecule is 

duplicated by uncoiling to single strands and then reassem- 

bling with complementary nucleotides. Each new cell con- 

tains the normal number of chromosomes. [20.6] 

mixture Matter containing two or more substances, which can 

be present in variable amounts; mixtures can be homoge- 

neous (sugar water) or heterogeneous (sand and water). 

[3353212] 
molality (m) An expression of the number of moles of solute 

dissolved in 1000 grams of solvent. [14.7] 

molarity (M) The number of moles of solute per liter of solu- 

tion. [14.6] 

molar mass The mass of Avogadro’s number of atoms or 

molecules. [7.1, 9.1] 

molar solution A solution containing 1 mole of solute per liter 

of solution. [14.6] 

molar volume (of a gas) The volume of 1 mol of a gas at STP 

equals 22.4 L/mol. [12.12] 

mole The amount of a substance containing the same number 

of formula units (6.022 x 1077) as there are in exactly 

12 g of C-12. One mole is equal to the molar mass in 

grams of any substance. [7.1] 

mole ratio A ratio between the number of moles of any two 

species involved in a chemical reaction; the mole ratio is 

used as a conversion factor in stoichiometric calcula- 

tions. [9.2] 

molecular equation See un-ionized equation. 

molecular formula The total number of atoms of each element 

present in one molecule of a compound; also known as 

the true formula. See also empirical formula. [7.4] 

molecule The smallest uncharged individual unit of a com- 

pound formed by the union of two or more atoms. [3.9] 

monomer The small unit or units that undergo polymerization 

to form a polymer. [19.21] 

monosaccharide A carbohydrate that cannot be hydrolyzed to 

simpler carbohydrate units (for example, simple sugars 

like glucose or fructose). [20.2] 
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net ionic equation A chemical equation that includes only 

those molecules and ions that have changed in the chemical 

reaction. [15.12] 

neutralization The reaction of an acid and a base to form a 

salt plus water. [15.10] 

neutron A subatomic particle that is electrically neutral and 

is found in the nucleus of an atom. [5.6] 

noble gases A family of elements in the periodic table—he- 

lium, neon, argon, krypton, xenon, and radon—that contain 

a particularly stable electron structure. [10.4] 

nonelectrolyte A substance whose aqueous solutions do not 

conduct electricity. [15.5] 

nonmetal An element that has properties the opposite of met- 

als: lack of luster, relatively low melting point and density, 

and generally poor conduction of heat and electricity. Non- 

metals may or may not be solid at room temperature (exam- 

ples: carbon, bromine, nitrogen); many are gases. They 

are located mainly in the upper right-hand corner of the 

periodic table. [3.8] 

nonpolar covalent bond A covalent bond between two atoms 

with the same electronegativity value; thus the electrons 

are shared equally between the two atoms. [11.6] 

normal boiling point The temperature at which the vapor pres- 

sure of a liquid equals 1 atm or 760 torr pressure. [13.5] 

normality The number of equivalent masses of solute per liter 

of solution. [14.6] 

nuclear binding energy The energy equivalent to the mass 



defect; that is, the amount of energy required to break up 

a nucleus into its individual protons and neutrons. [18.12] 

nuclear fission The splitting of a heavy nuclide into two or 

more intermediate-sized fragments when struck in a partic- 

ular way by a neutron. As the atom is split, it releases 

energy and two or three more neutrons that can then cause 

another nuclear fission. [18.8] 

nuclear fusion The uniting of two light elements to form one 

heavier nucleus, which is accompanied by the release of 

energy. [18.11] 

nucleic acids Complex organic acids essential to life and found 

in the nucleus of living cells. They consist of thousands 

of units called nucleotides. Includes DNA and RNA. [20.5] 

nucleon A collective term for the neutrons and protons in the 

nucleus of an atom. [18.1] 

nucleotide The building-block unit for nucleic acids. A phos- 

phate group, a sugar residue, and a nitrogenous organic 

base are bonded together to form a nucleotide. [20.5] 

nucleus The central part of an atom that contains all its protons 

and neutrons. The nucleus is very dense and has a positive 

electrical charge. [5.8] 

nuclide A general term for any isotope of any atom. [18.1] 
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oils See fats and oils. 

one atmosphere The standard atmospheric pressure; that is, 

the pressure exerted by a column of mercury 760 mm high 

at a temperature of 0°C. [12.3] 

orbital A cloudlike region around the nucleus where electrons 

are located. Orbitals are considered to be energy sublevels 

(s, p, d, f) within the principal energy levels. See also 

principal energy levels. [10.3, 10.4] 

orbital diagram A way of showing the arrangement of elec- 

trons in an atom where orbitals are represented by boxes 

grouped by sublevel with small arrows indicating the elec- 

trons. [10.5] 

organic chemistry The branch of chemistry that deals with 

carbon compounds but does not imply that these com- 

pounds must originate from some form of life. See also 

vital force theory. [19.1] 

osmosis The diffusion of water, either pure or from a dilute 

solution, through a semipermeable membrane into a solu- 

tion of higher concentration. [14.8] 

oxidation An increase in the oxidation number of an atom as 

a result of losing electrons. [17.2] 

oxidation number A small number representing the state of 

oxidation of an atom. For an ion, it is the positive or 

negative charge on the ion; for covalently bonded atoms, 

it is a positive or negative number assigned to the more 

electronegative atom; in free elements, it is zero. [17.1] 

oxidation-reduction A chemical reaction wherein electrons 
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are transferred from one element to another; also known 

as redox. [17.2] 

oxidation state See oxidation number. 

oxidizing agent A substance that causes an increase in the 

oxidation state of another substance. The oxidizing agent 

is reduced during the course of the reaction. [17.2] 

partial pressure The pressure exerted independently by each 

gas in a mixture of gases. [12.10] 

parts per million (ppm) A measurement of the concentration 

of dilute solutions now commonly used by chemists in 

place of mass percent. [14.6] 

Pauli exclusion principle An atomic orbital can hold a maxi- 

mum of two electrons, which must have opposite spins. 

[10.4] 

peptide linkage The amide bond in a protein molecule; bonds 

one amino acid to another. [20.4] 

percent composition of a compound The mass percent repre- 

sented by each element in a compound. [7.3] 

percent yield The ratio of the actual yield to the theoretical 

yield multiplied by 100. [10.6] 

perfect gas A gas that behaves precisely according to theory; 

also called an ideal gas [12.2] 

periodic table An arrangement of the elements according to 

their atomic numbers. The table consists of horizontal rows 

or periods and vertical columns or families of elements. 

Each period ends with a noble gas. [10.6] 

period of elements The horizontal groupings of elements in 

the periodic table. [10.6] 

pH A method of expressing the H* concentration (acidity) of 

a solution; pH = —log [H™ ]. pH = 7 isa neutral solution, 

pH < 7 is acidic, and pH > 7 is basic. [15.9] 

phase A homogeneous part of a system separated from other 

parts by a physical boundary. [3.3] 

photon Theoretically, a tiny packet of energy that streams with 

others of its kind to produce a beam of light. [10.2] 

photosynthesis The process by which green plants utilize light 

energy to synthesize carbohydrates. [CIA p. 154, 20.2] 

physical change A change in form (such as size, shape, physi- 

cal state) without a change in composition. [4.2] 

physical properties Inherent physical characteristics of a sub- 

stance that can be determined without altering its composi- 

tion: color, taste, odor, state of matter, density, melting 

point, boiling point. [4.1] 

physical states of matter Solids, liquids, and gases. [3.2] 

physiological saline solution A solution of 0.90% sodium 

chloride that is isotonic (has the same osmotic pressure) 

with blood plasma. [14.8] 

pOH A method of expressing the basicity of a solution. 

pOH = —log [OH ]. pOH = 7 is a neutral solution, 

pOH < 7 is basic, and pOH > 7 is acidic. [16.11] 

polar covalent bond A covalent bond between two atoms with 
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differing electronegativity values, resulting in unequal 

sharing of bonding electrons. [11.5] 

polyatomic ion An ion composed of more than one atom. [6.5] 

polyhydroxy alcohol An alcohol that has more than one —OH 

group. [19.14] 

polymer (macromolecule) A natural or synthetic giant mole- 

cule formed from smaller molecules (monomers). [19.21] 

polymerization The process of forming large, high-molar- 

mass molecules from smaller units. [19.21] 

polypeptide A peptide chain containing up to 50 amino acid 

units. [20.4] 

polysaccharide A carbohydrate that can be hydrolyzed to many 

monosaccharide units; cellulose, starch, and glycogen are 

examples. [20.2] 

positron A particle with a + 1 charge having the mass of an 

electron (a positive electron). [18.1] 

potential energy Stored energy, or the energy of an object due 

to its relative position. [4.5] 

pressure Force per unit area; expressed in many units, such 

as mm Hg, atm, Ib/in.”, torr, pascal. [12.3] 

primary alcohol An alcohol in which the carbon atom bonded 

to the —OH group is bonded to only one other carbon 

atom. [19.14] 

principal energy levels of electrons Existing within the atom, . 

these energy levels contain orbitals within which electrons 

are found. See also orbital, electron. [10.4] 

principle of Le Chatelier If a stress is applied to a system in 

equilibrium, the system will respond in such a way as to 

relieve that stress and restore equilibrium under a new set 

of conditions. [16.4] 

product A chemical substance produced from reactants by a 

chemical change. [4.3] 

properties The characteristics, or traits, of substances that give 

them their unique identities. Properties are classified as 

physical or chemical. [4.1] 

protein A polymer consisting mainly of a-amino acids linked 

together; occurs in all animal and vegetable matter. [20.4] 

proton A subatomic particle found in the nucleus of the atom 

that carries a positive electrical charge and a mass of about 

1 amu. An H* ion is a proton. [5.6] 
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quanta Small discrete increments of energy. From the theory 

proposed by physicist Max Planck that energy is emitted 

in energy quanta rather than a continuous stream. [10.3] 

quantum mechanics or wave mechanics The modern theory 

of atomic structure based on the wave properties of mat- 

ter. [10.3] 

Ea, 

rad (radiation absorbed dose) A unit of absorbed radiation 

indicating the energy absorbed from any ionizing radiation; 

1 rad = 0.01 joule of energy absorbed per kilogram of 

matter. [18.7] 

radioactive decay The process by which a radioactive element 

emits particles or rays and is transformed into another 

element. [18.2] 

radioactivity The spontaneous emission of radiation from the 

nucleus of an atom. [18.1] 

rate of reaction The rate at which the reactants of a chemical 

reaction disappear and the products form. [16.2] 

reactant A chemical substance entering into a reaction. [4.3] 

redox See oxidation-reduction. 
reducing agent A substance that causes a decrease in the oxida- 

tion state of another substance; the reducing agent is Oxi- 

dized during the course of a reaction. [17.2] 

reduction A decrease in the oxidation number of an element 

as a result of gaining electrons. [17.2] 

rem (roentgen equivalent to man) A unit of radiation-dose 

equivalent taking into account that the energy absorbed 

from different sources does not produce the same degree 

of biological effect. [18.7] 

representative element An element in one of the A groups in 

the periodic table. [10.6] 

resonance structure A molecule or ion that has multiple Lewis 

structures. See also Lewis structure. [11.8] 

reversible chemical reaction A chemical reaction in which 

the products formed react to produce the original reactants. 

A double arrow is used to indicate that a reaction is revers- 

ible. [16.1] 
RNA Ribonucleic acid; a high-molar-mass polymer of nucleo- 

tides present in all living matter. Its main function is to 

direct the synthesis of proteins. [20.5] 

Roentgen (R) A unit of exposure of gamma radiation based 
on the quantity of ionization produced in air. [18.7] 

rounding off numbers The process by which the value of the 

last digit retained is determined after dropping nonsignifi- 

cant digits. [2.3] 

Ee ES 

salts Ionic compounds of cations and anions. [Ch. 6, 15.4] 

saturated hydrocarbon A hydrocarbon that has only single 

bonds between carbon atoms; classified as alkanes. [19.3] 

saturated solution A solution containing dissolved solute in 

equilibrium with undissolved solute. [14.6] 

scientific laws Simple statements of natural phenomena to 

which no exceptions are known under the given condi- 
tions. [1.4] 

scientific method A method of solving problems by observa- 

tion; recording and evaluating data of an experiment; for- 

mulating hypotheses and theories to explain the behavior 

of nature; and devising additional experiments to test the 

hypotheses and theories to see if they are correct. [1.4] 

scientific notation. Writing a number as a power of 10; to do 

this, move the decimal point in the original number so that 

it is located after the first nonzero digit, follow the new 

number by a multiplication sign and 10 with an exponent 



(called its power) that is the number of places the decimal 

point was moved. Example: 2468 = 2.468 X 10°. [2.4] 

secondary alcohol An alcohol in which the carbon atom 

bonded to the —OH group is bonded to two other carbon 

atoms. [19.14] 

semipermeable membrane A membrane that allows the pas- 

sage of water (solvent) molecules through it in either direc- 

tion but prevents the passage of larger solute molecules 

or ions. [14.8] 

SI An agreed-upon standard system of measurements used by 

scientists around the world (Systeme Internationale). See 

also metric system. [2.6] : 

significant figures The number of digits that are known plus 

one estimated digit are considered significant in a measured 

quantity; also called significant digits. [2.2, Appendix I] 

simplest formula See empirical formula. 
single bond A covalent bond in which one pair of electrons 

is shared between two atoms. [11.5, 19.2] 

single-displacement reaction A reaction of an element and a 

compound that yields a different element and a different 

compound. [8.4] 

soap A salt of a long-carbon-chain fatty acid. [20.3] 

sol A colloidal dispersion in a liquid. [15.14] 

solid A state of matter having a definite shape and a definite 

volume, whose particles cohere rigidly to one another, so 

that a solid can be independent of its container. [3.2] 

solubility An amount of solute that will dissolve in a specific 

amount of solvent under stated conditions. [14.2] 

solubility product constant (K,,) The equilibrium constant 

for the solubility of a slightly soluble salt. [16.12] 

solute The substance that is dissolved—or the least abundant 

component—in a solution. [14.1] 

solution A system in which one or more substances are homo- 

geneously mixed or dissolved in another substance. [14.1] 

solvent The dissolving agent or the most abundant component 

in a solution. [14.1] 

specific gravity The ratio of the density of one substance to 

the density of another substance taken as a standard. Water 

is usually the standard for liquids and solids; air, for 

gases. [2.12] 

specific heat The quantity of heat required to change the tem- 

perature of 1 gram of any substance by 1°C. [4.6] 

spectator ion An ion in solution that does not undergo chemical 

change during a chemical reaction. [15.10] 

speed (of a wave) A measurement of how fast a wave travels 

through space. [10.2] 

spin A property of an electron that describes its appearance of 

spinning on an axis like a globe; the electron can only spin 

in two directions and, to occupy the same orbital, two 

electrons must spin in opposite directions. See also or- 

bital. [10.4] 

standard boiling point See normal boiling point. 

standard conditions See STP. 

standard temperature and pressure See STP. 

Glossary G-9 

Stock (nomenclature) System A system that uses Roman nu- 

merals to name elements that form more than one type of 

cation. (For example: Fe?*, iron (II); Fe**, iron (II).) 

[6.4] 
stoichiometry The area of chemistry that deals with the quanti- 

tative relationships among reactants and products in a 

chemical reaction. [9.2] 

STP (standard temperature and pressure) 0°C (273 K) and 

1 atm (760 torr); also known as standard conditions. [12.8] 

strong electrolyte An electrolyte that is essentially 100% ion- 

ized in aqueous solution. [15.7] 

subatomic particles Particles found within the atom, mainly 

protons, neutrons, and electrons. [5.6] 

sublimation The process of going directly from the solid state 

to the vapor state without becoming a liquid. [13.2] 

subscript Number that appears partially below the line and to 

the right of a symbol of an element (example: H2SO,). 

[3.11] 

substance Matter that is homogeneous and has a definite, fixed 

composition; substances occur in two forms—as elements 

and as compounds. [3.3] 

substrate In biochemical reactions the substrate is the unit 

acted upon by an enzyme. [20.7] 

supersaturated solution A solution containing more solute 

than needed for a saturated solution at a particular tempera- 

ture. Supersaturated solutions tend to be unstable; jarring 

the container or dropping in a “seed” crystal will cause 

crystallization of the excess solute. [14.6] 

surface tension The resistance of a liquid to an increase in its 

surface area. [13.4] 

symbol In chemistry, an abbreviation for the name of an ele- 

ment. [3.7] 

system A body of matter under consideration. [3.3] 

temperature A measure of the intensity of heat, or of how hot 

or cold a system is; the SI unit is the Kelvin (K). [2.11] 

tertiary alcohol An alcohol in which the carbon atom bonded 

to the —OH group is bonded to three other carbon 

atoms. [19.14] 

tetrahedral structure An arrangement of the VSEPR model 

where four pairs of electrons are placed 109.5° degrees 

apart to form a tetrahedron. [11.11] 

theoretical yield The maximum amount of product that can 

be produced according to a balanced equation. [9.6] 

theory An explanation of the general principles of certain phe- 

nomena with considerable evidence to support it; a well- 

established hypothesis. [1.4] 

Thomson model of the atom Thomson asserted that atoms 

are not indivisible but are composed of smaller parts; they 

contain both positively and negatively charged particles— 

protons as well as electrons. [5.6] 

titration The process of measuring the volume of one reagent 

required to react with a measured mass or volume of an- 

other reagent. [15.10] 
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torr A unit of pressure (1 torr = 1 mm Hg). [12.3] 

total ionic equation An equation that shows compounds in 

the form in which they actually exist. Strong electrolytes 

are written as ions in solution, whereas nonelectrolytes, 

weak electrolytes, precipitates, and gases are written in the 

un-ionized form. [15.12] 

transcription The process of forming RNA from DNA. [20.5] 

transition elements The metallic elements characterized by 

increasing numbers of d and f electrons in an inner shell. 

These elements are located in Groups IB through VIIB 

and in Group VIII of the periodic table. [10.6] 

transmutation The conversion of one element into another 

element. [18.5] Bee 

transuranium element An element that has an atomic number 

higher than that of uranium (> 92). [18.13] 

triacylglycerol (triglyceride) An ester of glycerol and three 

molecules of fatty acids. [20.3] 

trigonal planar An arrangement of atoms in the VSEPR model 

where the three pairs of electrons are placed 120° apart 

on a flat plane. [11.11] 

triple bond A covalent bond in which three pairs of electrons 

are shared between two atoms. [11.5, 19.2] 

Tyndall effect An intense beam of light passed through a col- 

loidal dispersion is clearly visible but is not visible when. 

passed through a true solution. [15.15] 

un-ionized equation A chemical equation in which all the 
reactants and products are written in their molecular, or 

normal, formula expression; also called a molecular equa- 

tion. [15.12] 

unsaturated hydrocarbon A hydrocarbon whose molecules 

contain one or more double or triple bonds between two 

carbon atoms; classified as alkenes, alkynes, and aromatic 

compounds. [19.3] 

unsaturated solution A solution containing less solute per unit 

volume than its corresponding saturated solution. [14.6] 

valence electron An electron in the outermost energy level of 

an atom; these electrons are the ones involved in bonding 

atoms together to form compounds. [10.5] 

vapor pressure The pressure exerted by a vapor in equilibrium 

with its liquid. [13.3] 
vaporization See evaporation. [13.2] 
vapor pressure curve A graph generated by plotting the tem- 

perature of a liquid on the x axis and its vapor pressure on 

the y axis. Any point on the curve represents an equilibrium 

between the vapor and liquid. [13.5] 

vital force theory A theory that held that organic substances 
could originate only from some form of living material. 

The theory was overthrown early in the 19th century. [19.1] 

volatile (substance) A substance that evaporates readily; a lig- 

uid with a high vapor pressure and a low boiling point. 

[13.3] 
voltaic cell A cell that produces electric current from a sponta- 

neous chemical reaction. [17.6] 

volume The amount of space occupied by matter, measured 

in SI units by cubic meters (m?), but also commonly in 

liters and milliliters. [2.10] 

volume percent (solution) The volume of solute in 100 mL 

of solution. [14.6] 

VSEPR Valence shell electron pair repulsion; a simple model 

for predicting the shapes of molecules. [11.11] 

water of crystallization Water molecules that are part of a 

crystalline structure, as in a hydrate; also called water of 

hydration. [13.13] 

water of hydration See water of crystallization. 

wavelength The distance between consecutive peaks and 

troughs in a wave; symbolized by the Greek letter 

lambda. [10.2] 

weak electrolyte A substance that is ionized to a small extent 

in aqueous solution. [15.7] 

weight A measure of the earth’s gravitational attraction for a 
body (object). [2.1] 

word equation A statement in words, in equation form, of the 
substances involved in a chemical reaction. [8.2] 
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Entries in boldface appear in the Glossary. 

Absolute temperature scale, 32 

Absolute zero, 262 

Accessory pigments, 154 

Acetaldehyde, 520 

Acetic acid, 522 

conductivity of, 371 

equilibrium concentrations in ionization 

of, 403—4 
neutralization of, equations for, 384 

physical properties of, 70 

Acetone, uses of, 519-20 

Acetylene 

ball-and-stick model for, 502 

combustion of, 309 

empirical and molecular formulas of, 

137 

Acetylsalicylic acid (aspirin), 523 

Acid anhydride, 310-11 

Acid-base systems, equilibrium ionization 

of, 400 

Acid ionization constant, 413 

Acidity, scale of, 375-78. See also pH 

Acid rain, 381-82 
effect on the Statue of Liberty, 453 

Acids, 114, 362-90 

derived from binary compounds, 113-14 

Lewis, 365 

naming, 116-18 

reactions with bases, 159, 367 

heat generated in, 161 

single displacement reaction with metals 

with, 157 

See also Brgnsted-Lowry acids and 

bases; Carboxylic acids 

Actinium series, radioactive disintegration 

in, 468 

Activated complex, 422 

Activation energy, 162, 422 

Active site, of an enzyme, 558 

Activity series of metals, 157, 446-48 

Actual yield, 185 

Addition 

of numbers with decimals, A-1—2 

significant figures in, 19-20 

Addition reaction, 505 

Adenine (A), component of DNA, 550 

Adhesive forces, between a liquid and 

walls of a container, 298 

Adhesives, microencapsulated, 346 

Adsorption, 388 

Aeration, of water for drinking purposes, 

313 

Agriculture, applications of chemistry in, 7 

Air, density of, 35 

Air pollution, 284-86 

Alanine, 544 

Alchemists, efforts to transmute mercury 

into gold, 470 

Alcohols, 512-15 

naming, 515-16 

reaction with acids to form esters, 524 

in skin care products, 314 

sphingosine, 542 

thermometer using, 34 

See also Ethanol; Isopropyl] alcohol, 

Methanol 

Aldehyde, 519-20 

naming, 520 

Aldoses, 536 

Algebraic equations, A-3—4 

using to solve Boyle’s law problems, 

260-61 

Alkali metal, 205 

halides of, solubility in water, 329 

Alkaline earth metal, 205 

Alkaline solutions. See Bases 

Alkane, 492—93 

naming, 497-501 

Alkene, 491, 501-2 

naming, 503—4 

reactions of, 505 

Alkoxy groups, in ethers, 518-19 

Alkyl groups, 497 

names and formulas of, 542 

Alkyl halide, 510-12 

Alkyne, 491, 501-2 

naming, 503-4 ; 

Allotrope, 61, 284 

of carbon, 232-33 

Alloys, steel, 61 

Alpha particle, 90, 462, 466 

Aluminum 

reaction with hydrochloric acid, 178-79 

specific heat of, 715 

transmutation to phosphorus-30, 471 

Aluminum compounds 

chloride, as a catalyst, 408 

fluoride 

ionic bonds of, 225 

molecular structure of, 243 

hydroxide, reaction with sulfuric acid, 

152 

oxide, formation of, 226 

use in water purification, 313 

Americium, 103 

Amide structure, in polypeptides, 545 

Amines, biogenic, as neurotransmitters, 270 

Amino acid residues, 545—46 

Amino acid, 544-49 

derived from proteins, list, 546-47 

a-Amino acid, 544 

p-Aminobenzoic acid, 508 

a-Aminobutyric acid, 544 

Ammonia 
geometric structure of, 242, 243 

synthesis of, 405 

equation for, 175 

Ammonium compounds 

chloride, in a cold pack, 164 

nitrate, in instant cold packs, 79 

thiocyanate, reaction with barium 

hydroxide, 162 

Amorphous matter, 47 

Amphoteric substance, 367 

reactions with hydroxides, 367 

Amylase, role in digestion of 

carbohydrates, 539-40 

a-Amylase, sweeteners manufactured 

using, 556-57 

Andreason, George, 4 

Anesthetics, 512, 517-18 

chloroform, 512 

halothane, 512 
methoxyflurane (Penthrane), 518 

nitrous oxide (NO), 518 

organic halides as, 512 

Anhydride, 311 

Aniline (aminobenzene) 

discovery of dyes, 8 

structure of, 507 

Anion, 58, 86 
adsorption on colloids, arsenic(III) 

sulfide example, 388 

formation of, 105 

by nonmetals, 218-19 

oxy-, 114 

Anode, 448 
Anthocyanin, colors of, 154 

Antimony, symbol for, 54 

Apoenzyme, 557 

Applications 

aniline dyes, 8 
of buckminsterfullerenes, 232-33 

of colloids, 389-90 

dry cleaning solvents, 511 

of electrolysis, 449-50 

of enzymes, 556-57 

of ethanol, 514-15 

of ethers, 517-18 

of ethylene glycol, 515 

of fats, in soaps and food products, 

541-42 

of formaldehyde, 519 

of glycerol, 515 

of ketones, 519—20 

measuring body fat, 37 

of methanol, 513 

microencapsulation, 346 



Applications, (continued) 

of nitinol, 4—5 

of organic halides, 512 

of polymers derived from modified 

ethylene monomers, 526 

See also Cosmetics; Health; Medicine 

Aqueous solution, symbol for, in a 

chemical reaction, 148 

Arachidonic acid, structural formula of, 

541 

Aristotle, 84 

Aromatic compounds, 491, 505 

hydrocarbons, 505-6 

Arrhenius, Svante, 86, 363, 370 

Arsenic, isotopes of, 92 

Artificial radioactivity, 472 

Aspartame (sweetener), 8 

discovery of, 308 

ate suffix, 114 

Atherosclerosis, association with high 

cholesterol levels, 544 

1 Atmosphere, standard, 255 

Atmospheric pressure, 254—55 

Atom, 51, 84-96 

Bohr model, 196—97 

Thomson model, 88 

composition of, 87-89 

dimensions of, units of measure, 23 

periodic trends in properties of, 215-18 

structure of, elements | through 20, 

202-4 

Atomic bomb, 103 

chain reaction, 478 

Atomic-force microscope, 201 

Atomic mass, 93-96 

Atomic mass unit, 93-95, 126 

Atomic number, 91 

Atomic radius 

versus ionic radius, selected values, 223 

periodic trends in size of, 216, 217 

Atomic theory 

Dalton’s, 84-86 

modern, 194—209 

Atomos, 84 

Automobile storage battery, 452-54 

Avogadro, Amedeo, 125, 273 

Avogadro’s law, 272-74 

volume-volume calculations based on, 

282 

Avogadro’s number, 125, 172, 274 

Balance, for measuring mass, 12, 28 

Balanced equation, 149 

Ball-and-stick model, 242 

for methanol and ethanol, 512 

Barium compounds 

chloride, reaction with sodium sulfate, 

160 

reaction with ammonium thiocyanate, 

162 

sulfate, 385 

sulfide, formation of, 227 

Barometer, 255 

Bases, 362-90 

complementary, of DNA, 550 

Lewis, 365 

reactions with acids, 159, 161, 366 

See also Brgnsted-Lowry acids and 

bases 

Basic anhydride, 310-11 

Battery 

oxidation-reduction reactions in, 448—49 

storage, for automobiles, 452-54 

zinc-mercury cell, 452 

Becquerel, Antoine Henri, 90, 461 

Benzene, 505-6 

Benzene, empirical and molecular formulas 

of, 137 

Benzoic acid, 523 

structure of, 507 

Beryllium, orbital diagram and electron 

configuration, 203 

Beryllium chloride, structure of, 241 

Berzelius, J. J., 54 

Beta particle, 462, 466-67 

Bhushan, Bharat, 233 

Bicarbonate-carbonic acid buffer, 420 

Bicarbonates, decomposition reaction of, 

157 

Binary compound, acid derived from, 

113-14 

Binding energy, nuclear, 480 

Binnig, Gerd, 201, 203 

Biochemistry, 535-58 

Biological effects 

of acid rain, 382 

of changes in pH, 377, 420-21 

exchange of oxygen and carbon dioxide 

in blood, 421 

of loss of the ozone layer, 285 

See also Health 

Biology, applications of tracer techniques 

in, 481 

Biology, chemistry’s relationship with, 2, 6 

Biostoning, to treat denims, 557 

Birth control pills, steroid derivatives as, 

544 

Bismuth, naming of, 52 

Black, Joseph, measured specific heats, 75 

Blood 

exchange of oxygen and carbon dioxide 

in, 421 

human, pH of, 420 

Bohr, Niels, 103, 196—97 

Boiling point, 298-300 

elevation of, constant, 348 

Bond angle, in water, 234, 305 

Bond length, 305 

Bonds, 215-44 

covalent, of carbon, 490 

ionic, 220-26 

peptide, 545 
polar and nonpolar, 234 

polar covalent, defined, 230 

See also Hydrogen bond 

Boron, Lewis structure for, 219-20 

Boron trifluoride, 238 

structure of, 241 

Boyle, Robert, 258-61 

Boyle’s law, 258-61 

application in scuba diving, 277 

Breeder reactor, 477 

Bromates, formulas for, 227 

Bromine 

addition reaction to an alkene, 505 

molecule of, Lewis structure, 230 

reaction with water, 310 

p-Bromoaniline, 508 

Bromobenzene, 507 

Brgnsted, J. N., 363 

Brgnsted-Lowry acids and bases, 363 

water, 371, 374-75 

Brown, Robert, 387 

Brownian movement, 387 

Biichner, Eduard, 555 

Buckminsterfullerene, 61, 232-33 

Buckyballs. See Buckminsterfullerene 

Buehler, William J., 4—5 

Buffer solutions, 419-21 

Buret, 30 

Butane, 55 

combustion of, equation for, 152—53 

in liquefied petroleum gas, 162n-Butane 

(normal butane), 495 

3—methyl-1—Butanol, 515 

1—phenyl-1—Butanone, naming from the 

structure, 522 

1—Butene, 503 

2—Butene, 503 

1—Butyne, 504 

Butyric acid, 523 

Calcium, ions of, in the body, 119 

Calcium sulfate, hydrates of, 312 

Calcium sulfide, 228 

Calculations 

limiting-reactant, 182-87 

mole-mole, 175-78 

using significant figures in, 18—20 

Calorie (cal), 74 

Capillary action, 298 

Carbocyclic ring system, 543 

Carbohydrates, 535—40 

Carbon, 61 

atom of, 490-91 

atomic mass of, 93 



bonds between atoms, and physical 

properties, 232-33 

compounds of, 489-526 

isotopes of, 92 

orbital diagram and electron 

configuration, 203 

oxidation of, 161—62 

Carbon-12, standard for atomic mass, 93, 

126 

Carbonates 

decomposition reaction of, 157 

Lewis structure for the ion, 239 

reactions of acids with, 366 

Carbon dioxide, 55 

in aerosols, 512 

binding to hemoglobin, 421 

dipoles of, 234 

exchange in blood, 421 

geometric structure of, 241 

lethal concentrations of, 331 

Lewis structure for, 237-38 

pH of solution in water, 381-82 
from reaction of sodium carbonate with 

acid, 384 

Carbon disulfide, reaction with chlorine, 

185-86 

Carbonless carbon paper, 346 

Carbon monoxide 

binding to hemoglobin, 421 

from a comet, 302 

as a fuel, 61 

as a neurotransmitter, 270 

treatment for poisoning by, 277 

Carbon tetrachloride 
geometric structure of, 242, 243 

Lewis structure for, 237, 490 

synthesis from carbon disulfide, 185 

toxicity of, 511 
Carbonyl group, 510, 519 

Carboxyl group, 522 

Carboxylic acids, 522—23 

reaction with alcohols to form esters, 

524 

Cardiovascular disease, 37 

Career, chemistry’s contribution to goals, 2 

Carotenoids, 154 

Catabolism of proteins, 548 

Catalyst, 408 

effects on reaction rate and equilibrium, 

408-9 

for nitrogen fixation, 405 

See also Enzymes 

Cathode, 448 

Cathode rays, 87 

Cation, 58, 86 

adsorption on colloids, iron(II) 

hydroxide example, 388 

formation of, by metals, 218-19 

nomenclature of, 104 

Cellulase, for paper manufacture, 556 

Cellulose, 536 

natural occurrence of, 539 

Celsius scale, 31—34 

Cerebrosides, 542 

structural formula for, 543 

Cesium, use to define seconds, 195 

Chadwick, James, 88 

Chain reaction, 475 

Change-in-oxidation-number method, for 

balancing ionic redox equations, 

445 

Change of state, 301-3 

Charcoal 

activated, uses of, 389 

preparation of, 61 

Charge 
in a balanced equation, 383 

on colloidal particles, 388 

See also Electronegativity; Ion 

Charles, J. A. C., 262 

Charles’ law, 262—65 

Chemical bond. See Bonds 

Chemical change, 70-73 

Chemical equation, 72, 148 

calculations from, 172-87 

see also Equations 

Chemical equilibrium, 398—424 

Chemical formula. See Formula 

Chemical kinetics, 399 

Chemical properties, 69 
and electron configuration, 208 

Chemical reactions. See Reactions; 

Reversible chemical reaction 

Chemistry, 2 

Chemocline, in lakes, 331 

Chemotherapy, 7 

Chernobyl, nuclear accident at, 476-77 

Chlamydia, 18 

Chlorates, formulas for, 227 

Chlorinated fluorocarbons (CFCs), in 

aerosols and refrigerating systems, 

2 

Chlorination, defined, 511-12 

Chlorine 

electronegativity of, 231 

isotopes of, 96 

molecule of, 229-30 

physical and chemical properties of, 69 

physical properties of, 70 

reaction of 

with carbon disulfide, 185-86 

with water, 310 

solution in water, equilibrium, 403 

use in water treatment, 313 

Chlorobenzene, structure of, 506, 507 

Chloroethane, 505 

Chlorofluorocarbon 

effect on ozone layer, 284—85 

use in refrigerants, 61 

Chloroform, as an anesthetic, 512 

Chloronitrobenzene, isomers of, 509 

5—bromo-2—Chlorophenol, 508 

Chlorophyll, 119 
and the color of leaves, 154 

Cholesterol, structural formula for, 543 

Chromosome, DNA of, 553-54 

Chu, Paul, 224 

Citrate ion, 368 

Citric acid, 368 

Clocks, atomic, 195 

Coal tar, 492 

Cobalt-60 radiation source, for developing 

mutant plants, 473 

Coefficient, in a chemical equation, 148 

Coenzyme, 557 

Cohesive force, in a liquid, 298 

Coke 

preparation of, 61 

reaction with carbon dioxide, effect of 

temperature on equilibrium of, 407 

use as a Starting material, for fuels and 

alcohols, 310 

Colligative properties, of solutions, 

347-51 

electrolytes, 374 
osmotic pressure, 352-53 

Colloid mills, 387 

Colloid, 385—86 

preparation of, 386-87 

properties of, 387-88 

stability of, 388-89 

Combination reaction, 156 

Combustion, of hydrocarbons, water as a 

product of, 309 

Comet power, 302 

Common ion, 418 

Common ion effect, 418 

Common name, 101 

of aldehydes, 520 

of ethers, 518 

of organic acids, 522—23 

table of, 102 

Complementary bases, of DNA, 550 

Complex carbohydrates, 539-40 

Compound, 56 
binary ionic, 109-14 

comparison with mixtures, 63 

composition of, 85-86 

quantitative, 125—42 

Lewis structures for, 235-38 

of metals, 54 

of nonmetals, 55 

See also Ionic compound 

Compton, Arthur, 461 

Concentrated solution, 333 

Concentration of a solution, 327, 333-47 

effect on rate of solution of particles, 

331-32 

effect on reaction rate and equilibrium, 

402-6 
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Condensation, 296 

colloid formation by, 386, 387 

Conductor 

graphite as, 61 

metals as, 54 

water as a nonconductor, 309 

Conjugate acids and bases, 363-64 

Conservation 

of energy, 78 

of mass, in a chemical equation, 149 

Conversion factor, 129-32 

mole ratio as, 173 

for units, 23 

temperature scales, 32 

using to solve Boyle’s law problems, 

260-61 

Cooling, by evaporation, 295-96 

Copolymer, 524 

Copper 

atomic mass of, 94 

crystalline, scanning-tunneling 

microscope to display the surface 

of, 198 

oxidation of, 70-71 

reaction with silver ions in solution, 

446-47 

specific heat of, 75 

symbol for, 54 

Copper(II) oxide, 70-71 

Copper(II) sulfate, hydrate of, 312 

Cosmetics 

hair care preparations, 378 

microencapsulated, 346 

skin moisturizers, 314 

Cottrell, Frederick, 389 

Cottrell process, 389-90 

Covalent bond, 229-30 

and oxidation number, 433-34 

representing, in organic compounds, 491 

Creams, emollient, 314 

Crick, Francis H. C., 550 

Critical mass, for nuclear fission, 475 

Crookes, William, 87 

Crookes tube, 87 

Crystalline materials, defined, 47 

Crystal 

diamond, 232 

example 

sodium chloride, 58, 222 

sodium chloride crystal lattice, 223 

surface area of, 330 

C-terminal residue, 546 

Cubic lattice, sodium chloride, 222 

Cubic meter, 30 

Cubit, 22 

Curie, Marie Sklodowska, 52, 461, 465 

Curie, Pierre, 461 

Curie, unit of radioactivity, 473 

eee e cece cere seem eeresseeesseseee 

Curium, 52 

Cyanide ion, binding to hemoglobin, 421 

Cyclamate (sweetener), discovery of, 308 

Cytosine (C), component of DNA, 550 

Dalton, John, 84—85 

Dalton’s atomic theory, 84 

Dalton’s law of partial pressures, 271-72 

Data 

calculations using, 13 

from experiments, 6 

de Broglie, Louis, 197 

Decimals, A-1 

Decimal system, metric system based on, 

21 

Decomposition reaction, 156-57 

following double displacement, 159-60 

Decompression sickness (“bends”), in 

divers, 277 

Defined number, 14 

Definite composition, law of, 85, 133, 312 

Degree, unit of temperature, 31 

Deliquescence, 312 

Demineralization, of calcium and 

magnesium, ‘to treat hard water, 315 

Democritus, 84 

Density, 35-38 

of gases, 276-78 

of human tissues, examples, 37 

values for selected materials, 36 

of water, maximum, 304 

Density equation, solving for mass, 38 

Deoxyribonucleic acid (DNA), 549-52 

Depilatories, pH of, 378 

Desiccants, 313 

Destructive distillation, of coal, 61 

Detergent 

enzymes in, 556 

ionic, 119 

Deuterium, 92, 93 

Dextrose. See Glucose 

Diabetes insipidus, 548 

Diabetes mellitus, 537 

Dialysis, 390 

Diamond, 61, 232 

Diatomic molecule, 58—59 

elements existing as, 104 

1,2—Dibromoethane, 505 

Dichlorobenzenes, structures of, 508 

Dichloromethane, dry cleaning solvent, 511 

Diffusion, 253 

Digital readout, thermometers using, 34 

Dilute solution, 333 

Dilution problems, 341—43 

Dimensional analysis, 23-27, A-6—7 

2,2—Dimethylbutane, 499 

2,3—Dimethylbutane, 499 

Dimethyl ether, 307 

boiling point, 517 

3-chloro-4—ethyl-2,4—Dimethyloctane, 500 

Dinitrogen monoxide, formation of, 180-81 

Dipeptide, 545 

Diphenylmethane, 507 

Dipole, 234 

Dipole-dipole attraction, 306 

Disaccharide, 538-39 

Disinfection, of water for drinking 

purposes, 313 

Disintegration series, radioactive, 468—70 

Dispersion, 385 

colloidal, types of, 386 

colloid formation by, 386-87 © 

Dissociation, 370 

of electrolytes, 373-74 

of sodium chloride, on heating, 86 

Distillation, to treat hard water, 315 

Disubstituted benzenes, 507-8 

Divinyl ether (Vinthene), as an anesthetic, 

517-18 

Division, A-1 

exponents in, A-5 

of numbers with decimals, A-2-3 

significant figures in, 18-19 

DNA, 550 

genetics and, 553-55 

replication of, in cell division, 553 

DNA analysis, 9 

Double bonds, 238, 491 

in alkenes, 501 

Double-displacement reaction, 158-61 

Drinking water, processing to assure the 

safety of, 313-16 

Ductility, 54 

Earth, abundance of elements in, 51, 52 

Effects of pressure, on equilibrium, 404—6 

Effusion, 254 

Einstein, Albert, 52 

Einstein equation, 479 

Einsteinium, 52 

Electrical energy, derived from chemical 

reactions, 450-51 

Electrical neutrality, physiological, 119 

Electrical resistance, 224 

Electric charge, properties of, 86 

Electrolysis, 448 

of water, 71 

Electrolytes, 369-70 

dissociation and ionization of, 370-72 

strong and weak, 372—74 

See also Ions 

Electrolytic cells, 448-54 

Electromagnetic field, effect on alpha, beta, 
and gamma rays, 465-66 

Electromagnetic radiation, 194-96 



Electron, 86, 87 

in atoms, energy levels of, 197-201 

balancing redox equations using transfer 

of, 438 
paired and unpaired, Lewis structures 

for, 219-20 

shared, in covalent bonds, 229-30 

transfer among atoms, 220-26 

valence, 204 
Lewis structure for picturing, 219-20 

and periodic table position, 205 

Electron cloud, 198 

Electron configuration, defined, 202 

symbols, for the heavier elements, 205—6 

Electronegativity, 230-35 

and oxidation number, in covalent 

compounds, 433-34 

Electron microscope, 201 

Electron sea, 198 

Electron structure, of carbon, 490 

Electron transport chain, 433 

Electroplating, 78, 450 

Electrostatic forces, in hydrates, 312 

Element, 50, 51 

ancient Greek list of, 84 

distribution of, 51-52 

molar mass of, 126 

relative electronegativity of, 233 

transuranium, 103, 480 

See also Isotope; Matter; Metal; Noble 

gases; Nonmetal; Periodic table, 

Transition elements 

Emollients, 314 

Empedocles, 84 

Empirical formula, 136 

calculating, 138-40 

of carbohydrates, 536 

versus molecular formula, 136-38 

Endorphins, 270 

Endothermic reaction, 161 

effect of temperature on equilibrium, 407 

Energy, 74 

of activation, 162 

from carbohydrates, 536 

from chemical reactions, 7, 78 

combustion of alkanes, 493 

expressing in equations, 161-62 

formation of sodium chloride, 222 

conservation of, 78 

of ionization, 216-18 

in living organisms, from fats, 541 

from nuclear fusion, 479 

nuclear power for production of, 475-77 

of photons, 196 

Energy barrier to reactions, 422 

Energy levels 

of electrons in atoms, 197-201 

and position in the periodic table, 205 

Energy sublevels, 198. See also Orbital 

Enkephalins, 270 

Environment 

effect of acid rain in, 382 

technological, understanding, 2 

Enzymes, 555-58 
involved in hydrolysis of disaccharides, 

538-39 

Equal (aspartame), 8 

Equations 
balancing, 149-53, 173 

chemical, 148-66 

calculations from, 172-87 

density, solving for mass, 37-38 

dissociation, 373-74 

equilibrium, for strong and weak 

electrolytes, 372-74 

expressing conditions of reaction in, 148 

ideal gas, 278-80 

net ionic, 379, 383-86 

nuclear, 466 

oxidation-reduction, balancing, 438-41 

See also Chemical equation 

Equilibrium, 400 

effects of concentrations of reactants and 

products on, 402 

effects of pressure on, 404—6 

effects of temperature on, 406-8 

Equilibrium constant, 409-10 

Equivalent mass, 343—45 

Equivalent measurements 

SI units for mass, 27 

meter/yard, 22 

Erythrose, structural formula of, 536 

Essential amino acids, 545 
Essential fatty acids, 541 

Esterification reaction, 524 

Esters, 523-24 ' 

physical characteristics of, odors and 

flavors, 525 

Ethanal (acetaldehyde), 520 

Ethane, structural formula for, 494 

1,2-Ethanediol (ethylene glycol), 515 

Ethanol (ethyl alcohol) 

characteristics and uses of, 514—15 

density equation solution for volume, 39 

hydrogen bonding by, 307 

physical properties, boiling point, 517 

from the reaction of water with ethene, 

505 . 
specific heat of, 715 

Ethene 
ball-and-stick model for, 502 

reaction with bromine, 505 

reaction with hydrogen, 505 

Ether, 517-19 
applications of, 518 

Ethyl alcohol. See Ethanol 

Ethylbenzene, 507 
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Ethylene, ball-and-stick model for, 502 

Ethylene glycol, in antifreezes, 515 

Ethyl isobutyl ketone, naming from the 

structure, 521 

3-Ethylpentane, formula for, 500 

Ethyne, ball-and-stick model for, 502 

Evaporation, 295-96 

Exact numbers, 14 

Exothermic reaction, 161 

effect of temperature on equilibrium, 407 

formation of copper(II) sulfate 

pentahydrate, 312 

formation of water, 309 

Exponential notation, A-4 

Exponents, A-4 

Extrapolation, A-9 

Factor-label method, in problem solving, 

23-27 

Fahrenheit scale, 31-34 

Fallout, radioactive, 478 

Families, of elements, 205 

Faraday, Michael, 86, 387, 389 

isolation of benzene by, 505 

Fast foods, nutritional value in, 76 

Fats, 540 

body, measuring, 37 

Fatigue resistance, of nitinol, 4 

Fatty acids, 523 

in fats and oils, 541 

Fermi, Enrico, 103, 461 

Fermium, 103 

Film badge, for measuring radioactivity, 

472 

Filtration, of water for drinking purposes, 

313 

Fission products, 474 

Flexible site model, for enzyme 

attachment, 558 

. Flocculation, water purification using, 313 

Fluoride ion, in drinking water, 314 

Fluorine 

electronegativity of, relative value, 231 

hydrogen bonds formed by, 306 

molecule of, Lewis structure, 230 

nuclear makeup and electron structure, 

202 

orbital diagram and electron 

configuration, 203 

reaction with water, 310 

reactivity of, 55 

Food 

additives to, 135 

preservation of, use of radioactive 

exposure for, 473 

Food and Drug Administration, U.S., 135 

Formaldehyde, 520 

characteristics and uses of, 519 

Formalin, 519 
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Formic acid, 522 

Formula mass. See Molar mass 

Formula 

chemical, 59-61 

for elements, 104 

for ionic compounds, 106-9 

predicting, 227-28 

See also Empirical formula 
Formula unit, 126 

Fossil fuels 

combustion of, 162 

and global warming, 164 

pollution caused by, 286 

pollution from, 382 

See also Energy; Fuels; Hydrocarbon 

Fractions, A-1 

decimal equivalents of, 138 

Free radical, 423 

Free radical mechanism, 423 

Freezing point, 300-301 

defined, 300 

depression of, constant, 347 

Frequency speed, 195 

Fructose 

natural occurrence of, 538 

structural formula of, 536 

cyclic form, 537 

Fuel cells, hydrogen, using sponge iron, 55 

Fuels 

butane, equation for combustion of, 

152-53 

carbon monoxide, 61 

coke, 61 

hydrocarbon, 162 

hydrogen, proposed use, 55 

See also Energy; Fossil fuels 

Fullerenes, 232-33 

Functional group 

of alcohols, 512 

of esters, 523 

in organic compounds, 491 

Fused carbocyclic-ring system, in steroids, 

543 

Galactose 

in glycolipids, 542 

natural occurrence of, 537—38 

structural formula of, 536 

cyclic form, 537 

Galactosemia, 537—38 

Galaxies, distribution of elements in, 51 

Galileo thermometer, 34 

Gamma ray, 467-68 

discovery of, 462 

Gaseous state, symbol for, in a chemical 

reaction, 148 

Gases, 48, 252-86 

color of, response to high voltages, 196 

bbb deme eee nc eens esecseesscsses 

effects of changes in pressure on 

reaction rates and equilibrium, 

404-6 

elements existing as, under normal 

conditions, 51 

formation of, in double-displacement 

reactions, 159-60 

real, 284 

solubility of 

effect of pressure on, 330 

effect of temperature on, 328-29 

units for density of, 35 

Gas laws, combined, 267-69, 271 

Gay-Lussac, J. L., 265 

Gay-Lussac’s law, 265-66, 272-74 

Gay-Lussac’s law of combining volumes, 

272 

Geiger counter, 472 

Gels, cosmetic, emollients in, 314 

General formula 

for alcohols, 512 

for esters, 523 

for ethers, 517 

for triacylglycerols, 540 

Gene, 553-54 

Genetics 

and DNA, 553-55 

effects of radiation exposure, 482-83 

Geology, radioactive dating of deposits, 

469, 470 

Germanium, naming of, 52 

Global warming, 61, 164-66 

Glucoamylase, sweeteners manufactured 

using, 556 

Glucose 

biological importance of, 537 

formation of, in photosynthesis, 162 

isotonic solution of, 351 

oxidation of 

enzyme-catalyzed, 309 

equation for, 175 

structural formula of, 536 

writing structures for, 537 

Glucose isomerase, sweeteners 

manufactured using, 556 

Glycerin (glycerol), as a humectant, 314 

Glycerin (glycerol) 

uses of, 515 

Glycine, 544 

Glycogen, storage of energy as, 536, 539, 

540 

Glycolipids, 542 

Glycylglycine (Gly-Gly), 545 

Gold, specific heat of, 75 

Goldstein, E., 88 

Graduated cylinder, 30 

Graham, Thomas, 254, 390 

Graham’s law of effusion, 254 

Gram, 27, 35 

Graphite, 61, 232 

Graphs, A-7—10 
pressure versus volume, ideal gas, 

259-61 
temperature versus volume, methane, 

263 

vapor-pressure curves, 299-300 

GRAS (generally regarded as safe) 

designation for food additives, 135 

Greenhouse effect, 61, 164-66 

Ground state, 196 

Groups or families 
alkoxy, in ethers, 518-19 

alkyl, 497 

names and formulas of, 542 

carbonyl, 510 

carboxyl, 522 

of elements, 205 

hydroxyl, in humectant compounds, 314 

phenyl, 507 

vinyl, 526 

Guanine (G), component of DNA, 550 

Haber, Fritz, 405 

Haber process, for nitrogen fixation, 405 

Hahn, Otto, 474 

Hair, structure of, 378 

Half-life 

of carbon-14, 470 

in radioactive decay, 463 

of selected isotopes, 464 

Half-reactions, 438 

Halide, alkali metal, solubility in water, 

329 

Halogenation, 510-12 

Halogen, 205 

activity series of, 157 

single-displacement reaction with 
halides, 158 

Halothane, as an anesthetic, 512, 518 

Hard water, 314—15 

Hassium, 103 

Health 

application of microrobotics in, 

proposed, 181 

“the bends,” dissolved gases in blood, 

277 

cancer induced by radiation exposure, 
482 

defects due to mutation, 555 

galactose metabolism, importance to, 

537-38 

glucose, importance to, 537 

measuring body fat, 37 

and nuclear accidents, 477 

pH of hair-care products, 378 

polypeptides 

affecting blood pressure, 548 

important in labor and childbirth, 548 



radiation damage, acute and long-term, 

482 
reducing tooth decay with fluoride, 314 

water treatment, for infectious disease 

prevention, 316-17 

See also Medicine 

Heat, 31 

in chemical reactions, 161—64 

combustion of methane, 493 

quantitative measurement of, 74-78 

See also Endothermic reaction; 

Exothermic reaction 

Heat capacity, 75 

Heating curve, 301 

Heat of fusion, 301 

Heat of reaction, 161 

Heat of vaporization, 301 

of water, 303 

Helium 

density of, 35 
orbital diagram and electron - 

configuration, 203 

Helix structure, double-stranded, of DNA, 

550-51, 552 

Hemicellulase, for paper manufacture, 556 

Hemoglobin, 119 

binding of oxygen to, 421 

Henry’s law, application in diving, 277 

Heredity, 553. See also Genetics 

Heterogeneous matter, 49 

in mixtures, 50, 62 

Hexanal, 521 

3,3—dimethyl-2—Hexanol, writing the 

structure of, 516 

4—methyl-2—Hexanol, naming from the 

structure, 515-16 

4—methyl-3—Hexanone, 521 

5—methyl-3—Hexanone, naming from the 

structure, 5213—propyl-1—Hexene, 

503 

3-Hexyne, writing the structural formula 

for, 504 

4,5—dimethyl-2—Hexyne, 504 

HIV (human immunodeficiency virus), 

enzyme of, complexed with 

-buckminsterfullerene, 232-33 

Holoenzyme, 557 

Homogeneous matter, 49 

in mixtures, 62 

Homologous series, 493 

alcohols as, 512 

aldehydes as, 520 

carboxylic acids as, 522 

Hot packs, 79 
Huffman, Donald, 232 

Human body 

composition of, 535 

Human body, distribution of elements in, 

SRS 

Humectants, 314 

Hybrid representation, of benzene, 506 

Hydrate, 311-12 
of ions, in solutions, 328, 371 

Hydrobromic acid, reaction with potassium 

hydroxide, 160 

Hydrocarbon, 61, 162, 491-92 

derivatives of, 509-10 

Hydrochloric acid, 113 

Hydrofluorocarbons, as refrigerants, 512 

Hydrogen 
addition reaction to an alkene, 505 

atom, 87 
Bohr description, 196 

representation, 200 

atomic mass of, 93 
electronegativity of, 231 

as a fuel, 55 

isotopes of, 92 
Lewis structure for, 219-20 

molar mass of, 126 

molecular 

average velocity at zero Celsius, 252 

bonds in, 229-30 

naming compounds containing, 117-18 

orbital diagram and electron 

configuration, 203 

product of reactions of metals with 

water, 310 
reaction with oxygen, oxidation and 

reduction in, 437 

Hydrogen bond, 305-7 

in DNA, 550 
and the sense of taste, 308 

Hydrogen carbonate-carbonic acid buffer, 

420 
Hydrogen compounds 

chloride 

addition reaction to an alkene, 505 

conductivity of, 371 

formation of, 423 

formation of, equation for, 155 

formation of, free radical mechanism, 

423-24 

iodide 
equilibrium with hydrogen and iodine, 

400-401, 402-3 
mechanism of formation, 422 

peroxide 
composition of, 85-86 
decomposition reaction of, 157 

sulfide 
molecular structure of, 243 

reaction with silver nitrate, equation 

for, 151 

Hydrolysis, 419 

Hydronium ion, 363, 375 

Hydrophobic regions, in sweet-tasting 

molecules, 308 

Hydrostatic weighing, 37 

Hydroxide 
amphoteric, 367 

from reactions of metals with water, 310 

See also Bases 

Hydroxyl groups, in humectant compounds, 

314 

Hygroscopic substances, 312-13 

Hyperbaric units, 277 

Hypertonic solution, 352 

Hypo (sodium thiosulfate), 101 

hypo prefix, 115 

Hypothesis, 6 

Hypotonic solution, 352 

Ice. See Water 

ic suffix, 111 

Ideal gas, 253 

Ideal gas constant, R, 278 

Ideal gas equation, 278-80 

ide suffix, 109 

Immiscibility, 326 

Inch, traditional definition of, 22 

Indicators 

for changes in pH, 377-78 

copper(II) sulfate hydrate/anhydride, 312 

phenolphthalein, 377-78 

Induced radioactivity, 472 

Information, from chemical equations, 

153-55 

Initiation step, in formation of hydrogen 

chloride, 423 

Inner transition elements, 206—7 

Inorganic compounds, 101-19 

Stock System (IUPAC) for naming, 110 

Insulin, structures of, variation among 

animals, 548 

Intelligent materials, 5 

Intermolecular bonds, 306 

Intermolecular forces, basis for sense of 

taste, 308 

International System (SI), 20-21 

base unit of, mole, 125 

units of measurement, A-13 

International Union of Pure and Applied 

Chemistry (IUPAC) 

nomenclature rules of, 497 

rules for naming alcohols, 515-16 

rules for naming alkanes, 498 

rules for naming alkenes and alkynes, 

503-4 

rules for naming carboxylic acids, 522-— 

23 

rules for naming ethers, 518-19 

rules for naming ketones, 520-22 

Inulin, components of, 538 

Iodates, formulas for, 227 

Iodine 

molecule of, Lewis structure, 230 

naming of, 52 

radioactive, 481 



Ton, 58 

discovery of, 86 

forming, 104 

metal, as enzyme activators, 557 

monatomic, oxidation number of, 433 

spectator, 379, 383-84 

Thomson model, 88 

See also Polyatomic ion 

Ion-electron method, for balancing ionic 

redox equations, 442 

Ion exchange, of calcium and magnesium, 

to treat hard water, 315 

Ionic bond, 220-26 

Ionic compound, 106, 234 

binary, 109-14 

metal forming multiple types of, 110 

predicting formulas of, 227-28 
solubility of, 327 

solubility in polar substances, 328-30 

Ionic radius, of metals and nonmetals, 223 

Ionic redox equations, balancing, 441-46 

Ionization, 371 

of water, 374-75 

Ionization constants, 413—15 

Ionization energy, 216 

periodic trend in values of, 216-18 

values for selected elements, 217 

Ionizing radiation, 472, 482 

Ion product constant, for water, 411—13 

Iron 

complex with thiocyanate, equilibrium in 

formation of, 403 

compounds of, sulfide, 63, 140 

in hemoglobin, 119 

reaction with water, 184 

separating from sulfur in a mixture, 62 

specific heat of, 75 

sponge, 55 

symbol for, 54 

Isobutane, 495 

Isomerism, 495 

and structural formulas, 494—97 

Isomers, 496 

alcohols and ethers as, 517 

of chloronitrobenzene, 509 

Isopropyl alcohol (2—propanol), 514-15 

Isotonic saline solution, 351 

Isotope, 92, 462 

agricultural applications, 473 

of carbon, 490 

of uranium, separation of, 254 

ite suffix, 114 

IUPAC, See International Union of Pure 

and Applied Chemistry 

Jewitt, David, 302 

Johns Hopkins Applied Physics Laboratory, 

34 

Joliot-Curie, Frederic, 471 

Joliot-Curie, Irene, 471 

Joule, 74 

Judgment, in assessing risks and benefits, 

9-10 

Karyotype, 555 

Kekulé, August, structure of benzene 

proposed by, 506 

Kekulé structures, for benzene, 506 

Kelvin (unit), 31-34 

Kelvin scale, 31-34 

Keg, 409 

Ketones, 519—20 

Ketoses, 536 

Kevlar, 244 

Kidney dialysis, 390 

Kier, Lamont, 308 

Killer lakes, 331 

Kilocalorie (kal), 75 

Kilogram, 21, 27 

Kilojoule, unit of energy, 74—75 

Kilometer, 21 

Kinetic energy (KE), 74 

equation for, 253 

of gases, 252 

and rate of reaction, 406 

Kinetic-molecular theory (KMT), 

252-54 

solutions, 326 

temperature and solubility, 329 

Kroto, Harold, 232 

Labeled compounds, radioactive, in 

research applications, 481 

Labeling, of factors in a problem, 25—27 

Lactase, 538-39 

Lactose, 538-39 

Laser-force microscope, 201 

Laughing gas, 101 

Lauric acid, 541 

Law of Conservation of Energy, 78 

Law of Conservation of Mass, 73, 149 

Law of Definite Composition, 85, 133, 

312 

Law of Multiple Proportions, 85—86 

Lawrence, E. O., 471 

Laws 

Boyle’s law, 258-61 

Charles’ law, 262—65 

of Conservation of Energy, 78 

of Conservation of Mass, 73, 149 

Dalton’s law of partial pressures, 271-72 

of Definite Composition, 85, 133, 312 

Gay-Lussac’s, 265-66, 272-74 

Graham’s law of effusion, 254 

Multiple Proportions, 85—86 

Pauli exclusion principle, 198 

See also Le Chatelier’s principle 

Le Chatelier, Henri, 401 

Le Chatelier’s principle, 401 

and the common ion effect, 418 

and exchange of oxygen and carbon 

dioxide in blood, 421 

response of equilibrium to temperature 

change, 407 

Lead 

specific heat of, 75 

in storage batteries, 452-53 

Lecithin, structural formula for, 543 

Length, measurement of, 22—23 

Levulose. See Fructose 

Lewis, Gilbert N., 218-19, 229, 365 

Lewis acids and bases, defined, 365 

Lewis structures, 219 

of atoms, 218—20 

complex, 238-40 

of compounds, 235-38 

Libby, W. E, 470 

Light, wavelength of, 195-96 

Lime (CaO), 101 

use in water purification, 313 

Limiting reactant, 182 

Limiting-reactant calculations, 182—87 

Linear structure, molecular, 241 

Line spectrum, 196 

Linoleic acid, structural formula of, 541 

Linolenic acid, structural formula of, 541 

Lipids, 540-44 

Liquefied petroleum gas (LPG), 162 

Liquid crystal, 244 

Liquid crystal display (LCD), 244 

Liquid, 47, 295-318 

elements existing as, under normal 

conditions, 51 

Liquid state, symbol for, in a chemical 

reaction, 148 

Liter, 30 

Lithium phosphide, 228 

Lobes, of p orbitals, 200 

Logarithm (log) , 376 

Long, Crawford W., 518 

Long-term memory, effect of carbon 

monoxide on, 270 

Lowry, T. M., 363 

Lubricants, buckminsterfullerenes as, 233 

McMillan, Edwin M., 480 

Macromolecules, 524—26 

Magnesium 

atomic mass of, 93, 94 

ions of, in chlorophyll, 119 

molar mass of, 126 

nuclear makeup and electron structure, 

202 

oxidation of, balanced equation for, 150 



Magnesium compounds 

bromide, reaction with silver nitrate, 

184, 186 

chloride formation, 224—25 

oxide formation, 226 

selenide, 228 

sulfide, 228 

Malic acid, 368 

Malleability, 54 

Maltase, 538 
role in digestion of carbohydrates, 540 

specificity of, 557 

Maltose, 538-39 

structural formula of, 539 

Manganese dioxide, as a catalyst, 408 

Mass, 12 

atomic, 90 

conservation of, 73, 149 

conversion to energy, fusion reactions, - 

479 
displacement of, solid in a liquid, 38 

of an electron, 87 

measuring, 27-29 

of subatomic particles, 89 

Mass defect, 480 

Mass-energy relationships, in nuclear 

reactions, 479-80 

Mass-mass calculations, 180-82 

Mass number, 92 

Mass percent solution, 335—36 

Mass spectrometer, 93 

Mass/volume percent (m/v), 336 

Materials, intelligent, 5 

Mathematical review, A-1—10 

Matter, 47 

characteristics of, 69-79 

classification of, 47-63 

Mauve, aniline dye, 8 

Measurement, 12-39. See also Units of 

measurement 

Mechanism of reaction, 422 

Medicine 

applications of chemistry in, 7 

diabetes insipidus, treatment for, 548 

diabetes mellitus, treatment for, 537 

enzyme-replacement therapy, 557 

kidney dialysis, 390 

measuring body fat, 37 

microencapsulated pharmaceuticals, 346 

nitinol filter used to trap blood clots, 

4-5 

therapy for Tay-Sachs disease, ai 

transmitting thermometer, 34 

treatment of cancer with radiation, 482 

uses of radionuclides in tests, 481 

See also Health 

Meiosis, 554 

Meissner effect, 224 

Meitner, Lise, 103 

Meitnerium, 103 

Melting point, 300-301 

Memory metal (nitinol), 3-5 

Mendeleev, Dimitri, 103, 204 

Mendelevium, 103 

Meniscus, 298, 299 

Mercury, thermometer using, 34 

Mercury(II) oxide, decomposition of, 149 

Messenger molecules, 270 

Messenger RNA (mRNA), 552 

Metabolism 

of carbohydrates, 539-40 

of fats, 541 

of proteins, 548 

Metal, 54—55 

activity series of, 157, 446-48 

alkali, 205 

alkaline earth, 205 

binary ionic compounds containing, 

109-14 

conduction by, 86 

electroplating of, 450 

ionization energies of, 218 

ions of, as enzyme activators, 557 

periodic trends in properties of, 215 

physical properties of, 54 

reactions of 

with acids, 366 

combination with nonmetals, 156 

with water, 309-10 

single-displacement reactions with acids, 

salts, or water, 157 

Metalloid, elements classified as, 56 

Metal oxide 

combination reaction with water, 156, 

310-11 

decomposition reactions Olly 

double displacement reactions of, with 

acids, 159 

reactions of acids with, 366 

meta- substituted benzenes, 507 

Metathesis reactions, 158-61 

Meter, 22 

Methanal (formaldehyde), 520 

Methane (CHy), 55, 493 

combustion of, 309 

balanced equation for, 150-51 

as a greenhouse gas, 165 

Lewis structure of, 236-37, 490 

in natural gas, 162 

structural formula for, 494 

structure of, 241, 242 

volume-temperature relationship, 263 

Methanol (wood alcohol, methyl alcohol), 

497, 512 

characteristics and uses of, 513 

Methionine, 544 

Methoxyflurane (Penthrane), as an 

anesthetic, 518 

Methyl alcohol. See Methanol 

2—Methylbutane 

writing the structure from the name, 499 

Methyl] ethyl ketone (MEK), 521 

uses of, 519-20 

2—Methylhexane, naming from the formula, 

501 

3—Methylhexane, 500 

Methyl isopropyl ketone, 521 

5-ethyl-3—Methyloctane, 501 

2—Methylpentane, writing the structure 

from the name, 499 

2—Methylpropane, 495 

Metric system, 20-21 

Meyer, Lothar, 204 

Microencapsulation, 346 

Microsecond, 21 

Miescher, Friedrich, discovery of DNA by, 

549-52 

Milk, homogenized, example of colloid, 

386-87 

Milliliter, unit in density measurements, 35 

Millimeter, 21 

Minerals, in seawater, 303 

Miscibility, 326 

Mitosis, 554 

Mixing 

and rate of solution of particles, 332 

solution of nonpolar materials as, 328 

Mixture, 49-50, 61-63 

Moisturizers, 314 

Molality, 349 

Molarity, 337—41 

defined, 337 

Molar mass, 126, 172 

of compounds, 129-32 

Molar volume, of a gas, 274 

Mole, 125-29 

expressing in a chemical equation, 154— 

55 
of gases, volume of, 252 

relationship with molecules, 172 

Mole-mass calculations, 178-79 

Mole-mole calculations, 175-78 

Mole ratio, 173 

Molecular formula, 137 

calculating from the empirical formula, 

140-42 

Molecular structure, 240-41 

Molecule, 56 

covalent bonds in, 229-30 

diatomic, elements existing as, 58-59 

nonpolar, defined, 234 

polar covalent, defined, 234 

See also Compound; Polar covalent 

molecules 

Monomer, 524 

Monosaccharide, 536-38 

Monosubstituted benzenes, naming, 507 



Morton, William T., 518 

Multiple proportions, law of, 85-86 

Multiplication, A-1 

exponents in, A-5 

of numbers with decimals, A-2 

significant figures in, 18-19 

Mutation 

as an error in DNA replication, 555 

from ionizing radiation, 483 

Myoglobin, storage of oxygen by, 421 

Myristic acid, 541 

Names/naming. See Nomenclature 

Nanometer, 23 

Natural waters, 313-16 

Naval Ordnance Laboratory, 3—5 

Nematic crystal, 244 

Neon, orbital diagram and electron 

configuration, 203 

Neptunium, 103 

discovery of, 480 

Neptunium series, radioactive disintegration 

in, 468 

Net ionic equation, 383-86 

Neurotransmitter molecules, 270 

Neutralization, 159, 378-81 

Neutral solution, 375 

Neutron, 88 

Nielsbohrium, proposed name, 103 

Nitinol, 4—5, 7 

Nitrate ion, 60 

Lewis structure for, 238-39 

Nitric acid, reaction with zinc, 180-82 

Nitric oxide 

binding to hemoglobin, 421 

effect of pressure on formation of, 406 

as a neurotransmitter, 270 

in smog, 286 

Nitrobenzene, structure of, 507 

Nitrogen 

molecule of, Lewis structure, 230 

orbital diagram and electron 

configuration, 203 

transmutation to oxygen, 471 

Nitrogen fixation, Haber process for, 405 

Nitrogen monoxide. See Nitric oxide 

Nitrogen oxide 

from burning fossil fuels, 382 

reversible reactions among, 398 

in smog, 286 

See also Nitric oxide 

o-Nitrophenol, 508 

m-Nitrotoluene, 508 

Nitrous oxide (N,O), as an anesthetic, 518 

Nobel, Alfred, 103 

Nobelium, 103 

Noble gas configuration, stability of, and 

formation of ionic compounds, 227 

Noble gases, 205 

arrangement of electrons in, 221 

complexes with buckminsterfullerenes, 

232 

Nomenclature 

for SI units, 21 

for alcohols, 515-16 

table, 513 

for aldehydes and ketones, 520—22 

for alkanes, 497-501 

list, 493 

for alkenes and alkynes, 503-4 

for anions, 105 

for aromatic compounds, 507—9 

for elements, 52 

for enzymes, 557 

for ethers, 517-19 

for inorganic compounds, 101-19 

for peptides, 546-48 

for saturated aliphatic carboxylic acids, 

list, 523 

for sugars, 536 

Nonelectrolyte, 369-70 

Nonmetal, 55 

binary compounds with two, 112-13 

combination with oxygen or metals, 156 

ionization energies of, 218 

periodic trends in properties of, 215 

reactions with water, 310 

Nonmetal oxide, combination reaction with 

water, 156, 310-11 

Nonpolar covalent bond, 234 

solubility characteristics of, 328-30 

Nonstick surface, fluorochemical coating 

as, 511 

Norlutin, structural formula for, 543 

Normal boiling point, 298 

Normality, 343—45 

N-terminal residue, 546 

Nuclear binding energy, 480 

Nuclear chemistry, 461-83 

Nuclear fission, 474—75 

Nuclear fusion, 478—79 

Nuclear power, 475-77 

Nuclear radiation, characteristics of, 469 

Nuclear reactor, 475-76 

Nuclear scanning, of the heart, 481 

Nucleic acid, 549-52 

Nucleons, 462 

Nucleotide, 550—51 

structures of, 550 

Nucleus, atomic, 90, 91 

Nuclide, 462 

Number of molecules, and pressure of a 

gas, 256-57 

Number, atomic, 50, 91 

Numerical value, of a measurement, 13—14 

Nutrasweet (aspartame), 8 

Nutrition 

fats and energy, 76 

microencapsulated cooking materials, 

346 

Obesity, 37 

Octane, combustion of, 179 

7-methyl-2—Octene, writing the structural 

formula for, 504 

Oils, 540 

Ointments, emollient, 314 

Oleic acid, structural formula of, 541 

Onnes, Heike Kamerlingh, 224 

Orbital, 197 

d 

representation of, 200 

of transition elements, 206 

and energy levels, 198 

f, 200, 206-7 

Dp 
overlapping in the chlorine molecule, 

229-30 

representation of, 199-200 

s, 229 

representation of, 199-200 

Orbital diagram, 202 

Organic chemistry, 61, 489-526 

Orthodontics, application of nitinol in, 4 

ortho-substituted benzenes, 507 

Osmosis, 351—53 

Osmotic pressure, 351—53 

ous suffix, 111 

Oxidation, 437 

of glucose, 309 

Oxidation number, 433-36 

Oxidation-reduction, 433-54 

Oxidation state, 433-36 

defined, 434 

Oxide. See Metal oxide; Nonmetal oxide 

Oxidizing agent, 437 

Oxy-acids, naming, 117-18 

Oxygen 

atomic mass of, 93 

exchange in blood, 421 

free, and in water, 59 

hydrogen bonds formed by, 306 

isotopes of, 92 

laboratory preparation of, use of catalyst 

for, 408-9 

molecules of, electron structure, 229-30 

orbital diagram and electron 

configuration, 203 

See also Metal oxide; Nonmetal oxide; 

Ozone 

Oxytocin, amino acid sequence of, 548 
Ozone 

atmospheric, 284 

effects of CFCs on, 512 

use in water treatment, 313 



Palmitic acid, 541 

Palmitoleic acid, 541 

Papain, meat tenderizers containing, 556 

Paraffins. See Alkanes 

para-substituted benzenes, 507-8 

Parentheses, in chemical formulas, 60 

Parent shape, nitinol, 4-5 

Partial charge (8), 231 

Partial pressure, 271 

Particle size 

in colloids, 386 

and rate of solution of solids, 330 

Parts per million (ppm), 335 

Pasteur, Louis, 8 

study of enzyme-catalyzed reactions, 555 

Pauli exclusion principle, 198 

Pauling, Linus, 231 

Pectinase, 556—57 

Pentanal, 521 

Pentane 

combustion of, 180-82 

structural formulas and condensed 

formulas for isomers, 496-97 

2—Pentanone, 521 

4—methyl-2—Pentene, 504 

Peptide linkage, 545 

Percent composition of a compound, 

132-36 

Percent ionization, calculation of, 415 

Percent yield, 185 

Periodic table, 205 

classification of elements as metals, 

metalloids, and nonmetals, 57 

and electron structures, 204—9 

Periodic trends 

in electronegativity, 231, 233 

in ionization energy, 216-18 

Period of the elements, 205 

Perkin, William, 8 

Permanganate ion, 114 

in solution, 326 

Petroleum, 162, 492. See also 

Hydrocarbons 

pH, 375-78 

and concentration of acetic acid and 

acetate ion in solution, 404 

control of, with buffers, 419-21 

Phase, 49 

Phenol (hydroxybenzene), 507 

Phenolphthalein, as an acid/base indicator, 

377-718 

Phenyl group, 507 

Phenyl n-propyl ketone, 522 

3-chloro-2—Phenylpentane, 507 

Phosphate system buffer, 420 

Phospholipid, 542 

Phosphorus, electron configuration, 207 

Phosphorus-30, decay of, 471 

Phosphorus trichloride 
reaction with chlorine, effect of 

temperature on equilibrium of, 

407-8 
reaction with sulfur, effect of catalysts 

on rate of, 408 

Photochemical process, creating smog, 286 

Photochromic glass, 442 

Photon, 196 
gamma ray as, 467-68 

initiation of reactions by, HCl example, 

423 
Photosynthesis 

and carbon dioxide in the atmosphere, 

165 
energy for, 78, 162 
equation for reactions of, 154 

and oxygen in the atmosphere, 59 
source of carbohydrates, 536 

tracers to follow the process of, 481 

Physical change, 70 

Physical properties, 69 

of butane isomers, 495 

density, 35 
fatigue resistance of nitinol, 4 

of gases, solids and liquids, 48 

of hydrogen compounds of Group VIA 

elements, 304 

of nonmetals, 55 

of selected liquids, 299 
specific heat, 75 

of water, 58 

Physical states of matter, 47 

expressing in a chemical equation, 148 

Physics, chemistry’s relationship with, 6 

Physiological saline solution, 351 

Pigments, accessory, 154 

Pipet, 30 

Planck, Max, 196 
Planck’s quanta, 197 

Plants, capillary action in, 298 

Plaster of Paris, 312 

Plastics, synthetic polymers as, 525 

Platinum, 70 

Plutonium 
Pu-239, in an atomic bomb, 478 

discovery of, 103, 480 

pOH, 412-13. See also Bases 
Polar covalent bond, 230 

Polar covalent molecule, 234 

dipole-dipole attraction between, 306 

solubility in polar substances, 328-30 

water, 243, 305 

Polarity, of compounds with humectant 

properties, 314 

Pollution, water, 316-18 

Polonium, discovery of, 461-62 

Polyatomic ion, 114 

compounds containing, 240 

naming, 114-16 

oxidation numbers in, 435-36 

Polyethylene (polythene), 525 

Polyhydroxy alcohol, 513 

Polymer, 524—26 

defined, 524 

proteins as, 544 

Polymerization, 524 

Polypeptide, 545 

Polypropylene glycol, as a humectant, 314 

Polysaccharide, 539-40 

Polysubstituted benzene, naming, 508 

Polyunsaturated compound, 541 

Polyvinylchloride (PVC), 526 

Positron, emission of, radioactive decay, 

471 

Potassium compounds 

carbonate, calculating the empirical 

formula of, 139 

chlorate 
decomposition of, equation for, 151 

decomposition reaction Of May, 

reaction with sugar, 162-63 

dichromate, reaction with potassium 

iodide, 176 

hydroxide, reaction with hydrobromic 

acid, 160 
iodide, reaction with potassium 

dichromate, 176 

permanganate, solutions of, 326 

phosphide, 228 

Potential energy, 74 

Powers of ten, A-4 
for indicating significant zeros, 15 

in scientific notation, 17 

Precipitation 

of calcium and magnesium, to treat hard 

water, 315 

in double-displacement reactions, 159 

and solubility product constant, 415 

Prefixes 

for naming binary compounds, 112-13 

for naming compounds containing 

polyatomic ions, 115 

Pressure, 254 

effects of 

on reaction rates and equilibrium, 

404-6 
on solubility, 330 

of gases 

factors affecting, 256-57 

measuring, 254-56 

partial, Dalton’s law of, 271-72 

physiological effects of changes are, 

standard, defined, 266 

Primary alcohol, 512 

Principal energy levels of electrons, 197 

Probability, and orbitals, 200 

Problem solving, 13, 23-27 

Process, chemistry as, 3—5 

Product, of chemical reactions, 72, 148 



Proof, of alcoholic beverages, 337 

Propagation step, free radical mechanism, 

423 

Propane 

combustion of, equation for, 155 

in liquefied petroleum gas, 162 

structural formula for, 494—95 

1—Propanol, 515—16 

2—Propanol (isopropanol), 515 

Propanone, 521 

Properties, 69 

Propylene, molecular formula and 

empirical formula of, 141 

Protein, 544—49 

in hair, 378 

synthesis of, direction by RNA, 552 

of taste buds, 308 

Protium, 92, 93 

Proton (hydrogen ion), 88 

binding to hemoglobin molecule, 421 

hydrated, 375 

number of, and atomic number, 91 

Pure substance, defined, 49 

Quanta, 196 

Quantum mechanics, 197 

Quicksilver, 101 

Rad, 473 

Radiation 

biological effects of, 482-83 

ionizing, 472 

units of, list, 474 

Radiation absorbed dose (Rad), 473 

Radioactive decay, 463 

Radioactive elements 

disintegration series, 468—70 

iodine, for determining thyroid function, 

481 

Radioactive elements, plutonium, 103 

Radioactivity 

artificial, 471-72 

discovery of, 90, 461-63 

measuring, 472-74 

natural, 463-65 

Radiocarbon dating, 470 

Radionuclide, 462 

use in medical tests, 481 

Radium, discovery of, 461-62 

Rain forest, destruction of, and global 

warming, 164-65 

Rainwater, pH of, 381-82 

Rate of solution, of solids, 330—32 

Rates of reaction, 399 

effect of temperature on, 406-8 

Reactant, in a chemical equation, 72, 148 

excess, 183-84 

limiting, 182—83 

Reaction mechanisms, 422-24 

Reactions 

chemical, energy required for, 78 

double-displacement, 158-61 

oxidation-reduction, 433-54 

in solutions, 332 

See also Chemical reactions; Reversible 

chemical reaction 

Real gases, 284 

Redox reactions, 433-54 

See also Oxidation-reduction 

Reducing agent, 437 

Reduction, 437 

Refrigeration, applications of chemistry in, 

7 

Rem, 473 

Remsen, Ira, 308 

Representative element, 205, 206 

Resonance structure, 239 

Reversible chemical reaction, 398—99 

binding of oxygen to hemoglobin, 421 

Ribonucleic acid (RNA), 549-52 

Ribose 

occurrence of, 538 

structural formula of, 536 

cyclic form, 537 

Ribosomal RNA (rRNA), 552 

Ribosome, protein synthesis site, 553 

Risk assessment and management, 9-10 

Risks and benefits, from chemical 

applications, 9-10 

RNA (ribonucleic acid), 549-52 

Robots, micro, 181 

Roentgen, Wilhelm Konrad, 461 

Roentgen, 473 

Rohrer, Heinz, 201, 203 

Rounding off numbers, rules for, 16 

Rubbing alcohol, 514-15 

Rubidium 

atomic mass of, 94 

electron configuration of, 209 

Rutherford, Ernest, 90, 462, 471 

Saccharides. See Carbohydrates 

Saccharin 

discovery of, 308 

Safety 

of carbon tetrachloride for dry cleaning, 

Sil 

consideration in risk assessment, 9-10 

film badges, to measure exposure to 

radioactivity, 472 

toxicity of methanol, 513 

See also Toxic substances 

Salicylic acid (a-hydroxybenzoic acid), 523 

Salts 

as products of reactions between acids 

and bases, 367, 369 

single-displacement reactions with 

metals, 158 

Sand, use in water purification, 313 

Sanger, Frederick, 548 

Saponification, 542 

Satellite map, ozone depletion region 

shown on, 286 

Saturated fatty acids, 523 

in fats and oils, 541 

Saturated hydrocarbons, 491. See also 

Alkane 

Saturated solution, 333-34 

Saturated solution, 333 

Scale 

for measuring temperature, 31 

for measuring weight, 12 

See also Units of measurement 

Scanning-probe microscope, 201 

Scanning-tunneling microscope, 198, 201 

Schinazi, Raymond, 232 

Schlatter, James, 8, 308 

Schrédinger, Erwin, 197 

Science, relationships among disciplines, 

6-9 

Scientific laws, 6. See also Laws 

Scientific method, 5—6 

flow chart, 7 

Scientific notation, 16-17 

Scintillation camera, for observing the 

heart, 481 

Scintillation counter, 472—73 

Screening, of water for drinking purposes, 

313 

Seaborg, Glenn T., 103 

Seaborgium, 103 

Seawater, drinking water from, 315-16 

Secondary alcohol, 512 

Seconds, standard definition of, 195 

Semipermeable membrane, 351 

Senay, Matthew C., 302 

Serendipity, in science, 7, 8 

SI. See International System 

Sickle-cell anemia, 555 

Significant figure, 13-15, A-6 

of numbers with decimals, A-2—3 

pH example, 377 

Silver 

ions of, reaction with copper in solution 

446-47 

symbol for, 54 

Silver compounds 

bromide, formation of, 184, 186 

chloride, in ionic equations, 384 

nitrate 

reaction with hydrogen sulfide, 

equation for, 151-52 

reaction with magnesium bromide, 

184-85, 186 

thiocyanate, 403 



Single bond, 220, 491 

Single-displacement reaction, 157-58 

Skeleton equation, for a chemical reaction, 

149 
Smalley, Richard, 232 

Smog, components of, 286 

Soap, preparation from fats, 542 

Sodium 

molar mass of, 126 

nuclear makeup and electron structure, 

202 
orbital diagram and electron 

configuration, 203 

symbol for, 54 

Sodium chloride (table salt), 69 

as a binary ionic compound, 109, 

221-22 
dissociation of, 86 
dissociation into hydrated ions, 371 

formula of, 59-60 

as an ionic compound, 58 

isotonic solution of, 351 

Lewis representation of formation of, 

222: 
melting point, 33 

molten, electrolysis of, 450 

saturated solution of, dynamic 

equilibrium in, 400 

Sodium compounds 

fluoride, formation of, 225 

hydroxide, preparation from brine, by 

electrolysis, 449-50 

nitrate, decomposition reaction of, 157 

sulfate, reaction with barium chloride, 

160 
sulfide, formation of, 226 

Sol, 387 
Solids, 47 

sublimation of, 296 

Solid state, symbol for, in a chemical 

reaction, 148 

Solubility, 326-27 
of ionic compounds, 327 

in polar substances, 328-30 

of lipids, 540 
of nonpolar molecules, 328-30 

of polar covalent molecules in polar 

substances, 328-30 

predicting, 327-30 

of salts of selected ions and anions, 

table, A-14 

table of, A-14 

Solubility product constant, 415-19 

Solute, 325 

Solution, 325-53 
pH for, list, 376 

Solvent, 325 

boiling point elevation and freezing 

point depression constants of, 348 

saturated ethers as, 517 

Sorbitol, as a humectant, 314 

Specific gravity, 38 

Specific heat, 75 
Spectator ion, 379, 383-84 

Spectrum 
electromagnetic, 195 

hydrogen, 196-97 

Speed, of waves, 195 

Sphingosine, 542 

Spin, 198 

Sponge iron, 55 
Standard boiling point, 298 
Standard temperature and pressure 

(STP), 266 

Standard units, SI, 21 

of mass, 27 

of time, 195 

Standing wave, 198 

Starches, 536 

sources of, 539 
Statue of Liberty, effect of acid rain, 453 

Stearic acid, 541 

Steel, carbon in, 61 

Sterilization, of insects, by exposure to 

radiation, 473 

Steroids, 542, 543-44 

Stevens, Charles, 270 

Stock System (IUPAC), for naming 

inorganic compounds, 110 

Stoichiometry, 173-74 

concentration of solution problem 

involving, 343 

involving gases, 280-83 

Stoney, G. J., 86 

Strassmann, F., 474 

Stratosphere, 284 
Strong electrolyte, 372 

Strontium, long-term radiation damage 

from Sr-90, 482 

Structural formula, organic compounds, 

494-97 

Subatomic particles, 87 

Sublimation, 296 

Subscript, 60 

Substance, 49 

Substrate, 557 

Subtraction 

of numbers with decimals, A-2 

significant figures in, 19-20 

Sucrase, 538-39, 557 

Sucrose, 538-39 

structural formula of, 539 

Sugars, 536—40 
physical properties of, 70 

solutions of, 325-26 

Sulfur, separating from iron in a mixture, 

62 

Sulfur compounds 

dioxide, 55 

hexafluoride, 238 

oxides, from burning fossil fuels, 382 

Sulfuric acid 

formula of, 59-60 

reaction with aluminum hydroxide, 

equation for, 152 

Sun, energy output of, 479 

Sunglasses, application of oxidation- 

reduction reactions, 442 

Superconductors, 224 

Supersaturated solution, 334 

Surface tension, 297—98 

Suspension, 385 

Sveda, Michael, 308 

Sweetness, 308 

Symbols 

J, joule, 74 

K,, acid ionization constant, 413 

I oe equilibrium constant, 409 

K,,, solubility product constant, 415 

K,,, ion product constant for water, 411 

M, molarity, 337 

R, ideal gas constant, 278 

T, absolute temperature, 262 

a, alpha particle, 467 

B, beta particle, 467 

d, density, 276 

dash, for electron pairs, 230 

e~deprecwol 

8, partial charge, 231 

dotted line, for hydrogen bonds, 306 

double arrow, for reversible reactions, 

398 
electron configuration of heavier 

elements, 205 

for the elements, 53-54 

isotopic notation, 92 

‘y, gamma ray, 467—68 

for indicating dipoles, 234 

d, wavelength, 194 

m, molality, 349 

mol, mole, 125 

n, principal energy levels, 197 

v, frequency, 195 

for orbitals 

d, 200 

f, 200 

p, 199 

s, 198 

for particles associated with nuclear 

chemistry, 462 

for physical states, expressing in a 

chemical equation, 148 

representation of elements and 

compounds with, 59 

t, Celsius temperature, 262 

@, relationship of trapped atoms to 

buckminsterfullerenes, 232 

Synthesis, equations expressing, 156 

Syringe, 30 

System, 49 



Systeme Internationale (SI). See 

International System 

Tay-Sachs disease, enzyme-replacement 

therapy for, 557 

Temperature, 31 

density and volume changes with, 35 

effect of 

on pressure of a gas, 256-57 

on reaction rate and equilibrium, 

406-8 

on solubility, 328-29 

versus heat, examples of differences, 75 

measuring, 14, 31-34 

Kelvin scale, 262 

of a melting solid, 300-301 

and rate of solution of solids, 330 

relationship between Celsius and 

Fahrenheit measures of, A-7—9 

standard, defined, 266 

Termination step, free radical mechanism, 

424 

Tertiary alcohol, 241, 242, 512 

Tetrahedral structure 

of carbon, 490 

2,3,4,6-Tetramethylheptane, 500 

Theoretical yield, 185 

Theory, 6 

atomic, 84—86 

kinetic-molecular, 252-54, 326, 329 

See also Laws 

Thermistor, for measuring temperature, 34 

Thermometer, 31—34 

digital readout, 34 

mercury, 34 

Thomson, Joseph, 86, 87, 88-89 

Thomson model of the atom, 88 

Thorium series, radioactive disintegration, 

468 

Three Mile Island, nuclear accident at, 

476-77 

Thymine (T), component of DNA, 550 

Tin 

electron configuration, 207 

reaction with nitric acid, balancing the 

redox equation for, 438-39 

symbol for, 54 

Titration 

acid/base, 379-80 

defined, 379 

TNT (2,4,6-trinitrotoluene), 508 

Toluene (methylbenzene), 507 

p-Toluic acid, 523 

Torr, unit of pressure, 255 

Torricelli, E., 255 

Total ionic equation, 383 

Toxicity, of molecules competing with 

oxygen in hemoglobin binding, 421 

Toxic substances 

carbon monoxide, 61 

carbon tetrachloride, 511 

ethanol, 514 

ozone, 285 

Tracers, for research and medical tests, 481 

Transcription, for synthesis of RNA, 552 

Transfer RNA (tRNA), 552 

Transition elements, 205 

compounds of, in paints, 108 

electron configuration of, 206 

inner, 206-7 

metals, 105—6 

Transition, liquid-solid-gas, as reversible 

processes, 398 
Transmutation, 470-71 

in breeder reactors, 477 

Transuranium elements, 103, 480 

Triacylglycerol, 540 

Triboluminescence, 87 

Tribromobenzene, isomers of, 509 

1,2,4—Tribromobenzene, 508 

1,1,1—Trichloroethane, 511 

Triglycerides, 540 
Trigonal planar structure, 241 

2,2,4—Trimethylpentane, formula for, 500 

1,3,5—Trinitrobenzene, 508 

2,4,6—-Trinitrotoluene, 508 

Triple bond, 491 

in alkynes, 501 

Trisubstituted benzenes, naming, 508 

Tritium, 92 

atomic mass (atomic weight), 93 

Tungsten, symbol for, 54 

Tyndall, John, 387 

Tyndall effect, 387—88 

Tyrosylalanylglycine (Tyr-Ala-Gly), 

structural formula of, 545 

Un-ionized equation, 383 

Units of measurement, 13-15, A-12—13 

for acidity, pH, 375-78 

for concentration 

list, 347 

moles per liter of solution, 337 

for density, mass per unit volume, 35, 

276 

for exposure to gamma rays, Roentgen, 
473-14 

for normality, equivalents per liter of 

solution, 343 

for pressure, torr, 255-56 

for radiation absorbed, rad, 473-74 

for radiation damage potential, rem, 

473-74 

for radioactivity, curie, 473-74 

standard, SI, 21, A-13 

for temperature, degree, 31 

treating as numbers, 23—24 

for volume, 30 

Unsaturated acid, in fats and oils, 541 

Unsaturated hydrocarbon, 491 

Unsaturated solution, 334 

Uracil, in RNA, 552 

Uranium 

U-235, in an atomic bomb, 478 

fission of, 474-75, 476 

Uranium series, radioactive disintegration, 

468, 469 

Valence electron, 204 

Lewis structure for picturing, 219—20 

and periodic table position, 205 

Valence shell electron pair repulsion 

(VSEPR) model, 241-43 

Vaporization, 295 

Vapor pressure, 296-97 

and colligative properties, 348 

of selected liquids, 299 

of water, as a function of temperature, 

A-12 

Vapor-pressure curve, 299-300 

Vasopressin, amino acid sequence of, 548 

Vegetable oils, as sources of unsaturated 

lipids, 541 

Velocity, of alpha and beta particles, and of 

gamma rays, 468 

Villard, Paul, 462 

Vinyl group, 526 

Vital-force theory, 489 

Vitamins 

coenzyme, 557 

D3, 102 

Volatility, 297 

Voltaic cell, 451-54 

Volume, 30 

of gases 

and pressure, 258-61 

solids and liquids, 48 

measuring, 30-31 

of a mole of a gas, 252 

Volume percent, 336-37 

Volumetric flask, 30 

Volume-volume calculations, for ideal 

gases, 282-83 

VSEPR, 241-43 

Wang, Frederick, 4—5 

Water 

addition reaction to an alkene, 505 

boiling point of, 298 

bond length of, 305 

calculating the empirical formula of, 
138-39 

chemical properties of, 309-11 

composition of, 85-86 

decomposition of, 71, 73 

density of, and temperature, 35 



formula of, 59 

geometric structure of, 240-41, 242-43 

as a greenhouse gas, 165 

ionization of, 374—75 

ion product constant for, 411—13 

Lewis structure for, 236 

as a molecular compound, 58 

occurrence of, 303 

physical properties of, 70, 303-4, 305-7 

as a polar covalent molecule, 234, 243, 

305 
single-displacement reaction with metals, 

157 

specific heat of, 75 

standard for specific gravity, 38 

structure of the molecule, 305 

synthesis of, 176-77 

Water gas, formation of, 310 

Water of crystallization, 311 

removing, 312 

Water of hydration, 311 

Water pollution, 316-18 

classification of pollutants, 317 

Water treatment 

charcoal used in, 61 

softening hard water, 315 

Watson, James D., 550 

Wavelength, defined, 194 

of light, units of measure of, 23 

Wave mechanics, 197 

Weak acids, ionization constants of, list, 

414 

Weak electrolyte, 372 

Weight, defined, 12 

Wilkin, Maurice H. F., 550 

Wohler, Friedrich, synthesis of urea by, 489 

Wood alcohol. See Methanol 

X rays, 461 

Yield, 185 
theoretical, actual and percent, 185 

Yield calculations, 182-87 

Zeolite, water treatment using, 315 

Zero, and significant figures, 14-15 

Zinc 
electron configuration, 208 

reaction with nitric acid, 180-82 

reaction with sulfuric acid, oxidation and 

reduction in, 437 

Zinc-copper cell, 451 

Zinc-mercury cell, alkaline, 452 
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NAMES, FORMULAS AND CHARGES OF COMMON IONS 

Positive Ions (Cations) Negative Ions (Anions) 

Ammonium NH,* Acetate 
Copper(I) Cu* Bromate 

(Cuprous) Bromide 

Hydrogen Chlorate 

Potassium Chloride 

Silver Chlorite 

Sodium Cyanide 

Fluoride ae 

aoe Hydride 
Cadmium 

ae Ai Hydrogen carbonate 

Cobalt(II) (Bicarbonate) 

Copper(II) Hydrogen sulfate 

(Cupric) (Bisulfate) 

Iron(II) Hydrogen sulfite 

(Ferrous) (Bi sulfite) 

Lead(ID Hydroxide 

Hypochlorite 

Iodate 

Iodide 

Nitrate 

Magnesium 

Manganese(II) 

Mercury(II) 

(Mercuric) 

Nickel(II) i oe 

Tind]) erchlorate 

Permanganate 
(Stannous) 

Thiocyanate 
Zinc 

Aluminum Carbonate 

Antimony(II]) Chromate 

Arsenic(III) Dichromate 

Bismuth(II]) i Oxalate 

Chromium(III) Oxide 

Iron(IIT) Peroxide 

(Ferric) Silicate 

Titanium(III) i Sulfate 

(Titanous) Sulfide 

Sulfite 
Manganese(IV) 

Tin(IV) Arsenate 

(Stannic) Borate 

Titanium(IV) Phosphate 

(Titanic) Phosphide 

Phosphite 
Antimony(V) 

Arsenic(V) 



PREFIXES AND NUMERICAL VALUES FOR SI UNITS 

E 
P 
it 
G 
M 
k 
h 
da 

d 
€ 
m 
bh 
n 
p . 

f 
a 

Numerical value 

1,000 000,000,000 ,000 ,000 
1,000,000 ,000,000,000 
1,000 000,000,000 
1,000 000,000 
1,000,000 
1,000 
100 
10 
| 
0.1 
0.01 
0.001 
0.000001 
0.000000001 
0.00000000000 1 
0.00000000000000 1 
0.00000000000000000 | 

Power of 10 
equivalent 

SI UNITS AND CONVERSION FACTORS 

SI unit: meter (m) 

= 1.0936 yards 

0.3937 inch 

= 2.54 centimeters | | pound 

(exactly) 

= 0.62137 mile 

5280 feet 

1.609 kilometers 

= 10°! meter 

meter 

centimeter 

inch 

kilometer 

mile = 1 ton 

1 ounce 

1 atomic 

angstrom 

mass unit 

| kilogram = 

SI unit: kilogram (kg) 

= 1000 grams 

2.20 pounds 

= 453.59 grams 

= 0.45359 kilogram 

16 ounces 

2000 pounds 

907.185 kilograms 

= 28.3 

= 1.6606 x 107°’ kilograms 

SI unit: cubic meter (m°) 

10.2 a 
1 dm? 
1.0567 quarts 

4 quarts 

= 8 pints 
= 3.785 liters 

32 fluid ounces 

0.946 liter 

29.6 mL 

| liter 

1 gallon 

1 quart 

1 fluid ounce 

ee ele oie eee 
SI unit: kelvin (K) 

OK = =273.15°C 
—459.67°F 

= °C + 273.15 
_ (CF - 32) 

1.8 
= 1,8(°C) + 32 
= 1.8(°C + 40) — 40 

K 

re 

y 
Er 

1 joule 

SI unit: joule (J) 

= | ke m7/s* 
= 0.23901 calorie 

calorie = 4.184 joules 

SI unit: pascal (Pa) 

1 pascal = 1 kg/m's* 
1 atmosphere = 101.325 kilopascals 

= 760 torr 
= 760 mm Hg 
= 14.70 pounds per 

square inch (psi) 
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