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THE ELEMENTS: NAMES, SYMBOLS, ATOMIC
NUMBERS, AND ATOMIC MASSES

Aromic Atomic Aromic Aromic

Element Symbol number mass* Element Symbol number mass*

Actinium Ac 89 [227.02] (227Ac) Neodymium Nd 60 144.24

Aluminum Al 13 26.982 Neon Ne 10 20.180

Americium Am 95 [243.06] (243 Am) Neptunium Np 93 [237.05] (23"Np)

Antimony Sb 51 121.75 Nickel Ni 28 58.69

Argon Ar 18 39.948 Niobium Nb 41 92.906

Arsenic As 33 74.922 Nitrogen N 7 14.007

Astatine At 85 [209.99] (210At) Nobelium No 102 [259.10] (25°No)

Barium Ba 56 137.33 Osmium Os 76 190.2

Berkelium Bk 97 [247.07] (34"Bk) Oxygen 0 8 15.999

Beryllium Be 4 9.0122 Palladium Pd 46 106.42

Bismuth Bi 83 208.98 Phosphorus P 15 30.974

Boron B 5 10.811 Platinum Pt 78 195.08

Bromine Br 35 79.904 Plutonium Pu 94 [244.06] (244Pu)

Cadmium Cd 48 112.41 Polonium Po 84 [208.98] (299Po)

Calcium Ca 20 40.078 Potassium K 19 39.098

Californium Ccf 98 [251.08] (251Cf) Praseodymium Pr 59 140.91

Carbon C 6 12.011 Promethium Pm 61 [144.91] (145Pm)

Cerium Ce 58 140.12 Protactinium Pa 91 231.04

Cesium Cs 55 132.91 Radium Ra 88 [226.03] (226Ra)

Chlorine Cl 17 35.453 Radon Rn 86 [222.02] (222Rn)

Chromium Cr 24 51.996 Rhenium Re 75 186.21

Cobalt Co 27 58.933 Rhodium Rh 45 102.91

Copper Cu 29 63.546 Rubidium Rb 37 85.468

Curium Cm 96 [247.07]1 (?47Cm) Ruthenium Ru 44 101.07

Dysprosium Dy 66 162.50 Samarium Sm 62 150.36

Einsteinium Es 99 [252.08] (252Es) Scandium Sc 21 44.956

Erbium Er 68 167.26 Selenium Se 34 78.96

Europium Eu 63 151.96 Silicon Si 14 28.086

Fermium Fm 100 [257.10] (357F'm) Silver Ag 47 107.87

Fluorine F 9 18.998 Sodium Na 11 22.990

Francium Fr 87 [223.02] (223FY) Strontium Sr 38 87.62

Gadolinium Gd 64 157.25 Sulfur S 16 32.066

Gallium Ga 31 69.723 Tantalum Ta 73 180.95

Germanium Ge 32 72.61 Technetium Tc 43 [97.907] (98Tc)

Gold Au 79 196.97 Tellurium Te 52 127.60

Hafnium Hf 72 178.49 Terbium Tb 65 158.93

Helium He 2 4.0026 Thallium Tl 81 204.38

Holmium Ho 67 164.93 Thorium Th 90 232.04

Hydrogen H 1 1.0079 Thulium Tm 69 168.93

Indium In 49 114.82 Tin Sn 50 118.71

Iodine I 53 126.90 Titanium Ti 22 47.88

Iridium Ir 77 192.22 Tungsten w 74 183.85

Iron Fe 26 55.847 Unnilennium Une 109 [266.14] (266Une)

Krypton Kr 36 83.80 Unnilhexium Unh 106 [263.12] (363Unh)

Lanthanum La 57 138.91 Unniloctium Uno 108 [265.13] (265Uno)

Lawrencium Lw 103 [260.11] (250Lw) Unnilpentium  Unp 105 [262.11] (?62Unp)

Lead Pb 82 207.2 Unnilquadium Ungq 104 [261.11] (361Ungq)

Lithium Li 3 6.941 Unnilseptium  Uns 107 [262.12] (382Uns)

Lutetium Lu 71 174.97 Uranium U 92 238.03

Magnesium Mg 12 24.305 Vanadium v 23 50.942

Manganese Mn 25 54.938 Xenon Xe 54 131.29

Mendelevium Md 101 [258.10] (258Md) Ytterbium Yb 70 173.04

Mercury Hg 80 200.59 Yttrium Y 39 88.906

Molybdenum Mo 42 95.94 Zinc Zn 30 65.39
Zirconium Zr 40 91.224

*Most of the values are the average masses of the atoms of the elements that occur naturally on earth. For an element that has no
characteristic terrestrial distribution of natural isotopes, the atomic mass is enclosed in brackets and is the mass of the element's most

stable isotope. All values are expressed relative to 12C = 12, exactly.
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TO THE STUDENT

This Study Guide is intended to help you understand the many principles, concepts, and
calculations in general chemistry. It is written to accompany John B. Russell's General
Chemistry, 2nd Ed. There is a section in the Study Guide corresponding to each section in the
text. This makes it very easy to locate the examples and explanations in the Study Guide that
correspond to specific areas in the text. The Study Guide is written to accompany the text, not to
replace it. It should be used side by side with the text as you study. This Study Guide is designed
to guide you through your study by helping organize concepts and correlate Learning Objectives
with worked examples and homework problems in the text. Additional examples and explanations
are given to illustrate all new mathematical operations and difficult concepts in the text. Each
chapter in the Study Guide includes an overview of the text chapter, a summary of key equations
when mathematical concepts are presented, an extensive list of learning objectives, an explanation
of new skills including worked examples, a list of key terms and definitions, and a self test.

I Chapter Overview Chapter overviews are designed to give a brief introduction to the
chapter and help you identify important concepts. Brief explanations of difficult areas and
applications are given. It is intended that you read the chapter overviews before you read the
corresponding text chapter or attend the lecture on that subject.

I1 Key Equations The most important equations are summarized and keyed to the text
section. Brief explanations of the variables in the equations are included.

II1 Learning Objectives Learning objectives are a list of important concepts and operations
presented in the chapter. They are correlated to text sections and homework problems and to the
Study Guide New SKkills section and Self Test problems. You can get maximum benefit from this
section by using it to find examples and problems that apply to the specific learning objectives
emphasized by your instructor.

IV New Skills Explanations and worked problems are presented to reinforce and supplement
the examples and discussions in the text each time a new skill is introduced. The Study Guide
often approaches a given concept in a manner somewhat different from the text presentation.
Getting a slightly different view of a concept sometimes makes it easier to understand. Whenever
a new skill is introduced, the first example is worked in step-by-step detailed procedure. When this
skill is used in following examples, there will be a less detailed explanation and you will be
expected to supply some steps yourself. When the explanations seem to leave out some steps,
you should refer back to earlier examples involving the same skill for a more detailed presentation.

V Key Terms Significant key terms and definitions are listed with a reference to the section
in the text where the term is used. It is very important that you become familiar with these terms
as quickly as possible in each chapter you study. Being able to define and use scientific terms is
basic to understanding the concepts and laws containing those terms. In many ways learning
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chemistry is much like learning a foreign language. You need to learn the vocabulary before you
can learn to think in any language, including the language of chemistry. Each chapter builds on
the previous work, and terms not learned will leave holes in your foundation chapters.

VI Self-Tests All chapters have true-false, completion, and multiple-choice questions.
These questions are designed to test your mastery of the learning objectives. Make an honest effort
to work all the problems before looking at the solutions. If you get an incorrect answer and do not
understand where the error is, reread the text and Study Guide sections pertaining to that problem,
rework the example problems, and then try the test problem again. If you are still unable to solve
the problem, discuss your approach with your instructor.

Effective Study Habits No single approach to studying will work for all students. The text
and Study Guide are designed to present concepts and problems in a logical manner, but they must
be integrated into an effective total study pattern correlating text, Study Guide, classroom lectures,
and problem sessions to give you a maximum benefit for time spent.

1 Your Effort Learning chemistry well enough to get an A is not impossible, but unless you
are a gifted genius it will take considerable time and effort. You are the one who must decide to
put forth the effort. This Guide is designed to give you the maximum benefit for your time. The
key is learning to study efficiently so you do not waste time. A routine study schedule will help
immensely, but this requires much self-discipline.

2 Preparation Before Lectures Use the Study Guide and text to prepare for lectures by rapidly
reading the material the night before your lecture. Examine the tables, graphs, and figures so you
know what will be covered in lecture. Do not expect to understand all the details and problems at
this time. Even brief examination of the material before lecture will help you see why your
instructor is covering a given topic and concentrate on how the concepts are approached and what
points are emphasized. This will make the lectures more understandable. The text, the Study
Guide, and your instructor should complement each other by presenting different views of the same
material.

3 During Lecture Attend regularly and take concise notes, preferably in outline form. Your
preparation before lecture will help you recognize the important points and examples as your
instructor presents them.

4 After Lecture Spend some time, preferably the same day, reviewing your notes. If your
notes seem sketchy, you should clarify points, add ideas, and correct errors while the lecture is still
fresh on your mind. This serves the dual purpose of reinforcing concepts in your mind and
providing meaningful review material to use in preparing for exams.

5 Homework Problems Often homework is not required or graded in college chemistry
courses, but the types of problems assigned provide a valuable clue to what your instructor thinks
is important. The more homework problems you do, the easier it will be to work similar
problems on exams. Use the worked examples in the text and Study Guide. They are designed to
help you work the problems at the end of the chapter, and they reinforce the concepts being
studied.

6 Preparing for Exams The best preparation for an exam is regular and scheduled review of
lecture materials every few days. Short periods of time spent in frequent reviews are much more
effective than the same amount of time spent cramming the night before an exam. You learn
effectively by repetition and identifying problem areas while there is still time to do something
about them before exams.

7 Taking Exams If your grade depends entirely on one or two exams, they become very
important. Start early to review your notes, homework problems, and examples. Try to anticipate
the types of problems you are likely to encounter and work similar problems. The problems you
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work in class or discussion sections should be a clue to what to expect on exams. The presence of
mind that comes from being well prepared can often help you over rough spots on the exam.

Problem Solving Some homework and exam problems will require mathematical operations.
Usually the mathematics itself is not the major stumbling block. High-school algebra should
provide sufficient background. The major challenge is transforming word problems into solutions.
The best help in this area is practice. Learning by doing is the best way to develop the skills
necessary to solve problems. A major purpose of the course, your text, and this Study Guide is to
help you become proficient in solving problems.

1 Read the Problem Problems often do not explicitly state what is given and what is wanted.
You will need to extract the data needed. It may help to write the data in a table when you start the
problem. Determine what is wanted or expected for the solution. Look for the find ... how
much . . .and what is . . . phrases to determine what the problem is asking you to do. Be sure
you understand all the terms used in the problem; use the text glossary whenever needed.

2 Plan Your Solution Only after you know what is given and what is wanted can you
intelligently solve the problem. You can often use the unit-factor method to transform the data
into an answer. This method is discussed in Section 1-8 of the text and Study Guide. You should
not be worrying about plugging in numbers at this stage. Concentrate on the steps involved in
arriving at an answer and try to see a pattern of steps that will take you all the way through the
problem. Sometimes this may be a single equation from the text, but more often it will involve a
series of equations or operations. There are usually several different methods that can be used for
solving problems and no single one of these is the right way. Any method that uses sound
chemical and mathematical principles is correct. The authors of the text and Study Guide favor the
unit-factor or dimensional analysis approach whenever possible, and it will be emphasized
throughout the course.

3 Solving the Problem Once you have a sound plan or equation, the problem is essentially
"solved". All you have to do is substitute the given data into your plan and calculate an answer.
Be sure to check to see if your answer seems reasonable. Take time to enjoy the sense of
accomplishment when you arrive at this point.

4 When the Above Steps Do Not Work After applying the above approach, if an honest
effort does not bear fruit and the solution evades you, seek help. Outline the best approach you
have taken to the problem and show it to someone. Explaining your material to someone else is
often an effective learning technique. If this still does not help, go to your instructor. Do not go
with general questions or complaints such as "I don't understand this chapter." Your instructor
will not be able to guess what your problems are and will not have time to give special
instructions for the whole chapter. Prepare specific questions and show your approach and
methods. You can expect meaningful help if you are prepared.

5 Electronic Calculators Many brands and models of fancy calculators are available on the
market, but for this course an inexpensive calculator will do all you need. A hand calculator is an
essential time-saving device. Choose one that has exponential or scientific display, a square root
key, a log or In key, and an inverse log or e* key. Most instructors allow calculators on exams
and students with them spend less time working the arithmetic part of problems and thus have a
definite advantage over students who have not bothered to learn to use all of the function keys.
Calculators are well worth the small investment. The owner's manual or instructions are the best
source of information about any particular calculator. Keep them with you until you have
memorized the essential operations.

Norman Eatough



Chapter 1

PRELIMINARIES
AND
PREMISES

CHAPTER OVERVIEW

In this introductory chapter we will be concerned with the basic methods and tools of
chemistry. The first part of the chapter describes what chemistry is, why it is important, and how
to study it. There is a list of key terms at the end of each chapter of the Study Guide along with a
brief definition of each term and a notation of the section in the text where the term is discussed.
It is imperative that you become familiar with these terms as quickly as possible in each chapter
you study. Being able to define and use scientific terms is basic to understanding the concepts and
laws containing those terms.

As you study, try to develop a better understanding of the different forms of matter, the
types of energy, and how the nature of matter and energy is observed and measured. Much of this
chapter is about changes in the nature and types of matter and energy and how they relate to each
other.

We will see how mathematics is applied to problem solving in chemistry. There is no
magic formula for working all chemistry problems, but you will see how a systematic approach to
problems will solve the majority of challenges you will face.

1-1 Chemistry: what, why, and how?

Chemistry is the branch of science dealing with the nature, properties and composition of
matter, its changes, and the laws describing those changes. If you have not yet read the "To the
Student” section at the beginning of this Study Guide, do so now. Use the hints and suggestions
there and in this section of the text and apply those that work for you personally.

1-2 Scientific methodology

Some scientific discoveries are made by accident or luck, but most come from an orderly and
systematic approach to problems through the scientific method and the analysis of results of this
method by a well-trained mind. A major objective of your chemistry course is to appreciate how
the principles and laws of chemistry are uncovered and then used to predict the changes and
reactions that can occur in a system. This is the scientific method in action.

1-3 Matter

Since chemistry is a study of matter and its changes, it is important to be aware of the
structure of matter. Matter exists in three phases — solid, liquid, or gaseous — and can be either a
pure substance or a heterogeneous or homogeneous mixture. Elements are the fundamental units
of matter. There are 109 different elements, each represented by a unique chemical symbol. It
would be worthwhile to learn the names and symbols of the first 30 elements. You are probably
already familiar with most of them. Elements interact to form aggregates called compounds. The
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combination of elements in a compound is denoted by combining the chemical symbols into a
chemical formula such as NaCl, H,0, or H,SO4. Elements and compounds can be mixed in any
proportions to form various types of mixtures. The differences between compounds and mixtures
of elements are described in the text.

Chemistry is an exact science. It can be exact only if we take care to define, understand, and
use words and terms in a precise manner. There are many new terms in this section. Learn them.
If you have not yet found the glossary in the text, do so now and start using it.

1-4 Changes in matter

Throughout the course we will study the physical and chemical changes of matter. These
changes are governed by several laws, two of which are introduced here. The law of conservation
of mass states there is no gain or loss of mass during physical or chemical changes. The law of
definite composition states that a given compound always has the same, definite, fixed ratio of
elements.

1-5 Energy

Work is the movement of a mass against an opposing force such as gravity. Energy is the
ability or capacity to do work. There are many types of energy, and energy can be transformed
from one type into another. Mechanical energy can be energy of motion (kinetic energy) or energy
of position (potential energy). Thermal energy and electrical energy are also commonly
encountered in the study of chemistry. The law of conservation of energy states that energy can be
transformed from one type to another, but cannot be created or destroyed. As the course
progresses, we will see how the concepts of energy and matter are interrelated and will become
aware of the energy changes that accompany changes in matter.

The differences between the terms heat, energy, and temperature should be clearly
understood. Heat is energy in transit. Temperature is a measure of the average kinetic energy of
the particles in an object. When heat is added to a substance the energy of the substance increases.
This may result in an increase in temperature or a change in phase. This concept of adding heat to
a substance during a phase change while the temperature remains constant should be clearly
understood.

The unit for energy is joules. Temperature measurements throughout the text are expressed
in degrees Celsius.

1-6 Numbers, their use and misuse

Many concepts in chemistry involve numbers that are almost incomprehensibly small or
large. Expressing this wide range of numbers in exponential notation has several advantages. It is
more compact, shows the number of significant figures explicitly, denotes the accuracy of the
number, makes mathematical operations involving these large and small numbers easier, and is the
only way many numbers you will use can be displayed or entered in electronic calculators.

We will review the use of exponential notation in basic mathematical operations and the use
and abuse of significant figures in this section. Although these concepts will not be mentioned
again, they will be used continually throughout the course. Note how significant figures are
handled differently in addition and subtraction than in multiplication and division. Learn to round
off answers to the number of significant figures justified by the accuracy of the number and not
just copy the digits that appear on your calculator. Appendix D in the text will help if you are
rusty on algebraic concepts such as the quadratic formula and logarithms.
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1-7 Metric units

The SI system and the metric system of units are not identical. The SI system is much
more specialized than the general metric system. The seven base units from the metric system
used to form the SI system are given in Table 1-3 in the text. Combinations of two or more of
the SI base units form the SI derived units shown in Table 1-4 in the text. Both SI base units and
SI derived units are often used in combination with the metric prefixes in Table 1-5. Most of the
units in these tables should already be familiar to you.

There are some non-SI units in common use. They are torr, millimeters of mercury
(mmHg) and atmosphere (atm) for pressure, gram for mass, and liter (L) and milliliter (mL) for
volume. The text uses SI units in most cases, but other units are sometimes more convenient and
so will be used occasionally.

1-8 Solving numerical problems

If you are not familiar with the dimensional analysis or unit-factor method of problem
solving, spend enough time on this section to see the advantages of this approach. Develop the
habit of always including units on numbers you use in calculations. Observe how you can cancel
units the same way you cancel algebraic quantities when multiplying or dividing. The strength in
the unit factor method is its use of units as a guide in setting up problems. Proficiency in this
only comes with practice. Work several problems by this method and you will soon see its power
in setting up solutions to problems involving unit conversions.

The necessity of checking the units of your answer to be sure they are correct cannot be
over-emphasized. It is surprising how many errors can be detected and eliminated by making sure
your answer always has the correct units.

The concept of density is useful to describe the compactness of matter. It is a measure of
the mass of a given volume of matter. In SI units the mass is in kilograms (kg) and the volume
is in cubic meters (m3), so the density is in kg m-3. More commonly, the mass will be expressed
in grams (g) and the volume in cubic centimeters (cm3) or milliliters (mL), so the density is in g
cm-3 or g mL-1. Since a cubic centimeter is equal to a milliliter, g/cm-3 is equivalent to g mL-1.
The concept of density is simple, but note in the example problems and homework how the
manner in which data are presented can make the simplicity hard to find. You will experience the
chance to transform word problems into solutions and apply the techniques of problem solving
discussed in the introduction to this Study Guide as you work density problems.

KEY EQUATION

1-5 Energy °C = g("F -32)

LEARNING OBJECTIVES

As a result of studying Chapter 1 you should be able to write the definition and give an example
illustrating the use of each key term and do the following. The list of key terms is found on page
18 of this Study Guide.

1-1 Chemistry: what, why, and how?

1. Define chemistry.
2. Understand why you are studying it.
3 Apply techniques to help you study efficiently.
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1-2 Scientific methodology

1.
2,
3.

Describe the acquisition of scientific knowledge in terms of observations, hypotheses,
theories, and laws. (Text Prob. 1-1) (Self Test 1, 2)

Show how scientific theories are formulated from observations. (Text Prob. 1-3) (Self Test
1,4, 16)

Tell the difference between hypothesis, theory, and law. (Text Probs. 1-2, 1-4) (Self Test
4,16, 17)

1-3 Matter

W N —

AR

~J

Explain how mass and matter are related.

Explain how inertia and weight are related to mass.

List some differences between pure substances, mixtures, elements, and compounds. (Text
Probs. 1-7, 1-9, 1-12, 1-13, 1-47, 1-48) (Self Test 20, 31).

Characterize each of the three states of matter.

Understand the meaning and use of chemical symbols and formulas. (Self Test 5).

Show the differences between phases, homogeneous mixtures, heterogeneous mixtures, and
solutions. (Text Probs. 1-1, 1-6, 1-10, 1-47) (Self Test 9, 18, 19).

Reproduce the classification of matter in Fig. 1-4 of the text.

1-4 Changes in matter

1. List some differences between physical and chemical changes. (Self Test 32, 33).

2, State and understand the law of conservation of mass and use it in chemical calculations.
(Text Example 1-1; Text Probs. 1-14, 1-50) (New Skills Example 1; Self Test 6, 45).

3. Calculate the percentage composition of a compound. (Text Example 1-2; Text Prob. 1-14)
(New Skills Example 2; Self Test 42).

4. State and understand the law of definite composition and apply it to chemical compounds.
(Text Probs. 1-13, 1-49, 1-51) (New Skills Example 3; Self Test 10, 43).

1-5 Energy

1. Write definitions of the terms heat, energy, and work and explain the relationship between
them. (Text Prob. 1-15) (Self Test 7, 8, 21, 22).

2. Write definitions for kinetic energy and potential energy and discuss the relationship
between these two types of energy. (Text Prob. 1-16, 1-17) Self Test 24, 25, 34).

3. Tell how the law of conservation of energy applies to the transformation of kinetic to
potential energy. (Text Prob. 1-17).

4, Explain the difference between heat and temperature. (Text Prob. 1-15).

5. Relate temperature to kinetic energy.

6. Explain what happens when heat is added to a substance.

7. Make conversions between degrees Fahrenheit and degrees Celsius. (Text Probs. 1-19, 1-

20) (New Skills Example 4; Self Test 44).

1-6 Numbers, their use and misuse

W N

Express numbers in exponential notation. (Text Prob. 1-22) (New Skills Sec. 1-6; Self
Test 26).

Explain the difference between exact numbers and measured numbers.

Define accuracy and precision of measured numbers and show how they are different. (Text
Probs. 1-45, 1-53) (Self Test 35).
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Define accuracy and precision of measured numbers and show how they are different. (Text
Probs. 1-45, 1-53) (Self Test 35).

Give the number of significant figures in any number. (Text Probs. 1-21, 1-53) (New
Skills Examples 9, 10; Self Test 15, 40).

Express answers to problems with the correct number of significant figures using the correct
procedure for rounding off the answer. (Text Probs. 1-23, 1-44) (New Skills Examples 11,
12; Self Test 13, 35).

Use exponential notation in mathematical operations: addition, subtraction, multiplication,
division, and taking roots. (Text Prob. 1-24) (New Skills Examples S to 8; Self Test 27).

Metric units

Recite the seven base units of the SI system. (Text Prob. 1-25) (Self Test 11, 23, 30).
Review the SI derived units in Table 1-4 in the text.

Know the values of the prefixes kilo-, centi-, and milli- used in the metric system. (Text
Probs. 1-26, 1-27, 1-30, 1-31).

Cite the common non-SI units for pressure and volume.

1-8 Solving numerical problems

1.

S AW

Use the dimensional analysis or unit-factor method in calculations. (Text Examples 1-3 to
1-6; Text Probs. 1-30 to 1-34, 1-55, 1-56) (New Skills Examples 13, 14; Self Test 14, 37
to 39).

Express any equality as a unit factor. (Text Probs. 1-28, 1-29) (Self Test 28, 29, 36).

Use units to check the correctness of answers in your calculations. (Self Test 12, 14).
Write a word definition for density. (Self Test 12).

Write a definition for density using a mathematical equation.

Use the concept of density in calculations of mass and volume of a substance. (Text
Examples 1-7, 1-8; Text Probs. 1-35 to 1-43, 1-56) (New Skills Examples 15, 16, 17;
Self Test 41).

NEW SKILLS

1-4 Changes in matter

1. Conservation of mass

The law of conservation of mass assures us that in a chemical reaction the mass of the

products of the reaction must be equal to the mass of the reactants (starting materials). No mass
is gained or lost in a chemical reaction. This concept allows us to make calculations involving
the masses of products and starting materials in a reaction.

* EXAMPLE 1

Problem: Under certain conditions water can be decomposed into its elements, hydrogen
and oxygen. When 18.0 g of water is decomposed, 16.0 g of oxygen is produced. How
much hydrogen is produced?

Solution: The law of conservation of mass tells us

Mass reactants = mass products
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In this decomposition water is the reactant and hydrogen and oxygen are the products, so the
law of conservation of mass becomes:

Mass water = mass hydrogen + mass oxygen
Solving for mass of hydrogen

Mass hydrogen = mass water - mass oxygen

=180g - 160g = 20g ®

Parallel Problem: Carbon dioxide gas is made of the elements carbon and oxygen. How
many grams of carbon are in a 44.0-gram sample of carbon dioxide containing 32.0 grams
of oxygen?

Ans. 120¢g

Now do example 1-4 in the text.
2. Law of definite composition: percentage composition of compounds
The law of definite composition tells us that a given compound contains the same

percentages of each element no matter how the compound was made. We can determine the
percentage composition of the elements in a compound and know that it will always be the same.

* EXAMPLE 2

Problem: Using the data in the previous example find the percentage composition of
water.

Solution: The percentage composition means the percent of the total mass that is
hydrogen and the percent that is oxygen.

mass of oxygen
total mass of compound

% oxygen = x 100

_ 16.0 g oxygen _
= 718.0 g water 100 = 88.9%

mass of hydrogen
total mass of compound

% hydrogen = x 100

- 20 ghydrogen ., _

18.0 g water
CHECK: % hydrogen + % oxygen = 100%
11.1% + 88.9% = 100% ¢

Parallel Problem: Using the data in the previous parallel problem, find the percentage
composition of carbon dioxide.
Ans. 27.3% carbon, 72.7% oxygen

3. Law of definite composition: calculation of amounts of chemicals reacting
The law of definite composition can also be used to calculate the mass of reactants needed to
produce a given mass of products if the percentage composition is known.
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* EXAMPLE 3

Problem: Teflon is a compound containing the elements carbon and fluorine. Its
percentage composition is 38.7 percent carbon and 61.3 percent fluorine. How many grams
of fluorine would be needed to react with carbon to produce 50.0 g of Teflon? How many
grams of carbon would be used?

Solution: We can use the definition of percent fluorine to find the mass of fluorine needed
to produce 50.0 g of Teflon.

% fluorine = mass of fluorine x 100
mass of Teflon

Solving for the mass of fluorine gives
Mass of fluorine = % fluorine x mass of Teflon

= % x 50.0g = 306¢g

The mass of carbon required can be found from the law of conservation of mass
Mass of Teflon = mass of carbon + mass of fluorine
Solving for mass of carbon

Mass of carbon = mass of Teflon — mass of fluorine

= 500g - 306g = 194¢g ®

Parallel Problem: Methane is a compound containing the elements carbon and hydrogen.
Its percentage composition is 75.0 percent carbon and 25.0 percent hydrogen. How many
grams of carbon would be needed to react with hydrogen to produce 20.0 gram of methane?
Ans. 500 g

Now work example 1-5 in the text.

1-5 Energy

It will often be necessary to convert from one system of units of temperature to another.

We can illustrate this process with the temperature units introduced in Section 1-5.

* EXAMPLE 4

Problem: Europeans use the Celsius temperature scale exclusively. If a weather report
gives the temperature in Berlin as 18.5°C, what temperature is this on the Fahrenheit scale?

Solution: The equation relating the Celsius and Fahrenheit temperature scales is
° _5_ 2]
C = 9 (F - 32)

This can be rearranged to find °F in the form
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o 20
F-5C+32

Substituting the value given in the problem statement for “C into the equation and solving
for °F gives

F = %(18.5) +32 = 653°F ®

Parallel Problem: Normal body temperature is 98.6°F. What is this in °C?
Ans. 37.0°C

1-6 Numbers, their use and misuse

1. Exponential notation

Often in solving chemical problems you will use numbers that are very large or very
small. Most calculators will not accept these numbers unless they are entered in exponential
notation. Some calculators automatically convert numbers to exponential notation after all the
digits are used. Learning to convert large or small numbers to exponential notation will help you
perform calculations easily and confidently on your calculator.

Multiplication and division are actually easier in exponential notation.

The general form of a number in exponential notation is

A x 10"

where A represents a number between 1 and 10 and n is the exponent. The number A (the
coefficient) is multiplied by some power or multiple of 10. Thus

2x106 is 2x10x10x10x10x10x 10 or 2,000,000

If the exponent is negative, we divide by 10 that number of times. Thus

. X 1 1
4 4
3x10 is 3x10x10x10x10 or 0.0003

To convert a number to exponential notation move the decimal point so the coefficient is
between 1 and 10. Count the number of places the decimal point was moved. This is the value of
the exponent, n. 1f the decimal point was moved to the left, the exponent is positive; if it was
moved to the right, the exponent is negative. Thus

3,860,000 is 3.86 x 108
0.000475 is 4.75 x 104

Negative numbers can be converted to exponential notation in the same manner

-10,400 is -1.04 x 104
-0.000055 is -5.5x 103

2. Mathematical calculations using exponential notation
(a) MULTIPLICATION USING EXPONENTIAL NOTATION. Multiplication of two numbers
in exponential notation is performed by multiplying coefficients and adding exponents.
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* EXAMPLE §
Problem: Multiply 20,000 by 3,000,000 using exponential notation.
Solution: First express the numbers in exponential notation.

20,000 is 2 x 104
3,000,000 is 3 x 106

Now multiply coefficients and add exponents.

2x10H(3x10% = 6x106+4 = 6x1010 ®

Parallel Problem: Multiply 1500 by 35,000 using exponential notation.
Ans. 52x 107

* EXAMPLE 6
Problem: Multiply 0.008 by 800,000 using exponential notation.
Solution: Negative exponents are added algebraically in multiplication.

8x103)(8x10% = 64x103+5 = 64x10%2 = 6.4x 103

Note that in all mathematical operations the coefficient part of exponential notation is

treated in a common, ordinary manner. ®

Parallel Problem: Multiply 0.0055 by 0.377 using exponential notation.
Ans. 2.1x 1073

(b) DIVISION USING EXPONENTIAL NOTATION. Division is performed by dividing
coefficients and subtracting exponents.

* EXAMPLE 7
Problem: Divide 0.009 by 3,000,000 using exponential notation.

Solution:
9x10-3

3 x 106 =3x103-6 = 3x109 ®

Parallel Problem: Divide 0.0043 by 9,500,000 using exponential notation.
Ans. 4.5x 10710

(c) ADDITION AND SUBTRACTION USING EXPONENTIAL NOTATION. Addition and
subtraction can be performed only if all numbers involved have the same exponent. 1f the
exponents are different they must be adjusted by moving the decimal point in the coefficient the
same number of places to the left as the exponent is increased, or the same number of places to the
right as the exponent is decreased. When the exponents are equal, the coefficients can be added and
the exponent remains unchanged. Hand calculators make this adjustment automatically.
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¢ EXAMPLE 8

Problem: Add (2.0x103) + (4.0x 104 + (5.00 x 105)

Solution:

20x 103 is 0.020 x 10°
4.0 x 104 is 0.40 x 103
5.00 x 105 is 5.00 x 10°

0.020 x 105 + 040x 10° + 500x 105 = 542x 105 ®

Subtraction is done in the same manner. The exponents are made equal and then the
coefficients are subtracted.

Parallel Problem: Subtract2.3 x 102 from 4.7 x 103
Ans. 4.5x 103

3. Significant figures

Significant figures are an indication of the reliability of an experimental measurement.
Often the last significant figure in a measurement is estimated in the experiment and its precision
or accuracy may be in doubt.

For example, suppose you weighed yourself on a pair of scales and observe the pointer to
be one-fifth of the way between the 55- and 56-kg marks. You would report your weight as 55.2
kg. This indicates you read the scales with a precision of 0.1 kg. Even though there is some
doubt in the reliability of the last digit, the measured value is considered to be precise to three
significant figures.

There are four simple rules to determine the number of significant figures in a measured
number.

All digits other than zero are significant.

All zeros between nonzero digits are significant.

Zeros following a nonzero digit in a number with a decimal point are always significant.
Zeros that are not preceded by a nonzero digit simply locate the decimal point and are
not significant figures.

BN -

NOTE: This does not mean to imply that locating the decimal point is an insignificant act; in
fact, in some ways the choice of term significant figures is unfortunate. Significant figures
tell us the significance of the error in measurement compared to the size of the number, not
the location of the decimal point.

* EXAMPLE 9
Problem: How many significant figures are in each of the following: 4.073, 0.0072, 10,
0.0360?
Solution:
4.073 4 significant figures
0.0072 2 significant figures
10 1 significant figure

0.0360 3 significant figures ®
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Parallel Problem: How many significant figures are in each of the following: 20.050;

0.0070; 200; 200.0?
Ans. 5 sig fig; 4 sig fig; 1 sig fig; 4 sig fig

* EXAMPLE 10

Problem: Write the number four hundred too illustrate different measurements with one,
two, three, and four significant figures.

Solution:
1 significant figure 400 or 4 x 102
2 significant figures ? 4.0 x 102
3 significant figures 400. or 4.00 x 102
4 significant figures 4000 or 4.000 x 102

The best way to show two significant figures is using exponential notation. ®

An answer cannot be more precise than the least precise data used. Care should be taken
to preserve the correct number of significant figures in mathematical operations to show the correct

precision for your answers.
When numbers are added or subtracted, the measurement with the lowest precision
determines the number of significant figures in the answer.

Parallel Problem: Write the number one-tenth to indicate measurements with one, two,

three, and four significant figures.
Ans. 1 sig fig = 0.1; 2 sig figs = 0.10; 3 sig figs = 0.100; 4 sig figs = 0.1000

* EXAMPLE 11

Problem: The masses of four objects are found to be 473.1, 7.33, 0.14, and 0.0037 kg.
What is the total mass of the four objects?

Solution: The least accurate measurement has an accuracy of + 0.1 kg and the sum cannot
be more accurate than this. One might be tempted to add the masses as follows:

473.1 kg
7.33 kg
0.14 kg
0.0037 kg

481.5737 kg

Even though 473.1 has the most significant figures, it is accurate to only * 0.1 kg; the
sum cannot be more accurate than this, and we must round off the answer to the nearest 0.1
kg.

The correct answer is 481.6 kg. Note that there are four significant figures in the answer

even though some measurements have only two significant figures. ®

Parallel Problem: The volumes of four objects are found to be 2.071, 0.031, 20.62, and

0.27 liters. What is the total volume of the four objects?
Ans. 229L

When numbers are multiplied or divided, the answer will have the same number of signi-
ficant figures as the number in the data with the fewest significant figures. 1n multiplication and
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division it is the fewest number of significant figures in the data, not the location of the decimal
point, that tells how to round off the answer to the correct number of significant figures. An
example will show how exponential notation takes the guesswork out of determining significant
figures.

* EXAMPLE 12

Problem: Divide 4.739 x 10% by 3.71 x 10%.

Solution:

4.739 x 105 _ 2 e
371x 108 = 128X 10

Parallel Problem: Divide 2.6 x 103 by 7.034 x 10-2.
Ans. 3.7x10°2

The concept of significant figures is easy to understand, but students often forget to apply it
in calculations. Problems usually will not specifically ask for the correct number of significant
figures, but you should always be aware of the precision your answer deserves in each problem in
the text or Study Guide.

4.  Rounding off numbers
A number is rounded off by dropping digits to the right of the last significant figure.
The following rules can be used to round off answers to the correct number of significant
figures.

a When the digit to the right of the last significant figure is less than 5, the last significant
figure remains unchanged. For example, 9.7346 becomes 9.73 to three significant figures.

b When the digit to the right of the last significant figure is greater than 5, the last significant
figure is increased by 1. For example, 83.478 becomes 83.5 to three significant figures.

c When the digit to the right of the last significant figure is 5, the last significant figure is
increased by 1 if it is odd but remains unchanged if it is even. For example, 57.55 and
57.65 both give 57.6 when rounded off to three significant figures,

1-8 Solving numerical problems

Most instructors will assume you have a basic understanding of algebra and handling
algebraic equations. 1f you are rusty in this area, consult your bookstore for a paperback book on
basic mathematics for chemistry. There are several good ones available.

We will proceed directly to the dimensional analysis or unit-factor approach to problem
solving. Many students who say they are having trouble with chemistry actually understand the
chemistry but are stumbling over the mathematics. We have already seen how exponential
notation simplifies the arithmetic. 1f you are still unconvinced, work Prob. 1-24 in the text. The
general approach of the unit-factor method will simplify calculations in a wide field of problems in
chemistry. You will use the method extensively in later chapters, so now is the time to learn it
well. 1t will take practice to get used to the method. It is simply a method of analyzing the units
(dimensions) of numbers and using these units to set up factors to convert from the quantity given
in a problem to the answer desired. Let the units guide you through the problem. 1t is important
to recognize the information given in a problem and separate it from the question asked. This
takes practice and persistence.

In dimensional analysis units are treated just like numbers in algebraic operations: they
may be cancelled or multiplied just like numbers.
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Let us analyze the reverse of Example 1-3 in the text.

EXAMPLE 13
Problem: If you are 147 ¢m tall, what is your height in inches?

Solution: First: What is given and what is desired in the problem? 147 cm is given.
The number of inches equal to 147 cm is the desired value. The problem could be rewritten
to read "How many inches are equal to 147 cm?"

To solve the problem we need a unit factor that relates the given units to the desired
units, in this case a conversion equation for centimeters and inches. Several conversion
equations are given in Table 1-3 in the text. There are two that relate centimeters to inches.
They are

0.394 in
2.54 cm

1cm
1in

Let us divide both sides of the first conversion equation by 0.394 in

lcm _ 0.394in
0.394 ~ 0.394in

We have formed a unit factor for changing inches to centimeters

1 cm
0.394 in ~

Let us go back and divide both sides of the first conversion equation by 1 cm

1cm 0.394 in
—_— = 1 - —
1cm 1 cm

We have found a second unit factor from the conversion equation

0.394in _
1 cm

Similarly, we can form two unit factors from the second conversion equation: one by
dividing both sides by 2.54 cm

lin _ 2.54cm
254cm ~ 2.54cm

and another by dividing by 1 in
lin 2.54 cm
— =1=="7
1in lin

We have formed four unit factors from the two conversion equations. Indeed, each
conversion equation in Table 1-3 in the text can be used to form two unit factors.
The four unit factors are
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lin _ 1 2.54cm _
2.54 cm 1in

These are all fractions, or unit factors, equal to unity.

To solve the problem you must multiply the given quantity, 147 cm, by the unit
factor that will make the answer appear in the correct units. To do this you must plan ahead
from the given data to the answer. Given units are centimeters; desired units are inches.

If centimeters are multiplied by in/cm, centimeters can be canceled to leave the desired
inches.

The problem is essentially solved; all we need to do is add the correct numbers to the
unit factors. We have a choice of two unit factors for infcm. Either will work.

147 em x 232410 _ o0 g
1 em
or
147em x ——"— _ 579in
€ x2.54em_ :

Choosing one of the other unit factors leads to an incorrect answer:

2.54 cm

- 2 °
lm = 373 cm4/m

147 cm x

You may not recognize that the number 373 is incorrect, but the units cmZ/in tell you the
answer is not correct. Always look at the numerical answer and the units to help tell if the answer
is correct.

The same reasoning and principles can be applied to the unit-factor method for problems in
which more than one unit factor is needed to get the answer.

Parallel Problem: A person weighs 115 Ibs. What is her weight in kilograms?
Ans. 523 kg

* EXAMPLE 14

Problem: An imported car has a fuel economy rating of 15.0 km/liter. How many miles
per gallon is this?

Solution: The problem asks us to convert from units of km/liter to miles per gallon. The
"per” in miles per gallon can be read as "divided by", or mi/gal.

We need to convert
km mi
liter gal
Two conversions are required here: kilometers to miles and liters to gallons. Examine

Table 1-6 in the text for equations that can be used to give the necessary unit factors.

1km = 0.621 mi
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from which we can build the unit factor:

0.621 mi
1 km

The conversion of liters to gallons does not appear in Table 1-6, but we can accomplish the
desired conversion by first converting liters to quarts and then use a familiar relation to
convert quarts to gallons.

lite

1 liter = 1.06 qt or 1.06 qt =

= —qt _
and 4qt = 1gal or lgal_1

Now we can use these unit factors in a systematic fashion to obtain the desired units.

km mi -liter- 4 _ ml
liter ~ km & gal ~ gal

The unit factors are assembled to cancel the given units and introduce the desired units. If
the units are not right in the answer, go back and see if a unit factor has been inverted.
Now we add the numbers to the unit factors to get the answer.

15.0 km X 0.621 mi X 1 liter X 4qt
liter 1 km 1.06 qt ~ 1 gal

= 35.2 mi/gal

Check the significant figures also. Since 1 km, 1 liter, 4 qt, and 1 gal are all defined
quantities, they have very high precision compared to the other numbers. They do not

determine the number of significant figures in the answer. ®

Parallel Problem: A speed limit is posted as 90 kilometers/hr. How many feet per

second is this?
Ans. 82 ft/sec

Now work through Examples 1-4 to 1-6 and the parallel problems in the text.

1. Calculation of density
Density is an important physical property of matter defined as the mass of substance per
unit volume. Recalling that "per" means to divide:

. mass
Density =
volume
Mass is usually expressed in grams and volume in cubic centimeters
Density = — . = gcm™3
y cm? g

The volume of a substance changes with temperature since most substances expand on
heating. This means that density decreases as temperature increases. Density values are usually
given at 25°C, and unless a different temperature is specified we will assume the densities in the

text are for 25°C.
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* EXAMPLE 15

Problem: An empty container has a mass of 87.63 g. When 10.00 mL of a certain liquid
is placed in the container, the total mass is 95.71 g. What is the density of the liquid?

Solution: The volume of the liquid is 10.00 mL or 10.00 cm3 since 1 mL is the same as

1 cm3. The mass of liquid is found by subtracting the mass of the empty container from
the total mass.

Total mass = mass empty container + mass liquid
Mass liquid = total mass — mass empty container
=9571g — 87.63g = 8.08¢g

mass _ _8.08¢g
volume ~ 10.00 cm3

Density = = 0.808 gcm> ®

Parallel Problem: What is the mass of an object which displaces 9.60 mL of water when

immersed and has a density of 3.70 g cm™3?
Ans. 355¢g

Now go through Example 1-7 in the text.

The units of density are g cm-3, This means that density can be used as a unit factor
between mass and volume. In fact, the importance of density in calculations is its use in
converting mass Lo an equivalent volume or vice versa.

Let us examine this use. First we will find the volume equivalent to a given mass.

* EXAMPLE 16

Problem: Mercury (Hg) is sold commercially in flasks containing 70 1b of mercury.

What is the volume (in liters) of 70.0 Ib of mercury? The density of mercury is 13.54 g
-3

cm™,

Solution: The given quantity in the problem is 70.0 1b of mercury. The desired quantity
is the volume in liters. We need a unit factor to convert pounds to liters. Since we do not
have the density expressed in units of Ib liter ! (is this a consistent set of units for density?)
we must convert pounds to grams with the unit factor

454 g
11b

and cm-3 to liter-! with the unit factor

1x 103 cm3
1L

The density of Hg is given as 13.54 g cm3. This means 1 cm?3 of Hg has a mass of 13.54
g or, in equation form

1cm? ~ 13.54 g Hg

where ~ is read "is equivalent to"
The unit factors
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lem- 13.54g _
13.54g—1 and 1cm3_1

can be assembled from the given density.
To convert from a given mass to a volume we select the unit factor

1cm3
13.54 g

Assemble the unit factors to give the desired units, liters of Hg, as follows

g Hg X X liter Hg
Ib Hg g Hg cm3 Hg

Ib Hg x = liters Hg

(13-543 } , what would be the units in the
lcm? /

answer?

The above equation shows how the unit factor method is used to solve density
problems. Now we insert the appropriate numbers into the unit factors and find the
numerical answer.

454 g Hg x 1cm? Hg X 1 liter Hg
11b Hg ~ 13.54 gHg ~ 103 cm3 Hg

70.0 Ib Hg x = 2.35 liters Hg ®

Parallel Problem: Calculate the weight in Ibs of 15.0 gallons of gasoline. The density

of gasoline is 0.800 g/cm3.
Ans. 99.7 lbs

Now try Example 1-8 in the text.

2. Use of density in calculations
Another use of density is to find the mass of a volume of substance.

* EXAMPLE 17

Problem: What is the mass of 1.00 fi3 of air? The density of air at 25°Cis 1.18 g L1,

Solution: We will do this problem in parts. First we will find the mass of 1.00 liter of

air and then convert this to the mass of 1.00 ft3. The density tells us that 1 liter of air has
amass of 1.18 g.

1.18 g

Density = —; L

We can convert the volume from liters to cubic feet with unit factors from Table 1.3 in the
text.

1.18 g 1L 1 mL 123 in3

= 334 g ft3
1L *10°mL *6.10x102in3 = 1f3 gl

Thus 1 ft3 of air has a mass of 334 g. ®
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Parallel Problem: What is the volume in liters of 10.0 1bs of carbon dioxide gas having
a density of 1.80 g/L.?
Ans. 2.52x 103 L

KEY TERMS

1-1 Chemistry: what, why, and how?

Chemistry: The study of the nature, properties, and composition of matter, and the changes
which matter can undergo.

1-2 Scientific methodology
Data: Records of observations.
Hypothesis: A new and untested explanation of observed data.
Law: A general statement about some aspect of the behavior of nature.

Qualitative: Having to do with the nature or essence of something without regard to
quantity.

Quantitative: Having to do with the amount of something.
Scientific method: A logical process of acquiring knowledge.
Theory: An acceptable statement which explains observed data in terms of a model.

1-3 Matter

Compound: A pure substance composed of two or more elements chemically combined in a
fixed ratio.

Element: A simple, fundamental, elementary substance composed of atoms with the same
atomic number which cannot be broken down into a simpler substance by chemical means.

Fluid: The ability of gases and liquids to flow.

Gas: Matter for which the volume and shape are variable. Gases expand to fill the
container uniformly.

Heterogeneous mixture: A nonuniform combination of two or more substances in which
the components have distinct boundaries.

Homogeneous mixture: Substance consisting of a single phase with uniform composition.
Inertia: The resistance of an object to change in its motion.

Liquid: Matter characterized by constant volume which adapts to the shape of the container.
Mass: A measure of the quantity of matter.

Matter: Anything that has mass and occupies space.

Mixture: Two or more substances physically combined.
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Phase: The state of matter (solid, liquid, or gas) characterized by uniform properties.

Pure substance: Matter consisting of a single component with fixed composition and
properties.

Solid: A state of matter characterized by constant volume and shape independent of the
container.

Solution: A homogeneous mixture

1-4 Changes in matter
Chemical change: Transformation of a substance into a different chemical substance.
Chemical reaction: The process by which a chemical change occurs.
Law of conservation of mass: Matter is neither created nor destroyed in chemical reactions.

Law of definite composition: A pure compound is always composed of a fixed,
characteristic ratio of elements.

Physical change: Alteration in the measurable properties of a substance but not its
composition,

Product: The substance produced in a chemical reaction.

Reactant: The substance consumed in a chemical reaction.

1-5 Energy

Celsius: Temperature scale on which the freezing point of water is 0°C and the normal
boiling point is 100°C.

Energy: The ability or capacity to do work.

Fahrenheit: Temperature scale on which the freezing point of water is 32°F and the normal
boiling point is 212°F.

Heat: Energy in transit from a hotter object to a colder one.
Kinetic energy: Energy of motion.

Law of conservation of energy: Energy may be converted from one form to another without
changing the total energy.

Mechanical energy: Energy possessed by an object because of its position or motion.
Mechanical work: Movement of an object against an opposing force.
Potential energy: Energy of an object that depends on its position.

Temperature: A measure of the average kinetic energy of the particles of a substance.

1-6 Numbers, their use and misuse
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Accuracy: A measure of the closeness of data to the real value.

Exact number: A number known with perfect certainty.

Exponential notation: A method of writing numbers as a product of a coefficient and a
multiplier. The coefficient is written with one digit to the left of the decimal. The
multiplier is ten raised to an integral power.

Measured number: A number with some degree of uncertainty.

Precision: A measure of the agreement among a series of measurements.

Scientific notation: Same as exponential notation.

Significant figures: Digits that show the precision of a number.

1-7 Metric units
SI base units: A metric system of units used in scientific measurements.

SI derived units: Combinations of two or more SI base units.

1-8 Solving numerical problems
Density: Mass per unit volume.

Dimensional analysis: A method of calculation in which the dimensions (units) of a
number are treated as if they were algebraic quantities.

Unit factor: An algebraic expression that equates a measurement in two different systems of
units.
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SELF TEST

(Answers to Self Tests may be found-at the back of this Study Guide.)

1. Science begins with observations.
T
r 2 Science vocabulary is relatively easy to master because each
u term has a precise meaning,
e

3 An understanding of mathematics is necessary for an

o understanding of chemistry.
b o

4. A scientific theory is a tested and widely accepted scientific
F hypothesis.
a
1 5 NaCl is a chemical symbol.
s
e 6. The mass of products produced in a chemical reaction is always

equal to the mass of reactants consumed.

7. Heat is the same as energy.

8. Energy is the capacity to do work.

9. Solutions can be gaseous, liquid, or solid.

10. The percent composition of any given compound always

remains constant.
11. The SI unit for volume is the liter.

12. A possible unit of density could be kg ft-3.

13. The number 48.507 rounded off to two significant figures is
48,
14, If you can select the right unit factor you can convert a mass

measurement to a density (mass per volume) measurement.

15. The number 45.70 has three significant figures.
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SOoOKMctmHTBOON

16.

17.

18.
19.

20.

21.

22,
23.
24,
25.
26.

217.
28.
29.
30.

A tentative answer or explanation of scientific observation is called a

A is a well-tested statement based on
observations of the behavior of nature which is used to predict what might
happen under different circumstances.

All solutions are mixtures.

A mixture consists of a single phase.

A consists of two or more elements bonded
together.

is the movement of a mass against an opposing

force.

is energy moving from one object to another.

The SI unit of energy is the

Energy of position is called

Energy of motion is called

The number 0.000370 can be expressed as in
exponential notation.

8.00 x 104 divided by 2.0 x 106 is

The unit factor for converting milliliters to liters is

The unit factor for converting kilograms to grams is

The SI base unit for mass is the
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Chapter 1  Preliminaries and Premises

A pure substance that can be decomposed into two or more elements by
ordinary chemical means is called
(a) anelement (b) anatom (¢) acompound (d) a mixture

Which of the following represents a chemical change?
(a) Dboiling water

(b) forming of frost in a refrigerator

(¢) turning on an electric stove

(d turning on a gas stove

Which of the following represents a physical change?
(a) rusting of a car door

(b) cooking an egg

() dissolving sugar in water

(d tarnishing of silverware

Which of the following is the best example of kinetic energy?
(@ abookon atable

(b) an automobile waiting at a street light

(©) pulling against a spring

(d amoving golf ball

The individual masses of four different objects are measured as 75.0, 6.72, 4.0,
and 0.671 grams. The total mass of the four objects is

@ 86391g (b) 863g ) 864g d 86¢g
The correct unit factor to convert centimeters to meters is
@) 100 cm ®) 100 m
1m 1cm
© 1cm @ 1 m
100 m 100 cm

Given 1 b = 454 g, the mass in kilograms of a person weighing 145 lbs is
(a) 0.319 kg ®b) 65830kg (o) 65830kg (@ 65.8kg

How many kilometers are in 1 mile? (1in=2.54cm, 1ft=12in,1mi =
5280 ft)
@ 1.61 km () 0.58 km © 0.621 km d 173km

How many kilometers per hour is the 55 mph speed limit? See Prob. 38 for
conversion equations.
@ 34 ® 55 © 88 @ 225

The correct number of significant figures in a mass measurement of 11.020
s
@ 2 ® 3 © 4 @ 5

The density of iron is 7.86 g cm-3. What is the volume of a piece of iron
that has a mass of 55.0 g?
@ 432cm3 () 629cm3 () 7.00cm3 @ 0.143 cm3

The elements sodium and chlorine combine to form common table salt, NaCl.
If 23.0 g sodium combines with 35.7 g chlorine, what is the percentage

of sodium in the table salt formed?

@ 65.0% ) 584% © 394% @ 12.4%
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43,

44,

45.

The percentage composition of the compound sulfur dioxide, is 40.0% sulfur and
60.0% oxygen. How many grams of oxygen would be required to react with

50.0 grams of sulfur to form sulfur dioxide?

@ 75.0¢g b 333g © 300¢g @ 200¢g

A comfortable room temperature is 72°F. What temperature is this on the
Celsius scale?
@ S8°C ®) 39°C © 22°C @ 295°C

Water is 11.1% hydrogen and 88.9% oxygen. If 4.70 g hydrogen reacts with
oxygen to form water, how much oxygen is used?
@ 0587g ) 418¢g © 55¢g @ 376¢g



Chapter 2

FORMULAS, EQUATIONS,
AND STOICHIOMETRY

CHAPTER OVERVIEW

We saw in Chapter 1 how chemical symbols are used as a shorthand notation to describe
chemical changes. Chapter 2 expands this concept by introducing several different kinds of
chemical formulas, showing how to name them and applying them quantitatively to chemical
changes. You should become familiar with uses and limitations of each type of chemical formula.
You will also be introduced to the mathematical calculations important to chemical reactions.
These mathematical operations are called "stoichiometry."

2-1 The microstructure of matter

It is easy to measure the properties of bulk matter such as temperature, pressure, volume,
and mass, but much more challenging to make measurements on atoms, the fundamental building
blocks of the elements. No one has ever seen an atom, yet we have a large amount of information
about atomic behavior. We will have much more to say about atoms in Chapters 5 and 6.

2-2 Chemical formulas

Chemical formulas are a shorthand method of conveying information about the composition
of a compound. Sometimes we may want to convey different types of information about a
compound and this can be done by using the appropriate kind of formula. There are three types:
molecular, empirical, and structural. Notice how each type has definite limitations to its ability to
present a complete picture of a compound and its structure.

2-3 Atomic and other masses

The atomic mass of an element is much more than just a number. It represents the relative
mass of atoms of different elements on the microscale (world of atoms), but it has another
meaning on the macroscale (observable scale on which we can make convenient measurements). It
is the mass in grams of Avogadro's number of atoms. M<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>