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International Table of Atomic Weights (IUPAC 2009)

Based on relative atomic mass of >C = 12.

The following values apply to elements as they exist in materials of terrestrial origin and to certain artificial elements.
Values in parentheses are the mass number of the isotope of longest half-life.

Atomic Atomic Atomic Atomic Atomic Atomic
Name Symbol Number Weight Name Symbol Number  Weight Name Symbol Number Weight
Actinium® Ac 89 @27) Hafnium Hf 72 178.49 Radium®s Ra 88 226)
Aluminum® Al 13 269815386  Hassium®s Hs 108 Q77 Radon®* Rn 86 @22)
Americium®® Am 95 43) Helium¢ He 2 4002602  Rhenium Re 75 186.207
Antimony Sb 51 121.760 Holmium® Ho 67 16493032 Rhodium® Rh 45 102.90550
(Stibium) Hydrogen®<# 0 1 1.008 Roentgenium®® Rg 11 (280)
Argon" Ar 18 39.948 Indium In 49 114818  Rubidiumé Rb 37 85.4678
Aot a5 3. 7492160 podinet I 53 126.90447 Ruthenium? Ru 44 101.07
Astatine* & w o (@ Tridium Ir 77 192217 Rutherfordium®  Rf 104 (265
Barium Ba 56 137.327 Iron Fe 26 55.845 Samarium$® Sm 62 150.36
Berkelium* Bk o @ Krypton® Kr 36 83798 Scandium® Sc 21 44955912
Beryllium® Be 4 9.012182 Lanthanum® La 57 138.90547  Seaborgium®® Sg 106 Q271)
Bismuth® L 83 20898040 pawrencium®  Lr 103 @Q62) Selenium Se 34 78.96
Bohrium* Bh oy ) Lead" Pb 82 2072 Silicon"* Si 14 28085
Boron" % = 5 el Lithium"¢ Li 3 6.94 Silver* Ag 47 107.8682
rgmimg 15z oo Livermorium® Ly 116 (293) Sodium Na 11 22.98976928
Cadmium cd 48 112.411 Lutetiame Lu 7 1749665 (Natrium)®
Calcium® Ca 20 40.078 Magnesium Mg 12 243050 Strontium# Sr 38 87.62
Californium® Cf 98 @s1) Manganese* Mn 25 54938045 Sulfur* S 16 32.06
Carbon®# C 6 12.011 Meimeriame®* Mt 100 @76 Tantalum Ta 73 180.94788
Cerium®¢ Ce 58 140.116 Menddermm™ Md 101 (259) Technetium®* Te 43 (98)
Cesium® Cs 55 132.9054519 Mercury He 80 20059  Telluriume Te 52 127.60
Chlorine® cl 17 35.45 Molybdenum®® Mo 0 95.96 Terbium® Tb 65 158.92535
Chromium Cr 24 51.9961 Neodymiume Nd €0 144242 Thallium® Tl 81 20438
Cobalt* Co 27 58933195 Neonos Ne 10 201797  Thorium®* Th 90 232.038106
Copernicum®® Cn 112 (285) Neptunium® Np 93 @37) Thulium®® Tm 69 168.93421
Copper Cu 29 63.546 Nickel Ni 8 58.6934 Tins Sn 50 118.710
Curium® Cm 96 47) Niobium? Nb 41 0200638 Titanium Ti 2 47.867
Darmstadtium®* Ds 110 (281) Nitrogen®<# N 7 14.007 Tungsten w 74 183.84
Dubnium* Db 105 (268) Nobelium* No 102 (259 (Wolfram)
Dysprosium® Dy 66 162.50 R - - 190.23 Ununoctium®® Uuo 18 (294
D B 99 252) Oxygen®et o 8 15.999 Ununpentium®® Uup 115 (288)
Erbium® Er 68 167259 Palladiume Pd 46 1064y Omnseptium®c o Uus H7- s
Europium® Eu 63 151964 phogphorus' P 15 3097376 Umuntium® ut i esy
Fermiume® Fm 00 @57) Platinam b . l0s0gq  Uranium®® U 92 238.02891
et Fl 114 (289) Plutonium® Pu 04 Q44) Vanadium \% 23 50.9415
Fluorine® F 9 189984032 pojoniumde Po 8 Q09 Homom™# He o L3125
Franciom¢ Fr g7 223) Potassinm . 1 so0g;  Yuterbium Yb 70 173.054
Gadolinium® Gd 64 157.25 (Kalium) Yetrium? Y 39 88.90585
Gallium Ga 31 69.723 Praseodymium®  Pr 59 140.90765  Zinc Zn 30 65.38
Germanium Ge 32 72.63 Promethium®® Pm 61 (145) Zirconium¢ Zr 40 91.224
Gold® Au 79 196.966569  Protactinium’ Pa 91 231.03588

“Elements with only one stable nuclide.
Element for which known variation in isotopic abundance in terrestrial samples limits the precision of the atomic
weight given.

‘Element for which users are cautioned against the possibility of large variations in atomic weight due to inadvertent
or undisclosed artificial separation in commercially available materials.

dElement has no stable nuclides. The value enclosed in parentheses indicates the mass of the longest-lived isotope of the element.
“Radioactive element that lacks a characteristic terrestrial isotopic composition.

fAn element, without stable nuclide(s), exhibiting a range of characteristic terrestrial compositions of long-lived

radionuclide(s) such that a meaningful atomic weight can be given.

£In some geological specimens this element has an anomalous isotopic composition, corresponding to an atomic weight
significantly different from that given.
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Location of Commonly Used Information

Atomic and Molecular Properties
Atomic and ionic radii

Aufbau order, Aufbau Principle
Bond energies

Bond lengths

Electron affinities

Electron configurations
Electronegativity values

Electronic, molecular, and ionic geometries

Hund’s Rule

ITonization energies
Molecular orbital diagrams
Pauli Exclusion Principle
Planck’s equation
Quantum numbers (rules)

Thermodynamic Properties, Kinetics,
Equilibrium, States of Matter
Absolute entropies

Arrhenius equation
Clausius—Clapeyron equation
Colligative properties (equations)
Enthalpies of formation

Free energies of formation

Gas laws

Heats of vaporization, fusion
Hess’s Law

LeChatelier’s Principle

Specific heats, heat capacities
van’t Hoff equation

Vapor pressure of water

Acids, Bases, and Salts

Acid-base indicators

Amphoteric oxides, hydroxides

Common strong acids and bases
Dissociation constants (complex ions), Ky
Tonization constants for weak acids, K,
Tonization constants for weak bases, Kj,
Names and formulas of common ions
Solubility product constants, Kj,
Solubility guidelines

Electrochemistry

Activity series

Faraday’s Law

Nernst equation

Standard reduction potentials, E°

Miscellaneous

Classification of organic compounds
Lewis formulas (rules)

Naming coordination compounds
Naming inorganic compounds
Naming organic compounds
Organic functional groups
Oxidation states (common)

178, 184

153-158
259-260, 568-571
259-260

182

Appendix B

186

321

155

180
334,337,339-340
154

137

147

Appendix K

643-647

467

518, 524-525, 529, 531
Appendix K
Appendix K

418

465,470, Appendix E
564-568

679-686

Appendix E

699

Appendix E

763-766
195,355
210,213,710
Appendix I
Appendix F
Appendix G
219
Appendix H
213-215

229

808-809

820, 827-828
Appendix J

911,931
261-274
995-997
217-221
893-906,
911-931
187-189

Element Colors for Models

< Methionine, CsH,;NO,S

Color Scale for Electrical Charge
Potential (ECP) Surfaces

Cytosine

Guanine

Hydrogen bonding between two DNA base pairs

o+ NN M5

——— —
More More
positive negative
charge charge
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Useful Constants (For a more complete list, see Appendix D)

Atomic mass unit
Avogadro’s number
Electronic charge

Faraday constant

Gas constant

Ton product for water
Pi

Planck’s constant

Speed of light (in vacuum)

K

1 amu = 1.6605 X 107 g
N = 6.02214129 X 10% particles/mol

1.60217656 X 10~'° coulombs

o=
F = 96,485 coulombs/equivalent
= 96,485 coulombs/mol e~
L-atm cal
R = 0.082 = 1.
0.08 06mo-K 987mol-K
J kPa-dm’
= 8.31 =8.3145 —————
8.3 45m0-K 8.3145 ol K
=1.0 x 107
T = 3.1416

h = 6.62606957 X 1074] - s
= 6.62606896 X 107 erg - s
¢ = 2.99792458 X 10° m/s

Useful Relationships (For a more complete list, see Appendix C)

Mass and Weight

SI Base Unit: Kilogram (kg)
1 kilogram = 1000 grams = 2.205 pounds

1 gram = 1000 milligrams
1 pound = 453.59 grams
1 amu = 1.6606 X 107** grams
1 gram = 6.022 X 10* amu
1 ton = 2000 pounds

Volume

SI Base Unit: Cubic Meter (m?)

1 liter = 0.001 cubic meter
1 liter = 1000 cubic centimeters = 1000 mL
1 liter = 1.056 quarts

1 quart = 0.9463 liter

1 milliliter = 0.001 liter = 1 cubic centimeter
1 cubic foot = 7.475 gallons = 28.316 liters
1 gallon = 4 quarts

Pressure
SI Base Unit: Pascal (Pa)
1 pascal = 1 - = 1 newton/m’

m-s
1 atmosphere = 760 torr
= 760 millimeters of mercury
= 1.01325 X 10’ pascals
= 1.01325 bar
= 14.70 pounds per square inch

1 torr = 1 millimeter of mercury

Length
Si Base Unit: Meter (m)

1 inch = 2.54 centimeters (exactly)

1 meter = 100 centimeters = 39.37 inches
1 yard = 0.9144 meter
1 mile = 1.609 kilometers
1 kilometer = 1000 meters = 0.6215 mile
1 Angstrom = 1.0 X 107" meters = 1.0 X 10~® centimeters

Energy

ST Base Unit: Joule (J)

1 calorie = 4.184 joules = 4.129 X 1072 L - atm
2

1 joule =1 = 0.23901 calorie

¥
1 joule = 1 X 107 ergs
1 electron volt = 1.6022 X 10~ joule
1 electron volt = 96.485 kJ/mol
1 L -atm = 24.217 calories = 101.325 joules

Temperature
ST Base Unit: Kelvin (K)
0K = —273.15°C
2K ="°C + 273.15°
2°F = 1.8(°C) + 32°
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This is an electronic version of the print textbook. Due to electronic rights restrictions,
some third party content may be suppressed. Editorial review has deemed that any suppressed
content does not materially affect the overall learning experience. The publisher reserves the right
to remove content from this title at any time if subsequent rights restrictions require it. For
valuable information on pricing, previous editions, changes to current editions, and alternate
formats, please visit www.cengage.com/highered to search by ISBN#, author, title, or keyword for
materials in your areas of interest.

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.


http://www.cengage.com/highered

Chemistry

TENTH EDITION

KENNETH W. WHITTEN

University of Georgia, Athens

RAYMOND E. DAVIS

University of Texas at Austin

M. LARRY PECK

Texas Ao M University

GEORGE G. STANLEY

Louisiana State University

»~ + BROOKS/COLE

1 & CENGAGE Learning’

Australia « Brazil « Japan « Korea « Mexico « Singapore « Spain « United Kingdom « United States

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



Printed in the United States of America

BROOKS/COLE

CENGAGE Learning

Chemistry, Tenth Edition

Kenneth W. Whitten, Raymond E. Davis,
M. Larry Peck, George G. Stanley
Publisher: Mary Finch

Executive Editor: Lisa Lockwood
Developmental Editor: Alyssa White
Assistant Editor: Elizabeth Woods

Media Editor: Lisa Weber

Brand Manager: Nicole Hamm

Market Development Manager:
Janet del Mundo

Content Project Manager: Teresa L. Trego

Art Director: Maria Epes

Manufacturing Planner: Judy Inouye

Rights Acquisitions Specialist: Don Schlotman
Production Service: Graphic World Inc.

Photo Researcher: QBS Learning

Text Researcher: QBS Learning

Copy Editor: Graphic World Inc.

[llustrators: Graphic World Inc., Greg Gambino
Text Designer: RHDG Riezebos Holzbaur
Cover Designer: Bartay Studios

Cover Image: © Dale Wilson @Photographer’s
Choice RF

Compositor: Graphic World Inc.

12345671716151413

© 2014, 2010 Brooks/Cole, Cengage Learning

ALL RIGHTS RESERVED. No part of this work covered by the copyright herein
may be reproduced, transmitted, stored, or used in any form or by any means,
graphic, electronic, or mechanical, including but not limited to photocopying,
recording, scanning, digitizing, taping, Web distribution, information networks,
or information storage and retrieval systems, except as permitted under Section
107 or 108 of the 1976 United States Copyright Act, without the prior written
permission of the publisher.

For product information and technology assistance, contact us at
Cengage Learning Customer & Sales Support, 1-800-354-9706.

For permission to use material from this text or product,
submit all requests online at www.cengage.com/permissions.
Further permissions questions can be e-mailed to
permissionrequest@cengage.com.

Library of Congress Control Number: 2012950844
ISBN-13: 978-1-133-61066-3
ISBN-10: 1-133-61066-8

Brooks/Cole

20 Davis Drive

Belmont, CA 94002-3098
USA

Cengage Learning is a leading provider of customized learning

solutions with office locations around the globe, including

Singapore, the United Kingdom, Australia, Mexico, Brazil, and Japan. Locate your
local office at www.cengage.com/global.

Cengage Learning products are represented in Canada by
Nelson Education, Ltd.

To learn more about Brooks/Cole, visit www.cengage.com/brookscole

Purchase any of our products at your local college store or at our preferred
online store www.CengageBrain.com.

Copyright 2013 Cengage Learning, All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.


http://www.cengage.com/global
http://www.cengage.com/brookscole
http://www.CengageBrain.com
http://www.cengage.com/permissions
mailto:permissionrequest@cengage.com

This edition of Chemistry is gratefully dedicated to Professor Emeritus
Kenneth W. Whitten and the late Professor Kenneth D. Gailey, whose pedagogic

insights and clarity of organization provided guidance for generations of

students and laid the foundation for the many successful editions of this book.

RED, MLP, and GGS

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



Brief Contents

1 The Foundations of Chemistry 1

Chemical Periodicity 173

Chemical Bonding 249

00O N O O~ WN

Chemical Formulas and Composition Stoichiometry 43

Chemical Equations and Reaction Stoichiometry 81

The Structure of Atoms 115

Some Types of Chemical Reactions 207

Molecular Structure and Covalent Bonding Theories 287

9 Molecular Orbitals in Chemical Bonding 329

10 Reactions in Aqueous Solutions I: Acids, Bases, and Salts 347

11 Reactions in Aqueous Solutions II: Calculations 375

12 Gases and the Kinetic-Molecular Theory 401

13 Liquids and Solids 449
14 Ssolutions 505

15 chemical Thermodynamics
16 chemical Kinetics 611

17 chemical Equilibrium 667

551

18 1onic Equilibria I: Acids and Bases 709

19 Jlonic Equilibria II: Buffers and Titration Curves 749

20 1onic Equilibria III: The Solubility Product Principle 779

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electroni
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves

c rights, some third party content may be suppressed from the eBook and/or eChapter(s).

the right to remove additional content at any time if subsequent rights restrictions require it.



21 Electrochemistry 803
22 Nuclear Chemistry 851
23 Organic Chemistry I: Formulas, Names, and Properties 887

24 Organic Chemistry II: Shapes, Selected Reactions, and
Biopolymers 953

25 Ccoordination Compounds 989
26 Metals I: Metallurgy 1017
27 Metals II: Properties and Reactions 1035

28 Some Nonmetals and Metalloids 1057

APPENDIX A Some Mathematical Operations A-1

APPENDIX B Electronic Configurations of the Atoms of the Elements A-9
APPENDIX C Common Units, Equivalences, and Conversation Factors A-12
APPENDIX D Physical Constants A-15

APPENDIX E Some Physical Constants for a Few Common Substances A-16
APPENDIX F lonization Constants for Weak Acids at 25°C A-18

APPENDIX G lonization Constants for Weak Bases at 25°C A-20

APPENDIX H Solubility Product Constants for Some Inorganic Compounds
at 25°C A-21

APPENDIX | Dissociation Constants for Some Complex lons A-23

APPENDIX J Standard Reduction Potentials in Aqueous Solution at 25°C A-24
APPENDIX K Selected Thermodynamic Values at 298.15 K A-27

APPENDIX L Answers to Selected Even-Numbered Numerical Exercises A-30
Index of Equations E-1

Glossary/Index I-1

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



Contents

About the Authors xv 2-4  Atomic Weights 51
For the Instructor xvi 2-5 The Mole 51
For the Student xxviii CHEMISTRY IN USE: Avogadro’s Number 55
2-6  Formula Weights, Molecular Weights,
n The Foundations of Chemistry 1 ki
2-1 Percent Composition and Formulas
1-1  Matter and Energy 4 of Compounds 60
1-2  Chemistry—A Molecular View of Matter 5 2-8 Derivation of Formulas from Elemental
1-3  States of Matter 9 Composition 61
1-4  Chemical and Physical Properties 10 2-9 Determination of Molecular Formulas 65
1-5 Chemical and Physical Changes 12 2-10  Some Other Interpretations of Chemical

1-6  Mixtures, Substances, Compounds, and Elements 13 s -

CHEMISTRY IN USE: Names of the Elements 18
1-7 Measurements in Chemistry 19

2-11  Purity of Samples 71

Key Terms 72
Exercises 73
1-8  Units of Measurement 20

19 The Unit Factor Method (Dimensional Analysis) 22 . . .
® Uit Factor Wethod (Dimensional Analysis} Chemical Equations and Reaction

1-10 Percentage 26 Stoichiometry 81
1-11  Density and Specific Gravity 26

1-12 Heat and Temperature 29 3-1 Chemical Equations 82

1-13  Heat Transfer and the Measurement 3-2 (E:alcu!ations Based on Chemical
of Heat 31 quations 88

35 3-3 The Limiting Reactant (Reagent)

Key Terms
Concept 91

Exercises 36 . . .
3-4 Percent Yields from Chemical Reactions 95
) . 3-5 Sequential Reactions 96
Chemical Formulas and Composition 3.6 Concentrations of Solutions 97

Stmchmmetry 43 3-7 Dilution of Solutions 102

2-1 Chemical Formulas 44 3-8 Using Solutions in Chemical Reactions 103
2-2  lons and lonic Compounds 48 Key Terms 106
2-3  Names and Formulas of Some lonic Compounds 49 Exercises 106

Vi

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



ﬂ The Structure of Atoms 115

SUBATOMIC PARTICLES 116

4-1 Fundamental Particles 116

4-2 The Discovery of Electrons 117

4-3 Canal Rays and Protons 119

4-4  Rutherford and the Nuclear Atom 120

4-5 Atomic Number 121

4-6 Neutrons 122

4-7 Mass Number and Isotopes 123

4-8 Mass Spectrometry and Isotopic Abundance

4-9 The Atomic Weight Scale and Atomic Weights
CHEMISTRY IN USE: Stable Isotope Ratio
Analysis 127

4-10 The Periodic Table: Metals, Nonmetals,
and Metalloids 129

THE ELECTRONIC STRUCTURES OF ATOMS 134

4-11 Electromagnetic Radiation 134
4-12  The Photoelectric Effect 138
4-13  Atomic Spectra and the Bohr Atom 138

ENRICHMENT: The Bohr Theory and the
Balmer-Rydberg Equation 141
4-14 The Wave Nature of the Electron 144

4-15 The Quantum Mechanical Picture of the Atom

ENRICHMENT: The Schridinger Equation 147

4-16  Quantum Numbers 147
4-17 Atomic Orhitals 148
4-18 Electron Configurations 153

4-19 The Periodic Table and Electron Configurations

4-20 Paramagnetism and Diamagnetism 161

Key Terms 162
Exercises 164

ﬂ Chemical Periodicity 173

5-1 More About the Periodic Tahle 174

CHEMISTRY IN USE: The Periodic Table 175
PERIODIC PROPERTIES OF THE ELEMENTS 177
5-2 Atomic Radii 177
5-3 lonization Energy 179
5-4 Electron Affinity 182
5-5 lonic Radii 184
5-6 Electronegativity 186
5-7 Oxidation States 187

CONTENTS vii

CHEMICAL REACTIONS AND PERIODICITY 190

9-8
9-9

6-1
6-2

Hydrogen and the Hydrides 190
Oxygen and the Oxides 193

Key Terms 201
Exercises 202

Some Types of Chemical
Reactions 207

Aqueous Solutions: An Introduction 208
Reactions in Aqueous Solutions 215

NAMING SOME INORGANIC COMPOUNDS 217

6-3
6-4

Naming Binary Compounds 217
Naming Ternary Acids and Their Salts 219

CLASSIFYING CHEMICAL REACTIONS 222

6-5
6-6
6-7
6-8

6-9
6-10
6-11

Oxidation—Reduction Reactions: Introduction 222
Combination Reactions 225

Decomposition Reactions 226

Displacement Reactions 227

CHEMISTRY IN USE: Troublesome Displacement
Reactions 230

Metathesis Reactions 232

Gas-Formation Reactions 237

Summary of Reaction Types 238

Key Terms 240
Exercises 241

Chemical Bonding 249

1-1

Lewis Dot Formulas of Atoms 250

IONIC BONDING 251

1-2

Formation of lonic Compounds 251

ENRICHMENT: Introduction to Energy Relationships in
lonic Bonding 256

COVALENT BONDING 258

7-3
7-4
1-5

1-6
1-1
1-8

1-9

Formation of Covalent Bonds 258
Bond Lengths and Bond Energies 259

Lewis Formulas for Molecules and Polyatomic
lons 260

Writing Lewis Formulas: The Octet Rule 261
Formal Charges 267

Writing Lewis Formulas: Limitations of the Octet
Rule 269

Resonance 274

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



viii CONTENTS

7-10 Polar and Nonpolar Covalent Bonds 276
7-11 Dipole Moments 278

7-12  The Continuous Range of Bonding
Types 279

Key Terms 280
Exercises 281

Molecular Structure and Covalent
Bonding Theories 287

8-1 A Preview of the Chapter 288
8-2 Valence Shell Electron Pair Repulsion Theory 290

8-3 Polar Molecules: The Influence of Molecular
Geometry 292

8-4 Valence Bond Theory 293
MOLECULAR SHAPES AND BONDING 294

8-5 Linear Electronic Geometry: AB, Species (No Lone
Pairson A) 295

8-6 Trigonal Planar Electronic Geometry: AB; Species (No
Lone Pairs on A) 297

8-7 Tetrahedral Electronic Geometry: AB, Species (No
Lone Pairs on A) 299

8-8 Tetrahedral Electronic Geometry: AB;U Species (One
Lone Pair on A) 304

8-9 Tetrahedral Electronic Geometry: AB,U, Species (Two
Lone Pairs on A) 308

8-10 Tetrahedral Electronic Geometry: ABU; Species (Three
Lone Pairs on A) 310

8-11 Trigonal Bipyramidal Electronic Geometry: ABs, AB,U,
AB;U,, and AB,U, 310

8-12  Octahedral Electronic Geometry: ABg, AB:U,
AB,U, 314

8-13  Lone Pairs on the Central Atom—A Summary 315
8-14 Compounds Containing Double Bonds 317
8-15 Compounds Containing Triple Bonds 319

8-16 A Summary of Electronic and Molecular
Geometries 320

Key Terms 322
Exercises 323

Molecular Orbitals in Chemical
Bonding 329

9-1 Molecular Orbitals 330
9-2  Molecular Orbital Energy Level Diagrams 333

9-3 Bond Order and Bond Stability 335
9-4 Homonuclear Diatomic Molecules 335
9-5 Heteronuclear Diatomic Molecules 339

9-6 Delocalization and the Shapes of Molecular
Orbitals 341

Key Terms 343
Exercises 344

m Reactions in Aqueous Solutions I:
Acids, Bases, and Salts 347

10-1 Properties of Agueous Solutions of Acids and
Bases 349

10-2  The Arrhenius Theory 349

10-3  The Hydronium lon (Hydrated
Hydrogen lon) 350

10-4  The Brgnsted—Lowry Theory 350
10-5 The Autoionization of Water 353
10-6  Amphoterism 354
10-7 Strengths of Acids 355
10-8 Acid—Base Reactions in Aqueous
Solutions 358
CHEMISTRY IN USE: Everyday Salts of Ternary
Acids 360
10-9 Acidic Salts and Basic Salts 361
10-10 The Lewis Theory 363
10-11  The Preparation of Acids 365

Key Terms 367
Exercises 367

Reactions in Aqueous Solutions II:
Calculations 375

AQUEOUS ACID-BASE REACTIONS 376
11-1  Calculations Involving Molarity 376
11-2 Titrations 380

11-3 Calculations for Acid—Base
Titrations 382

OXIDATION-REDUCTION REACTIONS 386
11-4 Balancing Redox Equations 387

11-5 Adding H*, OH—, or H,0 to Balance Oxygen or
Hydrogen 388

11-6 Calculations for Redox Titrations 390

Key Terms 393
Exercises 393

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



12-1
12-2

12-3
12-4

12-5
12-6
12-1
12-8
12-9

12-10

12-11
12-12

12-13

12-14
12-15

13-1

13-2

Gases and the Kinetic—Molecular
Theory 401

Comparison of Solids, Liquids, and Gases 402

Composition of the Atmosphere and Some Common
Properties of Gases 403

Pressure 403

Boyle’s Law: The Volume—Pressure Relationship 405
CHEMISTRY IN USE: The Greenhouse Effect and
Climate Change 406

Charles’s Law: The Volume—Temperature Relationship;
The Absolute Temperature Scale 410

Standard Temperature and Pressure 412

The Combhined Gas Law Equation 412

Avogadro’s Law and the Standard Molar Volume 414
Summary of Gas Laws: The Ideal Gas Equation 415

Determination of Molecular Weights and Molecular
Formulas of Gaseous Substances 419

Dalton’s Law of Partial Pressures 420

Mass—Volume Relationships in Reactions Involving
Gases 426

The Kinetic—Molecular Theory 428

ENRICHMENT: Kinetic—Molecular Theory, the Ideal Gas
Equation, and Molecular Speeds 431

Diffusion and Effusion of Gases 433
Deviations from Ideal Gas Behavior 435

Key Terms 438
Exercises 439

Liquids and Solids 449

Kinetic—Molecular Description of Liquids and
Solids 450

Intermolecular Attractions and Phase Changes 451

THE LIQUID STATE 458

13-3
13-4
13-5
13-6
13-7
13-8
13-9

Viscosity 459

Surface Tension 460

Capillary Action 460

Evaporation 461

Vapor Pressure 462

Boiling Points and Distillation 464

Heat Transfer Involving Liquids 465

ENRICHMENT: The Clausius—Clapeyron Equation 467

CONTENTS

THE SOLID STATE 469
13-10 Melting Point 469
13-11 Heat Transfer Involving Solids 469

13-12  Sublimation and the Vapor Pressure of Solids 472

13-13 Phase Diagrams (Pversus 7) 472

13-14  Amorphous Solids and Crystalline Solids 475
ENRICHMENT: X-Ray Diffraction 476

13-15 Structures of Crystals 478

13-16 Bonding in Solids 481

13-17 Band Theory of Metals 489

CHEMISTRY IN USE: Semiconductors 492

Key Terms 494
Exercises 496

m Solutions 505

THE DISSOLUTION PROCESS 506
14-1 Spontaneity of the Dissolution Process 506
14-2 Dissolution of Solids in Liquids 508

14-3 Dissolution of Liquids in Liquids
(Miscibility) 510

14-4  Dissolution of Gases in Liquids 512

14-5 Rates of Dissolution and Saturation 513

14-6  Effect of Temperature on Solubility 514

14-7 Effect of Pressure on Solubility 515

14-8 Molality and Mole Fraction 516
COLLIGATIVE PROPERTIES OF SOLUTIONS 517

14-9  Lowering of Vapor Pressure and
Raoult’s Law 518

14-10 Fractional Distillation 522
14-11  Boiling Point Elevation 523
14-12  Freezing Point Depression 525

14-13 Determination of Molecular Weight by Freezing Point

Depression or Boiling Point Elevation 526

14-14 Colligative Properties and Dissociation of
Electrolytes 527

14-15 Osmotic Pressure 531
COLLOIDS 535

14-16  The Tyndall Effect 535

14-17 The Adsorption Phenomenon 535

CHEMISTRY IN USE: Water Purification and
Hemodialysis 536

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning, All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



X

14-18

CONTENTS

Hydrophilic and Hydrophobic Colloids 539
CHEMISTRY IN USE: Why Does Red Wine Go with Red
Meat? 542

Key Terms 542
Exercises 543

m Chemical Thermodynamics 9551
HEAT CHANGES AND THERMOCHEMISTRY 553

15-1
15-2
15-3
15-4
15-5
15-6
15-1
15-8
15-9
15-10
15-11

The First Law of Thermodynamics 553

Some Thermodynamic Terms 555

Enthalpy Changes 556

Calorimetry: Measurement of Heat Transfer 556
Thermochemical Equations 558

Standard States and Standard Enthalpy Changes 561
Standard Molar Enthalpies of Formation, AHY 562
Hess's Law 564

Bond Energies 568

Changes in Internal Energy, AE 571

Relationship Between AHand AE 577

SPONTANEITY OF PHYSICAL AND CHEMICAL

15-12
15-13
15-14
15-15
15-16

15-11

CHANGES 578

The Two Aspects of Spontaneity 579

Dispersal of Energy and Matter 580

Entropy, S, and Entropy Change, AS 583

The Second Law of Thermodynamics 589

Free Energy Change, AG, and

Spontaneity 591

The Temperature Dependence of Spontaneity 594

Key Terms 598
Exercises 599

m Chemical Kinetics 611

16-1

The Rate of a Reaction 613

FACTORS THAT AFFECT REACTION RATES 618

16-2
16-3

16-4

Nature of the Reactants 619
Concentrations of Reactants: The Rate-Law
Expression 619

Concentration Versus Time: The Integrated Rate
Equation 627

ENRICHMENT: Calculus Derivation of Integrated Rate
Equations 633

ENRICHMENT: Using Integrated Rate Equations to
Determine Reaction Order 634

Unless otherwise noted, all content on this page is © Cengage Learning

16-5
16-6
16-7

16-8
16-9

17-1
11-2
11-3

17-4
11-5
17-6
11-1

17-8
179
17-10
17-1
17-12

17-13

18-1
18-2
18-3
18-4

18-5
18-6
18-7
18-8
18-9

Collision Theory of Reaction Rates 638
Transition State Theory 638

Reaction Mechanisms and the Rate-Law
Expression 640

Temperature: The Arrhenius Equation 643
Catalysts 647

CHEMISTRY IN USE: Ozone 654

Key Terms 656
Exercises 657

Chemical Equilibrium 667

Basic Concepts 668
The Equilibrium Constant 670

Variation of K; with the Form of the Balanced
Equation 673

The Reaction Quotient 674
Uses of the Equilibrium Constant, X, 676
Disturbing a System at Equilibrium: Predictions 679

The Haber Process: A Commercial Application of
Equilibrium 686

Disturbing a System at Equilibrium: Calculations 688
Partial Pressures and the Equilibrium Constant 691
Relationship between K, and £, 692

Heterogeneous Equilibria 694

Relationship between A&, and the Equilibrium
Constant 695

Evaluation of Equilibrium Constants at Different
Temperatures 699

Key Terms 700
Exercises 700

lonic Equilibria I: Acids and
Bases 709

A Review of Strong Electrolytes 710
The Autoionization of Water 711
The pH and pOH Scales 713

lonization Constants for Weak Monoprotic Acids and
Bases 717

Polyprotic Acids 729

Solvolysis 732

Salts of Strong Bases and Strong Acids 733
Salts of Strong Bases and Weak Acids 733
Salts of Weak Bases and Strong Acids 736

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



18-10

18-11

19-1
19-2
19-3

19-4

Salts of Weak Bases and Weak Acids 737
CHEMISTRY IN USE: Taming Dangerous Acids with
Harmless Salts 738

Salts That Contain Small, Highly Charged
Cations 740

Key Terms 742
Exercises 742

lonic Equilibria II: Buffers and
Titration Curves 749
The Common lon Effect and Buffer Solutions 750
Buffering Action 756
Preparation of Buffer Solutions 759
CHEMISTRY IN USE: Fun with Carbonates 762
Acid—Base Indicators 763

TITRATION CURVES 765

19-5
19-6
19-7
19-8

20

20-1
20-2
20-3

20-4
20-5

20-6

21-1
21-2

Strong Acid/Strong Base Titration Curves 765
Weak Acid/Strong Base Titration Curves 768
Weak Acid/Weak Base Titration Curves 769
Summary of Acid—Base Calculations 771

Key Terms 772
Exercises 773

lonic Equilibria III: The Solubility
Product Principle 779

Solubility Product Constants 780
Determination of Solubility Product Constants 782
Uses of Solubility Product Constants 784

ENRICHMENT: The Effects of Hydrolysis on
Solubility 787

Fractional Precipitation; &, > £, 790

Simultaneous Equilibria Involving Slightly Soluble
Compounds 792

Dissolving Precipitates; 4, < £, 795

Key Terms 797
Exercises 798

Electrochemistry 803

Electrical Conduction 805
Electrodes 805

CONTENTS Xi

ELECTROLYTIC CELLS 805

21-3 The Electrolysis of Molten Sodium Chloride (The
Downs Cell) 806

21-4  The Electrolysis of Aqueous Sodium Chloride 807
21-5 The Electrolysis of Aqueous Sodium Sulfate 808
21-6  Counting Electrons: Coulometry and Faraday’s Law of
Electrolysis 808
CHEMISTRY IN USE: A Spectacular View of One Mole
of Electrons 810
21-1 Commercial Applications of Electrolytic Cells 811
VOLTAIC OR GALVANIC CELLS 811
21-8 The Construction of Simple Voltaic Cells 812
21-9  The Zinc—Copper Cell 813
21-10 The Copper=Silver Cell 815
STANDARD ELECTRODE POTENTIALS 816
21-11  The Standard Hydrogen Electrode 817
21-12  The Zinc—SHE Cell 817
21-13  The Copper—SHE Cell 818
21-14 Standard Electrode Potentials 819
21-15 Uses of Standard Electrode Potentials 821

21-16 Standard Electrode Potentials for Other Half-
Reactions 823

21-17 Corrosion 825
21-18 Corrosion Protection 827

EFFECT OF CONCENTRATIONS (OR PARTIAL PRESSURES)
ON ELECTRODE POTENTIALS 827

21-19 The Nernst Equation 827

21-20 Using Electrochemical Cells to Determine
Concentrations 832
ENRICHMENT: Concentration Cells 834
21-21  The Relationship of £}, to AG® and K,, 835
PRIMARY VOLTAIC CELLS 836
21-22 Dry Cells 837
SECONDARY VOLTAIC CELLS 838
21-23 The Lead Storage Battery 838
21-24  The Nickel-Cadmium (Nicad) Cell 840
21-25 The Hydrogen—0Oxygen Fuel Cell 840

Key Terms 842
Exercises 843

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



Xii CONTENTS

m Nuclear Chemistry 851

22-1 The Nucleus 853

22-2  Neutron—Proton Ratio and Nuclear Stahility 853
22-3 Nuclear Stability and Binding Energy 854

22-4 Radioactive Decay 857

22-5 Equations for Nuclear Reactions 858

22-6  Neutron-Rich Nuclei (Above the Band
of Stahility) 859

22-1 Neutron-Poor Nuclei (Below the Band
of Stability) 859

22-8 Nuclei with Atomic Number Greater
Than 83 860

22-9 Detection of Radiation 861

22-10 Rates of Decay and Half-Life 863

22-11 Decay Series 865

22-12  Uses of Radionuclides 865
CHEMISTRY IN USE: Household Radon Exposure and
Lung Cancer 869

22-13  Artificial Transmutations of Elements 871

22-14  Nuclear Fission 874

22-15 Nuclear Fission Reactors 876

22-16  Nuclear Fusion 879

CHEMISTRY IN USE: Managing Nuclear Wastes 880

Key Terms 882
Exercises 883

Organic Chemistry I: Formulas,
Names, and Properties 887

SATURATED HYDROCARBONS 890
23-1 Alkanes and Cycloalkanes 890
23-2 Naming Saturated Hydrocarbons 895
UNSATURATED HYDROCARBONS 899
23-3 Alkenes 899
CHEMISTRY IN USE: Petroleum 900
23-4  Alkynes 905
AROMATIC HYDROCARBONS 906
23-5 Benzene 906
23-6  Other Aromatic Hydrocarbons 907
CHEMISTRY IN USE: Nanotechnology 908
23-7 Hydrocarbons: A Summary 910

Unless otherwise noted, all content on this page is © Cengage Learning

FUNCTIONAL GROUPS 911

23-8 Organic Halides 911

23-9 Alcohols and Phenols 913
CHEMISTRY IN USE: Developing More Environmentally
Friendly Solvents 914

23-10 Ethers 918

23-11 Aldehydes and Ketones 918

23-12 Amines 921

23-13 Carboxylic Acids 922
CHEMISTRY IN USE: The Chemistry of Artists’
Pigments 924

23-14 Some Derivatives of Carhoxylic Acids 926
CHEMISTRY IN USE: Butter, Margarine, and trans
Fats 930

23-15 Summary of Functional Groups 930

FUNDAMENTAL CLASSES OF ORGANIC REACTIONS 932

23-16  Substitution Reactions 932

23-17 Addition Reactions 935

23-18 Elimination Reactions 937

23-19 Polymerization Reactions 938

Key Terms 943
Exercises 944

Organic Chemistry II: Shapes, Selected
Reactions, and Biopolymers 953

SHAPES OF ORGANIC MOLECULES 954
24-1 Constitutional Isomers 954
24-2 Stereoisomers 955
24-3  Conformations 959
SELECTED REACTIONS 960
24-4  Reactions of Brgnsted—Lowry Acids and Bases 960
24-5 Oxidation—Reduction Reactions 963

CHEMISTRY IN USE: Chemical Communication 964
24-6 Formation of Carboxylic Acid Derivatives 968
24-7 Hydrolysis of Esters 969
BIOPOLYMERS 970
24-8 Carbohydrates 971
24-9 Polypeptides and Proteins 974
24-10  Nucleic Acids 978

CHEMISTRY IN USE: The Cells’ Drinking Straws 979

Key Terms 982
Exercises 983

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



PI]  coordination Compounds ~ 989

25-1 Coordination Compounds 990

25-2  Ammine Complexes 993

25-3 Important Terms 994

25-4 Nomenclature 995

25-5 Structures 998

ISOMERISM IN COORDINATION COMPOUNDS 998
25-6 Structural (Constitutional) Isomers 999
25-1 Stereoisomers 1000

BONDING IN COORDINATION COMPOUNDS 1006
25-8 Crystal Field Theory 1006

25-9  Color and the Spectrochemical Series 1008

Key Terms 1010
Exercises 1011

PIJ wetals ©: Metallurgy 1017

METALS 1018

26-1 Occurrence of the Metals 1018
METALLURGY 1018

26-2 Pretreatment of Ores 1019

26-3 Reduction to the Free Metals 1021
26-4 Refining of Metals 1022
METALLURGIES OF SPECIFIC METALS 1023
26-5 Magnesium 1023

26-6 Aluminum 1024

26-7 Iron 1026

26-8 Copper 1028

26-9 Gold 1029

Key Terms 1030
Exercises 1030

27 Metals I1: Properties and
Reactions 1035
THE ALKALI METALS (GROUP 1A) 1036
27-1  Group 1A Metals: Properties and Occurrence 1036
27-2 Reactions of the Group 1A Metals 1037
CHEMISTRY IN USE: Trace Elements and Life 1038
27-3 Uses of Group 1A Metals and Their Compounds 1041

CONTENTS Xiii

THE ALKALINE EARTH METALS (GROUP 2A) 1042
27-4  Group 2A Metals: Properties and Occurrence 1042
27-5 Reactions of the Group 2A Metals 1042
27-6 Uses of Group 2A Metals and Their Compounds 1043

THE POST-TRANSITION METALS 1045
27-1 Group 3A: Periodic Trends 1045

CHEMISTRY IN USE: The Most Valuable Metal in the
World 1047

THE d-TRANSITION METALS 1048
27-8 General Properties 1049
27-9 Oxidation States 1049

27-10  Chromium Oxides, Oxyanions, and Hydroxides 1050

CHEMISTRY IN USE: Our Love—Hate Relationship with
Mercury 1052

Key Terms 1053
Exercises 1053

m Some Nonmetals and
Metalloids 1057

THE NOBLE GASES (GROUP 8A) 1058
28-1 Occurrence, Uses, and Properties 1058
28-2  Xenon Compounds 1059
THE HALOGENS (GROUP 7A) 1059
28-3 Properties 1060
28-4  Occurrence, Production, and Uses 1061
28-5 Reactions of the Free Halogens 1062
28-6 The Hydrogen Halides and Hydrohalic Acids 1063
28-7 The Oxoacids (Ternary Acids) of the Halogens 1064
SULFUR, SELENIUM, AND TELLURIUM 1065
28-8 Occurrence, Properties, and Uses 1065
28-9 Reactions of Group 6A Elements 1067
28-10 Hydrides of Group 6A Elements 1067
28-11  Group 6A Oxides 1068
28-12  Oxoacids of Sulfur 1069
NITROGEN AND PHOSPHORUS 1070
28-13 Occurrence of Nitrogen 1071
28-14  Hydrogen Compounds of Nitrogen 1072
28-15 Nitrogen Oxides 1073

CHEMISTRY IN USE: Nitrogen Oxides and
Photochemical Smog 1075

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning, All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



Xiv CONTENTS

28-16  Some Oxoacids of Nitrogen and Their Salts 1076 APPENDIX G lonization Constants for Weak Bases
28-17 Phosphorus 1077 at 25°C  A-20
SILICON 1078 APPENDIX H Solubility Product Constants for Some
- - | i 25°C A-21
28-18  Silicon and the Silicates 1078 LTI (T £ 223
Key Terms 1080 APPENDIX | Dissociation Constants for Some Complex
lons A-23

Exercises 1080
APPENDIX A Some Mathematical Operations A-1 APPENDIX J Stand_ard Reduction Potentials in Aqueous

Solution at 25°C A-24
APPENDIX B Electronic Configurations of the Atoms

of the Elements  A-9 APPENDIX K Selected Thermodynamic Values

at 298.15 K A-27
APPENDIX C Common Units, Equivalences,

and Conversion Factors A-12 APPENDIX L Answers to Selected Even-Numbered

Numerical Exercises A-30

APPENDIX D Physical Constants A-15 Index of Equations E-1

APPENDIX E Some Physical Constants for a Few Common

Substances A-16 Glossary/Index I-1

APPENDIX F lonization Constants for Weak Acids
at 25°C A-18

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



About the Authors

KEN WHITTEN is Professor Emeritus at the University of
Georgia. Dr. Whitten received his A.B. at Berry College,
M.S. at the University of Mississippi, and Ph.D. at the
University of Illinois. He taught at Tulane, the University of
Southwestern Louisiana, the Mississippi State College for
Women, and the University of Alabama, before joining the
UGA faculty as Assistant Professor and Coordinator of
General Chemistry in 1967. He remained Coordinator of
General Chemistry throughout his UGA career until his
retirement in 1998. His numerous awards include the G. E.
Philbrook Chemistry Teacher of the Year Award, the
Outstanding Honor’s Professor, the Franklin College
Outstanding Teacher of the Year, the General Sandy Beaver
Teaching Award, and a Senior Teaching Fellowship. An
award was established in Dr. Whitten’s honor in 1998
celebrating outstanding teaching assistants in UGA’s
department of chemistry.

RAY DAVIS is University Distinguished
Teaching Professor Emeritus at the
University of Texas at Austin. He
received his B.S. at the University of
Kansas in 1960 and his Ph.D. from Yale
University in 1965. He was a Cancer
Research Scientist at the Roswell Park
Memorial Institute from 1964 to 1966.
His many teaching awards include the
Minnie Stevens Piper Professorship in
1992, the Jean Holloway Award for Excellence in Teaching in
1996, and (five times) the Outstanding Teacher Award given
by campus freshman honor societies. In 1995 he was named
an inaugural member of the University’s Academy of
Distinguished Teachers. His friends and former students
have created the Raymond E. Davis Endowed Scholarship in
Chemistry and Biochemistry in his honor.

M. LARRY PECK is Professor Emeritus at
Texas A&M University. He received his
Ph.D. from Montana State University in
1971. He won the Catalyst Award (a
national award for excellence in
chemistry teaching) presented by the
Chemical Manufacturers Association in
2000, Texas A&M'’s Association of
Former Students Distinguished
Achievement Award in Chemistry
Teaching in 2002, and the Division of Chemical Education’s
Outstanding Service to the Division Award in 2007. Until his
retirement in 2006, Dr. Peck was very active in teaching
science at all levels and directed workshops designed to
improve the teaching of physical science programs now
known in Texas as “integrated physics and chemistry.” The
resource materials developed in these workshops are
currently being used as models for other state-funded teacher
training programs. His colleagues, friends, and former students

created the M. Larry Peck Endowed Scholarship in Chemistry.

GEORGE STANLEY, Cyril & Tutta Vetter
Alumni Professor at Louisiana State
University, received his B.S. from the
University of Rochester in 1975 and his
Ph.D. from Texas A&M University in
1979. He has extensive research
experience in inorganic and catalytic
chemistry. George has received
numerous awards and accolades, both
nationally and locally, including the
NSF Special Creativity Awards in 1994 and 2003, the LSU
University Excellence in Teaching Award in 1995, the LSU
College of Basic Sciences Teaching Award, the Baton Rouge-
ACS Charles F. Coates Award in 1999, and American
Chemical Society Fellow in 2011. George was Chair of the
2005 Inorganic Chemistry Gordon Research Conference and
organizer of the NSF Inorganic Chemistry Workshops from
1996 through 1999. He was named 2005-2006 TIAA-CREF
Service Learning Fellow for his longtime commitment to
service-learning programs at LSU.

XV

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



For the Instructor

Chemistry and Chemistry with Qualitative Analysis Supplement, tenth editon, are intended for
use in the introductory chemistry course taken by students of chemistry, biology, geology,
physics, engineering, and related subjects. Although some background in high school sci-
ence is helpful, no specific knowledge of topics in chemistry is presupposed. This book has
self-contained presentations of the fundamentals of chemistry. The aim is to convey to
students the dynamic and changing aspects of chemistry in the modern world.

This text provides a means by which students can develop an understanding of funda-
mental concepts of chemistry; the students’ ability to solve problems is based on this un-
derstanding. Our goal in this revision is to provide students with the best possible tool for
learning chemistry by incorporating and amplifying features that enhance their
understanding of concepts and guide them through the more challenging aspects of learning
chemistry.

What’s New

Chemistry, 10th edition, Summary of Changes

This new edition of Chemistry continues to incorporate a strong molecular reasoning focus, amplified problem-solving exercises, a wide range of real-life examples and
applications, and innovative technological resources. With this text’s focus on molecular reasoning, your students will learn to think at the molecular level and make
connections between molecular structure and macroscopic properties. The tenth edition has been revised throughout and now includes a reorganization of the
descriptive chemistry chapters to improve the flow of topics, a new basic math skills appendix, an updated art program with new “talking labels” that fully explain what
is going on in the figure, and much more.

1. The Foundations 1. The Foundations ¢ NEW BASIC MATH SKILLS APPENDIX: To aid the flow of introductory chemistry material in Chapter 1, a
of Chemistry of Chemistry review of topics in basic mathematics skills, including scientific notation and use of significant figures, with

numerous examples, now appears in Appendix A. Related exercises remain in the “Measurements and

Calculations” section at the end of Chapter 1.

New chapter-opening photo presentation introducing students to the concept that chemistry is everywhere!

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking

label system that aids student understanding of key concepts.

¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of

gathering and analyzing data seamless.

Updated “Chemistry in Use: Names of the Elements.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

2. Chemical 2. Chemical * Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
Formulas and Formulas and label system that aids student understanding of key concepts.
Composition Composition ® This chapter introduces the use of effective visual representations of molecules—chemical and structural
Stoichiometry Stoichiometry formulas, ball-and-stick and space-filling models—throughout the text to facilitate student appreciation of

shapes and properties of molecules.
¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.
This early coverage of basic concepts such as the mole, atomic weights, ions and ionic charges, molecules, and
formulas and composition provides an effective groundwork for subsequent study and calculations in chemistry.
20% new and revised end-of-chapter exercises.
Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.
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3. Chemical
Equations and
Reaction
Stoichiometry

4. The Structure of
Atoms

5. Chemical
Periodicity

6. Some Types of
Chemical
Reactions

7. Chemical Bonding

3. Chemical
Equations and
Reaction
Stoichiometry

4. The Structure of
Atoms

5. Chemical
Periodicity

6. Some Types of
Chemical

Reactions

7. Chemical Bonding

New chapter-opening photo presentation on the combustion of methane with oxygen featuring integrated
displays of various chemical representations, including models (space-filling, ball-and-stick), chemical formulas
(molecules and equations), and reacting systems.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New stoichiometry formula balancing example added to cover the concept of fractional coefficients and the
various ways of dealing with them.

New reaction ratio labels added to examples to clarify this concept to students.

Two new “Stop & Think” boxes added to help students with reaction balancing. Several other existing “Stop &
Think” boxes edited to improve their helpfulness and clarity.

The basic concepts introduced in the previous chapter provide the basis for understanding reaction
stoichiometry and develop student familiarity with writing, balancing, interpreting, and calculating with
chemical equations.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Calculation skills learned in previous chapters help students build facility and confidence in working with
chemical reactions, equations, and solutions.

20% new and revised end-of-chapter exercises.

New chapter-opening photo presentation emphasizing the connection of colors and energy of light to
understanding atomic structure.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts. Revised and updated artwork for over 40% of the
figures in this chapter.

Systematic presentation of the historic development of atomic theory helps students understand chemical
thought and appreciate central ideas of the science.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

The systematic introduction of light, energy, and subatomic particles aids in student appreciation of the central
ideas of atomic theory and the periodic table of the elements.

Updated “Chemistry in Use: Stable Isotope Ratio Analysis.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Coordinated presentation of basic aspects of atomic structure with observed properties of elements and
compounds enhance student appreciation of the periodic table in correlating the versatile use and power of the
periodic table.

Updated “Chemistry in Use: The Periodic Table” and “The Discovery of Phosphorus” combined and edited.
New text addition to explain the size discrepancies between Te and Po relative to lighter elements in their
column.

Improved discussion of hydrides and related binary compounds with hydrogen.

Reorganized discussion of metal oxides to improve clarity and flow.

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

REORGANIZED INTRODUCTION TO AQUEOUS SOLUTIONS: Section 6-1 has been completely
reorganized to improve the descriptive introduction to aspects of aqueous solutions, including ionization and
dissociation, acids, bases, and solubility guidelines. These basic ideas are then elaborated in the classification of
reactions in the remainder of Chapter 6 and serve as a foundation throughout the textbook for further
discussion of physical and chemical properties of solutions.

New chapter-opening photo presentation on precipitation reaction of AgNOj and potassium iodide.
Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

Revised acid-base labeling color scheme that parallels the color scheme for the electrostatic charge potential
surfaces on molecules for improved consistency throughout text (red for buildup of negative charge for bases;
blue for cationic charge on H).

Revised oxidation number labeling system for easier student correlation with chemical formulas.

Updated tabular presentation of acids, bases, and other industrial chemicals.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Updated “Chemistry in Use: Troublesome Displacement Reactions.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Many edits to clarify discussions of bonding concepts, especially for working out Lewis dot structures.
Consistent verbal and visual distinction between ionic bonding (electron #7unsfer) and covalent bonding
(electron sharing) to aid student understanding.

Updated and new “Problem-Solving Tips” enhance student use of versatile, effective strategies for writing and
understanding Lewis formulas and electron distributions in covalent molecules and ions.

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.
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8. Molecular 8. Molecular ¢ An expanded section including a more comprehensive, tabular summary of the influence of central atom lone
Structure and Structure and pairs on molecular geometry has been added in Chapter 8, enhancing student understanding of this key
Covalent Covalent concept.

Bonding Bonding ¢ Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
Theories Theories label system that aids student understanding of key concepts.

¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.
® 20% new and revised end-of-chapter exercises.

9. Molecular 9. Molecular ® Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
Orbitals in Orbitals in label system that aids student understanding of key concepts.
Chemical Chemical ¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
Bonding Bonding gathering and analyzing data seamless.

10. Reactions in 10. Reactions in New chapter-opening photo presentation on the chemistry of an Alka-Seltzer tablet in water.
Aqueous Aqueous Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
Solutions I: Solutions I: label system that aids student understanding of key concepts.
Acids, Bases, and Acids, Bases, and ¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
Salts Salts gathering and analyzing data seamless.

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

11. Reactions in 11. Reactions in ¢ New chapter-opening photo presentation illustrating the use of purple potassium permanganate as an internal
Aqueous Aqueous indicator.
Solutions II: Solutions II: New margin notes and “Stop & Think” boxes clarify more difficult concepts to students.
Calculations Calculations New oxidation state symbols and text edits further clarify redox equation balancing to students.
Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.
¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.
® 20% new and revised end-of-chapter exercises.

12. Gases and the 12. Gases and the ¢ New chapter-opening photo showing the lower density of gases with increasing temperature via hot air
Kinetic— Kinetic— balloons.
Molecular Molecular * Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
Theory Theory label system that aids student understanding of key concepts.
¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.
Updated “Chemistry in Use: The Greenhouse Effect and Climate Change” to help students understand current
scientific knowledge regarding this important environmental issue.
“Problem-Solving Tips” and “Stop & Think” features are further enhanced to help students develop and
analyze the use of proper units in gas law calculations.
¢ New inclusion of the Maxwell-Boltzmann distribution function helps student appreciation and use of this
important concept in gas molecular behavior.
20% new and revised end-of-chapter exercises.
Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

13. Liquids and 13. Liquids and
Solids Solids

New chapter-opening photo presentation on interfacial force microscopy and how water wets a metal surface.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking

label system that aids student understanding of key concepts.

¢ New electrostatic charge potential surfaces help students visualize and better understand the differences

between nonpolar and polar molecules.

Consistent discussion of intermolecular forces and attractions in substances, coupled with the dramatic visual

presentation, builds student understanding of physical properties and transitions of condensed phases of matter.

¢ Fully revised Figure 13-13 on vapor pressure, boiling points, and polarity including ECP molecular images.
Substantial edits on figure captions and text for this section.

¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of

gathering and analyzing data seamless.

Updated “Chemistry in Use: Semiconductors.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

14. Solutions 14. Solutions New chapter-opening photo presentation on spreading soluble salt for control of ice and snow on roadways.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking

label system that aids student understanding of key concepts.

Several examples were updated with corrected calculations, making them clearer for students.

Concepts and skills developed in prior chapters are consistently applied to enhance student grasp of solutions

and their properties.

* Basic concepts of intermolecular energies and attractions from prior chapters help students develop knowledge
and calculations regarding colligative properties.

¢ New ECP molecular images continue to reinforce the key concepts of polarity and intermolecular attractive
forces.

¢ The importance of colloids in biology and daily life is emphasized along with a new photograph more clearly
showing the Tyndall effect.

¢ New customized table designs organize important data in an accessible, easy-to-read format, making the task of

gathering and analyzing data seamless.

Updated “Chemistry in Use: Water Purification and Hemodialysis” and “Why Does Red Wine Go with Red

Meat?”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.
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15. Chemical 15. Chemical
Thermodynamics Thermodynamics

16. Chemical 16. Chemical
Kinetics Kinetics

17. Chemical 17. Chemical
Equilibrium Equilibrium

18. Tonic Equilibria I: 18. Tonic Equilibria I:
Acids and Bases Acids and Bases

19. Tonic Equilibria II: 19. Ionic Equilibria II:

Buffers and Buffers and

Titration Curves Titration Curves
20. Ionic 20. Ionic

Equilibria III: Equilibria ITI:

The Solubility The Solubility

Product Principle Product Principle

New chapter-opening photo presentation on windmills as an environmentally “green” source of electricity.
Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts. The critical central nature of the concepts of
energy in chemistry and chemical change is thoroughly explored.

The key concept of entropy as an assessment of dispersal of matter and of energy is carefully developed to
provide a firm foundation for later ideas, including heat changes that accompany chemical and physical
changes, prediction of reactions, and chemical bond stability. Throughout this chapter, many fundamental
terms are rigorously defined, discussed, and illustrated for use throughout later studies of chemistry.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

20% new and revised end-of-chapter exercises.

New, more dramatic chapter-opening photo presentation on an exothermic reaction using an example of a
burning building.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

Chemical principles introduced in prior chapters are used to define rates of chemical reactions and describe
basic approaches to calculating and controlling reaction rates.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Careful distinctions between the rate-law and the integrated rate-law expressions are used to build student
understanding of the analysis and control of chemical reaction rates.

Bonding and molecular considerations presented in prior chapters allow student understanding of reaction
mechanisms and their influence on the rate-law expression.

Interpretation of the Maxwell-Boltzmann energy distribution, introduced in Chapter 12, further aids student
appreciation of the significance of temperature and catalysts in the control of chemical reaction rates.

Updated “Chemistry in Use: Ozone.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

New chapter-opening photo presentation on chemical equilibrium.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

Example 17-5 expanded to better explain the concepts and answers.

Concepts presented in this and the two preceding chapters give students an integrated insight into some central
issues in chemistry: Why and in which direction does the reaction proceed? How fast does it proceed? and How
far does it proceed? The critical use of the equilibrium constant summarizes these critical interpretations.
Important concepts in prior chapters are utilized to aid student use of LeChatelier’s Principle—predicting and
calculating the effects on reaction direction and extent when temperature, pressures, concentrations, and other
reaction conditions are altered.

A number of small edits and new margin notes to clarify the key concepts introduced in this chapter.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

20% new and revised end-of-chapter exercises.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

The principles of chemical equilibrium already presented are utilized in the next three chapters to organize
student treatment of equilibrium in aqueous solutions that contain weak or strong ionic solutes and their
mixtures—acids, bases, and salts.

Updated “Chemistry in Use: Taming Dangerous Acids with Harmless Salts.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Updated “Chemistry in Use: Fun with Carbonates.”

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

New chapter-opening presentation on mineral formation in caves.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

20% new and revised end-of-chapter exercises.
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New chapter-opening presentation on electrochemistry featuring Nellis Air Force Base’s solar panel system.
Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts. Over 30% of the artwork was revised to more
clearly illustrate the concepts being taught.

Central ideas from prior chapters help students gain understanding of the functions of important
electrochemical cells: (a) electrolytic cells in which external electrical energy causes otherwise nonspontaneous
chemical reactions to occur and (b) voltaic cells in which spontaneous reactions produce electricity.

Earlier techniques are used to help students learn to balance chemical reactions in electrochemical cells.
Knowledge of oxidation and reduction processes from earlier chapters helps students gain a better ability to
recognize these processes in electrochemical cells.

Students learn to use standard electrode potentials to predict cell voltage and spontaneity in voltaic cells.

Skills from earlier chapters are used to assess the effects of changing concentrations in electrochemical cells.
The fundamental ideas of free energy electrode potentials and chemical equilibrium are carefully compared to
illustrate the interrelationships of these key chemical concepts.

Earlier concepts shed light on useful practical cells such as batteries, dry cells, and fuel cells.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

20% new and revised end-of-chapter exercises.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Earlier presentation of nuclear chemistry is based on feedback from instructors on the order of topics most
commonly taught in their programs.

Redesigned art and updated photography program captures the excitement of chemistry and includes
integrated talking label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

New “Chemistry in Use: Household Radon Exposure and Lung Cancer.” Updated “Chemistry in Use:
Managing Nuclear Wastes.”

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Section 23-1 rewritten and reorganized to more clearly describe the different kinds of isomers.

Updated art on polyaromatic systems showing localized double bond structures and not coincident aromatic
rings.

Updated “Chemistry in Use” boxes: “Petroleum,” “Nanotechnology,” “Developing More Environmentally
Friendly Solvents,” “The Chemistry of Artists’ Pigments,” and “Butter, Margarine, and trans Fats.”

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

New expanded section on optical isomers that includes figures on the polarization of light and polarimetry.
Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

New chapter-opening photo presentation on the 21 minerals present in ore; presentation includes detailed
diagram of mineral names shown in the photo.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Updated “Chemistry in Use” boxes: “Irace Elements and Life” and “The Most Valuable Metal in the World;”
new “Chemistry in Use: Our Love-Hate Relationship with Mercury.”

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Redesigned art and photography program captures the excitement of chemistry and includes integrated talking
label system that aids student understanding of key concepts.

New customized table designs organize important data in an accessible, easy-to-read format, making the task of
gathering and analyzing data seamless.

Updated “Chemistry in Use: Nitrogen Oxides and Photochemical Smog.”

Expanded “Beyond the Textbook” section now includes “Chemistry in Use” essay questions.

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



FOR THE INSTRUCTOR

Significant Features of the Tenth Edition

Atomic Structure, Periodicity, and Chemical Reactions

Increased emphasis on atomic structure as the foundation of chemistry is achieved by
moving the atomic structure chapter to an earlier position, Chapter 4. That chapter in-
cludes an early, brief introduction to the periodic table. The key concept of chemical peri-
odicity is then elaborated in more detail in Chapter 5. Instructors that wish to use an
“atoms first” approach can easily start with Chapters 4 and 5, then return to stoichiometry
concepts in Chapters 2 and 3. Because much of chemistry involves chemical reactions, we
have introduced chemical reactions in a simplified, systematic way early in the text (Chap-
ter 6). This placement allows us to build solidly on the ideas of atomic structure and chem-
ical periodicity from the preceding two chapters.

Reorganized Chapters

The descriptive chemistry chapters have been moved to the back of the book as many pro-
grams do not teach this material. We still consider it important, certainly as reference mate-
rial for students that keep the textbook. Nuclear chemistry and the two organic chapters
were moved up to immediately follow Chapter 21 on electrochemistry. Based on our discus-
sions with faculty at many programs, these are more typically taught after electrochemistry.

Improved Art

The richly detailed art program has been further enhanced for the tenth edition. It includes
new molecular models generated by the latest software to enhance the molecular reasoning
theme. Many models (both ball-and-stick and space-filling models) have been drawn to
more accurately represent the molecular world and to increase students’ conceptual under-
standing. New electrostatic charge potential (ECP) plots are included. These ECP plots,
which illustrate charge distributions within molecules, help students visualize the effects of
the charge distributions on molecular properties and on intermolecular interactions. To em-
phasize the conceptual understanding, most ECP plots show a superimposed ball-and-stick
model. The ECP art often includes a color scale to aid in its interpretation.

Other Proven Features

» As in previous editions, we have reviewed the entire text and have edited the narrative
for increased clarity.

> “Beyond the Textbook” exercises at the ends of chapters direct students to sources out-
side the textbook, such as websites, for information to use in solving these problems.

» We have included a very useful Index of Equations, which lists important and
commonly used equations in this course.

> “Conceptual Exercises” in the end-of-chapter problem sets emphasize conceptual
understanding rather than computation.

» The margin notes called “Stop & Think” alert students to common mistakes and
emphasize how to recognize and avoid them. These notes, associated with both the
narrative and the examples, gently remind students of possible misconceptions about a
topic or procedure and emphasize points often overlooked by students.

> The “Stop & Think” features are also used to help students develop the skill of
making qualitative checks of the reasonableness of solutions to examples.

> A chapter outline and a list of objectives are provided at the beginning of each chap-
ter. These allow students to preview the chapter prior to reading it and help them to
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know the expectations of the chapter. Objectives pertinent to the molecular reasoning
theme have been denoted by the small molecular reasoning icon.

Margin notes are used to point out historical facts, provide additional information,
further emphasize some important points, relate information to ideas developed ear-
lier, and note the relevance of discussions.

Key terms are emphasized in boldface or italic type in the text and are defined at the
end of each chapter, immediately reinforcing terminology and concepts.

Many figures have been redrawn to improve appearance and clarity, and new photo-
graphs have been added to illustrate important points and provide visual interest.

“Problem-Solving Tips” are found in almost every chapter. These highlighted help-
ful hints guide students through more complex subject areas. Based on the authors’
experiences and sensitivity to difficulties that the students encounter, these tips

work in tandem with the “Stop & Think” feature.

“Chemistry in Use” boxes, a successful feature from previous editions, have been
retained and updated as needed.

“Enrichment” sections provide more insight into selected topics for better-prepared
students, but they can be easily omitted without any loss of continuity.

Titles appear on each example so that students can see more clearly what concept
or skill the example is explaining. This is also useful for review purposes before exams.
Each example also contains a plan that explains the logic used to solve the problem.

A note at the end of most examples, “You should now work Exercise X,” encourages
students to practice appropriate end-of-chapter exercises and more closely ties illustra-
tive examples to related exercises, thereby reinforcing concepts.

The exercises at the end of each chapter have been carefully examined and revised.
Approximately one-fourth of the problems are new or modified. All exercises have
been carefully reviewed for accuracy. The “Building Your Knowledge” category in
the end-of-chapter exercises asks students to apply knowledge they learned in previ-
ous chapters to the current chapter. These questions help students retain previously
learned information and show them that chemistry is an integrated science.

A glossary is included in the index so that students can look up a term at the back of
the book, as well as in the “Key Terms” at the end of the chapter.

We have also continued to implement many ideas and teaching philosophies developed

over the previous nine editions of this text:
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We have kept in mind that chemistry is an experimental science and have emphasized
the important role of theory in science. We have presented many of the classic experi-
ments, followed by interpretations and explanations of these milestones in the devel-
opment of scientific thought.

We have defined each new term as accurately as possible and illustrated its meaning as
early as was practical. We begin each chapter at a fundamental level and then progress
through carefully graded steps to a reasonable level of sophistication. Numerous illus-
trative examples are provided throughout the text and keyed to end-of-chapter exer-
cises. The first examples in each section are quite simple; the last is considerably more
complex. The unit-factor method has been emphasized where appropriate.

We believe that the central concepts of chemical change are best understood in the
sequence of chemical thermodynamics (Is the forward or the reverse reaction favored?),
followed by chemical kinetics (How fast does the reaction go?), and then by chemical
equilibrium (How far does the reaction go?). Our presentation in Chapters 15 through 17
reflects this belief.

We have used color extensively to make it easier to read the text and comprehend its
organization. A detailed description of our pedagogical use of color starts on page xxviii
in the “For the Student” section. Pedagogical use of color makes the text clearer, more
accurate, and easier to understand.
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We have used a blend of SI and more traditional metric units, because many students
plan careers in areas in which SI units are not yet widely used. The health care fields,
the biological sciences, textiles, and agriculture are typical examples. We have used the
joule rather than the calorie in nearly all energy calculations. We have emphasized the
use of natural logarithms in mathematical relationships and problems, except where
common practice retains the use of base-10 logarithms, such as in pH and related
calculations and in the Nernst equation.

Organization

There are 28 chapters in Chemistry, and eight additional chapters in A Qualitative Analysis
Supplement.

To emphasize and reinforce the molecular reasoning aspect of the text, we introduce
atoms and molecules in Chapter 1. Here we discuss Dalton’s atomic theory, the atom’s
fundamental particles, and basic models of molecules.

We present stoichiometry (Chapters 2 and 3) before atomic structure and bonding
(Chapters 4-9) to establish a sound foundation for a laboratory program as early as possi-
ble. The stoichiometry chapters are virtually self-contained to provide flexibility to those
who want to cover structure and bonding before stoichiometry. But instructors that want
to use an “atoms first” approach can easily start with Chapters 4 and 5, then return to stoi-
chiometry concepts in Chapters 2 and 3.

Because much of chemistry involves chemical reactions, we have introduced chemical
reactions in a simplified, systematic way early in the text (Chapter 6). This placement al-
lows us to build solidly on the ideas of atomic structure and chemical periodicity from the
preceding two chapters. Our simplified, but systematic, presentation of chemical reactions
in Chapter 6 builds on the ideas of atomic structure (Chapter 4) and chemical periodicity
(Chapter 5). A logical, orderly introduction to formula unit, total ionic, and net ionic equa-
tions is included so that this information can be used throughout the remainder of the
text. Solubility guidelines are clarified in this chapter so that students can use them in
writing chemical equations in their laboratory work. Finally, naming inorganic compounds
gives students early exposure to systematic nomenclature.

Many students have difficulty systematizing and using information, so we have done
our utmost to assist them. At many points throughout the text, we summarize the results
of recent discussions or illustrative examples in tabular form to help students see the “big
picture.” The basic ideas of chemical periodicity are introduced early (Chapters 4 and 5)
and are used throughout the text. The simplified classification of acids and bases intro-
duced in Chapter 6 is expanded in Chapter 10, after the appropriate background on struc-
ture and bonding has been provided. References are made to the classification of acids and
bases and to the solubility guidelines throughout the text to emphasize the importance of
systematizing and using previously covered information. Chapter 11 covers solution
stoichiometry for both acid base and redox reactions, emphasizing the mole method.

After their excursion through gases and the kinetic-molecular theory (Chapter 12),
liquids and solids (Chapter 13), and solutions (Chapter 14), students will have the appro-
priate background for a wide variety of laboratory experiments. These chapters also pro-
vide a strong presentation of the molecular basis of the physical behavior of matter.

Comprehensive chapters are presented on chemical thermodynamics (Chapter 15) and
chemical kinetics (Chapter 16). The discussion of entropy includes the concepts of disper-
sal of energy and dispersal of matter (disorder). The distinction between the roles of stan-
dard and nonstandard Gibbs free-energy change in predicting reaction spontaneity is
clearly discussed. Chapter 15 is structured so that the first nine sections, covering thermo-
chemistry and bond energies, could be presented much earlier in the course. Chapter 16
provides an early and consistent emphasis on the experimental basis of kinetics.

These chapters provide the necessary background for a strong introduction to chemical
equilibrium in Chapter 17. This is followed by three chapters on equilibria in aqueous so-
lutions. A chapter on electrochemistry (Chapter 21) and nuclear chemistry (Chapter 22),
completes the common core of the text.
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Organic chemistry is discussed in Chapters 23 and 24. Chapter 23 presents the classes
of organic compounds, their structures and nomenclature (with major emphasis on the
principal functional groups), and some fundamental classes of organic reactions. Chapter
24 presents isomerism and geometries of organic molecules, selected specific types, and an
introduction to biopolymers.

The last four chapters cover coordination compounds (Chapter 25), the chemistry and uses
of metals (Chapters 26 and 27), and the chemistry, properties, and reactions of nonmetals and
metalloids (Chapter 28). Throughout these chapters, we have been careful to include appropri-
ate applications of the principles that have been developed in the first part of the textbook.

Eight additional chapters are included in 4 Qualitative Analysis Supplement. In Chapter
29, important properties of the metals of the cation groups are tabulated, their properties
are discussed, the sources of the elements are listed, their metallurgies are described, and a
few uses of each metal are given.

Chapter 30 is a detailed introduction to the laboratory procedures used in semimicro
qualitative analysis.

Chapters 31 through 35 cover the analysis of the groups of cations. (Cations that create
serious disposal problems are no longer included in the qualitative analysis chapters. Mer-
cury, silver, lead, and most chromium cations have been removed.) Each chapter includes a
discussion of the important oxidation states of the metals, an introduction to the analytical
procedures, and comprehensive discussions of the chemistry of each cation group. De-
tailed laboratory instructions, set off in color, follow. Students are alerted to pitfalls in ad-
vance, and alternate confirmatory tests and “cleanup” procedures are described for
troublesome cations. A set of exercises accompanies each chapter.

In Chapter 31, the traditional Group 1 has been replaced by the traditional Group 2A
(minus lead). Traditional Group 2B (minus mercury) constitutes the first part of Chapter
32; then Groups 1 and 2 (traditional 2A + 2B minus lead and mercury) make up the last
part of Chapter 32. Chapter 33 includes all of the usual Group 3 elements. Chapter 34
covers Group 4, and Chapter 35 discusses Group 5.

Chapter 36 contains a discussion of some of the more sophisticated ionic equilibria of
qualitative analysis. The material is presented in a single chapter for the convenience of
the instructor.

A Flexible Presentation

We have exerted great effort to make the presentation as flexible as possible to give instruc-
tors the freedom to choose the order in which they teach topics. Some examples follow:

1. As in previous editions, we have clearly delineated the parts of Chapter 15, Chemzical
Thermodynamics, that can easily be moved forward by instructors who want to cover
thermochemistry (Sections 15-1 to 15-9) after stoichiometry (Chapters 2 and 3).

2. Chapter 6, Some Types of Chemical Reactions, systematizes chemical reaction types and re-
lates them to the periodic table. Reactions are classified as (a) oxidation—reduction reac-
tions, (b) combination reactions, (c) decomposition reactions, (d) displacement reactions,
(e) metathesis reactions (two types), and (f) gas-formation reactions. If desired, the ma-
terial in this chapter can be presented at any later point in the course.

3. Some instructors prefer to discuss gases (Chapter 12) after stoichiometry (Chapters 2
and 3). Chapter 12 can be moved to that position.

Chapter 4 (The Structure of Atoms), Chapter 5 (Chemical Periodicity), and Chapter 7
(Chemical Bonding) provide comprehensive coverage of these key topics. The intro-
duction of bond energies and bond lengths at this stage provides the basis for a better
understanding of chemical bonding.

b

5. As in earlier editions, Molecular Structure and Covalent Bonding Theories (Chapter 8)
includes parallel comprehensive VSEPR and VB descriptions of simple molecules.
This approach has been widely praised. However, some instructors prefer separate
presentations of these theories of covalent bonding. The chapter has been carefully
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organized into numbered subdivisions to accommodate these instructors; detailed
suggestions are also included at the beginning of the chapter.

6. Chapter 9 (Molecular Orbitals in Chemical Bonding) is a “stand-alone chapter” that may
be omitted or moved with no loss in continuity.

7. Chapter 10 (Reactions in Aqueous Solutions I: Acids, Bases, and Salts) and Chapter 11
(Reactions in Aqueous Solutions II: Calculations) include comprehensive discussions of
acid-base and redox reactions in aqueous solutions and solution stoichiometry calcu-
lations for acid-base and redox reactions.

Supporting Materials

Please visit www.cengage.com/chemistry/whitten/chemistrylOe for information about
student and instructor resources for this test.
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For the Student

We have written this text to assist you as you study chemistry. Chemistry is a fundamental
science—some call it the central science. As you and your classmates pursue diverse career
goals, you will find that the vocabulary and ideas presented in this text will be useful in more
places and in more ways than you may imagine now. We begin with the most basic
vocabulary and ideas. We then carefully develop increasingly sophisticated ideas that are
necessary and useful in all the other physical sciences, the biological sciences, and the applied
sciences such as medicine, dentistry, engineering, agriculture, and home economics.

We have made the early chapters as nearly self-contained as possible. The material can be
presented in the order considered most appropriate by your professor. Some professors will
cover chapters in a different sequence or will omit some chapters completely—the text was
designed to accommodate this. Early in each section we have attempted to provide the ex-
perimental basis for the ideas we then develop. By “experimental basis” we mean the obser-
vations of and experiments on the phenomena that have been most important in developing
concepts. We then present an explanation of the experimental observations.

Chemistry is an experimental science. We know what we know because we (literally
thousands of scientists) have observed it to be true. Theories have been evolved to explain
experimental observations (facts). Successful theories explain observations fully and accu-
rately. More important, they enable us to predict the results of experiments that have not
yet been performed. Thus, we should always keep in mind the fact that experiment and
theory go hand in hand. They are intimately related parts of our attempt to understand
and explain natural phenomena.

A word about the cover: Water is surely the most important substance on this planet.
Its remarkable physical and chemical properties provide the very basis of all known forms
of life, due to the substance’s ability to dissolve a huge variety of solutes and its remarkable
acid/base characteristics. Most scientific “searches” for physical evidence of extraterrestrial
life focus to a significant degree on evidence for the existence of liquid water. In this as-
pect, it is more important than oxygen—there are anaerobic life forms that don’t require
oxygen, but none that do not need water. It is also the key to global climate and tempera-
ture control. Earth has the most moderate temperature range of the planets (an essential
requirement for life as we know it), and this is mainly due to the very unusually high spe-
cific heat and other remarkable thermal properties of water. And each of these important
properties, along with many other physical and chemical properties, is due to the molecular
structure of water. We concluded that no other molecule could better highlight our empha-
sis on the relationship between molecular structure and chemical/physical properties.

“What is the best way to study chemistry?” is a question we are asked often by our stu-
dents. While there is no single answer to this question, the following suggestions may be
helpful. Your professor may provide additional suggestions. A number of supplementary
materials accompany this text. All are designed to assist you as you study chemistry. Your
professor may suggest that you use some of them.

Students often underestimate the importance of the act of writing as a tool for learning.
Whenever you read, do not just highlight passages in the text, but also take notes. When-
ever you work problems or answer questions, write yourself explanations of why each step
was done or how you reasoned out the answer. In this way, you will develop the art of
teaching yourself—which is the 7ea/ goal of education. Keep a special section of your note-
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book for working out problems or answering questions. The very act of writing forces you
to concentrate more on what you are doing, and you learn more. This is true even if you
never go back to review what you wrote earlier. Of course, these notes should also help
you to review for an examination.

You should always read over the assigned material before it is covered in class. This
helps you to recognize the ideas as your professor discusses them. Then take careful class
notes. At the first opportunity, and certainly the same day, you should recopy your class
notes. As you do this, fill in more details where you can. Try to work the illustrative exam-
ples that your professor solved in class without looking at the solutions in your notes. If
you must look at the solutions, look at only one line (step), and then try to figure out the
next step. Read the assigned material again and take notes, integrating these with your
class notes. Reading should be much more informative the second time.

Review the “Key Terms” at the end of the chapter to be sure that you understand the
meaning of each term. Work the illustrative examples in the text while covering the solutions
with a sheet of paper. If you find it necessary to look at the solutions, look at only one line at a
time and try to figure out the next step. Answers to illustrative examples are displayed on blue
backgrounds. At the end of most examples, we suggest related questions from the end-of-
chapter exercises. You should work these suggested exercises as you come to them. Make sure
that you read the “Problem-Solving Tips” and the associated margin alerts (denoted “Stop &
Think”); these will help you avoid common mistakes and understand more complex ideas.

This is a good time to work through the appropriate chapter in the Study Guide to
Chemistry. This will help you to see an overview of the chapter, to set specific study goals,
and then to check and improve your grasp of basic vocabulary, concepts, and skills. Next,
work the assigned exercises at the end of the chapter.

The appendices contain much useful information. You should become familiar with
them and their contents so that you may use them whenever necessary. Answers to selected
even-numbered numerical exercises are given at the end of the text so that you may check
your work.

The Internet is an increasingly important source of many kinds of information. The
“Beyond the Textbook” problems at the end of each chapter ask you to make use of the
Internet to find answers to these questions. Conceptual exercises develop your ability to
apply your knowledge to relevant situations.

We heartily recommend the Study Guide to Chemistry, the Student Solutions Manual, and
the Lecture Outline, all of which were written to accompany this text.

The Study Guide to Chemistry by Raymond E. Davis and James Petrich provides an
overview of each chapter and emphasizes the threads of continuity that run through chem-
istry. It lists study goals, tells you which ideas are most important and why they are impor-
tant, and provides many forward and backward references. Additionally, the Study Guide
contains many easy to moderately difficult questions that test your understanding of basic
concepts and skills and enable you to gauge your progress. These short questions provide
excellent practice in preparing for examinations. Answers are provided for all questions,
and many include explanations or references to appropriate sections in the text.

The Student Solutions Manual by Wendy Keeney-Kennicutt contains detailed solutions
and answers to all even-numbered end-of-chapter exercises. It also has many helpful refer-
ences to appropriate sections and illustrative examples in the text.

The Lecture Outline by Charles Atwood helps you organize material in the text and
serves as a helpful classroom note-taking supplement so that you can pay more attention
to the lecture.

Molecular Art

This edition places a great emphasis on molecular reasoning. This chemical reasoning is
illustrated with extensive new molecular art, much of it computer-generated. Some ex-
amples of the ways in which molecular art is used in this edition include the following:

1. Structures or reactions. Molecular art is used to give a molecular-level view of a con-
cept being discussed, as in the following interpretation of a balanced chemical equation.
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Figure 3-1 Three representations of the reaction of methane with oxygen to form carbon dioxide and water. Chemical
bonds are broken and new ones are formed in each representation. Part (a) illustrates the reaction using ball-and-stick
models, (b) uses chemical formulas, and (c) uses space-filling models.

Charles Steele

lodine Bromine Chlorine
Ly(s) Bry(€) Cly(g)
Property Solid Liquid Gas
s . Flows and assumes Fills any container
Rigidity Rigid shape of container completely
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Compressibility Slight Slight Highly compressible

Figure 1-7 A comparison of some physical properties of the three states of matter. (left) lodine, a solid

element. (center) Bromine, a liquid element. (right) Chlorine, a gaseous element.
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2. Macro-micro art. Molecular art presented together with a photograph of a sample
or an experiment clarifies the molecular behavior.

w

Electrostatic charge potential (ECP) figures that illustrate the charge density in
molecules. Charge distributions within molecules are illustrated with colorful ECP
figures. These will help you visualize their effects on molecular properties and inter-
molecular interactions. Color scales are now included to remind you that these plots
range from red (most negative) through green (neutral) to blue (most positive).

Most of these ECP images have been updated with embedded ball-and-stick
molecular models to more clearly indicate where the various charges reside. In the
following figure, ethanol, water, and phenol are compared and the ECP surfaces
show the increasing polarity of the O—H bond that corresponds to the increasing
acidity of these compounds.

Phenol, C¢gHsOH Water, H,O Ethanol, C,HsOH

Keys for Color Codes

In addition to full-color photography and art, we have used color to help you identify and
organize important ideas, techniques, and concepts as you study this book.

1. Important ideas, mathematical relationships, and summaries are displayed on light
blue screens, spanning the width of the text.

There is no observable change in the quantity of matter during a chemical reaction or dur-
ing a physical change.

2. Answers to examples are shown on light blue screens. Intermediate steps (logic, guid-
ance, and so on) are shown on light tan screens.

EXAMPLE 1-9 English-Metric Conversion

Express 1.0 gallon in milliliters.
Plan
We ask 2 mL = 1.0 gal and multiply by the appropriate factors.

gallons — quarts — liters — milliliters

Solution

4 qt 1L 1000 mL
? mL = 1.0 gal X X X = 3.8 X 10° mL
= gl X Tl “To6qe < 1L ° -

You should now work Exercise 40.

3. Acidic and basic properties are contrasted by using blue and pink, respectively. These
colors are based on the electrostatic charge potential surfaces where negative charge

o+ d— +—
H—F or H—F

XXXi
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Tahle 6-5 Bonding, Solubility, Electrolyte Characteristics, and Predominant Forms of Solutes in Contact with Water

Strong Weak Strong Insoluble Weak Soluble Insoluble
Acids Acids Bases Bases Bases Salts Salts

Examples HCI CH;COOH NaOH Mg(OH), NH; K, BaSO,, AgCl,
HNO; HF Ca(OH),  AI(OH), CH;NH,  NaNO;, Ca;(PO,),
NH,Br
Pure compound ionic Molecular ~ Molecular  Ionic Tonic Molecular Tonic Tonic
or molecular?
Water-soluble or Soluble* Soluble* Soluble Insoluble Solublet Soluble Insoluble
insoluble?
~ 100% ionized or Yes No Yes (footnotef)  No Yes$ (footnote*)

dissociated in dilute
aqueous solution?

Written in ionic Separate Molecules  Separate Complete Molecules Separate Complete
equations as ions ions formulas ions formulas
*Most common inorganic acids and the low-molecular-weight organic acids (— COOH) are water-soluble.

*The low-molecular-weight amines are water-soluble.
¥The very small concentrations of “insoluble” metal hydroxides and insoluble salts in saturated aqueous solutions are nearly completely dissociated.

SThere are a few exceptions. A few soluble salts are molecular (and not ionic) compounds.

is indicated by red and positive charge is indicated by blue. The most common acidic
species is H™ and cationic, while all bases have lone pairs that have partial negative
charge. Salts or neutral solutions are indicated in pale purple.

4. Red and blue are used in oxidation—reduction reactions and electrochemistry.

a. Oxidation numbers are shown in red circles for negative states, blue circles for
positive states, and grey for neutral or elemental states. Oxidation is indicated
by blue, and reduction is indicated by red.

@ (+5] 2} 0] (2] 512 (0]
2[Ag" (aq) + NO; (aq)] + Cu(s) —> [Cu’*(aq) + 2NO; (aq)] + 2Ag(s)

+2
=il

The nitrate ions, NOj", are spectator ions. Canceling them from both sides gives the
net ionic equation:

+ 1) (0] @ (0
2Ag* (aq) + Cu(s) —> Cu?* (aq) + 2Ag(s)

"This is a redox equation. The oxidation number of silver decreases from +1 to zero;
silver ion is reduced and is the oxidizing agent. The oxidation number of copper
increases from zero to +2; copper is oxidized and is the reducing agent.

b. In electrochemistry (Chapter 21), we learn that oxidation occurs at the anode;
consistent with the colors just described, we use blue to indicate the anode and
its half-reaction. Similarly, reduction occurs at the cathode, so we use red to indi-
cate the cathode and its half-reaction.

2CI0 — Clz(g) + 2e” (oxidation, anode half-reaction)
2[Na* + ¢~ —> Na(¢)] (reduction, cathode half-reaction)
2Na* + 2CI- — 2Na(¢) + Cly(g)  (overall cell reaction)
Neni
2NaCl(¢)
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5. The space-filling and ball-and-stick molecular models use a consistent color scheme
for the following atom types (these parallel common organic usage).

-

"0 000
. OQ000

¢ @

had Methionine, C5H11NOZS

(9

6. Atomic orbitals are shown in blue (or blue and purple when we wish to emphasize

phase differences).

Molecular orbitals

Out-of-phase
(destructive)

overlap Atomic orbitals

Atomic orbitals

* *
7T2[); or 7T2[’y
(antibonding)
>
%0 In-phase
[f] (constructive)
overlap

2p or2p, 2p or2p, 2p or2p, 2p or2p,

77-2’,5 Or 7-[-21)\
(bonding)

Figure 9-4 The 7,, and ,, molecular orbitals from overlap of one pair of 2p atomic orbitals (for
instance, 2p, orbitals). There can be an identical pair of molecular orbitals at right angles to these,
formed by another pair of p orbitals on the same two atoms (in this case, 2p, orbitals).

7. Hybridization schemes and hybrid orbitals are emphasized in green.

R T

2s

Three sp® hybrid orbitals Simplified representation of three
sp? hybrid orbitals on a B atom
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8. Electrostatic charge potential (ECP) representations emphasize the distribution of
charge in a molecule. In these drawings, the charge is shown on a color scale ranging
from red (most negative) through green (neutral) to blue (most positive).

Cytosine

Guanine

Hydrogen bonding between two DNA base pairs

S+ N 65—

-— —

More More
positive negative
charge charge

9. Color-coded periodic tables emphasize the classification of the elements as metals
(blue), nonmetals (tan), and metalloids (green). Please study the periodic table inside
the front cover carefully so that you recognize this color scheme.
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Chemistry is everywhere! From the combustion of wood to the synthetic fibers that make up much of our

clothing. The steel cooking grate is an alloy of iron and carbon (and if it is stainless steel it has other metals

such as chromium and nickel mixed in). The plants in the background use a remarkable photochemical

reaction to convert C0, and water into complex carbohydrates. Our bodies are filled with both inorganic and

hioorganic compounds such as hone and proteins, and run on a myriad of chemical reactions needed to keep

us alive. Construction materials are made from both natural and recycled sources. Aluminum has many uses,

hased on its low density and its resistance to corrosion. Heat from a fire can cook food as well as cause skin

damage. Clouds consist of tiny droplets of water formed by condensation of water vapor.

oliveromg/Shutterstock.com
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CHAPTER 1 o

OBJECTIVES

After you have studied this chapter, you should be able to

>
>
>

Use the basic vocabulary of matter and energy
Recognize models of selected atoms and molecules

Distinguish between chemical and physical properties and
between chemical and physical changes

Recognize various forms of matter: homogeneous and
heterogeneous mixtures, substances, compounds, and
elements and their molecular representations

THE FOUNDATIONS OF CHEMISTRY

Apply the concept of significant figures

Apply appropriate units to describe the results of
measurement

Use the unit factor method to carry out conversions
among units

Describe temperature measurements on various common
scales, and convert between these scales

Carry out calculations relating temperature change to heat

gained or lost

Thousands of practical questions are studied by chemists. A few of them are

How can we modify a useful drug so as to improve its effectiveness while minimizing
any harmful or unpleasant side effects?

How can we develop better materials to be used as synthetic organs for replacement
surgery?

Which substances could help to prevent rejection of foreign tissue in organ
transplants?

What improvements in fertilizers or pesticides can increase agricultural yields? How
can this be done with minimal environmental danger?

How can we get the maximum work from a fuel while producing the least harmful
emissions possible?

Which really poses the greater environmental threat—the burning of fossil fuels and
the resulting contribution to the greenhouse effect and climatic change, or the use of
nuclear power and the related radiation and disposal problems?

How can we develop suitable materials for the semiconductor and microelectronics
industry? Can we develop a battery that is cheaper, lighter, and more powerful?

What changes in structural materials could help to make aircraft lighter and more
economical, yet at the same time stronger and safer?

What relationship is there between the substances we eat, drink, or breathe and the
possibility of developing cancer? How can we develop substances that are effective in
killing cancer cells preferentially over normal cells?

Can we economically produce fresh water from seawater for irrigation or
consumption?

How can we slow down unfavorable reactions, such as the corrosion of metals, while
speeding up favorable ones, such as the growth of foodstuffs?

Chemistry touches almost every aspect of our lives, our culture, and our environment. Its
scope encompasses the air we breathe, the food we eat, the fluids we drink, the clothing we
wear, the dwellings we live in, and the transportation and fuel supplies we use, as well as
our fellow creatures.

Chemistry is the science that describes matter—its properties, the changes it undergoes,
and the energy changes that accompany those processes.

Enormous numbers of chemical reactions
are necessary to produce a human being.

Matter includes everything that is tangible, from our bodies and the stuff of our ev-
eryday lives to the grandest objects in the universe. Some call chemistry the central

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY 3

science. It rests on the foundation of mathematics and physics and in turn underlies the

life sciences—biology and medicine. To understand living systems fully, we must first

understand the chemical reactions and the factors that control and affect them. The

chemicals in our bodies profoundly affect even the personal world of our thoughts and  » Lithium ions, for example, are
emotions. effective in the treatment of some

No one can be expert in all aspects of such a broad science as chemistry. Sometimes ~Manic-depressive disorders.
we arbitrarily divide the study of chemistry into various branches. Of all the elements,
carbon is the most versatile in its bonding. It is a key element in many substances
that are essential to life. All forms of living matter contain compounds with carbon com-
bined with hydrogen and sometimes with a few other elements such as oxygen, nitrogen,
and sulfur. Organic chemistry is the study of all such compounds. Inorganic chemis-
try is the study of all other compounds, but also includes some of the simpler carbon-
containing compounds such as carbon monoxide, carbon dioxide, carbonates, and
bicarbonates. In the early days of chemistry, living matter and inanimate matter were
believed to be entirely different. We now know that many of the compounds found
in living matter can be made from nonliving, or “inorganic,” sources. Thus, the terms
“organic” and “inorganic” have different meanings than they did originally. The branch
of chemistry that is concerned with the detection or identification of substances present
in a sample (qualitative analysis) or with the amount of each substance that is present
(quantitative analysis) is called analytical chemistry. Physical chemistry applies the
mathematical theories and methods of physics to the properties of matter and to the
study of chemical processes and their accompanying energy changes. As its name sug-
gests, biochemistry is the study of the chemistry of processes in living organisms. Such
divisions are arbitrary, and most chemical studies involve more than one of these tradi-
tional areas of chemistry. The principles you will learn in a general chemistry course are
the foundation of all branches of chemistry.

We understand simple chemical systems well. They lie near chemistry’s fuzzy boundary
with physics, so they can often be described quite well by mathematical equations. We fare
less well with more complicated systems. Even where our understanding is fairly thor-
ough, we must make approximations, and often our knowledge is far from complete. Each
year researchers provide new insights into the nature of matter and its interactions. Our
scientific knowledge has been described as an expanding sphere that, as it grows, encoun-
ters an ever-enlarging frontier.

In our search for understanding, we must ask fundamental questions, such as:

How do substances combine to form other substances? How much energy is involved
in changes that we observe?

How is matter constructed in its intimate detail? How are atoms and the ways that they
combine related to properties that we can measure, such as color, hardness, chemical
reactivity, and electrical conductivity?

What fundamental factors influence the stability of a substance? How can we force a
desired (but energetically unfavorable) change to take place? What factors control the
rate at which a chemical change takes place?

In your study of chemistry, you will learn about these and many other basic ideas that
chemists have developed to help them describe and understand the behavior of matter.
Along the way, we hope that you come to appreciate the development of this science, one
of the grandest intellectual achievements of human endeavor. You will also learn how to
apply these fundamental principles to solve real problems. One of your major goals in the
study of chemistry should be to develop the ability to think critically and to solve prob-
lems (not just do numerical calculations!). In other words, you need to learn to manipulate
not only numbers, but also ideas, words, and concepts.

In this chapter, our main goals are (1) to begin to get an idea of what chemistry is about
and the ways in which chemists view and describe the material world and (2) to acquire
some skills that are useful and necessary in the understanding of chemistry, its contribu-
tion to science and engineering, and its role in our daily lives.
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» We might say that we can “touch”
air when it blows in our faces, but we
depend on other evidence to show
that a still body of air fits our
definition of matter.

» The term “kinetic” comes from the
Greek word kinein, meaning “to
move.’ The word “cinema”is derived
from the same Greek word.

» Nuclear energy is an important
kind of potential energy.

Figure 1-1 Magnesium burnsin
oxygen to form magnesium oxide, a
white solid. The mass of magnesium
oxide formed is equal to the sum of
the masses of oxygen and magnesium
that formed it.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

1-1 Matter and Energy

Matter is anything that has mass and occupies space. Mass is a measure of the quantity of
matter in a sample of any material. The more massive an object is, the more force is needed
to put it in motion. All bodies consist of matter. Our senses of sight and touch usually tell
us that an object occupies space. In the case of colorless, odorless, tasteless gases (such as
air), our senses may fail us.

Energy is defined as the capacity to do work or to transfer heat. We are familiar with
many forms of energy, including mechanical energy, light energy, electrical energy, and heat
energy. Light energy from the sun is used by plants as they grow, electrical energy allows us
to light a room by flicking a switch, and heat energy cooks our food and warms our homes.
Energy can be classified into two principal types: kinetic energy and potential energy.

A body in motion, such as a rolling boulder, possesses energy because of its motion.
Such energy is called kinetic energy. Kinetic energy represents the capacity for doing
work directly. It is easily transferred between objects. Potential energy is the energy an
object possesses because of its position, condition, or composition. Coal, for example, pos-
sesses chemical energy, a form of potential energy, because of its composition. Many elec-
trical generating plants burn coal, producing heat, which is converted to electrical energy.
A boulder located atop a mountain possesses potential energy because of its height and the
presence of gravity. It can roll down the mountainside and convert its potential energy
into kinetic energy.

We discuss energy because all chemical processes are accompanied by energy changes.
As some processes occur, energy is released to the surroundings, usually as heat energy. We
call such processes exothermic. Any combustion (burning) reaction is exothermic. Some
chemical reactions and physical changes, however, are endothermic; that is, they absorb
energy from their surroundings. An example of a physical change that is endothermic is
the melting of ice.

The Law of Conservation of Matter

When we burn a sample of metallic magnesium in oxygen, the magnesium combines with
the oxygen (Figure 1-1) to form magnesium oxide, a white powder. This chemical reaction is
accompanied by the release of large amounts of energy in the form of heat and light. When
we weigh the product of the reaction, magnesium oxide, we find that it is heavier than the
original piece of magnesium. The increase in the mass of the solid is due to the combination
of oxygen with magnesium to form magnesium oxide. Many experiments have shown that
the mass of the magnesium oxide is exactly the sum of the masses of magnesium and oxygen
that combined to form it. Similar statements can be made for all chemical reactions. These
observations are summarized in the Law of Conservation of Matter:

There is no observable change in the quantity of matter during a chemical reaction or
during a physical change.

This statement is an example of a scientific (natural) law, a general statement based on the
observed behavior of matter to which no exceptions are known. A nuclear reaction, in which
mass is converted into energy, or sometimes energy into mass, is 7ot a chemical reaction.

The Law of Conservation of Energy

In exothermic chemical reactions, chemical energy is usually converted into heat energy.
Some exothermic processes involve other kinds of energy changes. For example, some
liberate light energy without heat, and others produce electrical energy without heat or
light. In endothermic reactions, heat energy, light energy, or electrical energy is converted
into chemical energy. Although chemical changes always involve energy changes, some
energy transformations do not involve chemical changes at all. For example, heat energy
may be converted into electrical energy or into mechanical energy without any simultane-
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1-2 CHEMISTRY—A MOLECULAR VIEW OF MATTER

ous chemical changes. Many experiments have demonstrated that all the energy involved
in any chemical or physical change appears in some form after the change. These observa-
tions are summarized in the Law of Conservation of Energy:

Energy cannot be created or destroyed in a chemical reaction or in a physical change.
It can only be converted from one form to another.

The Law of Conservation of Matter and Energy

With the dawn of the nuclear age in the 1940s, scientists, and then the world, became
aware that matter can be converted into energy. In nuclear reactions (Chapter 22), matter
is transformed into energy. The relationship between matter and energy is given by Albert
Einstein’s now famous equation

E = md

This equation says that the amount of energy released when matter is transformed into
energy is the mass of matter transformed times the speed of light squared. Even a hydro-
gen bomb converts only a small amount of matter into energy. At the present time, we
have not (knowingly) observed the transformation of energy into matter on a large scale.
Matter-to-energy conversions do happen frequently on an extremely small scale in “atom
smashers” (particle accelerators) used to induce nuclear reactions. Now that the equiva-
lence of matter and energy is recognized, the Law of Conservation of Matter and En-
ergy can be stated in a single sentence:

The combined amount of matter and energy available in the universe is fixed.

1-2 Chemistry—A Molecular View of Matter

The tremendous variety of matter present in our world consists of combinations of only
about 100 basic substances called elements. Our everyday experiences with matter take
place at the macroscale, that is, dealing with samples of matter of a size that we can see,
handle, and manipulate. But the basic building blocks of matter are atoms and molecules,
which make up elements and compounds. In our interactions with matter, we do not han-
dle or typically observe these exceedingly tiny individual particles. Atoms and molecules
exist at the nanoscale. (The general meaning of the prefix “nano” is exceedingly small; as we
shall see later in this chapter, it has a definite numerical meaning of one-billionth of") The
chemical view of nature is that everything in the world around us is made up of atoms
combined in very definite ways. Most substances are made up of small units called nzole-
cules. All of the properties and behavior of matter result from the properties of their atoms
and molecules and the ways that they interact with one another. Throughout our study of
chemistry, we always try to relate our macroscopic observations of matter to the nanoscale
properties and behavior of its constituent atoms and molecules. Understanding these rela-
tionships is the very essence of chemistry; it provides us with a powerful way to describe
the world around us and with the hope of exercising some responsible control over it as we
seek answers to questions such as those that opened this chapter.

Throughout this book, we will study atoms and molecules in much more detail. For
now, let’s look at some of the basic ways that chemists represent and think about these im-
portant particles.

The Greek philosopher Democritus (470-400 Bc) suggested that all matter is composed
of tiny, discrete, indivisible particles that he called aroms. His ideas, based entirely on philo-
sophical speculation rather than experimental evidence, were rejected for 2000 years. By
the late 1700s, scientists began to realize that the concept of atoms provided an explanation
for many experimental observations about the nature of matter.

By the early 1800s, the Law of Conservation of Matter (see Section 1-1) and the Law of
Definite Proportions (see Section 1-6) were both accepted as general descriptions of how

> Electricity is produced in
hydroelectric plants by the conversion
of mechanical energy (from flowing
water) into electrical energy.

> Einstein formulated this equation in
1905 as a part of his theory of relativity.
Its validity was demonstrated in 1939
with the first controlled nuclear
reaction.

EProp & THINK

One nanometer, nm, is
equivalent to 10
angstroms, A, a unit
commonly used for
atomic distances. All
atoms and many small
molecules are less than 1
nm in size and are,
therefore, subnano.

» The term “atom” comes from the
Greek language and means “not
divided” or “indivisible.” We now know
that atoms are “divisible” and are
composed of smaller subatomic
particles.
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» The radius of a calcium atom is only
0.000 000 019 7 cm, and its mass is
0.000 000 000 000 000 000 000

066 6 g. Later in this chapter, we will
learn a better way to represent these

numbers.

47
Ag

<— atomic number
<— symbol

> For the elements in column 8A, the
noble gases, a molecule contains only
one atom, so an atom and a molecule
are the same (see Figure 1-2).

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

matter behaves. John Dalton (1766-1844), an English schoolteacher, tried to explain why
matter behaves in such systematic ways as those expressed here. In 1808, he published the
first “modern” ideas about the existence and nature of atoms. Dalton’s explanation summa-
rized and expanded the nebulous concepts of early philosophers and scientists; more impor-
tantly, his ideas were based on reproducible experimental results of measurements by many
scientists. These ideas form the core of Dalton’s Atomic Theory, one of the highlights in
the history of scientific thought. In condensed form, Dalton’s ideas may be stated as follows:

1. An element is composed of extremely small, indivisible particles called azoms.

2. All atoms of a given element have identical properties that differ from those of other
elements.

3. Atoms cannot be created, destroyed, or transformed into atoms of another element
via chemical or physical changes.

4. Compounds are formed when atoms of different elements combine with one another
in small whole-number ratios.

5. The relative numbers and kinds of atoms are constant in a given compound.

Dalton believed that atoms were solid, indivisible spheres, an idea we now reject. But
he showed remarkable insight into the nature of matter and its interactions. Some of his
ideas could not be verified (or refuted) experimentally at the time. They were based on the
limited experimental observations of his day. Even with their shortcomings, Dalton’s ideas
provided a framework that could be modified and expanded by later scientists. Thus John
Dalton is often considered to be the father of modern atomic theory.

The smallest particle of an element that maintains its chemical identity through all
chemical and physical changes is called an atom (Figure 1-2). In Chapter 4, we will study
the structure of the atom in detail; let us simply summarize here the main features of
atomic composition. Atoms, and therefore #// matter, consist principally of three funda-
mental particles: electrons, protons, and neutrons. These are the basic building blocks of at-
oms. The masses and charges of the three fundamental particles are shown in Table 1-1.
The masses of protons and neutrons are nearly equal, but the mass of an electron is much
smaller. Neutrons carry no charge. The charge on a proton is equal in magnitude, but op-
posite in sign, to the charge on an electron. Because any atom is electrically neutral it
contains an equal number of electrons and protons.

The atomic number (symbol is Z) of an element is defined as the number of protons
in the nucleus. In the periodic table, elements are arranged in order of increasing atomic
numbers. These are the red numbers above the symbols for the elements in the periodic
table on the inside front cover. For example, the atomic number of silver is 47.

A molecule is the smallest particle of an element or compound that can have a stable
independent existence. In nearly all molecules, two or more atoms are bonded together in
very small, discrete units (particles) that are electrically neutral.

> 22092009

He Ne
Figure 1-2 Relative sizes for atoms of the noble gases.

Table 1-1 Fundamental Particles of Matter

Approximate Mass Charge

(amu)* (relative scale)

electron (e”)
proton (por p*) 1.0 1+

neutron (7 or n°) 1.0 none
* lamu = 1.6605 X 10 ** g.
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1-2 CHEMISTRY—A MOLECULAR VIEW OF MATTER

Individual oxygen atoms, for example, are not stable at room temperature and atmo-
spheric pressure. At these conditions, atoms of oxygen quickly combine to form pairs con-
nected by chemical bonds. The oxygen with which we are all familiar is made up of two
atoms of oxygen; it is a diatomic molecule with the formula O,. Hydrogen, nitrogen, fluo-
rine, chlorine, bromine, and iodine are other examples of diatomic molecules (Figure 1-3).

Some other elements exist as more complex molecules. One form of phosphorus mole-
cules consists of four atoms, and sulfur exists as eight-atom ring-shaped molecules at
ordinary temperatures and pressures. Molecules that contain two or more atoms are called
polyatomic molecules (Figure 1-4).

In modern terminology, O, is named dioxygen, H, is dihydrogen, P, is tetraphospho-
rus, and so on. Even though such terminology is officially preferred, it has not yet gained
wide acceptance. Most chemists still refer to O, as oxygen, H, as hydrogen, P, as phospho-
rus, and so on.

Molecules of compounds are composed of more than one kind of atom in a definite ra-
tio. A water molecule consists of two atoms of hydrogen and one atom of oxygen. A mole-
cule of methane consists of one carbon atom and four hydrogen atoms. The shapes of a
few molecules are shown in Figure 1-5 as ball-and-stick models.

HZ 02 le . Iz
(hydrogen) (oxygen) (fluorine) (iodine)

Figure 1-3 Models of diatomic molecules of some elements, approximately to scale. These are called
space-filling models because they show the atoms with their approximate relative sizes.

) A model of the Py molecule
of white phosphorus

A model of the Sg ring
found in rhombic sulfur

G Top view of the Sg ring in
rhombic sulfur

Figure 1-4 Space-filling models of some polyatomic elements.

J‘J O

H,0 0, CH,
(water) (carbon dioxide) (methane)

Figure 1-5 Formulas and ball-and-stick models for molecules of some compounds. Ball-and-stick
models represent the atoms as smaller spheres than in space-filling models, in order to show the
chemical bonds between the atoms as “sticks.” Single “sticks” between atoms represent single bonds,
two sticks represent double bonds, three sticks represent triple bonds, etc.

» You should remember the common
elements that exist as diatomic
molecules: H,, N, O,, F,, Cly, Bry, I,

Some common prefixes:
di = two

tri = three

tetra = four

penta = five

hexa = six

poly = more than one

» Methane, CH,, is the principal
component of natural gas.

-

‘.

C,Hs0H
(ethyl alcohol)
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constructed with individual cobalt atoms on a copper arranged on a copper surface
surface. The “ripples” on the blue surface are caused by

electrons on the metallic copper surface interacting with

the electrons of the cobalt atoms. This is similar to the

wave and interference patterns produced when pebbles

are dropped in a pond.

Figure 1-6

Atoms are the building blocks of molecules, and molecules are the stable forms of many
elements and compounds. We are able to study samples of compounds and elements that
consist of large numbers of atoms and molecules. With the scanning probe microscope it
is now possible to “see” atoms (Figure 1-6). It would take millions of atoms to make a row
as long as the diameter of the period at the end of this sentence.

EXAMPLE 1-1 Models o 5

Look at each of the following models:

D ®

(i) krypton (i) ethane (iii) nitrogen

(iv) aspirin (v) sulfur dioxide (vi) copper

(a) Which of these models represents an atom?
(b) Which of these models represents a molecule?
(c) Which of these models represents an element?

(d) Which of these models represents a compound?
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1-3 STATES OF MATTER

Plan

We use the descriptions of atoms, molecules, elements, and compounds given earlier in this
section.

Solution

(a) An atom is the smallest particle of an element. Only model i represents a single
atom.

(b) A molecule can be a single stable atom of an element or it can consist of a definite num-
ber of atoms (the same or different). Models i, ii, iii, iv, and v represent molecules.

(¢) An element contains a single kind of atom. Models i, iii, and vi represent elements.

(d) A compound contains atoms of two or more different elements. Models ii, iv, and v rep-
resent compounds.

You should now work Exercise 18.

1-3 States of Matter

Matter can be classified into three states (Figure 1-7), although we might think of exam-
ples that do not fit neatly into any of the three categories. In the solid state, substances are
rigid and have definite shapes. Volumes of solids do not vary much with changes in tem-
perature and pressure. In crystalline solids, the individual particles that make up the solid
occupy definite positions in the crystal structure. The strengths of interaction between the
individual particles determine how hard and how strong the crystals are. In the liquid
state, the individual particles are confined to a given volume. A liquid flows and assumes
the shape of its container up to the volume of the liquid because the molecules are
randomly oriented and have weaker forces of attraction between them relative to solids.

EXAMPLE 1-2 Models

Identify the state of matter represented by each of the following models.

(b)
Plan

In a solid, the molecules are held close together in a regular arrangement. In a liquid, the
molecules are close together but are randomly arranged because they flow past one another.
In a gas, molecules are far apart.

Solution

(a) The atoms are close together and regularly arranged, so this model represents the
surface of a solid.

(b) The molecules are far apart, so this model represents a gas.

(¢c) The molecules are close together but randomly arranged, so this model represents a
liquid.

» With many examples we suggest
selected exercises from the end of the
chapter. These exercises use the skills
or concepts from that example.

> We often represent the physical
state of a substance with notations in
parenthesis: (g) for gases, ({) for
liquids, (s) for solids.
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lodine Bromine Chlorine
Ly(s) Bry(€) Cly(g)
Property Solid Liquid Gas
o . Flows and assumes Fills any container
Rigidity Rigid shape of container completely
OEzlfer;Stli?lré Slight Slight Expands indefinitely
Compressibility Slight Slight Highly compressible

» The properties of a person include
height, weight, sex, skin and hair
color, and the many subtle features
that constitute that person’s general
appearance.

Figure 1-7 A comparison of some physical properties of the three states of matter. (left) lodine, a solid
element. (center) Bromine, a liquid element. (right) Chlorine, a gaseous element.

Liquids are very hard to compress because their molecules are very close together. Gases
are much less dense than liquids and solids. A gas occupies all parts of any vessel in which
it is confined. Gases are capable of indefinite expansion and are highly compressible. We
conclude that gases consist primarily of empty space, meaning that the individual particles
are quite far apart.

1-4 Chemical and Physical Properties

To distinguish among samples of different kinds of matter, we determine and compare
their properties. We recognize different kinds of matter by their properties. We can
broadly classify these into chemical properties and physical properties.

Chemical properties are exhibited by matter as it undergoes changes in composition.
These properties of substances are related to the kinds of chemical changes that the sub-
stances undergo. For instance, we have already described the combination of metallic
magnesium with gaseous oxygen to form magnesium oxide, a white powder. A chemical
property of magnesium is that it can combine with oxygen, releasing energy in the process.
A chemical property of oxygen is that it can combine with magnesium.
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1-4 CHEMICAL AND PHYSICAL PROPERTIES 11

HZO(g) Gas
Melting
Solid Liquid
i o Freezing -

Figure 1-8 Physical changes that occur among the three states of matter. Sublimation is the
conversion of a solid directly to a gas without passing through the liquid state; the reverse of that
process is called deposition. The changes shown in blue are endothermic (absorb heat); those
shown in red are exothermic (release heat). Water is a substance that is familiar to us in all three
physical states. Molecules are close together in a solid and a liquid but far apart in a gas. The
molecules in the solid are relatively fixed in position, but those in the liquid and gas can flow
around each other.

All substances also exhibit physical properties that can be observed in the absence of any ~ » Many compilations of chemical and
change in composition. Color, density, hardness, melting point, boiling point, and electrical ~ physical properties of matter can be
and thermal conductivities are physical properties. Some physical properties of a substance ~ found on the internet. One site is
depend on the conditions, such as temperature and pressure, under which they are mea- ~Maintained by the U.S. National
sured. For instance, water is a solid (ice) at low temperatures but is a liquid at higher tem-  Institute of Standards and Technology
peratures. At still higher temperatures, it is a gas (steam). As water is converted from one (NIST) at webbook.nist.gov. Perhaps

. ce . . . . you can find other sites.
state to another, its composition is constant. Its chemical properties change very little. On
the other hand, the physical properties of ice, liquid water, and steam are very different
(Figure 1-8).

Properties of matter can be further classified according to whether they depend on the
amount of substance present. The volume and the mass of a sample depend on (and are
directly proportional to) the amount of matter in that sample. Such properties, which
depend on the amount of material examined, are called extensive properties. By contrast,
the color and the melting point of a substance are the same for a small sample as for a large
one. Properties such as these are independent of the amount of material examined; they
are called intensive properties. All chemical properties are intensive properties.

Because no two different substances have identical sets of chemical and physical prop-
erties under the same conditions, we can identify and distinguish among different sub-
stances. For instance, water is the only clear, colorless liquid that freezes at 0°C, boils at
100°C at one atmosphere of pressure, dissolves a wide variety of substances (e.g., copper(Il)
sulfate), and reacts violently with sodium (Figure 1-9). Table 1-2 compares several physical  » One atmosphere of pressure is
properties of a few substances. A sample of any of these substances can be distinguished  the average atmospheric pressure
from the others by observing their properties. at sea level.
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0 Physical: It melts at 0°C.

acetic acid

bromine

oxygen

benzene

B

methane

4

water
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Charles D. Winters

0 Physical: It boils at G Physical: It dissolves a wide 0 Chemical: It reacts violently
100°C (at normal atmospheric range of substances, including with sodium to form hydrogen
pressure). copper(II) sulfate, a blue solid. gas and sodium hydroxide.

Figure 1-9 Some physical and chemical properties of water.

Tahle 1-2 Physical Properties of a Few Common Substances (at 1 atm pressure)

Solubility at 25° C
(g/100 g)

Substance Melting Boiling In In ethyl

Point (°C) Point (°C) water alcohol
acetic acid 16.6 118.1 infinite infinite 1.05
benzene 5.5 80.1 0.07 infinite 0.879
bromine -7.1 58.8 3.51 infinite 3.12
iron 1530 3000 insoluble insoluble 7.86
methane —182.5 —161.5 0.0022 0.033 0.000667
oxygen —218.8 —183.0 0.0040 0.037 0.00133
sodium chloride 801 1473 36.5 0.065 2.16
water 0 100 — infinite 1.00

1-5 Chemical and Physical Changes

We described the reaction of magnesium as it burns in oxygen (see Figure 1-1). This is a
chemical change or chemical reaction. In any chemical change, (1) one or more substances
are used up (at least partially), (2) one or more new substances are formed, and (3) energy
is absorbed or released. As substances undergo chemical changes, they demonstrate their
chemical properties. A physical change, on the other hand, occurs with no change in chemi-
cal composition. Physical properties are usually altered significantly as matter undergoes
physical changes (see Figure 1-8). In addition, a physical change 74y suggest that a chemi-
cal change has also taken place. For instance, a color change, a warming, or the formation
of a solid when two solutions are mixed could indicate a chemical change.

Energy is always released or absorbed when chemical or physical changes occur. En-
ergy is absorbed when ice melts, and energy is absorbed when water boils. Conversely, the
condensation of steam to form liquid water always releases energy, as does the freezing of
liquid water to form ice. The changes in energy that accompany these physical changes for
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1-6 MIXTURES, SUBSTANCES, COMPOUNDS, AND ELEMENTS 13

1.00 g ice at 0°C 1.00 g liquid 1.00 g liquid 1.00 g steam
H,0 at 0°C H,0 at 100°C ~ at100°C

/ e

(energy is absorbed)

=

i = e
(energy is absorbed) / (energy is absorbed)

+3341] +418 ] +2260J
—_— —_— —_—
— -~ —
-3341] -4181] -22601]
(energy is released) (energy is released) (energy is released)
--.,_* “-\*

Figure 1-10 Changes in energy that accompany some physical changes for water. The energy unit
joules (J) is defined in Section 1-13. Absorption of energy is denoted with a positive sign. Release of en-
ergy is denoted with a negative sign.

water are shown in Figure 1-10. At a pressure of one atmosphere, ice always melts at the
same temperature (0°C), and pure water always boils at the same temperature (100°C).

1-6 Mixtures, Substances, Compounds, and Elements

A mixture is a combination of two or more pure substances in which each substance retains
its own composition and properties. Almost every sample of matter that we ordinarily » By“composition of a mixture; we
encounter is a mixture. The most easily recognized type of mixture is one that is not uniform  mean both the identities of the
throughout. Such a mixture, in which different portions of the sample have recognizably dif- ~ substances presentand their relative
ferent properties, is called heterogeneous. Examples include mixtures of salt and charcoal ~2mounts in the mixture.

(in which two components with different colors can be distinguished readily from each other

by sight), foggy air (which includes a suspended mist of water droplets), and vegetable soup.

Another kind of mixture has uniform properties throughout; such a mixture is described asa  » The blue copper(Il) sulfate solution
homogeneous mixture and is also called a solution. Examples include salt water; some #/-  in Figure 1-9cis a homogeneous

loys, which are homogeneous mixtures of metals in the solid state; and air (free of particulate ~ Mixture.

matter or mists). Air is a mixture of nitrogen, oxygen, argon, carbon dioxide, and water vapor.
There are only trace amounts of other substances in the atmosphere.

An important characteristic of all mixtures is that they can have variable composition.
(For instance, we can make an infinite number of different mixtures of salt and sugar by
varying the relative amounts of the two components used.) Consequently, repeating the
same experiment on mixtures from different sources may give different results, whereas
the same treatment of a pure sample will always give the same results. When the distinc-
tion between homogeneous mixtures and pure substances was realized and methods were
developed (in the late 1700s) for separating mixtures and studying pure substances, consis-
tent results were obtained. This resulted in reproducible chemical properties, which
formed the basis of real progress in the development of chemistry.

A mixture can be separated by physical means because each component retains its
properties (Figures 1-11 and 1-12). For example, a mixture of salt and water can be
separated by evaporating the water and leaving the solid salt behind. To separate a
mixture of sand and salt, we could treat it with water to dissolve the salt, collect the
sand by filtration, and then evaporate the water to reclaim the solid salt. Very fine iron
powder can be mixed with powdered sulfur to give what appears to the naked eye to be

Big Cheese Photo/Jupiterimages

A T-bone steak is a heterogeneous mixture of

) X ' - i white fat, bone, and red meat. Each of these
a homogeneous mixture of the two. Separation of the components of this mixture is  macroscopic items is in turn heterogeneous.

easy, however. The iron may be removed by a magnet (see Figure 1-11), or the sulfur  For example, the meat is composed of blood
may be dissolved in carbon disulfide, which does not dissolve iron. vessels, protein structures, fine tendons, etc.
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mixture
0 A mixture of iron and sulfur 0 Like any mixture, it can be
is a heterogeneous mixture. separated by physical means,
such as removing the iron with
a magnet.

Figure 1-11 Separation by physical means.

MATTER
Everything that has mass

MIXTURES PURE SUBSTANCES
« Variable composition « Fixed composition
- Components retain their characteristic properties » Cannot be separated into simpler substances by
May be separated into pure substances by physical methods - physical methods
. rated i ure su i ;
.y P : P - e y' Physical « Can only be changed in identity and properties by
« Mixtures of different compositions may have widely changes chemical methods
ChiB BT « Under identical conditions, properties do not vary

HOMOGENEQOUS MIXTURES HETEROGENEQOUS COMPOUNDS ELEMENTS
MIXTURES 5 i o
« Have same composition throughout y Can be decomposed into Cannotbe
o « Do not have same composition simpler substances by decomposed into
+ Components are indistinguishable throughout chemical changes, always Chemical simpler substances by
« Components are distinguishable in a definite ratio chemical changes

Figure 1-12 One scheme for classification of matter. Arrows indicate the general means by which
matter can be separated.

In any mixture, (1) the composition can be varied and (2) each component of the mixture
retains its own properties.

> The first ice that forms is quite Suppose we have a sample of muddy river water (a heterogeneous mixture). We might
pure. The dissolved solids tend to first separate the suspended dirt from the liquid by filtration. Then we could remove
stay behind in the remaining liquid.  dissolved air by warming the water. Dissolved solids might be removed by cooling the

sample until some of it freezes, pouring off the liquid, and then melting the ice. Other
dissolved components might be separated by distillation or other methods. Eventually we
would obtain a sample of pure water that could not be further separated by any physical
separation methods. No matter what the original source of the impure water—the ocean,
the Mississippi River, a can of tomato juice—water samples obtained by purification all
have identical composition, and, under identical conditions, they all have identical
properties. Any such sample is called a substance, or sometimes a pure substance.

> If we use the definition given here A substance cannot be further broken down or purified by physical means. A substance is
of a substance, the phrase pure matter of a particular kind. Each substance has its own characteristic properties that are
substance may appear to be different from the set of properties of any other substance.

redundant.
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Figure 1-13 Electrolysis apparatus for small-scale chemical decomposition of liquid water by
electrical energy. The volume of hydrogen gas produced (right) is twice that of oxygen gas (left). Some
dilute sulfuric acid is added to increase the conductivity.

Now suppose we decompose some water by passing electricity through it (Figure 1-13).
(This electrolysis process is a chemical reaction.) We find that the water is converted into
two simpler substances, hydrogen and oxygen; furthermore, hydrogen and oxygen are /-
ways present in the same ratio by mass, 11.1% to 88.9%. These observations allow us to
identify water as a compound.

A compound is a substance that can be decomposed by chemical means into simpler
substances, always in the same ratio by mass.

As we continue such a process starting with any substance, we eventually reach a stage
at which the new substances formed cannot be further broken down by chemical means.
The substances at the end of this chain are called elemzents.

An element is a substance that cannot be decomposed into simpler substances by
chemical changes.

For instance, neither of the two gases obtained by the electrolysis of water—hydrogen and
oxygen—can be further decomposed, so we know that they are elements.

As another illustration (Figure 1-14), pure calcium carbonate (a white solid present in
limestone and seashells) can be broken down by heating to give another white solid (call it
A) and a gas (call it B) in the mass ratio 56.0:44.0. This observation tells us that calcium
carbonate is a compound. The white solid A obtained from calcium carbonate can be fur-
ther broken down into a solid and a gas in a definite ratio by mass, 71.5:28.5. But neither
of these can be further decomposed, so they must be elements. The gas is identical to the
oxygen obtained from the electrolysis of water; the solid is a metallic element called cal-
cium. Similarly, the gas B, originally obtained from calcium carbonate, can be decomposed
into two elements, carbon and oxygen, in a fixed mass ratio, 27.3:72.7. This sequence il-
lustrates that a compound can be broken apart into simpler substances with a fixed mass
ratio; these may be either elements or simpler compounds.

Furthermore, we may say that a compound is a pure substance consisting of two or more
different elements in a fixed ratio. Water is 11.1% hydrogen and 88.9% oxygen by mass.

15
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Figure 1-15 The reaction of sodium,
a solid element, and chlorine, a
gaseous element, to produce
sodium chloride (table salt). This
reaction gives off considerable
energy in the form of heat and light.

> See the essay “Names of the
Elements”on page 18.

Pure calcium carbonate |

56.0% by mass l 44.0% by mass

White solid A Gas B
71.5% 28.5% 27.3% 72.7%
by mass y by mass by mass by mass
\ \ \ \
| Calcium | | Oxygen | | Carbon | | Oxygen |

Figure 1-14 Diagram of the decomposition of calcium carbonate to give a white solid A (56.0% by
mass) and a gas B (44.0% by mass). This decomposition into simpler substances at a fixed ratio proves
that calcium carbonate is a compound. The white solid A further decomposes to give the elements
calcium (71.5% by mass) and oxygen (28.5% by mass). This proves that the white solid A is a
compound; it is known as calcium oxide. The gas B also can be broken down to give the elements
carbon (27.3% by mass) and oxygen (72.7% by mass). This establishes that gas B is a compound; it is
known as carbon dioxide.

Similarly, carbon dioxide is 27.3% carbon and 72.7% oxygen by mass, and calcium oxide
(the white solid A in the previous discussion) is 71.5% calcium and 28.5% oxygen by mass.
We could also combine the numbers in the previous paragraph to show that calcium car-
bonate is 40.1% calcium, 12.0% carbon, and 47.9% oxygen by mass. Observations such as
these on many pure compounds led to the statement of the Law of Definite Proportions
(also known as the Law of Constant Composition):

Different samples of any pure compound contain the same elements in the same proportions
by mass.

The physical and chemical properties of a compound are different from the properties
of its constituent elements. Sodium chloride is a white solid that we ordinarily use as table
salt (Figure 1-15). This compound is formed by the combination of the element sodium (a
soft, silvery white metal that reacts violently with water; see Figure 1-9d) and the element
chlorine (a pale green, corrosive, poisonous gas; see the right panel of Figure 1-7).

Recall that elements are substances that cannot be decomposed into simpler substances
by chemical changes. Nitrogen, silver, aluminum, copper, gold, and sulfur are other examples
of elements.

We use a set of symbols to represent the elements. These symbols can be written more
quickly than names, and they occupy less space. The symbols for the first 109 elements con-
sist of either a capital letter or a capital letter and a lowercase letter, such as C (carbon) or
Ca (calcium). A list of the known elements and their symbols is given inside the front cover.

In the past, the discoverers of elements claimed the right to name them, although the
question of who had actually discovered the elements first was sometimes disputed. In
modern times, each new element is given a temporary name and a three-letter symbol
based on a numerical system. This designation is used until the question of the right to
name the newly discovered element is resolved. Decisions resolving the names of elements
104 through 112 have been announced by the International Union of Pure and Applied
Chemistry IUPAC), an international organization that represents chemical societies from
40 countries. [UPAC makes recommendations regarding many matters of convention and
terminology in chemistry. These recommendations carry no legal force, but they are nor-
mally viewed as authoritative throughout the world.

A short list of symbols of common elements is given in Table 1-3. Many symbols con-
sist of the first one or two letters of the element’s English name. Some are derived from
the element’s Latin name (indicated in parentheses in Table 1-3) and one, W for tungsten,
is from the German Wolfram. You should learn the list in Table 1-3. Names and symbols
for additional elements should be learned as they are needed.
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Most of the earth’s crust is made up of a relatively small number of elements. Only 10
of the 88 naturally occurring elements make up more than 99% by mass of the earth’s
crust, oceans, and atmosphere (Table 1-4). Oxygen accounts for roughly half, mainly in the
form of water or oxide minerals. Relatively few elements, approximately one-fourth of the
naturally occurring ones, occur in nature as free elements. The rest are always found
chemically combined with other elements.

A very small amount of the matter in the earth’s crust, oceans, and atmosphere is in-
volved in living matter. The main element in living matter is carbon, but only a tiny frac-
tion of the carbon in the environment occurs in living organisms. More than one-quarter  p The other known elements have
of the total mass of the earth’s crust, oceans, and atmosphere is made up of silicon, yet it been made artificially in laboratories,

has almost no biological role.

Tahle 1-3 Some Common Elements and Their Symbols

Symbol Element Symbol Element Symbol Element

Ag silver (argentunt)

Al aluminum

Au gold (aurum)

B boron
Ba barium
Bi bismuth
Br bromine
@ carbon
Ca  calcium

Cd cadmium
Cl chlorine
Co cobalt

Cr chromium

Cu  copper (cuprum)

F fluorine Ni
Fe  iron ( ferrum) (@)
H hydrogen P
He  helium Pb

Hg  mercury (hydrargyrum) Pt

I iodine S
K potassium (kaliumz) Sb
Kr  krypton Si
Li lithium Sn
Mg  magnesium Sr
Mn  manganese Ti
N nitrogen U
Na  sodium (natrium) w
Ne neon Zn

nickel

oxygen

phosphorus

lead (plumbum)

platinum

sulfur

as described in Chapter 22.

Charles Steele

Mercury is the only metal that is a liquid at
room temperature.

antimony (szzbiunz)

silicon

tin (stannunz)

strontium

titanium

uranium

tungsten (Wolfiam)

zinc

Table 1-4 Abundance of Elements in the Earth’s Crust, Oceans, and Atmosphere

Element Symbol
oxygen (@)
silicon Si
aluminum Al
iron Fe
calcium Ca
sodium Na
potassium K
magnesium Mg
hydrogen H
titanium Ti

% by Mass

49.5%)

25.7
7.5
47
34
2.6
24
1.9
0.87

> 99.2%

0.58/

Element Symbol
chlorine Cl
phosphorus P
manganese Mn
carbon ©
sulfur S
barium Ba
chromium Cr
nitrogen N
fluorine F
zirconium Zr

all others combined

% by Mass
0.19%)
0.12
0.09
0.08
0.06
0.04
0.033
0.030
0.027
0.023 /
~0.1%

Charles Steele

The stable form of sulfur at room

> 0.7% temperature is a solid.
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Names of the Elements

If you were to discover a new element, how would you name it?
Throughout history, scientists have answered this question in differ-
ent ways. Most have chosen to honor a person or place or to de-
scribe the new substance.

Until the Middle Ages only nine elements were known: gold, sil-
ver, tin, mercury, copper, lead, iron, sulfur, and carbon. The metals’
chemical symbols are taken from descriptive Latin names: aurum
(“yellow”), argentum (“shining”), stannum (“dripping” or “easily
melted”), hydrargyrum (“silvery water”), cuprum (“Cyprus,” where
many copper mines were located), p/lumbum (exact meaning un-
known—possibly “heavy”), and ferrum (also unknown). Mercury is
named after the planet, one reminder that the ancients associated
metals with gods and celestial bodies. In turn, both the planet,
which moves rapidly across the sky, and the element, which is the
only metal that is liquid at room temperature and thus flows rapidly,
are named for the fleet god of messengers in Roman mythology. In
English, mercury is nicknamed “quicksilver.”

Prior to the reforms of Antoine Lavoisier (1743-1794), chemistry
was a largely nonquantitative, unsystematic science in which experi-
menters had little contact with each other. In 1787, Lavoisier published
his Methode de Nomenclature Chimique, which proposed, among
other changes, that all new elements be named descriptively. For the
next 125 years, most elements were given names that corresponded to
their properties. Greek roots were one popular source, as evidenced by
hydrogen (hydros-gen, “water-producing”), oxygen (oksys-gen, “acid-
producing”), nitrogen (nitron-gen, “soda-producing”), bromine (bro-
mos, “stink”), and argon (a-er-gon, “no reaction”). The discoverers of
argon, Sir William Ramsay (1852-1916) and Baron Rayleigh (1842—
1919), originally proposed the name aeron (from aer or “air”), but crit-
ics thought it was too close to the biblical name Aaron! Latin roots, such
as radius (“ray”), were also used (radium and radon are both naturally
radioactive elements that emit “rays”). Color was often the determining
property, especially after the invention of the spectroscope in 1859, be-
cause different elements (or the light that they emit) have prominent
characteristic colors. Cesium, indium, iodine, rubidium, and thallium
were all named in this manner. Their respective Greek and Latin roots
denote blue-gray, indigo, violet, red, and green (thallus means “tree
sprout”). Because of the great variety of colors of its compounds, irid-
ium takes its name from the Latin iris, meaning “rainbow.” Alternatively,
an element name might suggest a mineral or the ore that contained it.
One example is Wolfram or tungsten (W), which was isolated from wol-
framite. Two other “inconsistent” elemental symbols, K and Na, arose
from occurrence as well. Kalium was first obtained from the saltwort
plant, Salsola kali, and natrium from niter. Their English names, potas-
sium and sodium, are derived from the ores potash and soda.

Other elements, contrary to Lavoisier's suggestion, were named af-
ter planets, mythological figures, places, or superstitions. “Celestial ele-
ments” include helium (“sun”), tellurium (“earth”), selenium
(“*moon”—the element was discovered in close proximity to tellurium),
cerium (the asteroid Ceres, which was discovered only two years be-
fore the element), and uranium (the planet Uranus, discovered a few
years earlier). The first two transuranium elements (those beyond ura-
nium) to be produced were named neptunium and plutonium for the
next two planets, Neptune and Pluto. The names promethium (Pro-
metheus, who stole fire from heaven), vanadium (Scandinavian god-
dess Vanadis), titanium (Titans, the first sons of the earth), tantalum
(Tantalos, father of the Greek goddess Niobe), and thorium (Thor,
Scandinavian god of war) all arise from Greek or Norse mythology.

Unless otherwise noted, all content on this page is © Cengage Learning

“Geographical elements,” shown on the map, sometimes hon-
ored the discoverer’s native country or workplace. The Latin names
for Russia (ruthenium), France (gallium), Paris (lutetium), and Ger-
many (germanium) were among those used. Marie Sklodowska Curie
named one of the elements that she discovered, polonium, after her
native Poland. Often the locale of discovery lends its name to the ele-
ment; the record holder is certainly the Swedish village Ytterby, the
site of ores from which the four elements terbium, erbium, ytterbium,
and yttrium were isolated. Elements honoring important scientists in-
clude curium, einsteinium, nobelium, fermium, and lawrencium.

Most of the elements now known were given titles peacefully,
but a few were not. Niobium, isolated in 1803 by Ekeberg from an
ore that also contained tantalum, and named after Niobe (daughter
of Tantalos), was later found to be identical to an 1802 discovery of
C. Hatchett, columbium. (Interestingly, Hatchett first found the ele-
ment in an ore sample that had been sent to England more than a
century earlier by John Winthrop, the first governor of Connecticut.)
Although “niobium” became the accepted designation in Europe,
the Americans, not surprisingly, chose “columbium.” It was not un-
til 1949—when the International Union of Pure and Applied Chem-
istry (IUPAC) ended more than a century of controversy by ruling in
favor of mythology—that element 41 received a unique name.

In 1978, the IUPAC recommended that elements beyond 103 be
known temporarily by systematic names based on numerical roots; ele-
ment 104 is unnilquadium (un for 1, nilfor O, quad for 4, plus the -ium
ending), followed by unnilpentium, unnilhexium, and so on. Arguments
over the names of elements 104 and 105 prompted the IUPAC to begin
hearing claims of priority to numbers 104 to 109. The IUPAC's final
recommendations for these element names were announced in 1997.
The names and symbols recommended by that report are: element
104, rutherfordium, Rf; element 105, dubnium, Db; element 106, sea-
borgium, Sg; element 107, bohrium, Bh; element 108, hassium, Hs;
and element 109, meitnerium, Mt. Some of these (Rf and Bh) are de-
rived from the names of scientists prominent in the development of
atomic theory; others (Sg, Hs, and Mt) are named for scientists who
were involved in the discovery of heavy elements. Dubnium is named in
honor of the Dubna laboratory in the former Soviet Union, where impor-
tant contributions to the creation of heavy elements have originated.

LISA SAUNDERS BAUGH
(
?ib —— ?g?

SCANDIUN/H%um

b
Strontigfi> T‘;’ﬁ RUTHENIUM
C(:?;S afniumgg Yttrium
jELmﬂtterbium
AMERICIUM
Californium utefium g POLONIUM
Berkelium AN‘CIUME GERMANIUM
*~ EUROPIUM
ALLIUM

agnesiu
Mangan

q Kadmium

Many chemical elements were named after places. From Vivi Ringnes, “Origin and
Names of Chemical Elements,” Journal of Chemical Education, 66, 1989, 731-737.
Reprinted by permission.
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1-7 MEASUREMENTS IN CHEMISTRY

1-7 Measurements in Chemistry

In the next section, we will introduce the standards for basic units of measurement. These
standards were selected because they are reproducible and unchanging and because they
allow us to make precise measurements. The values of fundamental units are arbitrary.! In
the United States, all units of measure are set by the National Institute of Standards and
Technology, NIST (formerly the National Bureau of Standards, NBS). Measurements in
the scientific world are usually expressed in the units of the metric system or its modern-
ized successor, the International System of Units (SI). The SI, adopted by the National
Bureau of Standards in 1964, is based on the seven fundamental units listed in Table 1-5.
All other units of measurement are derived from them.

In this text we shall use both metric units and SI units. Conversions between non-SI
and SI units are usually straightforward. Appendix C lists some important units of
measurement and their relationships to one another. Appendix D lists several useful physi-
cal constants. The most frequently used of these appear on the inside back cover.

The metric and SI systems are decimal systems, in which prefixes are used to indicate frac-
tions and multiples of ten. The same prefixes are used with all units of measurement. The
distances and masses in Table 1-6 illustrate the use of some common prefixes and the rela-
tionships among them.

Table 1-5 The Seven Fundamental Units of Measurement (SlI)

length meter m
mass kilogram kg
time second s
electric current ampere A
temperature kelvin K
luminous intensity candela cd
amount of substance mole mol

Tahle 1-6 Common Prefixes Used in the S| and Metric Systems

mega- I megameter (Mm) = 1 X 10°m
kilo-* k 10° 1 kilometer (km) = 1 X 10’ m
deci- d 107! 1 decimeter (dm) = 1 X 107" ' m
centi-* c 1072 1 centimeter (cm) = 1 X 1072 m
milli-* m 1073 1 milligram (mg) = 1 X 1073 g
micro-* wut 1076 I microgram (ug) = 1 X 10 g
nano-* n 1077 I nanogram (ng) =1 X 107°¢
pico-* p =" 1 picogram (pg) = 1 X 107 g

*These prefixes are commonly used in chemistry.
"This is the Greek letter u (pronounced “mew”).

IPrior to the establishment of the National Bureau of Standards in 1901, at least 50 different distances
had been used as “I foot” in measuring land within New York City. Thus the size of a 100-ft by 200-ft lot
in New York City depended on the generosity of the seller and did not necessarily represent the expected
dimensions.

19

» The abbreviation Sl comes from the
French le Systeme International.

» The prefixes used in the Sl and
metric systems may be thought of as
multipliers. For example, the prefix
kilo- indicates multiplication by
1000 or 10%, and milli- indicates
multiplication by 0.001 or 1072,
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CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

1-8 Units of Measurement
Mass and Weight

We distinguish between mass and weight. Mass is the measure of the quantity of matter a
body contains (see Section 1-1). The mass of a body does not vary as its position changes.
On the other hand, the weight of a body is a measure of the gravitational attraction of the
earth for the body, and this varies with distance from the center of the earth. An object
weighs very slightly less high up on a mountain than at the bottom of a deep valley.
Because the mass of a body does not vary with its position, the mass of a body is a more
fundamental property than its weight. We have become accustomed, however, to using the
term “weight” when we mean mass, because weighing is one way of measuring mass (Fig-
ure 1-16). Because we usually discuss chemical reactions at constant gravity, weight rela-
tionships are just as valid as mass relationships. Nevertheless, we should keep in mind that
the two are not identical.

The basic unit of mass in the SI system is the kilogram (Table 1-7). The kilogram is
defined as the mass of a platinum—iridium cylinder stored in a vault in Sévres, near Paris,
France. A 1-Ib object has a mass of 0.4536 kg. The basic mass unit in the earlier meric
system was the gram. A U.S. five-cent coin (a “nickel”) has a mass of about 5 g.

Length

The meter is the standard unit of length (distance) in both SI and metric systems. The
meter is defined as the distance light travels in a vacuum in 1/299,792,468 second. It is ap-
proximately 39.37 inches. In situations in which the English system would use inches, the

Tahle 1-7 Some S| Units of Mass

kilogram, kg base unit

gram, g 1,000 g = 1 kg
milligram, mg 1,000mg =1g
microgram, g 1,000,000 ug = 1g

mass to about 0.01 g

0 A triple-beam balance used for determining G A modern electronic top-loading G A modern analytical balance that can
balance that gives a direct readout of mass be used to determine mass to =0.0001 g.
to =0.001 g Analytical balances are used when masses

must be determined as precisely as possible.

Figure 1-16 Three types of laboratory balances.
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1-8 UNITS OF MEASUREMENT
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Figure 1-17 The relationship between inches
and centimeters: 1in. = 2.54 cm (exactly).

metric centimeter (1/100 meter) is convenient. The relationship between inches and cen-
timeters is shown in Figure 1-17.

Volume

Volumes are often measured in liters or milliliters in the metric system. One liter (1 L) is
one cubic decimeter (1 dm?), or 1000 cubic centimeters (1000 cm?). One milliliter (1 mL)
is 1 cm?®. In medical laboratories, the cubic centimeter (cm?) is often abbreviated cc. In the
SI, the cubic meter is the basic volume unit and the cubic decimeter replaces the metric
unit, liter. Different kinds of glassware are used to measure the volume of liquids. The one
we choose depends on the accuracy we desire. For example, the volume of a liquid dis-
pensed can be measured more accurately with a buret than with a small graduated cylinder
(Figure 1-18). Some equivalences between common English units and metric units are
summarized in Table 1-8.

Sometimes we must combine two or more units to describe a quantity. For instance, we
might express the speed of a car as 60 mi/h (also mph). Recall that the algebraic notation
x~! means 1/x; applying this notation to units, we see that h™' means 1/h, or “per hour.”
So the unit of speed could also be expressed as mi-h™".

Tahle 1-8 Some Conversion Factors Relating Length, Volume, and Mass (Weight) Units

21

Figure 1-18 Some laboratory
apparatus used to measure volumes
of liquids: 150-mL beaker (bottom left,
green liquid); 25-mL buret (top left,
red); 1000-mL volumetric flask (center,
yellow); 100-mL graduated cylinder
(right front, blue); and 10-mL volu-
metric pipet (right rear, green).

» The meter was originally defined
(1791) as one ten-millionth of the
distance between the North Pole and
the equator.

Length il aam =10°m = 12 in. 2.54 cm = 1 in.
1 cm =1072m 1yd =3 ft 39.37 in.* =1m
1 mm =107 m 1 mi = 5280 ft 1.609 km* =l mi
1 nm =10"°m
1A =10"""m
Volume il saEil, =1lcm®=10"3L 1 gal =4qt=8pt 1L = 1.057qt*
1m} =10°cm’ = 10° L 1 qt = 57.75 in.}* 28.32L =1ft**
Mass 1 kg =10'g 11b =16 oz 453.6 g* =11Ib
1 mg =107°g lg = 0.03527 oz*
1 metric tonne = 10° kg 1 short ton = 2000 Ib 1 metric tonne = 1.102 short ton*

*These conversion factors, unlike the others listed, are inexact. They are quoted to four significant figures, which is ordinarily sufficient.
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22 CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

1-9 The Unit Factor Method
(Dimensional Analysis)

Many chemical and physical processes can be described by numerical relationships. In fact,
many of the most useful ideas in science must be treated mathematically. In chemistry, we
measure and calculate many things, so we must understand how to use numbers. Two aspects
of numbers are: (1) the notation of very large and very small numbers (scientific notation)
and (2) an indication of how well we actually know the numbers we are using (significant
figures). You will carry out many calculations with calculators. Please refer to Appendix A for
a review of scientific notation and significant figures, and for some instructions about the use
of electronic calculators. In this section, we review some problem-solving skills.

> It would be meaningless to say that
the length of a piece of cloth is 4.7. We Units must a/ways accompany the numeric value of a measurement, whether we are writing

must specify units with the about the quantity, talking about it, or using it in calculations.
number—4.7 inches, 4.7 feet, or 4.7

ters, for instance. e . .
meters forinstance Multiplication by unity (by one) does not change the value of an expression. If we rep-

resent “one” in a useful way, we can do many conversions by just “multiplying by one.”
This method of performing calculations is known as dimensional analysis, the factor-
label method, or the unit factor method. Regardless of the name chosen, it is a powerful
mathematical tool that is almost foolproof.

Unit factors may be constructed from any two terms that describe the same or equiva-
lent “amounts” of whatever we may consider. For example, 1 foot is equal to exactly
12 inches, by definition. We may write an equation to describe this equality:

1ft=12in.
Dividing both sides of the equation by 1 ft gives
1# 12in. 1_12in.

or

16  1ft T Olft

The factor (fraction) 12 in./1 ft is a unit factor because the numerator and denominator
describe the same distance. Dividing both sides of the original equation by 12 in. gives
1 = 1 ft/12 in., a second unit factor that is the reciprocal of the first. The reciprocal of any
unit factor is also a unit factor. Stated differently, division of an amount by the same amount
always yields one!

In the English system, we can write many unit factors, such as
P Unless otherwise indicated, a & V! ’ Y ’

“ton” refers to a “short ton,” 2000 Ib. lyd 1yd 1mi 4qt 20001b

There are also the”long'ton,”whlch 3’ 36in. 5280 fi’ 1 gal’ 1 ton

is 2240 lb, and the metric tonne,

which is 1000 kg. The reciprocal of each of these is also a unit factor. Items in retail stores are frequently priced

with unit factors, such as 39¢/Ib and $3.98/gal. When all the quantities in a unit factor come
from definitions, the unit is known to an unlimited (infinite) number of significant figures. For
instance, if you bought eight 1-gallon jugs of something priced at $3.98/gal, the total cost
would be 8 X $3.98, or $31.84; the merchant would not round this to $31.80, let alone to $30.

In science, nearly all numbers have units. What does 12 mean? Usually we must supply
appropriate units, such as 12 eggs or 12 people. In the unit factor method, the units guide
us through calculations in a step-by-step process, because all units except those in the
desired result cancel.

EXAMPLE 1-3 Unit Factors
Express 1.47 miles in inches.

Plan

First we write down the units of what we wish to know, preceded by a question mark. Then
we set it equal to whatever we are given:
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1-9 THE UNIT FACTOR METHOD (DIMENSIONAL ANALYSIS) 23

? inches = 1.47 miles

Then we choose unit factors to convert the given units (miles) to the desired units (inches):
> We relate (a) miles to feet and then

miles —> feet —> inches (b) feet to inches

Solution
EProp & THINK
5280 f¢ 12 in. ;
2 i = 147 mi X 2" x 22— 931 X 10* in. (calculator gives 93139.2) Y e AR e
1 mi 1# give correct units (inches).

Note that both miles and feet cancel, leaving only inches, the desired unit. Thus, there is no Aninch is much shorter

ambiguity as to how the unit factors should be written. The answer contains three signifi-

cant figures because there are three significant figures in 1.47 miles. sense that the number of
inches is much larger
than the number of miles.

than a mile, so it makes

Cancellation of units will

F .
° Significant Figures be omitted in the
@ remainder of this book,
“How do defined quantities affect significant figures?” Any quantity that comes from a =10 youmay el ¢ .userI
definition is exact, that is, it is known to an unlimited number of significant figures. In to continue cancelling
Example 1-3, the quantities 5280 ft, 1 mile, 12 in., and 1 ft all come from definitions, units.
so they do not limit the significant figures in the answer.
fo /
® Think About Your Answer!

It is often helpful to ask yourself, “Does the answer make sense?” In Example 1-3, the
distance involved is more than a mile. We expect this distance to be many inches, so a
large answer is not surprising. Suppose we had mistakenly multiplied by the unit factor

1 mile
5280 feet
ten the answer 3.34 X 1077 in. (0.00334 in.), which we should have immediately recog-
nized as nonsense!

(and not noticed that the units did not cancel properly); we would have got-

Within the SI and metric systems, many measurements are related to one another by

powers of ten.

EXAMPLE 1-4 Unit Conversions

The Angstrom (A) is a unit of length, 1 X 10~'* m, that provides a convenient scale on which to
express the radii of atoms. Radii of atoms are often expressed in picometers. The radius of a phos- »A > m—>cm

phorus atom is 1.10 A. What is the distance expressed in centimeters and picometers? A—>m— pm

Plan
We use the equalities 1A=1x10""m, 1em =1 X 107 m, and OTOP. & THI.NK
1pm =1 X 1072 m to construct the unit factors that convert 1.10 A to the desired units. Allthe unit factors in
Example 1-4 are exact
Solution numbers. One cm is
. 1xX109m 1 @m ) longer than one A, so the
2 em=LI0AX LA X 1 %X 102m 1.10 X 107% cm 4 number of cm is less than
1.0 % 10-19 1 om the number of A. One pm
2 pm=110Ax = LN p712 = 1.10 X 10’ pm is shorter than one A, so
1A = the number of pm is
You should now work Exercise 36. greater than the number

of A.
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E)rop & THINK

1A=10""m=10"%cm >
Be sure to cube each unit

of distance as well as its
magnitude.

EProp & THINK

All the unit factors in this
example are exact
numbers. The units of the
answers are correct. One
gram is a larger mass than
one milligram, so the
mass expressed in g
should be less than that
in mg. One kilogram is
even larger, so the mass
expressed in kg should be
even smaller.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

EXAMPLE 1-5 Volume Calculation

Assuming a phosphorus atom is spherical, calculate its volume in A3, cm?, and nm?. The for-
mula for the volume of a sphere is V = (}) . Refer to Example 1-4.
Plan

We use the results of Example 1-4 to calculate the volume in each of the desired units.

Solution

o

2 A= G)W(MOAV = 538A3

? em’ (?)77(1 10 X 10 % cm)® = 5.58 X 10~ %* cm?

4
P oam’ = (=

)77(1 10 X 10 'nm)? = 5.58 X 1073 nm’?

3
You should now work Exercise 38.

EXAMPLE 1-6 Mass Conversion
A sample of gold has a mass of 0.234 mg. What is its mass in g? in kg?

Plan

We use the relationships 1g = 1000 mg and 1 kg = 1000g to write the required unit
factors.

Solution

lg

2 g=0. X —2
2 g=0.234mg X qro

=234x10"g

kg
1000 g

2 kg=234x10"*g x = 234X 107 kg

This example includes unit factors that contain only exact numbers.

Conversions Within the Metric'or SI System

The SI and metric systems of units are based on powers of ten. This means that
many unit conversions within these systems can be carried out just by shifting the
decimal point. For instance, the conversion from milligrams to grams in Example
1-6 just involves shifting the decimal point to the /eft by three places. How do we
know to move it to the left? We know that the gram is a larger unit of mass than
the milligram, so the number of grams in a given mass must be a sma/ler number
than the number of milligrams. After you carry out many such conversions using
unit factors, you will probably begin to take such shortcuts. Always think about
the answer, to see whether it should be larger or smaller than the quantity was be-
fore conversion.

Unity raised to amy power is 1. Any unit factor raised to a power is still a unit factor, as
the next example shows.
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1-9 THE UNIT FACTOR METHOD (DIMENSIONAL ANALYSIS)

EXAMPLE 1-7 Volume Conversion

One liter is exactly 1000 cm®. How many cubic inches are there in 1000 cm??

Plan
1 in.
We would multiply by the unit factor — ™ 6 convert cm to in. Here we require the cube
L 2.54 cm
of this unit factor.
Solution
Lin. ’ lin.}
2 in = 1000 em® X (L> = 1000 cm® X — = 61.0in°
2.54 cm 16.4 cm

Example 1-7 shows that a unit factor cubed is still a unit factor.

EXAMPLE 1-8 Energy Conversion

A common unit of energy is the erg. Convert 3.74 X 1072 erg to the ST units of energy,

joules and kilojoules. One erg is exactly 1 X 1077 joule (]).

Plan

The definition that relates ergs and joules is used to generate the needed unit factor. The

second conversion uses a unit factor that is based on the definition of the prefix kilo-.

Solution

1x1077]
1 er

1K
1000 ]

2 J=3.74x 102 erg X =3.74Xx107]

2k =374%x107] x =374 X 10121J

Conversions between the English and SI (metric) systems are conveniently made by the
unit factor method. Several conversion factors are listed in Table 1-8. It may be helpful to
remember one each for

1 in. = 2.54 cm (exact)
11b = 454 g (near sea level)
1qt=0.946Lor1L = 1.06qt

length
mass and weight
volume

EXAMPLE 1-9 English-Metric Conversion
Express 1.0 gallon in milliliters.
Plan
We ask ? mL = 1.0 gal and multiply by the appropriate factors.

gallons — quarts — liters — milliliters

Solution

4 qt 1L 1000 mLL

X — 3.8 % 10°mL
Tgal “106qc < 1L ° o

2 mL = 1.0 gal X

You should now work Exercise 40.
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» Suppose we start with the equality
1in. = 2.54cm

We can perform the same operation
on both sides of the equation. Let’s
cube both sides:

(1in.)?® = (2.54cm)® = 16.4cm?
so the quantity
( 1in. )3
2.54cm

is a unit factor.

EProp & THINK

The erg is a smaller
energy unit than the joule
(or than a kilojoule, which
is even larger than a
joule), so the energy
expressed in Jorin kJ
must be smaller than
when it is expressed in
ergs.

> We relate

(a) gallons to quarts, then
(b) quarts to liters, and then
(c) liters to milliliters.

E)rop & THINK

One milliliter is a smaller
volume than one liter,
which is about the same
as one quart; one quart
is a smaller volume than
one gallon. Thus it
makes sense that the

4 volume expressed in
milliliters is greater than
that expressed in
gallons.
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Six materials with different densities. The
liquid layers are gasoline (fop), water
(middle), and mercury (bottom). A cork floats
on gasoline. A piece of oak wood sinks in
gasoline but floats on water. Brass sinks in
water but floats on mercury.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

The fact that all other units cancel to give the desired unit, milliliters, shows that we used
the correct unit factors. The factors 4 qt/gal and 1000 mL/L contain only exact numbers.
The factor 1 L/1.06 qt contains three significant figures. Because 1.0 gal contains only
two, the answer contains only two significant figures.

Examples 1-3 through 1-9 show that multiplication by one or more unit factors changes
the units and the number of units, but not the amount of whatever we are calculating.

1-10 Percentage

We often use percentages to describe quantitatively how a total is made up of its parts. In Table
1-4, we described the amounts of elements present in terms of the percentage of each element.
Percentages can be treated as unit factors. For any mixture containing substance A,

% A parts A (by mass)

(by mass) 100 parts mixture (by mass)

mass A | > mass mixture

If we say that a sample is 24.4% carbon by mass, we mean that out of every 100 parts (ex-
actly) by mass of sample, 24.4 parts by mass are carbon. This relationship can be repre-
sented by whichever of the two unit factors we find useful:

24.4 parts carbon 100 parts sample

100 parts sample T 244 parts carbon

This ratio can be expressed in terms of grams of carbon for every 100 grams of sample,
pounds of carbon for every 100 pounds of sample, or any other mass or weight unit. The
next example illustrates the use of dimensional analysis involving percentage.

EXAMPLE 1-10 Percentage

U.S. pennies made since 1982 consist of 97.6% zinc and 2.4% copper. The mass of a particular
penny is measured to be 1.494 grams. How many grams of zinc does this penny contain?

Plan

From the percentage information given, we may write the required unit factor

97.6 g zinc
100 g sample

Solution

97.6 g zinc

2 gzinc = 1.494 g sample X = 1.46 g zinc

100 g sample
The number of significant figures in the result is limited by the three significant figures in
97.6%. Because the definition of percentage involves exactly 100 parts, the number 100 is
known to an infinite number of significant figures. The value “97.6% zinc” tells us that the
penny is almost all zinc; thus the mass of zinc present is only slightly smaller than the total
mass of the penny.

You should now work Exercises 67 and 68.

1-11 Density and Specific Gravity

In science, we use many terms that involve combinations of different units. Such quantities
may be thought of as unit factors that can be used to convert among these units. The den-
sity of a sample of matter is defined as the mass per unit volume:

mass m

anSity = m or D= ;
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1-11 DENSITY AND SPECIFIC GRAVITY

Table 1-9 Densities of Common Substances*

hydrogen (gas) 0.000089 sand* 232
carbon dioxide (gas) 0.0019 aluminum 2.70
cork* 0.21 iron 7.86
oak wood* 0.71 copper 8.92
ethyl alcohol 0.789 silver 10.50
water 1.00 lead 11.34
magnesium 1.74 mercury 13.59
table salt 2.16 gold 19.30

*Cork, oak wood, and sand are common materials that have been included to provide familiar ref-
erence points. They are not pure elements or compounds as are the other substances listed.

Densities may be used to distinguish between two substances or to assist in identifying a
particular substance. They are usually expressed as g/cm® or g/mL for liquids and solids
and as g/L for gases. These units can also be expressed as g-cm ™, g-mL™!, and g- L7,
respectively. Densities of several substances are listed in Table 1-9.

EXAMPLE 1-11 Density, Mass, Volume
A 47.3-mL sample of ethyl alcohol (ethanol) has a mass of 37.32 g. What is its density?
Plan
We use the definition of density.

Solution

L _m_ 3132

v 3ml 0.789 g/mL

You should now work Exercise 44.

EXAMPLE 1-12 Density, Mass, Volume

If 116 g of ethanol is needed for a chemical reaction, what volume of liquid would you use?

Plan

We determined the density of ethanol in Example 1-11. Here we are given the mass, 7z, of a
sample of ethanol. So we know values for D and 7 in the relationship

m
D ==
V

We rearrange this relationship to solve for V, put in the known values, and carry out the
calculation. Alternatively, we can use the unit factor method to solve the problem.

Solution
The density of ethanol is 0.789 g/mL (see Table 1-9).
m m 116 g
D=" V"= 5 _ _147mL
p D~ 0780g/mL VM
Alternatively,
2 mL =116g X = 147 mL

0.789 g

You should now work Exercise 46.
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P These densities are given at room
temperature and one atmosphere of
pressure, the average atmospheric
pressure at sea level. Densities of solids
and liquids change only slightly, but
densities of gases change greatly,
with changes in temperature and
pressure.

mass
volume

density =

volume

e |

The intensive property density relates the
two extensive properties: mass and volume.

OTUP & THINK

The mass in gramsis a
smaller number than the
volume in milliliters. Thus
the density in g/mL must
be less than one.

> Observe that density gives two
unit factors. In this case, they are
0.789 g
TmL

TmL
0.789g°

EProp & THINK

Cancellation of units
leads to the correct final
units (mL). A density less
than one (0.789 g/mL)

4 tells us that one mL has a
mass less than one gram.
Thus the number of mL
needed must be
numerically greater than
the number of grams
required.
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EProp & THINK

Unit factors lead to the

correct answer. >
Remember to cube the

length units to convert to
volume units.

> Density and specific gravity are
both intensive properties; that is, they
do not depend on the size of the
sample. Specific gravities are
dimensionless numbers.

E)rop & THINK

Example 1-14
demonstrates that the
density and specific
gravity of a substance are
numerically equal near
room temperature if
density is expressed in g/
mL (or in g/cm3).

Charles D. Winters

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

- -
— —

Charles D. Winters

Solid ethyl alcohol is more dense than liguid
Ice is slightly less dense than liquid water, so ethyl alcohol. This is true of nearly every
ice floats in water. known substance.

EXAMPLE 1-13 Unit Conversion
Express the density of mercury in Ib/ft’.

Plan

The density of mercury is 13.59 g/cm?® (see Table 1-9). To convert this value to the desired
units, we can use unit factors constructed from the conversion factors in Table 1-8.

Solution

? —=13.59 —~X
e 1 in. 1 ft

1b g 11b (2.54 cm)3 <12 in.
X X
em’  453.6¢g

3
) = 848.4 Ib/ft}

It would take a very strong person to lift a cubic foot of mercury!

The specific gravity (Sp. Gr.) of a substance is the ratio of its density to the density of
water, both at the same temperature.

S Grzm
p. Gr. -

‘water

The density of water is 1.000 g/mL at 3.98°C, the temperature at which the density of
water is greatest. Variations in the density of water with changes in temperature, however,
are small enough that we can use 1.00 g/mL up to 25°C without introducing significant
errors into our calculations.

EXAMPLE 1-14 Density, Specific Gravity
The density of table saltis 2.16 g/mL at 20°C. What is its specific gravity?

Plan

We use the preceding definition of specific gravity. The numerator and denominator have
the same units, so the result is dimensionless.

Solution

D, 2.16g/mL
Dyyer  1.00 g/mL

Sp. Gr. = 2.16

Labels on commercial solutions of acids give specific gravities and the percentage by
mass of the acid present in the solution. From this information, the amount of acid present
in a given volume of solution can be calculated.
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1-12 HEAT AND TEMPERATURE

EXAMPLE 1-15 Specific Gravity, Volume, Percentage by Mass

Battery acid is 40.0% sulfuric acid, H,SO4, and 60.0% water by mass. Its specific gravity is
1.31. Calculate the mass of pure H,SO; in 100.0 mL of battery acid.
Plan

The percentages are given on a mass basis, so we must first convert the 100.0 mL of acid
solution (soln) to mass. To do this, we need a value for the density. We have demonstrated
that density and specific gravity are numerically equal at 20°C because the density of water
is 1.00 g/mL. We can use the density as a unit factor to convert the given volume of the so-
lution to mass of the solution. Then we use the percentage by mass to convert the mass of
the solution to the mass of the acid.

Solution

From the given value for specific gravity, we may write
Density = 1.31 g/mL

The solution is 40.0% H,SO4 and 60.0% H,O by mass. From this information we can con-
struct the desired unit factor:

40.0 g H,S50, because 100 g of solution
100 g soln contains 40.0 g of H,SO,

We can now solve the problem:

1.31 g soln o« 40.0 g H,SO,
1 mL soln 100 g soln

2 H,SO, = 100.0 mL soln X =524 ¢ H,SO,

You should now work Exercise 52.

1-12 Heat and Temperature

In Section 1-1 you learned that heat is one form of energy. You also learned that the many
forms of energy can be interconverted and that in chemical reactions, chemical energy is
converted to heat energy or vice versa. The amount of heat a process uses (endothermic) or
gives off (exothermic) can tell us a great deal about that process. For this reason, it is impor-
tant for us to be able to measure the intensity of heat.

Temperature measures the intensity of heat, the “hotness” or “coldness” of a body.
A piece of metal at 100°C feels hot to the touch, whereas an ice cube at 0°C feels cold.
Why? Because the temperature of the metal is higher, and that of the ice cube lower, than
body temperature. Heat is a form of energy that always flows spontaneously from a hotter body
to a colder body—it never flows in the reverse direction.

Temperatures can be measured with liquid-in-glass thermometers. This kind of ther-
mometer consists of a reservoir of liquid at the base of a glass tube, open to a very thin
(capillary) column extending upward. Any liquid expands as its temperature rises. As it ex-
pands, its movement up into the evacuated column can be seen.

Anders Celsius (1701-1744), a Swedish astronomer, developed the Celsius temper-
ature scale, formerly called the centigrade temperature scale. When we place a Celsius
thermometer in a beaker of crushed ice and water, the liquid level stands at exactly
0°C, the lower reference point. In a beaker of water boiling at one atmosphere pres-
sure, the liquid level stands at exactly 100°C, the higher reference point. There are
100 equal steps between these two liquid levels. They correspond to an interval of
100 degrees between the melting point of ice and the boiling point of water at one at-
mosphere. Figure 1-19 shows how temperature marks between the reference points
are established.

In the United States, temperatures are frequently measured on the temperature scale
devised by Gabriel Fahrenheit (1686-1736), a German instrument maker. On this scale,
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EProp & THINK

Careful use of unit factors
helps you set up the
solution to Example 1-15.

100°C —

o°c B+

Figure 1-19 At 45°C,asreadona
liquid-in-glass thermometer, d
equals 0.45 do, where dj is the
distance from the liquid level at 0°C
to the level at 100°C.
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» We will usually round 273.15 to 273.

» The numbers in these ratios are
exact numbers, so they do not affect
the number of significant figures in
the calculated result.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

the freezing and boiling points of water are now defined as 32°F and 212°F, respectively.
In scientific work, temperatures are often expressed on the Kelvin (absolute) temperature
scale. As we shall see in Section 12-5, the zero point of the Kelvin temperature scale is
derived from the observed behavior of all matter.

Relationships among the three temperature scales are illustrated in Figure 1-20.
Between the freezing point of water and the boiling point of water, there are 100 steps (°C
or kelvins, respectively) on the Celsius and Kelvin scales. Thus the “degree” is the same
size on the Celsius and Kelvin scales. But every Kelvin temperature is 273.15 units above
the corresponding Celsius temperature. The relationship between these two scales is as
follows:

2 K=°C+ 273.15° or 2 °C =K —273.15°

In the SI system, “degrees Kelvin” are abbreviated simply as K rather than °K and are
called kelvins.

Any temperature change has the same numerical value whether expressed on the Celsius
scale or on the Kelvin scale. For example, a change from 25°C to 59°C represents a change
of 34 Celsius degrees. Converting these to the Kelvin scale, the same change is expressed
as (273 +25) =298 Kto (59 + 273) = 332 K, or a change of 34 kelvins.

Comparing the Fahrenheit and Celsius scales, we find that the intervals between the
same reference points are 180 Fahrenheit degrees and 100 Celsius degrees, respectively.
Thus a Fahrenheit degree must be smaller than a Celsius degree. It takes 180 Fahrenheit
degrees to cover the same temperature interval as 100 Celsius degrees. From this informa-
tion, we can construct the unit factors for temperature changes:

180°F 1.8°F 100°C 1.0°C

e @ toec ™ Rer O 1soF

But the starting points of the two scales are different, so we cannor convert a temperature on
one scale to a temperature on the other just by multiplying by the unit factor. In converting
from °F to °C, we must also subtract 32 Fahrenheit degrees to reach the zero point on the
Celsius scale (see Figure 1-20).

Boiling point Boiling point
K of water C of water F
| i i
373 R 100° g | ----- 2120
363 90° 192°
353 80° 172°
343 70 1520
333 60°
132°
323 ~100° 50° 180°<
112°
313 40°
303 30° 92
o 72°
293 20 b,
283 10° 52°
42°
273 R o | ----- ~ 320
Figure 1-20 The relationships among the |
Kelvin, Celsius (centigrade), and Fahrenheit Freezing point Freezing point
temperature scales. of water of water
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1-13 HEAT TRANSFER AND THE MEASUREMENT OF HEAT

1.8°F

s op  LOC Lo

- 1.8°F

(x°F — 32°F) or 2 °F= (x°C X > + 32°F

EXAMPLE 1-16 Temperature Conversion

When the temperature reaches “100. °F in the shade,” it’s hot. What is this temperature on
the Celsius scale?

Plan

o

1.8°F

We use the relationship ? °C = (x°F — 32°F) to carry out the desired conversion.

Solution

1.0°C 1.0°C
? °C = °F — 3)° —
? °C 1 8°F (100.°F — 32°F) 1 8°F

(68°F) = 38°C

EXAMPLE 1-17 Temperature Conversion

When the absolute temperature is 400 K, what is the Fahrenheit temperature?

Plan

We first use the relationship ? ° C = K — 273° to convert from kelvins to degrees Celsius;
then we carry out the further conversion from degrees Celsius to degrees Fahrenheit.

Solution

o

1.0°C
? °C = = = o
> °C = (400K — 273 K) 10K 127°C

1.8°F
1.0°C

2 °F = (127°C X ) + 32°F = 261°F

You should now work Exercise 54.

1-13 Heat Transfer and the Measurement of Heat

Chemical reactions and physical changes occur with either the simultaneous evolution of
heat (exothermic processes) or the absorption of heat (endothermic processes). The
amount of heat transferred in a process is usually expressed in joules or in calories.

The ST unit of energy and work is the joule (J), which is defined as 1 kg - m?/s?. The
kinetic energy (KE) of a body of mass 72 moving at speed v is given by 3%, A 2-kg object
moving at one meter per second has KE = 3(2 kg) (1 m/s)? = 1 kg-m?/s’> = 1]. You
may find it more convenient to think in terms of the amount of heat required to raise the
temperature of one gram of liquid water from 14.5°C to 15.5°C, which is 4.184 J.

One calorie is defined as exactly 4.184 J. The so-called “large calorie,” used to indicate
the energy content of foods, is really one kilocalorie, that is, 1000 calories. In this text, we
shall do most calculations in joules.

The specific heat of a substance is the amount of heat required to raise the tempera-
ture of one gram of the substance by one degree Celsius (also one kelvin) with no change
in phase. Changes in phase (physical state) absorb or liberate relatively large amounts of
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» These are often remembered in
abbreviated form:

(°F — 32°)
1.8
°F = 1.8°C + 32°

°oC =

Either of these equations can be
rearranged to obtain the other one, so
you need to learn only one of them.

P A temperature of 100.°F is 38°C.

> In terms of electrical energy, one
joule is equal to one watt - second.
Thus, one joule is enough energy to
operate a 10-watt light bulb for 5
second.
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» The calorie was originally defined
as the amount of heat necessary to
raise the temperature of one gram of
water at one atmosphere from
14.5°Cto 15.5°C.

> The specific heat of a substance
varies slightly with temperature and
pressure. These variations can be
ignored for calculations in this text.

> In this example, we calculate the
amount of heat needed to prepare
a cup of hot tea.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

energy (see Figure 1-5). The specific heat of each substance, a physical property, is differ-
ent for the solid, liquid, and gaseous phases of the substance. For example, the specific heat
of ice is 2.09 J/g - °C near 0°C; for liquid water it is 4.18 J/g - °C; and for steam it is
2.03 J/g - °C near 100°C. The specific heat for water is quite high. A table of specific heats

is provided in Appendix E.

(amount of heat in J)

ific heat =
SPECTIE AT ™ (mass of substance in g) (temperature change in °C)

The units of specific heat are or]-g1.°C™L

J
g-°C

The heat capacity of a body is the amount of heat required to raise its temperature
1°C. The heat capacity of a body is its mass in grams times its specific heat. The heat
capacity refers to the mass of that particular body, so its units do not include mass. The

units are J/°C or J - °C™L,

EXAMPLE 1-18 Specific Heat

How much heat, in joules, is required to raise the temperature of 205 g of water from
21.2°C t0 91.4°C?

Plan

The specific heat of a substance is the amount of heat required to raise the temperature of

1 g of the substance by 1°C:

(amount of heat in J)

ific heat =
spectiic heat (mass of substance in g) (temperature change in °C)

We can rearrange the equation so that
(amount of heat) = (mass of substance) (specific heat) (temperature change)

Alternatively, we can use the unit factor approach.
Solution

amount of heat = (205 g)(4.18 J/g - °C)(70.2°C) = 6.02 X 10*]

By the unit factor approach,

4.18
amount of heat = (205 g) <7J

g )(70.2°C) =6.02X10*] or 60.2%]
lg-°C

All units except joules cancel. To cool 205 g of water from 91.4°C to 21.2°C, it would be
necessary to remove exactly the same amount of heat, 60.2 kJ.

You should now work Exercises 62 and 63.

When two objects at different temperatures are brought into contact, heat flows from
the hotter to the colder body (Figure 1-21); this continues until the two are at the same
temperature. We say that the two objects are then in thermal equilibrium. The tempera-
ture change that occurs for each object depends on the initial temperatures and the rela-

tive masses and specific heats of the two materials.
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1-13 HEAT TRANSFER AND THE MEASUREMENT OF HEAT

Charles D. Winters

0 Heat is transferred from the 0 We say that they are then at
hotter metal bar to the cooler thermal equilibrium.

water until the two reach the

same temperature.

Figure 1-21 A hot object, such as a heated piece of metal, is placed into cooler water.

EXAMPLE 1-19 Specific Heat

A 588-gram chunk of iron is heated to 97.5°C. Then it is immersed in 247 grams of water
originally at 20.7°C. When thermal equilibrium has been reached, the water and iron are
both at 36.2°C. Calculate the specific heat of iron.

Plan

The amount of heat gained by the water as it is warmed from 20.7°C to 36.2°C is the same
as the amount of heat lost by the iron as it cools from 97.5°C to 36.2°C. We can equate
these two amounts of heat and solve for the unknown specific heat.

Solution

temperature change of water = 36.2°C — 20.7°C = 15.5°C
temperature change of iron = 97.5°C — 36.2°C = 61.3°C

number of joules gained by water = (247 g) (4.18 JOC>(15.5°C)
g
Let x = specific heat of iron
number of joules lost by iron = (588 g) (x JOC)(61.3°C)
g
We set these two quantities equal to one another and solve for «.
)55 = G o)s o561
(247 g)<4.18 g-°C (15.5°C) = (588 g)( « g-°C (61.3°C)

<
247 4.18 —— |(15.5°C
@7 (418 s )as5°0) :

- — 0444 ——
N (588 g) (61.3°C) g-°C

You should now work Exercise 66.

The specific heat of iron is much smaller than the specific heat of water.

specific heat of iron ~ 0.444 J/g-°C
specific heat of water ~ 4.18 J/g-°C

= 0.106

33

> In specific heat calculations, we use
the magnitude of the temperature
change (i.e., a positive number), so we
subtract the lower temperature from
the higher one in both cases.
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34 CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

The amount of heat required to raise the temperature of 205 g of iron by 70.2°C (as we
calculated for water in Example 1-18) is
0.444]

g-°C

amount of heat = (205 g)( )(70.2°C) =6.39 X 10°], or 6.39kJ

We see that the amount of heat required to accomplish a given change in temperature
for a given quantity of iron is less than that for the same quantity of water, by the same
ratio.

number of joules required to warm 205 g of iron by 70.2°C 639 kJ

= = 0.106

number of joules required to warm 205 g of water by 70.2°C  60.2 kJ

It might not be necessary to carry out explicit calculations when we are looking only for
qualitative comparisons.

EXAMPLE 1-20 Comparing Specific Heats

We add the same amount of heat to 10.0 grams of each of the following substances starting
at 20.0°C: liquid water, H,O (€) ; liquid mercury, Hg (€) ; liquid benzene, CsHy (€) ; and
solid aluminum, Al(s). Rank the samples from lowest to highest final temperature. Refer to
Appendix E for required data.

Plan

We can obtain the values of specific heats (Sp. Ht.) for these substances from Appendix E.
The higher the specific heat for a substance, the more heat is required to raise a given mass of
sample by a given temperature change, so the less its temperature changes by a given amount
of heat. The substance with the lowest specific heat undergoes the largest temperature
change, and the one with the highest specific heat undergoes the smallest temperature
change. It is not necessary to calculate the amount of heat required to answer this question.

Solution

The specific heats obtained from Appendix E are as follows:

Sp. Ht.
Substance ( Jo )

g-°C
H,0 (€) 4.18
Hg (¢) 0.138
CeH, (€) 1.74
Al(s) 0.900

Ranked from highest to lowest specific heats: HyO (€) > CsHy (€) > Al(s) > Hg (¢) . Add-
ing the same amount of heat to the same size sample of these substances changes the temper-
ature of H,O () the least and that of Hg ¢¢) the most. The ranking from lowest to highest
final temperature is

H,0 (¢) < CgHy(€) < Al(s) < Hg (€)

You should now work Exercise 75.
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Accuracy How closely a measured value agrees with the cor-
rect value (see Appendix A-4).

Atom The smallest particle of an element that maintains its
chemical identity through all chemical and physical changes.

Atomic number The number of protons in the nucleus of an
atom.

Calorie Defined as exactly 4.184 joules. Originally defined as
the amount of heat required to raise the temperature of one
gram of water from 14.5°C to 15.5°C.

Chemical change A change in which one or more new sub-
stances are formed; also known as chemical reaction or just
reaction.

Chemical property See Properties.

Compound A substance composed of two or more elements in
fixed proportions. Compounds can be decomposed into their
constituent elements.

Density Mass per unit volume, D = m/V.

Element A substance that cannot be decomposed into simpler
substances by chemical means.

Endothermic Describes processes that absorb heat energy.

Energy The capacity to do work or transfer heat.

Exothermic Describes processes that release heat energy.

Extensive property A property that depends on the amount of
material in a sample.

Heat A form of energy that flows between two samples of
matter because of their difference in temperature.

Heat capacity The amount of heat required to raise the
temperature of a body one degree Celsius.

Heterogeneous mixture A mixture that does not have uni-
form composition and properties throughout.

Homogeneous mixture A mixture that has uniform composition
and properties throughout.

Intensive property A property that is independent of the
amount of material in a sample.

Joule A unit of energy in the SI system. One joule is 1 kg - m?/
s?, which is also 0.2390 cal.

Kinetic energy Energy that matter possesses by virtue of its
motion.

Law of Conservation of Energy Energy cannot be created or
destroyed in a chemical reaction or in a physical change; it
may be changed from one form to another.

Law of Conservation of Matter No detectable change occurs
in the total quantity of matter during a chemical reaction or
during a physical change.

Law of Conservation of Matter and Energy The combined
amount of matter and energy in the universe is fixed.

Law of Constant Composition See Law of Definite Proportions.

Law of Definite Proportions Different samples of any pure
compound contain the same elements in the same propor-
tions by mass; also known as the Law of Constant Composition.

Mass A measure of the amount of matter in an object. Mass is
usually measured in grams or kilograms.

Matter Anything that has mass and occupies space.

Mixture A sample of matter composed of variable amounts of
two or more substances, each of which retains its identity and
properties.

Molecule The smallest particle of an element or compound
that can have a stable independent existence.

Physical change A change in which a substance changes from
one physical state to another, but no substances with different
compositions are formed.

Physical property See Properties.

Potential energy Energy that matter possesses by virtue of its
position, condition, or composition.

Precision How closely repeated measurements of the same
quantity agree with one another (see Appendix A-4).

Properties Characteristics that describe samples of matter.
Chemical properties are exhibited as matter undergoes chem-
ical changes. Physical properties are exhibited by matter with
no changes in chemical composition.

Scientific (natural) law A general statement based on the ob-
served behavior of matter, to which no exceptions are known.

Significant figures Digits that indicate the precision of
measurements—digits of a measured number that have
uncertainty only in the last digit (see Appendix A-4).

Specific gravity The ratio of the density of a substance to the
density of water at the same temperature.

Specific heat The amount of heat required to raise the tem-
perature of one gram of a substance by one degree Celsius.
Substance Any kind of matter all specimens of which have the

same chemical composition and physical properties.

Symbol (of an element) A letter or group of letters that repre-
sents (identifies) an element.

Temperature A measure of the intensity of heat, that is, the
hotness or coldness of a sample or object.

Unit factor A factor in which the numerator and denominator
are expressed in different units but represent the same or
equivalent amounts. Multiplying by a unit factor is the same
as multiplying by one.

Weight A measure of the gravitational attraction of the earth
for a body.
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EXERCISES

®, Molecular Reasoning exercises

A More Challenging exercises

Blue-Numbered exercises are solved in the Student Solutions
Manual

Matter and Energy

1. Define the following subdivisions of chemistry:
(a) biochemistry; (b) analytical chemistry;
(c) geochemistry; (d) nuclear chemistry; (e) inorganic
chemistry. (Hint: You may need to consult a dictionary
for answers to this question.)

2. Define the following subdivisions of chemistry:

(a) organic chemistry; (b) forensic chemistry;

(c) physical chemistry; (d) medicinal chemistry. (Hinz:
You may need to consult a dictionary for answers to
this question.)

3. Define the following terms, and illustrate each with a
specific example: (a) matter; (b) kinetic energy; (c) mass;
(d) exothermic process; (e) intensive property.

4. Define the following terms, and illustrate each with a
specific example: (a) weight; (b) potential energy;

(c) temperature; (d) endothermic process; (e) extensive
property.

5. State the Law of Conservation of Matter and
Energy, and explain how it differs from the Law of
Conservation of Matter and the Law of Conservation
of Energy.

6. Describe why you can refer to the following processes
as being exothermic even though very little or no heat
is being released: (a) discharge of a flashlight battery;
(b) the production of light by an activated light stick.

7. Describe why you can refer to the following processes
as being exothermic even though very little or no
heat is being released: (a) the production of light by a
fluorescent light; (b) the production of light by a
glow-in-the-dark object.

8. Which of the following processes are exothermic?
endothermic? How can you tell? (a) combustion;

(b) freezing water; (c) melting ice; (d) boiling water;
(e) condensing steam; (f) burning paper.

9. Which of the following processes are exothermic?
endothermic? How can you tell? (a) burning gasoline;
(b) freezing ice cream; (c) melting chocolate;

(d) cooling hot water; () condensing water vapor; (f)
burning a match.

10. Write Einstein’s equation,
and describe how it can
be used to relate the
mass change in a nuclear
reaction to energy.

11. State the following laws, and illustrate each: (a) the Law
of Conservation of Matter; (b) the Law of Conservation
of Energy; (c) the Law of Conservation of Matter and
Energy.

12. All electrical motors are less than 100% efficient in
converting electrical energy into useable work. How
can their efficiency be less than 100% and the Law of
Conservation of Energy still be valid?

13. An incandescent light bulb functions because of the flow of
electric current. Does the incandescent light bulb convert
all of the electrical energy to light? Observe a functioning
incandescent light bulb, and explain what occurs with
reference to the Law of Conservation of Energy.

States of Matter

14. & List the three states of matter and some characteristics
of each. How are they alike? Different? Draw a molecular
representation that illustrates differences in the amount of
space between molecules in the gaseous and the liquid or
solid states.

15. What is a homogeneous mixture? Which of the following
are pure substances? Which of the following are
homogeneous mixtures? Explain your answers:

(a) salt dissolved in water; (b) tea and ice; (c) chicken
noodle soup; (d) mud; (e) gasoline; (f) carbon dioxide;
(g) mint chocolate-chip ice cream.

© Danilo Calilung/Corbis
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EXERCISES 37

16. Define the following terms clearly and concisely. Give causes it to burst into flames; (b) a particular type of
two examples of each: (a) substance; (b) mixture; (c) steel is very hard and consists of 95% iron, 4% carbon,
element; (d) compound. and 1% other elements; (c) the density of gold is 19.3

. . g/mL; (d) baking soda dissolves in water and releases

) (i) gaseous carbon dioxide; (e) fine steel wool burns in air;
D . (f) refrigeration slows the rate at which fruit ripens.
&
®
& @ )
£
(i) o g /
® %o
23. Label each of the following as either a physical
‘ ’ process or a chemical process: (a) rusting of an iron

nail; (b) melting of ice; (¢) burning of a wooden stick;

v) vi) { 7 ® b f;i) ‘iitg::tion of a baked potato; (e) dissolving of sugar

¢ *°e e ‘ « 24. Eight observations are listed below. What observations

S LR S . identify chemical properties?
a "‘ ."' ' (a) Sugar is soluble in water.
T W A e (b) Water boils at 100°C.
., & Y o (c) Ultraviolet light converts O; (ozone) to O, (oxygen).
© R 4 (d) Ice is less dense than water.
(e) Sodium metal reacts violently with water.

17. ® The preceding boxes include models of (a) a gaseous (f) CO, does not support combustion.
element; (b) a gaseous compound; (¢) a homogeneous (g) Chlorine is a green gas.
gaseous mixture; (d) a liquid solution; (e) a solid; (f) (h) Heat is required to melt ice.

a pure liquid. Identify each type and provide other 25. Which of the following illustrate the concept of
examples of each type. Explain your answers. potential energy, and which illustrate kinetic energy?

18. Classify each of the following as an element, a (a) a car moving at 55 miles per hour; (b) a rubber
compound, or a mixture. Justify your classification: band stretched around a newspaper; (c) a frozen pint
(a) gasoline; (b) tap water; (c) calcium carbonate; (d) ink of ice cream; (d) a comet moving through space; ()
from a ballpoint pen; (e) vegetable soup; (f) aluminum a basketball dropping through a net; (f) the roof of a
foil. house.

19. What experiment can you use to 26. Which of the following illustrate the concept of
(a) separate salt from water? potential energy, and which illustrate kinetic energy?
(b) separate iron filings from small pieces of lead? (a) a moving car; (b) an inflated balloon; (c) a pitched
(c) separate elemental sulfur from sugar? baseball just as it is being released by the pitcher; (d) a

20. A $10 gold piece minted in the early 1900s appeared flashlight battery; (e) a frozen lake; (f) a car as it moves
to have a dirty area. The dirty appearance could not along the highway.
be removed by careful cleaning. Close examination of 27. Tongs are used to hold a sugar cube in a flame. When
the coin revealed that the “dirty” area was really pure a portion of the cube begins to turn brown, the cube
copper. Is the mixture of gold and copper in this coin a is removed from the flame. After cooling, the heated
heterogeneous or homogeneous mixture? portion of the cube is brown and has a burnt aroma.

Analysis tells us that the cube lost mass. Is the browning
of the sugar a chemical or a physical change? Propose

Chemical and Physical Properties . )
an explanation for these observations.

21. Distinguish between the following pairs of terms, 28. A weighed sample of yellow sulfur is placed in a flask.
and give two specific examples of each: (a) chemical The flask is gently heated using a Bunsen burner.
properties and physical properties; (b) intensive Observation indicates that nothing appears to happen
properties and extensive properties; (c) chemical to the sulfur during the heating, but the mass of sulfur
changes and physical changes; (d) mass and weight. is less than before the heating, and there is a sharp

22. Which of the following are chemical properties, and odor that was not present before the heating. Propose
which are physical properties? (a) striking a match an explanation of what caused the change in the mass
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of the sulfur. Is your hypothesis of the mass change a
chemical or physical change?

Charles D. Winters

Sulfur

Measurements and Calculations

29.

30.

31.

32.

33.

34.

35.

36.

37.

38.

39.

40.

Express the following numbers in scientific notation:
(a) 650.; (b) 0.0630; (c) 8600 (assume that this number
is measured to 10); (d) 8600 (assume that this number is
measured to 1); (e) 16,000.; (f) 0.100010.

For each of the following quantities, underline the
zeros that are significant figures, determine the number
of significant figures in the quantity, and rewrite the
quantity using scientific notation: (a) 423.006 mL;

(b) 0.001073040 g; (c) 1,081.02 pounds.

Which of the following are likely to be exact num-
bers? Why? (a) 128 students; (b) 7 railroad cars;

(c) $20,355.47; (d) 25 1b of sugar; () 12.5 gal of diesel
fuel; (f) 5446 ants.

Express the following exponentials as ordinary
numbers: (a) 5.06 X 10% (b) 4.060 X 107

(©) 16.10 X 107 (d) 0.206 X 107%; (e) 9.000 X 10%
() 9.000 x 107,

The circumference of a circle is given by 7d, where d is
the diameter of the circle. Calculate the circumference
of a circle with a diameter of 7.41 cm. Use the value

of 3.141593 for 7. (Show your answer with the correct
number of significant figures.)

A box is 252.56 cm wide, 18.23 cm deep, and 6.5 cm
tall. Calculate the volume of the box. (Show your
answer with the correct number of significant figures.)
Indicate the multiple or fraction of 10 by which a
quantity is multiplied when it is preceded by each of the
following prefixes. (a) M; (b) m; (¢) ¢; (d) d; (e) k; (f) n.
Carry out each of the following conversions: (a) 453.4
m to km; (b) 36.3 km to m; (c) 487 kg to g; (d) 1.32 L to
mL; (e) 55.9 dL to L; (f) 6251 L to cm?®.

Express 5.31 centimeters in meters, millimeters,
kilometers, and micrometers.

If the price of gasoline is $3.119/gal, what is its price in
cents per liter?

Suppose your automobile gas tank holds 14 gal and the
price of gasoline is $0.861/L. How much would it cost
to fill your gas tank?

Express (a) 0.750 cubic foot in units of liters; (b) 1.00
liter in units of pints; (¢) miles per gallon in kilometers
per liter.

41.

42.

43.

44.

45.

46.

47.

48.

The screen of a netbook computer measures 8.25 in.
wide and 6.25 in. tall. If this computer were being sold
in Europe, what would be the metric size, in cm, of the
screen used in the specifications for the computer?

Alex Wilson/Getty Images

Two students ran the same reaction. One student
obtained 58.2% yield. The other student, using a
different type of balance, obtained 56.474% yield.
What is the average of their percent yields? (Show your
answer with the correct number of significant figures.)
Calculate the total mass of three samples that have the
masses of 10.25 g, 5.5654 g, and 105.4 g. (Show your
answer with the correct number of significant figures.)
Do each of the following calculations and give

the answer in the correct units and number of
significant figures: (a) 18 pints X 1 qt/2 pints;; (b)
55.0 miles per hour X 1.609 km/mile;

(c) 15.45 seconds + 2.2 seconds +55 seconds.

What is the mass of a rectangular piece of copper
244 cm X 114 cm X 7.9 cm? The density of copper
is 8.92 g/cm’.

A small crystal of sucrose (table sugar) had a mass of
6.080 mg. The dimensions of the box-like crystal were
220 mm X 1.36 mm X 1.23 mm. What is the density
of sucrose expressed in g/cm’?

Vinegar has a density of 1.0056 g/cm?. What is the
mass of three liters of vinegar?

Charles D. Winters

The density of silver is 10.5 g/cm?. (a) What is the volume,
in cm?, of an ingot of silver with mass 0.443 kg? (b) If this
sample of silver is a cube, how long is each edge in cm?

(c) How long is the edge of this cube in inches?
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49.

50.

51.

52.

A A container has a mass of 78.91 g when empty and
92.44 ¢ when filled with water. The density of water is
1.0000 g/cm?. (a) Calculate the volume of the container.
(b) When filled with an unknown liquid, the container
had a mass of 88.42 g. Calculate the density of the
unknown liquid.

A Wire is often sold in pound spools according to

the wire gauge number. That number refers to the
diameter of the wire. How many meters are in a 10-1b
spool of 12-gauge aluminum wire? A 12-gauge wire has
a diameter of 0.0808 in. Aluminum has a density of 2.70
g/cm?. (V = nr?f)

A solution is 40.0% acetic acid (the characteristic
component in vinegar) by mass. The density of this
solution is 1.049 g/mL at 20°C. Calculate the mass of
pure acetic acid in 250.0 mL of this solution at 20°C.

A solution that is 11% iron(III) chloride by mass has a
density of 1.149 g/mL. What mass of iron(III) chloride,
in g, is present in 2.50 L of this solution?

Heat Transfer and Temperature Measurement

53.

54.

55.

56.

57.

58.

59.

60.

61.

62.

63.

64.

Express (a) 245°C in K; (b) 25.2 K in °C; (¢) —42.0°C
in °F; (d) 110.0°F in K.

Express (a) 15°F in °C; (b) 32.6°F in K; (c) 328 K in °F;
(d) 11.3°Cin °F.

Which temperature is higher? (a) 20°C or 20°F;

(b) 100°C or 180°F; (c) 60°C or 100°F; (d) —12°C

or 20°F.

A On the Réamur scale, which is no longer used,

water freezes at 0°R and boils at 80°R. (a) Derive an
equation that relates this to the Celsius scale. (b) Derive
an equation that relates this to the Fahrenheit scale.

(c) Mercury is a liquid metal at room temperature. It
boils at 356.6°C (673.9°F). What is the boiling point of
mercury on the Réamur scale?

Liquefied gases have boiling points well below room
temperature. On the Kelvin scale the boiling points of the
following gases are: He, 4.2 K; N,, 77.4 K. Convert these
temperatures to the Celsius and the Fahrenheit scales.
Convert the temperatures at which the following
metals melt to the Celsius and Fahrenheit scales: Al,
933.6 K; Ag, 1235.1 K.

At what point is the temperature in °F exactly twice
that in °C?

The average temperature of a healthy German
shepherd is 102.0°F. Express this temperature (a) in
degrees Celsius; (b) in kelvins.

Calculate the amount of heat required to raise the
temperature of 78.2 g of water from 10.0°C to 32.0°C.
The specific heat of water is 4.184 J/g - °C.

The specific heat of aluminum is 0.895 J/g- °C. Calculate
the amount of heat required to raise the temperature of
45.3 g of aluminum from 27.0°C to 62.5°C.

How much heat must be removed from 15.5 g of water
at 90.0°C to cool it to 38.2°C?

A In some solar-heated homes, heat from the sun is
stored in rocks during the day and then released during

65.

66.

EXERCISES 39

the cooler night. (a) Calculate the amount of heat
required to raise the temperature of 69.7 kg of rocks
from 25.0°C to 41.0°C. Assume that the rocks are
limestone, which is essentially pure calcium carbonate.
The specific heat of calcium carbonate is 0.818 J/g -
°C. (b) Suppose that when the rocks in part (a) cool to
30.0°C, all the heat released goes to warm the 10,000
ft’ (2.83 X 10° L) of air in the house, originally at
10.0°C. To what final temperature would the air be
heated? The specific heat of air is 1.004 J/g - °C, and its
density is 1.20 X 1073 g/mL.

A A small immersion heater is used to heat water for

a cup of coffee. We wish to use it to heat 245 mL of
water (about a teacupful) from 25°C to 85°C in 2.00
min. What must be the heat rating of the heater, in kJ/
min, to accomplish this? Ignore the heat that goes to
heat the cup itself. The density of water is 0.997 g/mL.
When 50.0 grams of metal at 75.0°C is added to

100. grams of water at 15.0°C, the temperature of the
water rises to 18.3°C. Assume that no heat is lost to the
surroundings. What is the specific heat of the metal?

Mixed Exercises

67.

68.

69.

70.

71.

72.

73.

74.

A sample is marked as containing 25.8% calcium
carbonate by mass. (a) How many grams of calcium
carbonate are contained in 75.45 g of the sample?

(b) How many grams of the sample would contain 18.8
g of calcium carbonate?

An iron ore is found to contain 9.24% hematite

(a compound that contains iron). (a) How many tons of
this ore would contain 5.79 tons of hematite? (b) How
many kilograms of this ore would contain 6.40 kg of
hematite?

A The radius of a hydrogen atom is about 0.37 A, and
the average radius of the earth’s orbit around the sun is
about 1.5 X 10® km. Find the ratio of the average radius
of the earth’s orbit to the radius of the hydrogen atom.
A notice on a bridge informs drivers that the height of
the bridge is 23.5 ft. How tall in meters is an 18-wheel
tractor-trailer combination if it just touches the bridge?
Some American car manufacturers install speedometers
that indicate speed in the English system and in the
metric system (mi/h and km/h). What is the metric
speed if the car is traveling at 65 mi/h?

A The lethal dose of a specific drug taken orally is 1.5
mg/kg of body weight. Calculate the lethal dose of the
drug taken orally by a 165-Ib person.

Suppose you ran a mile in 4.90 min. (a) What would be
your average speed in km/h? (b) What would be your
average speed in cm/s? (¢) What would be your time (in
minutes: seconds) for 1500 m?

Household ammonia is 5% ammonia by mass and has
a density of 1.006 g/mL. What volume of this solution
must a person purchase to obtain 25.8 g of ammonia?
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40 CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

Conceptual Exercises densities of copper and zinc are 8.72 g/cm® and 7.14 g/

cm’ respectively, what is the density of a newly minted
75. If you were given the job of choosing the materials penny?

from which pots and pans were to be made, what kinds 78. When she discovered that a piece of shiny gray
of materials would you choose on the basis of specific zinc was too large to fit through the opening of an
heat? Why? Erlenmeyer flask, a student cut the zinc into smaller
76. & The following shows an element in each of its three pieces so they would fit. She then poured enough blue
physical states. copper chloride solution into the flask to cover the
zinc pieces. After 20 min the solution became colorless,
(i) (i) the bottom of the flask was slightly warm to the touch,
. . the zinc pieces were visibly reduced in size, and brown
granular material appeared in the mixture. List the
. physical properties, physical changes, and chemical
. changes the student should have noted and recorded in
her laboratory notebook.
. 79. Which is denser at 0°C, ice or water? How do you
. know?
80. @ Based upon the answer you gave for Exercise
79, which of the following drawings is a molecular
(ii) representation for ice and which is for liquid water?

0900%00 ﬁ': y
3083008 R
0000%0° :

) ) . . 81. ® The drawing in the circle (at the bottom left) is a
(@) Wthh drawing represents a 501“,1? () Whmh greatly expanded representation of the molecules in the
drawing represents a liquid? (c) Whlc,h drawing liquid of the thermometer on its left. The thermometer
represents a gas? (d) Rank these physical states from registers 20°C. Which of the figures (a—d) is the best
least dense to most dense. . representation of the liquid in this same thermometer
77. Although newly minted pennies look as though they at 10°C? (Assume that the same volume of liquid is

are composed of copper, they actually contain only shown in each expanded representation.)
2.7% copper. The remainder of the metal is zinc. If the

™ (™
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100° i 100° {4
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80° ] 80° ]
70° ] 70° ]
60° ] 60° ]
50° ] 50° ]
20 || w0 |
20° || 20° ||
2° |} 2 ||
10° | 10° |

ol ol
-10° -10° |
-20° II e ||

(a) (b) (©) )

®, Molecular Reasoning exercises A More Challenging exercises Blue-Numbered exercises solved in Student Solutions Manual

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



82.

83.

84.

85.

86.

87.

88.

89.

During the past several years, you have gained chemical
vocabulary and understanding from a variety of
academic and entertainment venues. List three events
that occurred early in the development of your current
chemical knowledge.
A At what temperature will a Fahrenheit thermometer
give (a) the same reading as a Celsius thermometer;
(b) a reading that is twice that on the Celsius
thermometer; (c) a reading that is numerically the
same but opposite in sign from that on the Celsius
thermometer?
A Cesium atoms are the largest naturally occurring
atoms. The radius of a cesium atom is 2.65 A. How
many cesium atoms would have to be laid side by side
to give a row of cesium atoms 1.00 in. long? Assume
that the atoms are spherical.
Four balloons are each filled with a different gas of
varying density:
helium, 4 = 0.164 g/L;
neon, d = 0.825 g/L;
argon, d = 1.633 g/L;
krypton, d = 4.425 g/L.
If the density of dry air is 1.12 g/L, which balloon or
balloons float in air?
As you write out the answer to an end-of-chapter
exercise, what chemical changes occur? Did your
answer involve knowledge not covered in Chapter 1?
Combustion is discussed later in this textbook; however,
you probably already know what the term means. (Look
it up to be sure.) List two other chemical terms that
were in your vocabulary before you read Chapter 1.
Which has the higher temperature, a sample of water at
65°C or a sample of iron at 65°F?
Answer the following questions using figures (i) to
(ix). Each question may have more than one answer.
(a) Which represents nanoscale particles in a sample
of gas? (b) Which represents nanoscale particles in
a sample of liquid? (c) Which represents nanoscale
particles in a sample of solid? (d) Which represents
nanoscale particles in a sample of an element?
(e) Which represents nanoscale particles in a sample
of a compound? (f) Which represents nanoscale
particles in a sample of a mixture? (g) Which represents
nanoscale particles in a sample of a pure substance?
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90. When nitrogen (N3) reacts with oxygen (O,), several

91

92.

93.

compounds can be produced: NO, NO,, N,O, N,Os,
N,0y4, and N,O:s. If a nitrogen atom is represented by
@, and an oxygen atom is represented by @, identify by
its formula each of the following oxides of nitrogen:

. Draw models representing an atom of chlorine and a
molecule of chlorine. How are they different? Draw
models representing an atom of carbon and a molecule
of methane. How is methane different from chlorine?
Draw models representing samples (several atoms or
molecules) of sulfur and oxygen at room temperature.
In what ways are the two elements alike? How are they
different? Sulfur can combine chemically with oxygen
to produce sulfur dioxide. Draw models representing
samples of sulfur dioxide and a mixture of sulfur and
oxygen. In what ways are the compound and the
mixture alike? How are they different? Is the mixture
homogeneous or heterogeneous?

Charcoal is wood that has been heated in the absence
of oxygen to eliminate the volatile organic compounds,
leaving carbon and minerals (ash). When charcoal
burns, the carbon alone combines with oxygen in the
air, producing carbon dioxide. The carbon is a black
solid, while the oxygen and the carbon dioxide are both
colorless gases. Is the change from solid, black carbon
and colorless oxygen gas to colorless carbon dioxide
gas a physical change or a chemical change? Why? Are

®, Molecular Reasoning exercises

A More Challenging exercises

Bl

ue-Numbered exercises solved in Student Solutions Manual

Unless otherwise noted, all content on this page is © Cengage Learning.

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



42

94.

95.

96.

97.

98.

CHAPTER 1 o THE FOUNDATIONS OF CHEMISTRY

the colors and the states of matter of these substances
physical properties or chemical properties? Why?
When the volume of §3.275 g of copper (D = 8.92 g/cm?)

53.275
is calculated (V' = L 7g3 = 5.97253 cm?),
D 8.92 g/cm

the answer is rounded to 3 significant figures

(V' = 5.97 cm®). Use the uncertainties in the mass and
the density, implied by the way the numbers are written,
to justify the final answer. Is the “7” the first uncertain
digit? Is it the “9” (2 significant figures)? Or could it be
the “2” (4 significant figures)?

What’s wrong with each of the following
measurements? “There’s an animal out in the hallway,
and its length is 51.” “The width of this room is 7.36
bleams.”

Suppose you were to convert 3475 centimeters to miles.
Using the relationships 2.54 cm = 1in., 12 in. = 1 ft,
and 5280 ft = 1 mi, you would arrive at the

answer 0.021 592 649 mi, which would then

be rounded to 0.021 59 mi (3475 cm has 4

significant figures). Using the relationships

100 cm = 1 m, 1000 m = 1 km, and 1.609 km = 1 mi
(to 4 significant figures), you would arrive at the answer
0.021 597 265 mi, which would then be rounded to
0.021 60 mi. Why aren’t the answers exactly the same? Is
one of the relationships incorrect? Which calculation uses
only exact relationships? Is the result of that calculation
exact? Is it more accurate than the result of the other
calculation?

The temperature of the surface of the sun (the
photosphere) ranges from 5500°C to 6000°C.

Convert 5500°C to kelvins and °F. Suppose a famous
astronomer, in a public lecture for the general public,
said that the temperature of the surface of the sun

is 10,000°. Would she be referring to the Celsius,
Kelvin, or Fahrenheit temperature scale (or is she just
confused)?

Amount of heat, specific heat, and temperature are such
closely related properties of a substance that they are
often confused. How are they related to each other?
How are they different, by definition? One way to
distinguish these three properties is by the unit used.
What units might be used by a scientist for each of
these properties?

Beyond the Texthook

NOTE: Whenever the answer to an exercise depends on infor-
mation obtained from a source other than this textbook, the
source must be included as an essential part of the answer.

99. Use an internet search engine (such as http://www
.google.com) to locate the total surface area of the
state of Idaho. Report your answer in square meters.
Repeat the search but this time for Ohio. How does the
surface area of the two states compare?

100. Go to http://www.google.com or another internet
search engine to locate the information needed to
answer the following: (a) Which of the world’s oceans has
the largest area? (b) What is the area of that ocean in
square kilometers? (c) What is the area of that ocean
in square miles?

101. Go to http://www.google.com or another internet
search engine to locate the information needed to
answer the following: (a) Which of the world’s oceans
has the largest volume? (b) What is the volume of that
ocean in cubic kilometers? (c) What is the volume of
that ocean in cubic miles? (d) What is the volume of
that ocean in gallons?

102. Go to chemistry.about.com/od/branchesofchemistry
or another suitable internet site and locate the four
central concerns (branches) of chemistry. List the four
central concerns for chemistry.

103. Go to chemistry.about.com/od/branchesofchemistry
or another suitable internet site and locate the
description of one of the branches of chemistry. Define
the branch of chemistry that you have selected.

104. The definition of the meter has changed several times.
Use an internet search engine (such as http://www
.google.com) to locate the origin and various earlier
definitions of the meter. Comment on some advantages
of the present definition compared to earlier ones.

105. (a) Since the copyright date (2010) of the 9th edition of
this text, the discovery of element 117 has been verified.
What is the currently accepted name for element 117?
(b) During that time period, names for elements 112,
114, and 116 have been recommended by the IUPAC
for approval. Give the current names and symbols for
elements 112, 114, and 116; tell for what (or whom)
each of these latter three elements is named and
describe the origin of the name.

®, Molecular Reasoning exercises
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Chemical Formulas
and Composition
Stoichiometry

Rock candy is composed of large crystals of sucrose (sugar, G;,0;H;;). A ball-and-stick model (C = black,
0 = red, H = white) of sucrose is superimposed on an electrostatic charge potential surface that shows the
relative charges on the atoms (red = most negative, green = neutral, blue = most positive).

Courtesy of Dena Diglio Betz

Four Different Representations of the Sucrose Molecule

0 Flat structural representation showing
all atoms

O 3-D stick
representation

OH HO

v >
HO_ o) H
9Led
e} O
v
HO ) < N Ol
HO OH

0 Organic line drawing using shorthand notation
where carbon and attached hydrogen atoms are not
indicated by their elemental symbols

() A space-filling
model

2-1

2-2

2-3

2-4

2-5

2-6

2-7

2-8

2-9
2-10

2-11
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Chemical Formulas
lons and lonic Compounds

Names and Formulas of Some lonic
Compounds

Atomic Weights
The Mole

Formula Weights, Molecular Weights,
and Moles

Percent Composition and Formulas
of Compounds

Derivation of Formulas from
Elemental Composition

Determination of Molecular Formulas

Some Other Interpretations
of Chemical Formulas

Purity of Samples
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O0BJECTIVES

After you have studied this chapter, you should be able to

» Use chemical formulas to solve various kinds of chemical

problems

» Relate names to formulas and charges of simple ions

» Combine simple ions to write formulas and names of

some ionic compounds

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Interconvert masses, moles, and formulas
Determine percent compositions in compounds
Determine formulas from composition data

Recognize models from calculated molecular formulas

vVvyVvyVvyy

Perform calculations on the purity of substances

» Recognize and use formula weights and mole relationships

> Itis important to learn this
fundamental material well as it
is the basis of all chemistry.

0, molecule

03 molecule

The language we use to describe the forms of matter and the changes in its composition
is not limited to use in chemistry courses; it appears throughout the scientific world.
Chemical symbols, formulas, and equations are used in such diverse areas as agriculture,
home economics, engineering, geology, physics, biology, medicine, and dentistry. In this
chapter we will use the simplest atomic theory as we represent the chemical formulas of
elements and compounds. Later, after additional facts have been introduced, this theory
will be expanded.

The word “stoichiometry” is derived from the Greek stoicheion, which means “first prin-
ciple or element,” and mzetron, which means “measure.” Stoichiometry describes the quan-
titative relationships among elements in compounds (composition stoichiometry) and
among substances as they undergo chemical changes (reaction stoichiometry). In this
chapter we are concerned with chemical formulas and composition stoichiometry.
In Chapter 3 we will discuss chemical equations and reaction stoichiometry.

2-1 Chemical Formulas

The chemical formula for a substance shows its chemical composition as elements present
and the ratio in which the atoms of the elements occur. The formula for a single atom is the
same as the symbol for the element. Thus, Na can represent a single sodium atom. It is quite
unusual to find such isolated atoms in nature, with the exception of the noble gases (He, Ne,
Ar, Kr, Xe, and Rn). A subscript following the symbol of an element indicates the number of
atoms in a molecule. For instance, F, indicates a molecule containing two fluorine atoms,
and P4 a molecule containing four phosphorus atoms.

Some elements exist in more than one form. Familiar examples include (1) oxygen,
found as O, molecules, and ozone, found as O; molecules, and (2) two crystalline forms of
carbon—diamond and graphite (see Figure 13-32). Different structural forms of the same
element are called allotropic modifications, or allotropes.

Compounds contain two or more elements in chemical combination in fixed propor-
tions. Many compounds exist as molecules (Table 2-1). Hence, each molecule of hydrogen
chloride, HCI, contains one atom of hydrogen and one atom of chlorine; each molecule of
acetic acid, CH;COOH, contains two carbon atoms, four hydrogen atoms, and two oxy-
gen atoms. Writing it as CH;COOH (instead of C,H;0,) includes useful bonding and
structural information. An aspirin molecule, CoHgOy, contains nine carbon atoms, eight
hydrogen atoms, and four oxygen atoms.

Many of the molecules found in nature are organic compounds. Organic compounds
contain C— C or C— H bonds or both, often in combination with nitrogen, oxygen,
sulfur, and other elements. Eleven of the compounds listed in Table 2-1 are organic com-
pounds (acetic acid and the last ten entries). All of the other compounds in the table are
inorganic compounds (compounds that do not contain C— H bonds).

Some groups of atoms behave chemically as single entities. For instance, an oxygen atom
that is bonded to a hydrogen atom and also to a carbon atom that is bonded to three other
atoms forms the reactive combination of atoms known as the alcohol group or molecule. In
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2-1 CHEMICAL FORMULAS 45

Table 2-1 Names and Formulas of Some Common Molecular Compounds

water sulfur dioxide butane CsHjo

hydrogen peroxide H,0, sulfur trioxide SO; pentane CsH),

hydrogen chloride*  HCI carbon monoxide CO benzene CeHs

sulfuric acid H,SO, carbon dioxide CO, methanol (methyl alcohol) CH;0OH

nitric acid HNO; methane CH, ethanol (ethyl alcohol) CH;CH,0OH

acetic acid CH;COOH ethane C,H; acetone CH;COCH;
ammonia NH; propane C;Hg diethyl ether (ether) CH;CH,0OCH,CH;

*Called hydrochloric acid if dissolved in water.

formulas of compounds containing two or more of the same group, the group formula is
enclosed in parentheses. Thus C;H4(OH), contains two alcobol groups (see margin); it is &
called ethylene glycol. When you count the number of atoms in this molecule from its for-
mula, you must multiply the numbers of hydrogen and oxygen atoms in the OH group by 2.

There are fwo carbon atoms, six hydrogen atoms and fwo oxygen atoms in a molecule of o9
ethylene glycol. Thus, another way to write this formula is C;HO,, but this is not as infor-
mative to chemists (see Section 23-9). ) Ball-and-stick model

Compounds were first recognized as distinct substances because of their different

physical properties and because they could be separated from one another by physical
methods. Once the concept of atoms and molecules was established, the reason for these
differences in properties could be understood: Two compounds differ from each other
because their molecules are different. Conversely, if two molecules contain the same .
number of the same kinds of atoms, arranged the same way, then both are molecules of

the same compound. Thus, the atomic theory explains the Law of Definite Proportions
(see Section 1-6).

© Space-filling model of

This law, also known as the Law of Constant Composition, can now be extended to ethylene glycol, the main
include its interpretation in terms of atoms. It is so important for performing the calcula- consftituent of automobile
antifreeze

tions in this chapter that we restate it here:

Different pure samples of a compound always contain the same elements in the same
proportion by mass; this corresponds to atoms of these elements combined in fixed
numerical ratios.

So we see that for a substance composed of molecules, the chemical formula gives the
number of atoms of each type in the molecule. But this formula does not express the order in
which the atoms in the molecules are bonded together. The structural formula shows the
order in which atoms are connected. The lines connecting atomic symbols represent chemi-
cal bonds between atoms. The bonds are forces that tend to hold atoms at certain distances
and angles from one another. For instance, the structural formula of propane, C;Hg, shows
that the three C atoms are linked in a chain, with three H atoms bonded to each of the end C
atoms and two H atoms bonded to the center C. Chemists sometimes write out the formula
in a way to better convey the connectivity information, e.g., CH;CH,CHj, which is a longer
representation of the propane chemical formula. Structural formulas are drawn flat and two-
dimensional and do not usually indicate any specific three-dimensional information about
the molecule. Ball-and-stick molecular models and space-filling molecular models help us
to see the shapes and relative sizes of molecules. These four representations are shown in
Figure 2-1. The ball-and-stick and space-filling models show (1) the bonding sequence, which
is the order in which the atoms are connected to each other, and (2) the geomzetrical arrange-
ments of the atoms in the molecule. As we will see later, both are extremely important be-
cause they determine the properties of compounds.
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46 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Chemical Formula  Structural Formula Ball-and-Stick Model Space-Filling Model

H,O, water H—O—H A

HZOZ,. hydrogen H—0—O—H
peroxide
&

(‘Zl
CCly, carbon I
tetrachloride c=c—c

Cl

il

C2HSOH, H—C—C—0—H @&
ethanol | ]

H H .

Figure 2-1 Formulas and models for some molecules. Structural formulas show the order in which
atoms are connected but do not represent true molecular shapes. Ball-and-stick models use balls of
different colors to represent atoms and sticks to represent bonds; they show the three-dimensional
shapes of molecules. Space-filling models show the (approximate) relative sizes of atoms and the
shapes of molecules, but the bonds between the atoms are hidden by the overlapping spheres that
represent the atoms.

EXAMPLE 2-1 Chemical Formulas R osscias

Look at each of the following molecular models. For each one, write the structural
formula and the chemical formula. (Color code: black = carbon; white = hydrogen;
red = oxygen; blue = nitrogen; light green = fluorine; dark green = chlorine.)

(a) 1-butanol (occurs in some fruits, dried
beans, cheese, and nuts; used as an
additive in certain plastics, detergents,
and some medicinal formulations)

(b) Freon-12 (formerly used as a refrigerant;
implicated in atmospheric ozone
depletion)
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2-1 CHEMICAL FORMULAS

(c) nitrogen mustard HN1 (a highly toxic
substance, used as a chemotherapy
drug in the treatment of Hodgkin’s
disease and of some forms of chronic
leukemia)

Plan

We identify each atom present from its color in the model. The structural formula shows which
atoms are bonded to one another. We count the number of atoms of each type and represent the
chemical formula with element symbols and subscripts, as described in this section.

Solution

(a) This ball-and-stick model shows that the atoms are bonded together as shown by the
structural formula.

The model shows four carbon atoms (C), ten hydrogen atoms (H), and one oxygen
atom (O), so the chemical formula is C,H;,O.

(b) This space-filling model shows that the atoms are bonded together as shown by the
structural formula.

(‘Zl
F*(‘Z*CI
F

The model shows one carbon atom (C), two fluorine atoms (F), and two chlorine at-
oms (Cl), so the chemical formula is CF,Cl,.

(c) This ball-and-stick model shows that the atoms are bonded together as shown by the
structural formula.

SRR
CI*C‘* ‘*N*C‘*C‘I*Cl
H H H

The model shows four carbon atoms (C), nine hydrogen atoms (H), one nitrogen
atom (N), and two chlorine atoms (Cl), so the chemical formula is C;NoNCI,.

During your study of chemistry you will have many occasions to refer to compounds by

47

> At this stage, you should not worry
if you don't know the order in which
the elements should appear in the
chemical formula.

E)r1op & THINK

Chemists use a shorthand
system for drawing the
structures of organic
compounds. Carbon and
hydrogen atoms bonded
to the carbon atoms are
sometimes not drawn
using their elemental
symbols. Carbons are
understood to be located
at ends and corners of
bond lines and have
enough hydrogen atoms
attached to give each
carbon a total of four
bonds. This is sometimes
called organic line
notation; examples of the
three structures in
Example 2-1 are shown
below.

/\/\OH

Cl

Cl

name. In these early chapters, we will see how a few compounds should be named. More
comprehensive rules for naming compounds are presented at the appropriate places later
in the text.

Table 2-1 includes examples of names for a few common molecular compounds. You
should learn that short list before proceeding much farther in this textbook. We will name
many more molecular compounds as we encounter them in later chapters.
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» The words “cation” (kat'-i-on) and
“anion” (an’-i-on) and their
relationship to cathode and anode
will be described in Chapter 21.

» The general term “formula unit”
applies to molecular or ionic
compounds, whereas the more
specific term “molecule” applies only
to elements and compounds that
exist as discrete molecules.

> In this text, we use the standard
convention of representing multiple
charges with the number before the
sign, e.g., Ca®", not Ca*?2and SO,%",
notSO, 2.

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

2-2 lons and lonic Compounds

So far we have discussed only compounds that exist as discrete molecules. Some com-
pounds, such as sodium chloride, NaCl, consist of collections of large numbers of ions.
An jon is an atom or group of atoms that carries an electric charge. Ions that possess a posi-
tive charge, such as the sodium ion, Na™, are called cations. Those carrying a negative
charge, such as the chloride ion, Cl7, are called anions. The charge on an ion 7ust be in-
cluded as a superscript on the right side of the chemical symbol(s) when we write the for-
mula for the individual ion.

As we will discuss in detail in Chapter 4, an atom consists of a very small, very dense,
positively charged nucleus surrounded by a diffuse distribution of negatively charged par-
ticles called electrons. The number of positive charges in the nucleus defines the identity
of the element to which the atom corresponds. Electrically neutral atoms contain the
same number of electrons outside the nucleus as positive charges (protons) within the
nucleus. Ions are formed when neutral atoms lose or gain electrons. An Na* ion is formed
when a sodium atom loses one electron, and a Cl~ ion is formed when a chlorine atom
gains one electron.

The compound NaCl consists of an extended array of Na* and Cl~ ions (Figure 2-2).
Within the crystal (though not on the surface) each Na™ ion is surrounded at equal distances
by six CI~ ions, and each CI™ ion is similarly surrounded by six Na* ions. Any compound,
whether ionic or molecular, is electrically neutral; that is, it has no net charge. In NaCl this
means that the Na® and Cl~ ions are present in a 1:1 ratio, and this is indicated by the
formula NaCl.

Because there are no “molecules” of ionic substances, we should not refer to “a molecule
of sodium chloride, NaCl,” for example. Instead, we refer to a formula unit of NaCl, which
consists of one Na* ion and one Cl~ ion. Likewise, one formula unit of CaCl, consists of
one Ca’" ion and two CI~ ions. We speak of the formula unit of all ionic compounds as the
smallest, whole-number ratios of ions that yield neutral representations. It is also acceptable
to refer to a formula unit of a molecular compound. One formula unit of propane, C;Hg, is
the same as one molecule of C;Hg; it contains three C atoms and eight H atoms bonded
together into a group. For the present, we will tell you which substances are ionic and
which are molecular when it is important to know. Later you will learn to make the distinc-
tion yourself.

Polyatomic ions are groups of atoms that bear an electric charge. The first atom in
the formula is usually the central atom to which the other atoms are bonded to make a
stable unit. Examples include the ammonium ion, NH,*; the sulfate ion, SO,*7; and the

() Within the crystal, each
chloride ion is surrounded by
six sodium ions.

@ Within the crystal, each
sodium ion is surrounded by
six chloride ions.

) Acrystal of sodium chloride
consists of an extended array
that contains equal numbers of
sodium ions (small spheres) and
chloride ions (/arge spheres).

Figure 2-2 The arrangement of ions in NaCl.
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2-3 NAMES AND FORMULAS OF SOME IONIC COMPOUNDS

Tahle 2-2 Formulas, lonic Charges, and Names of Some Common lons

Common Cations (positive ions) Common Anions (negative ions)

F- =

Lit 1+

lithium fluoride

Na* 14 sodium Cl- = chloride
K* 1+ potassium Br~ = bromide
NH,* 114k ammonium I = iodide
Ag” 1+ silver OH™ = hydroxide

CH;COO~ = acetate
Mg** 2+ magnesium NO;~ = nitrate
Ca’* 24F calcium
Zn** 2+ zinc o* 2= oxide
Cu”* 1+ copper(T) S 2= sulfide
Cu’* 2+ copper(II) SO, 2= sulfate
Fe?* 2+ iron(II) SO;% 2— sulfite

CO;* A= carbonate
Fe*t 3+ iron(III)
AP* 3+ aluminum PO, 3— phosphate

nitrate ion, NO; . Table 2-2 shows the formulas, ionic charges, and names of some
common ions. When writing the formula of a polyatomic compound, we show groups
in parentheses when they appear more than once. For example, (NH4),SO, represents a
compound that has two NH," ions for each SO,*~ ion.

2-3 Names and Formulas of Some lonic Compounds

The names of some common ions appear in Table 2-2. You will need to know the names and
formulas of these frequently encountered ions. They can be used to write the formulas and
names of many ionic compounds. We write the formula of an ionic compound by adjusting
the relative numbers of positive and negative ions so their total charges cancel (i.e., add to
zero). The name of an ionic compound is formed by giving the names of the ions, with the
positive ion named first.

NaCl
(salt)

Can
(fluorite)

lonic compounds (clockwise,
from top): salt (sodium
chloride, NaCl), calcite
(calcium carbonate, CaC0;),
cobalt(I) chloride hexahydrate
(CoCl, - 6H,0), fluorite (calcium
fluoride, CaF,).

CaCo;
(calcite)

Charles D. Winters

CoCL, - 6H,0
(cobalt(II) chloride hexahydrate)

49

EProp & THINK

Itis very important to
learn the names,
formulas, and charges of
the common polyatomic
ions listed in Table 2-2
and recognize them in
chemical formulas.

» As we will see, some metals can
form more than one kind of ion with a
positive charge. For such metals, we
specify which ion we mean with a
Roman numeral, for example, iron(II)
or iron(III). Because zinc forms no
stable ions other than Zn**, we do
not need to use Roman numerals in

its name.
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Phosphate ion, P0,%~

Ammonium ion, NH,*

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

P
: O © Where to Start in Learning to-Name Compounds

You may not be sure of the best point to start learning the naming of compounds. It has
been found that before rules for naming can make much sense or before we can expand
our knowledge to more complex compounds, we need to know the names and formulas
in Tables 2-1 and 2-2. If you are unsure of your ability to recall a name or a formula in
Tables 2-1 and 2-2 when given the other, prepare flash cards, lists, and so on that you
can use to learn these tables.

EXAMPLE 2-2 Formulas for lonic Compounds m REASGNING

Write the formulas for the following ionic compounds: (a) sodium fluoride, (b) calcium
fluoride, (c) iron(I) sulfate, (d) zinc phosphate.

Plan

In each case, we identify the chemical formulas of the ions from Table 2-2. These ions
must be present in the simplest whole-number ratio that gives the compound o net charge.
Recall that the formulas and names of ionic compounds are written by giving the positively
charged ion first.

Solution

(a) The formula for the sodium ion is Na™, and the formula for the fluoride ion is F~
(see Table 2-2). Because the charges on these two ions are equal in magnitude, the
ions must be present in equal numbers, or in a 1:1 ratio. Thus, the formula for sodium
fluoride is NaF.

(b) The formula for the calcium ion is Ca?* and the formula for the fluoride ion is
F~. Now each positive ion (Ca’>") provides twice as much charge as each negative ion
(F7). So there must be twice as many F~ ions as Ca’" ions to equalize the charge.
This means that the ratio of calcium to fluoride ions is 1:2. So the formula
for calcium fluoride is CaF,.

(c) The iron(Il) ion is Fe?*, and the sulfate ion is SO,>". As in part (a), the equal
magnitudes of positive and negative charges tell us that the ions must be present
in equal numbers, or in a 1:1 ratio. The formula for iron(II) sulfate is FeSOj,.

(d) The zinc ion is Zn’*, and the phosphate ion is PO,*~. Now it will take three Zn*"
ions to account for as much charge (6+ total) as would be present in fwo PO,’~ ions
(6— total). So the formula for zinc phosphate is Zn;(POy), .

You should now work Exercises 16 and 23.

EXAMPLE 2-3 Names for lonic Compounds ¢ 5
Name the following ionic compounds: (a) (NH,),S, (b) Cu(NO3),, (¢) ZnCl,, (d) Fe,(CO;)s.
Plan

In naming ionic compounds, it is helpful to inspect the formula for atoms or groups of at-
oms that we recognize as representing familiar ions.

Solution

(a) The presence of the polyatomic grouping NH, in the formula suggests to us
the presence of the ammonium ion, NH,". There are two of these, each
accounting for 1+ in charge. To balance this, the single S must account for
2— in charge, or S?~, which we recognize as the sulfide ion. Thus, the name
of the compound is ammonium sulfide.
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2-5 THE MOLE

(b) The NOj; grouping in the formula tells us that the nitrate ion, NO; 7, is present.
Two of these nitrate ions account for 2 X 1 — = 2— in negative charge. To balance
this, copper must account for 2+ charge and be the copper(Il) ion. The name of the
compound is copper(Il) nitrate.

(¢) The positive ion present is zinc ion, Zn?*, and the negative ion is chloride, Cl~. The
name of the compound is zinc chloride.

(d) Each CO; grouping in the formula must represent the carbonate ion, CO;?". The
presence of three such ions accounts for a total of 6— in negative charge, so there
must be a total of 6+ present in positive charge to balance this. It takes two iron
ions to provide this 6+, so each ion must have a charge of 3+ and be Fe’”, the
iron(IIl) ion, or ferric ion. The name of the compound is iron(Ill) carbonate.

You should now work Exercises 15 and 22.

A more extensive discussion on naming compounds appears in Chapter 6.

2-4 Atomic Weights

As the chemists of the eighteenth and nineteenth centuries painstakingly sought infor-
mation about the compositions of compounds and tried to systematize their knowledge,
it became apparent that each element has a characteristic mass relative to every other
element. Although these early scientists did not have the experimental means to measure
the mass of each kind of atom, they succeeded in defining a relative scale of atomic
masses.

An early observation was that carbon and hydrogen have relative atomic masses, also
traditionally called atomic weights (AW), of approximately 12 and 1, respectively. Thou-
sands of experiments on the compositions of compounds have resulted in the
establishment of a scale of relative atomic weights based on the atomic mass unit (amu),
which is defined as exactly {5 of the mass of an atom of a particular kind of carbon atom, called
carbon-12.

On this scale, the atomic weight of hydrogen (H) is 1.00794 amu, that of sodium (Na) is
22.989768 amu, and that of magnesium (Mg) is 24.3050 amu. This tells us that Na atoms
have nearly 23 times the mass of H atoms, and Mg atoms are about 24 times heavier than
H atoms.

When you need values of atomic weights, consult the periodic table or the alphabetical
listing of elements on the inside covers of this book.

2-5 The Mole

Even the smallest bit of matter that can be handled reliably contains an enormous
number of atoms. So we must deal with large numbers of atoms in any real situation,
and some unit for conveniently describing a large number of atoms is desirable. The
idea of using a unit to describe a particular number (amount) of objects has been
around for a long time. You are already familiar with the dozen (12 items) and the
gross (144 items).

The ST unit for amount is the mole, abbreviated mol. It is defined as the amount of sub-
stance that contains as many entities (atoms, molecules, or other particles) as there are at-
oms in exactly 0.012 kg of pure carbon-12 atoms. Many experiments have refined the
number, and the currently accepted value is

1 mole = 6.02214179 X 10 particles

Unless otherwise noted, all content on this page is © Ceng
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Carbonate ion, 032~

» We use the information that the
carbonate ion has a 2—- charge to find
the charge on the iron ions. The total
charges must add up to zero.

> The term “atomic weight”is widely
accepted because of its traditional
use, although it is properly a mass
rather than a weight. “Atomic mass” is
often used and is technically more
accurate. As you probably know, the
weight of an object of a particular
mass is the result of a gravitational
attraction on the object. In chemistry,
we are always comparing amounts of
substances under the same
gravitation, so any weight ratio is the
same as the mass ratio.

» “Mole” is derived from the Latin
word moles, which means “a mass.”’
“Molecule”is the diminutive form of
this word and means “a small mass.”

earning
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» The atomic weight of iron (Fe) is
55.847 amu. Assume that one dozen
large eggs weighs 24 oz.

Charles Steele

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

This number, often rounded to 6.022 X 107, is called Avogadro’s number in honor of
Amedeo Avogadro (1776-1856), whose contributions to chemistry are discussed in Sec-
tion 12-8.

According to its definition, the mole unit refers to a fixed number of items, the iden-
tities of which must be specified. Just as we speak of a dozen eggs or a pair of aces, we
refer to a mole of atoms or a mole of molecules (or a mole of ions, electrons, or other
particles). We could even think about a mole of eggs, although the size of the required
carton staggers the imagination! Helium exists as discrete He atoms, so one mole of he-
lium consists of 6.022 X 10** He atoms. Hydrogen commonly exists as diatomic (two-
atom) molecules, so one mole of hydrogen is 6.022 X 10" H, molecules and
2(6.022 x 10%*) H atoms.

Every kind of atom, molecule, or ion has a definite characteristic mass. It follows that
one mole of a given pure substance also has a definite mass, regardless of the source of the
sample. This idea is of central importance in many calculations throughout the study of
chemistry and the related sciences.

Because the mole is defined as the number of atoms in 0.012 kg (or 12 g) of carbon-12,
and the atomic mass unit is defined as {5 of the mass of a carbon-12 atom, the following

convenient relationship is true:

The mass of one mole of atoms of a pure element in grams is numerically equal to the
atomic weight of that element in atomic mass units. This is also called the molar mass of
the element; its units are grams/mole, also written as g/mol or g - mol .

For instance, if you obtain a pure sample of the metallic element titanium (Ti), whose
atomic weight is 47.88 amu, and measure out 47.88 g of it, you will have one mole, or
6.022 X 10 titanium atoms.

The symbol for an element is used in several ways: (1) to identify the element, (2) to
represent one atom of the element, or (3) to represent one mole of atoms of the element.
The last interpretation will be extremely useful in calculations in Chapter 3.

A quantity of a substance may be expressed in a variety of ways. For example, consider a
dozen eggs and 55.847 grams (or one mole) of iron (Figure 2-3). We can express the
amount of eggs or iron present in any of several units. We can then construct unit factors
to relate an amount of the substance expressed in one kind of unit to the same amount ex-
pressed in another unit.

12 large eggs

or

1 dozen eggs

or

24 ounces of eggs

6.022 < 10% Fe atoms
or

1 mole of Fe atoms

or

55.847 grams of iron

Figure 2-3 Three ways of representing amounts.
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Charles D. Winters

Unit Factors for Eggs

2-5 THE MOLE 53

Unit Factors for Iron

12 eggs
1 doz eggs

12 eggs
24 oz eggs
and so on

6.022 x 10% Fe atoms
1 mol Fe atoms
6.022 x 10% Fe atoms
55.847 g Fe

and so on

As Table 2-3 suggests, the concept of a mole as applied to atoms is especially useful. It
provides a convenient basis for comparing the masses of equal numbers of atoms of differ-

ent elements.

Figure 2-4 shows what one mole of atoms of each of some common elements looks like.

Each of the examples in Figure 2-4 represents 6.022 X 10%* atoms of the element.
The relationship between the mass of a sample of an element and the number of moles
of atoms in the sample is illustrated in Example 2-4.

Table 2-3 Mass of One Mole of Atoms of Some Common Elements

Atomic | A Sample with a
Element | Weight Mass of Contains

carbon
titanium

bromine

hydrogen

sulfur

BI'Z
(bromine)
799¢

12.0 120gC
47.9 479 ¢ Ti
79.9 79.9 g Br,
32.1 32.1gSs

Al

(aluminum)

27.0¢g

S
(sulfur)
32.1¢

6.02 x 10% C atoms or 1 mol of C atoms
6.02 X 107 Ti atoms or 1 mol of Ti atoms

6.02 X 10% Br atoms or 1 mol of Br atoms
(3.01 X 10% Br, molecules or 3 mole of Br,
molecules)

6.02 X 10* H atoms or 1 mol of H atoms
(3.01 X 10% H, molecules or  mol of H,
molecules)

6.02 X 10% S atoms or 1 mol of S atoms
(0.753 X 10% Sg molecules or £ mol
of Sg molecules)

Hg
(mercury)
2006 g
Cu
(copper)
63.5¢

In Fe

(zinc) (iron)
65.4¢ 55.8 ¢

Figure 2-4 One mole of atoms of some common elements.
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» To the required four significant
figures, T mol Fe atoms = 55.85 g Fe.

emp & THINK

When you are given the
mass (or weight) of any
substance in grams (or
any other mass or weight
unit) you almost always
need to convert it into
moles to do chemical
calculations. Formula
weight is always greater
than 1 (except for H
atoms), so the number of
moles in a sample is
always a smaller number
than the mass in grams.

EProp & THINK

Try to name this number
with its many zeroes. One
mole of anything
contains a huge number
of atoms or molecules
(Avogadro’s number).
Thus the number of
atoms or molecules is
always much larger than
the number of moles or
the mass in grams. Be
sure to carry units
through every
calculation.

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

In this textbook we usually work problems involving atomic weights (masses) or for-
mula weights (masses) rounded to only one decimal place. We round the answer further if
initial data do not support the number of significant figures obtained using the rounded
atomic weights. Similarly, if the initial data indicate that more significant figures are justi-
fied, we will work such problems using atomic weights and formula weights containing

values beyond the tenths place.

EXAMPLE 2-4 Moles of Atoms

How many moles of atoms does 136.9 g of iron metal contain?

Plan

The atomic weight of iron is 55.85 amu. This tells us that the molar mass of iron is 55.85 g/
mol, or that one mole of iron atoms is 55.85 g of iron. We can express this as either of two

unit factors:

1 mol Fe atoms
55.85 g Fe

55.85 g Fe

1 mol Fe atoms

Because one mole of iron has a mass of 55.85 g, we expect that 136.9 g will be a fairly small
number of moles (greater than 1, but less than 10).

Solution

_? mol Fe atoms = 136.9 g Fe X

You should now work Exercises 32 and 40.

Once the number of moles of atoms of an element is known, the number of atoms in

1 mol Fe atoms

55.85 g Fe

the sample can be calculated, as Example 2-5 illustrates.

EXAMPLE 2-5 Numbers of Atoms
How many atoms are contained in 2.451

Plan

mol of iron?

= 2.451 mol Fe atoms

One mole of atoms of an element contains Avogadro’s number of atoms, or 6.022 X 10%

atoms. This lets us generate the two unit

6.022 X 10> atoms
1 mol atoms

Solution

? Featoms = 2.451 mol Fe atoms X

factors

1 mol atoms

and

6.022 X 10> atoms

6.022 X 10% Fe atoms

1 mol Fe atoms

= 1.476 X 10%*Fe atoms

We expected the number of atoms in more than two moles of atoms to be a very large
number. Written in nonscientific notation, the answer to this example is:

1,476,000,000,000,000,000,000,000.

You should now work Exercise 42.

If we know the atomic weight of an element on the carbon-12 scale, we can use the
mole concept and Avogadro’s number to calculate the zverage mass of one atom of that ele-

ment in grams (or any other mass unit we choose).
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2-5 THE MOLE

-9 CHEMISTRY IN USE

Avogadro’s Number

If you think that the value of Avogadro’s number, 6 X 10?3, is too
large to be useful to anyone but chemists, look up into the sky on a
clear night. You may be able to see about 3000 stars with the na-
ked eye, but the total number of stars swirling around you in the
known universe is approximately equal to Avogadro’s number. Just
think, the known universe contains approximately one mole of
stars! You don'’t have to leave Earth to encounter such large num-
bers. The water in the Pacific Ocean has a volume of about
6 X 10% mL and a mass of about 6 X 10%° g.

Avogadro’s number is almost incomprehensibly large. For
example, if one mole of dollars had been given away at the rate
of a million dollars per second beginning when the earth first
formed some 4.5 billion years ago, would any remain today? Sur-
prisingly, about three-fourths of the original mole of dollars would
be left today; it would take about 14,500,000,000 more years to
give away the remaining money at $1 million per second.

Computers can be used to provide another illustration of the
magnitude of Avogadro’s number. If a computer can count up
to one billion in one second, it would take that computer about
20 million years to count up to 6 X 10?3, In contrast, recorded
human history goes back only a few thousand years.

The impressively large size of Avogadro’s number can give
us very important insights into the very small sizes of indi-
vidual molecules. Suppose one drop of water evaporates in

EXAMPLE 2-6 Masses of Atoms

Calculate the average mass of one iron atom in grams.

Plan

one hour. There are about 20 drops in one milliliter of water,
which weighs one gram. So one drop of water is about 0.05 g
of water. How many H,O molecules evaporate per second?

H,0 molecules  0.05g H,O 1 mol H,0
ls ~1h 18 g H,0

6 X 10%H,0 molecules 1h « 1 min

1 mol H,0 60 min 60s

=5 x 10Y H,0 molecules/s

5 x 10 H,0 molecules evaporating per second is five hun-
dred million billion H,O molecules evaporating per second—a
number that is beyond our comprehension! This calculation
helps us to recognize that water molecules are incredibly
small. There are approximately 1.7 X 10%! water molecules in
a single drop of water.

By gaining some appreciation of the vastness of Avogadro’s
number, we gain a greater appreciation of the extremely tiny
volumes occupied by individual atoms, molecules, and ions.

RONALD DELORENZO
MIDDLE GEORGIA COLLEGE
ORIGINAL CONCEPT BY LARRY NORDELL

We expect that the mass of a single atom in grams would be a very small number. We know
that one mole of Fe atoms has a mass of 55.85 g and contains 6.022 X 10** Fe atoms. We
use this information to generate unit factors to carry out the desired conversion.

Solution

55
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EProp & THINK

For any substance, the
amount that we can

Thus, we see that the average mass of one Fe atom is only 9.274 X 10~% g, that is, manipulate or measure

0.00000000000000000000009274 g. 4 contains a huge number
of atoms or molecules, so

the mass of any atom or
molecule must be a tiny
fraction of a gram.

? gFe 55.85 g Fe 1 mol F
g = & X mol I'e atoms =9274 x 1073 g Fe/Fe atom

Featom 1 mol Featoms ~ 6.022 X 10% Fe atoms

Example 2-6 demonstrates how small atoms are and why it is necessary to use large
numbers of atoms in practical work. Example 2-7 will help you to appreciate the huge
magnitude of Avogadro’s number.
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» Imagine the number of trees
required to make this much paper!
This would weigh about 5 X 10%° kg,
which far exceeds the total mass of all
the trees on earth. The mass of the
earth is about 6 X 10%*kg.

» Formula weight is more accurately
called formula mass.

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

EXAMPLE 2-7 Avogadro’s Number
A stack of 500 sheets of typing paper is 1.9 inches thick. Calculate the thickness, in inches and

in miles, of a stack of typing paper that contains one mole (Avogadro’s number) of sheets.
Plan

We construct unit factors from the data given, from conversion factors in Table 1-8, and
from Avogadro’s number.

Solution

6.022 X 10% sheets 1.9 in.
? in. = 1 mol sh X X =23 X 10" in.
== MmOt sheets 1 mol sheets 500 sheets m

1 mi

1t
X = 3.6 X 10" mi.
D < 5280f 00X 107 mi

2 mi =23 X 10*in. X

By comparison, the sun is about 93 million miles from the earth. This stack of paper would
make 390 million stacks that reach from the earth to the sun.

P
o)
When Do We Round?
®

Even though the number 1.9 has two significant figures, we carry the other numbers in
Example 2-7 to more significant figures. Then we round at the end to the appropriate
number of significant figures. The numbers in the distance conversions are exact numbers.

2-6 Formula Weights, Molecular Weights, and Moles

The formula weight (FW) of a substance is the sum of the atomic weights (AW) of the
elements in the formula, each taken the number of times the element occurs. Hence a
formula weight gives the mass of one formula unit in atomic mass units.

Formula weights, like the atomic weights on which they are based, are relative masses. The
formula weight for sodium hydroxide, NaOH (rounded off to the nearest 0.1 amu), is
found as follows.

Number of Atoms of Stated Kind X Mass of One Atom = Mass Due to Element
1 XNa=1 X 23.0 amu = 23.0 amu of Na
1XH =1 X 1.0 amu = 1.0 amuof H
1xX0 =1 X 16.0 amu = 16.0 amu of O

Formula weight of NaOH = 40.0 amu

The term “formula weight” is correctly used for either ionic or molecular substances.
When we refer specifically to molecular (non-ionic) substances, that is, substances that
exist as discrete molecules, we often use the term molecular weight (MW).
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2-6 FORMULA WEIGHTS, MOLECULAR WEIGHTS, AND MOLES 57

EXAMPLE 2-8 Formula Weights

Calculate the formula weight (molecular weight) of acetic acid (the active ingredient in vin-
egar), CH;COOH, using rounded values for atomic weights given in the International Ta-
ble of Atomic Weights inside the front cover of the text.

Plan ‘

We add the atomic weights of the elements in the formula, each multiplied by the number

of times the element occurs. O
Solution CH;CO0H
Number of Atoms of Stated Kind X Mass of One Atom = Mass Due to Element

2XC=2 X 12.0 amu = 24.0 amu of C

4xH=4 X 1.0 amu = 4.0amuof H

2X0=2 X 16.0 amu = 32.0 amu of O

Formula weight (molecular weight) of acetic acid = 60.0 amu

You should now work Exercise 28.

) Space-filling model of an
acetic acid molecule, CH;COOH

The amount of substance that contains the mass in grams numerically equal to its formula

weight in amu contains 6.022 X 10%* formula units, or one 7zole of the substance. This is 9 TOP & THINK
sometimes called the 7z0lar mass of the substance. Molar mass is numerically equal to the The formula weight is the
formula weight of the substance (the atomic weight for atoms of elements) and has the sum of atomic weights.
units grams/mole (g/mol). The smallest atomic

weight (H) is 1.0, so all
other formula weights
must be greater than
1 amu.

One mole of sodium hydroxide is 40.0 g of NaOH, and one mole of acetic acid is 60.0 g of
CH;COOH. One mole of any molecular substance contains 6.02 X 10?* molecules of
that substance, as Table 2-4 illustrates.

Because no simple NaCl molecules exist at ordinary temperatures, it is inappropriate
to refer to the “molecular weight” of NaCl or any ionic compound. One mole of an
ionic compound contains 6.02 X 10%* formula units of the substance. Recall that one
formula unit of sodium chloride consists of one sodium ion, Na* and one chloride ion,
Cl™. One mole, or 58.4 g, of NaCl contains 6.02 X 10%* Na*ions and 6.02 X 10* ions
(Table 2-5).

Table 2-4 One Mole of Some Common Molecular Substances

Molecular A Sample with a
Substance Weight Mass of Contains

oxygen 32.0 g/mol 320g 0, 1 mol of O, molecules or
6.02 X 10% molecules O, (2 X 6.02 X 10% atoms of O)
water 18.0 g/mol 18.0 g H,O 1 mol of H,O molecules or

6.02 X 10%* molecules of H,O (2 X 6.02 X 10%* atoms of H and
6.02 X 10?3 atoms of O)

methane 16.0 g/mol 16.0 g CHy 1 mol of CH 4 molecules or
6.02 X 10?* molecules of CH,4 (4 X 6.02 X 10?* atoms of H and
6.02 X 10% atoms of C)

sucrose 342.3 g/mol 342.3 g C;pH,, 04, 1 mol of C;,H,,0;; molecules or

(sugar) 6.02 X 10%* molecules of sucrose (12 X 6.02 X 10** atoms of C,
22 X 6.02 X 10% atoms of Hyand 11 X 6.02 X 1023 atoms of O)
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EProp & THINK
When fewer than four
significant figures are
needed in calculations,
Avogadro’s number may
be rounded to 6.02 x 10%.
The mass of any molecule
is a very tiny number of
grams.

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Table 2-5 One Mole of Some lonic Compounds

Formula A Sample with a
Compound Weight Mass of 1 Mol Contains

sodium 58.4 g/mol 58.4 g NaCl (6.02 X 10%** Na* ions or
chloride 1 mol of Na* ions) and

(6.02 X 10% Cl~ ions or
1 mol of Cl~ ions)

calcium 111.0 g/mol  111.0 g CaCl, (6.02 X 10%* Ca’* ions or
chloride 1 mol of Ca*>* ions) and
(2 X 6.02 X 10** Cl~ ions or
2 mol of Cl~ ions)
aluminum 342.1 g/mol 342.1 g AL(SO4); (2 X 6.02 X 10** AF* ions or
sulfate 2 mol of A’ ions) and

(3 X 6.02 X 10* SO,>~ ions or
3 mol of SO~ ions)

The mole concept, together with Avogadro’s number, provides important connections
among the extensive properties mass of substance, number of moles of substance, and
number of molecules or ions. These are summarized as follows:

mass A I moles A |
\

A

FW A gA Avogadro's _ formula units of A

(molar mass A) — mol A number mol A

y A

moles A formula units of A

The following examples show the relations between numbers of molecules, atoms, or
formula units and their masses.

EXAMPLE 2-9 Masses of Molecules
What is the mass in grams of 10.0 million SO, molecules?

Plan

One mole of SO, contains 6.02 X 10** SO, molecules and has a mass of 64.1 grams.

Solution

64.1 g SO,

2 gS0, = 10.0 X 10° SO, molecules X T
6.02 X 10’ SO, molecules

1.06 X 107" g SO,

"Ten million SO, molecules have a mass of only 0.00000000000000106 g. Commonly used
analytical balances are capable of weighing to £0.0001 g.

You should now work Exercise 44.
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2-6 FORMULA WEIGHTS, MOLECULAR WEIGHTS, AND MOLES

EXAMPLE 2-10 Moles
How many (a) moles of O, (b) O, molecules, and (c) O atoms are contained in 40.0 g of
oxygen gas (dioxygen) at 25°C?

Plan
We construct the needed unit factors from the following equalities: (a) the mass of one mole
of O, is 32.0 g (molar mass O, = 32.0 g/mol); (b) one mole of O, contains 6.02 X 10* O,
molecules; (c) one O, molecule contains two O atoms.

Solution

One mole of O, contains 6.02 X 10** O, molecules, and its mass is 32.0 g.

1 mol O,
(@ 2 molO, =40.0g0O, X m = 1.25 mol O,
() 2 O, molecules = 40.0 g O, X 6.02 X 10% O, molecules
) 2 O,molecules = 40.0 g O, 33050,

= 7.52 X 10* molecules

Or, we can use the number of moles of O, calculated in part (a) to find the number of O,
molecules.

6.02 X 10 O, molecules
? O, molecules = 1.25 mol O, X

= 7.52 X 10%
£ 1 mol O, 7.52 X 10 O, molecules

6.02 X 10** O, molecules 2 O atoms
320g0, 1 O, molecule

() 2 Oatoms = 40.0 g O, X

= 1.50 X 10** O atoms

You should now work Exercise 36.

EXAMPLE 2-11 Numbers of Atoms
Calculate the number of hydrogen atoms in 39.6 g of ammonium sulfate, (NH4),SOs.

Plan
One mole of (NH,4),SO4 is 6.02 X 10 formula units and has a mass of 132.1 g.

g of — mol of —  formula unitsof > I atoms
(NH4),SO4 (NHy),SO4 (NH4),S50;4
Solution

1 mol(NH4) 2504
132.1 g(NH,),S0,

2 Hatoms = 39.6 g(NH,),SO, X

6.02 X 10 formula units (NH,),SO, 8 H atoms
1 mol(NH,),SO, 1 formula units(NH,),SOy,

= 1.44 X 10** H atoms

You should now work Exercise 34.

59

emp & THINK

Use unit factors to help
you with all conversions.
(@) Number of moles is

4 always less than the mass
in grams. (b, ¢) Number of
molecules and number of
atoms is always much
greater than the number
of moles present.

> In Example 2-11, we relate (a)
grams to moles, (b) moles to formula
units, and (c) formula units to H
atoms.

E)rop & THINK
Remember to include
both “types” of subscripts
in figuring out the
number of atoms! It is
pretty easy to remember
that the 4-subscript in
(NH,), means that there
are four H atoms. But

4 don't forget to include
the 2-subscript, which
means that there are two
NH, units present for a
total of 8 H atoms.
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60 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

2-1 Percent Composition and Formulas of Compounds

» AW = atomic weight (mass) If the formula of a compound is known, its chemical composition can be expressed as
MW = molecular weight (mass) the mass percent of each element in the compound (percent composition). For example,
one carbon dioxide molecule, CO,, contains one C atom and two O atoms. Percentage is
As a check, we see that the the part divided by the whole times 100% (or simply parts per hundred), so we can rep-
percentages add to 100%. resent the percent composition of carbon dioxide as follows:

mass of C AW of C 12.0 amu
%C=——""7"X100% = 5~ — X 100% = ———— X 100% = 273% C

mass of CO, MW of CO, 44.0 amu

mass of O 2 X AW of O 2(16.0 amu)
%0 = — "X 100% = ———~— X 100% = ————— X 100% = 72.7% O

mass of CO, MW of CO, 44.0 amu

One mole of CO, (44.0 g) contains one 7zole of C atoms (12.0 g) and two mzoles of O atoms
(32.0 g). We could therefore have used these masses in the preceding calculation. These
numbers are the same as the ones used—only the units are different. In Example 2-12 we
will base our calculation on one #0le rather than one molecule.

EXAMPLE 2-12 Percent Composition

Calculate the percent composition by mass of HNO;.

Plan

We first calculate the mass of one mole as in Example 2-8. Then we express the mass of
each element as a percent of the total.

Solution

The molar mass of HNOs is calculated first.

Number of Mol of Atoms X Mass of One Mol of Atoms = Mass Due to Element
I1XH=1 X 10g = 1.0gofH
IXN=1 X140 ¢g =140gof N
» When chemists use the % notation, 3IX0=3 X 160g =48.0gof O
they mean percent by mass unless
they specify otherwise. Mass of 1 mol of HNO; = 63.0 g
Now, its percent composition is
mass of H 1.0g
%H=—"—"""—""—X100% = X 100% = 1.6% H
mass of HNO; 63.0¢g
mass of N 140g
% N =——"""—"—"—X100% = X 100% = 22.2% N
mass of HNO; 63.0¢g
fO 48.0
% 0= —2O0Y_\ 100% = ——2 X 100% = 76.2% O

~ mass of HNO; 63.0g

Total = 100.0%

You should now work Exercise 62.

Nitric acid is 1.6% H, 22.2% N, and 76.2% O by mass. All samples of pure HNOj; have
this composition, according to the Law of Definite Proportions.
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2-8 DERIVATION OF FORMULAS FROM ELEMENTAL COMPOSITION

A |

o © The Whole Is Equal to-the Sum of Its Parts

Percentages must add to 100%. Roundoff errors may not cancel, however, and totals
such as 99.9% or 100.1% may be obtained in calculations. As an alternative method
of calculation, if we know all of the percentages except one, we can subtract their sum
from 100% to obtain the remaining value.

2-8 Derivation of Formulas from Elemental Composition

The simplest, or empirical, formula for a compound is the smallest whole-number ratio
of atoms present. For molecular compounds the molecular formula indicates the actual
numbers of atoms present in a molecule of the compound. It may be the same as the
simplest formula or else some whole-number multiple of it. For example, the simplest and
molecular formulas for water are both H,O; however, for hydrogen peroxide, the empiri-
cal formula is HO, and the molecular formula is H,O,.

- =

C
0 o -

A ball-and-stick model of (a) a molecule of water, H,0, and (b) a molecule of hydrogen peroxide, H,0,

Each year thousands of new compounds are made in laboratories or discovered in
nature. One of the first steps in characterizing a new compound is the determination
of its percent composition. A qualitative analysis is performed to determine which
elements are present in the compound. Then a guantitative analysis is performed to
determine the amount of each element. Once the percent composition of a com-
pound (or its elemental composition by mass) is known, the simplest formula can be
determined.

EXAMPLE 2-13 Simplest Formulas

Compounds containing sulfur and oxygen are serious air pollutants; they represent
the major cause of acid rain. Analysis of a sample of a pure compound reveals that it
contains 50.1% sulfur and 49.9% oxygen by mass. What is the simplest formula of the
compound?

Plan

One mole of atoms of any element is 6.02 X 10** atoms, so the ratio of moles of atoms in
any sample of a compound is the same as the ratio of atoms in that compound. This calcula-
tion is carried out in two steps.

Step 1:  Let’s consider 100.0 g of compound, which contains 50.1 g of S and 49.9 g of O. We
calculate the number of moles of atoms of each.

Step 2:  We then obtain a whole-number ratio between these numbers that gives the ratio
of atoms in the sample and hence in the simplest formula for the compound.

Solution
1 mol S atoms
Step1: 2 mol Satoms = 50.1 gS X ——————— = 1.56 mol S atoms
32.1¢gS
2 mol O atoms = 49.9 g O X M = 3.12 mol O atoms

16.0g 0O

» Remember that percent means
“parts per hundred.”
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62

» A simple and useful way to obtain
whole-number ratios among several
numbers follows: (a) Divide each
number by the smallest number, and
then, (b) if necessary, multiply all the
resulting numbers by the smallest
whole number that will eliminate
fractions

» The “Relative Mass of Element”

CHAPTER 2 o

Step 2:

CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Now we know that 100.0 g of the compound contains 1.56 mol of S atoms and

3.12 mol of O atoms. We obtain a whole-number ratio between these numbers
that gives the ratio of atoms in the simplest formula.

1.56

156~ 1.00 S
3.12
156~ 2.000

You should now work Exercise 54.

7

SO,

The solution for Example 2-13 can be set up in tabular form.

column is proportional to the mass of Relative Relative Number Smallest Whole-
each element in grams. With this Mass of . of Atoms Divide by Number Ratio
interpretation, the next column could Element Element (divide mass by AW) Smallest Number of Atoms

be headed “Relative Number of Moles 50.1 ~ 1.56

of Atoms”” Then the last column S 50.1 301 1'56\/ 156 1.00S

would represent the smallest whole- 499 \*3 12 \/VSOZ
number ratios of moles of atoms. But O 49.9 m = 3.12 136 = 2.00 O\/

because a mole is always the same
number of items (atoms), that ratio is
the same as the smallest whole-
number ratio of atoms.

This tabular format provides a convenient way to solve simplest-formula problems, as the
next example illustrates.

EXAMPLE 2-14 Simplest Formula

A 20.882-g sample of an ionic compound is found to contain 6.072 g of Na, 8.474 g of S, and 6.336 g of O. What is its simplest
formula?

Plan

We reason as in Example 2-13, calculating the number of moles of each element and the ratio among them. Here we use the tabu-
lar format that was introduced earlier.

Solution
Relative Relative Number Convert Fractions Smallest Whole-
Mass of of Atoms Divide by to Whole Numbers Number Ratio
Element Element (divide mass by AW) Smallest Number (multiply by integer) of Atoms
6.072 0.264
. L, A 00 %2 =
Na 6.072 3.0 0.264 0264 1.00 1.00 2Na
8.474 0.264
- =20 2 =
S 8.474 321 0.264 0264 1.00 1.00 X 2 =2 S\ﬁ%oz
6.336 0.396
. ———=0. — . S0 X2 =
(@) 6.336 16.0 0.396 0264 1.50 1.50 30\/

The ratio of atoms in the simplest formula mzust be a whole-number ratio (by definition). To convert the ratio 1:1:1.5 to a whole-
number ratio, each number in the ratio was multiplied by 2, which gave the simplest formula Na,S,0; .

You should now work Exercise 56.
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2-8 DERIVATION OF FORMULAS FROM ELEMENTAL COMPOSITION

\{/ y Furnace H,0 absorber

\ (magnesium perchlorate,
Mg(Cl0y),)

Figure 2-5 A combustion train used for carbon-hydrogen analysis. The increase in weight of the H,0
absorber can be converted into the amount of hydrogen present, while the increase in weight of the
CO, absorber can be used to calculate the amount of carbon present.

As Example 2-14 illustrates, sometimes we must convert a fraction to a whole number
by multiplying the fraction by the correct integer. But we must first recognize which
fraction is represented by a nonzero part of a number. The decimal equivalents of the
following fractions may be useful.

Decimal Equivalent To convert to integer,
(to two places) Fraction multiply by
0.50 : 2
0.33 1 3
0.67 Z 3
0.25 : 4
0.75 3 4
0.20 L 5

The fractions £, %, and ¥ are equal to 0.40, 0.60, and 0.80, respectively; these should be
multiplied by 5.

When we use the procedure given in this section, we often obtain numbers
such as 0.99 and 1.52. Because the results obtained by analysis of samples usually
contain some error (as well as roundoff errors), we would interpret 0.99 as 1.0 and
1.52 as 1.5.

Millions of compounds are composed of carbon, hydrogen, and oxygen. Analyses for C
and H can be performed in a C-H combustion system (Figure 2-5). An accurately known
mass of a compound is burned in a furnace in a stream of oxygen. This technique is often
termed combustion analysis. The carbon and hydrogen in the sample are converted to
carbon dioxide and water vapor, respectively. The resulting increases in masses of the CO,
and H,O absorbers can then be related to the masses and percentages of carbon and
hydrogen in the original sample.

EXAMPLE 2-15 Percent Composition

Hydrocarbons are organic compounds composed entirely of hydrogen and carbon.
A 0.1647-g sample of a pure hydrocarbon was burned in a C-H combustion train to
produce 0.4931 g of CO; and 0.2691 g of H,O. Determine the masses of C and H in
the sample and the percentages of these elements in this hydrocarbon.

63

CO, absorber
(sodium hydroxide,
NaOH, supported
on glass wool)

E)1op & THINK

A simplest (empirical)
formula must have only
integer subscripts with no
common factors.

EProp & THINK
Don't forget to multiply
all calculated coefficients
by this common factor to
obtain the final integer
coefficients!

» Hydrocarbons are obtained from
coal and coal tar and from oil and
gas wells. The main use of
hydrocarbons is as fuels. The
simplest hydrocarbons are

methane CH,
ethane CHg
propane CsHg
butane C4Hq
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64 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Plan

Step 1: We use the observed mass of CO,, 0.4931 g, to determine the mass of carbon in the
original sample. There is one mole of carbon atoms, 12.01 g, in each mole of CO,,
44.01 g; we use this information to construct the unit factor

1201 gC
44.01 g CO,
Step 2: Likewise, we can use the observed mass of H,0, 0.2691 g, to calculate the amount of

hydrogen in the original sample. We use the fact that there are two moles of hydrogen
atoms, 2.016 g, in each mole of H,0, 18.02 g, to construct the unit factor

2016gH
18.02 g H,O
» We could calculate the mass of H by Step 3: Then we calculate the percentages by mass of each element in turn, using the
subtracting the mass of C from the relationship
mass 9fthe sample: Itis good g element
experimental practice, however, when %element = o samole X 100%
possible, to base both on [ e
experimental measurements, as we Solution
have done here. This helps to check
for errors in the analysis or calculation. 12.01gC
Stepl: 2gC=04931gCO, X —————= 0.1346¢gC
P8 8577 4a01 ¢ CO, &
Step2: 2 gH = 02691 g ,O X —0 &1L 0.03010 g H
eps SgH =0 Y S g gH,O | 8
Step 3 5 C=HEC e = s172% C
t . % = % = o %
. 0.1647 g sample
> 0.03010 g H
%o H=—"—"""""X100% = 18.28% H
‘ ‘ 0.1647 g sample
Can you show that the hydrocarbon in Total = 100.00%

Example 2-15 is propane, C;Hq?

You should now work Exercise 66.

When the compound to be analyzed contains oxygen, the calculation of the amount or
percentage of oxygen in the sample is somewhat different. Part of the oxygen that goes to
form CO, and H,O comes from the sample, and part comes from the oxygen stream sup-
plied. For that reason, we cannot directly determine the amount of oxygen already in the
sample. The approach is to analyze as we did in Example 2-15 for all elements except oxy-
gen. Then we subtract the sum of their masses from the mass of the original sample to
obtain the mass of oxygen. The next example illustrates such a calculation.

EXAMPLE 2-16 Percent Composition

A 0.1014-g sample of purified glucose was burned in a C-H combustion train to produce
0.1486 g of CO,; and 0.0609 g of H,O. An elemental analysis showed that glucose contains
only carbon, hydrogen, and oxygen. Determine the masses of C, H, and O in the sample and
the percentages of these elements in glucose.

Plan

Steps 1 and 2:  We first calculate the masses of carbon and hydrogen as we did in Example 2-15.

C. Paxton & J. Farrow/Photo Researchers, Inc.

Step 3: The rest of the sample must be oxygen because glucose has been shown to
contain only C, H, and O. So we subtract the masses of C and H from the total
mass of sample.

Glucose, a simple sugar, is the main
component of intravenous feeding liquids. Its
common name is dextrose. It is also one of
the products of carbohydrate metabolism.
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2-9 DETERMINATION OF MOLECULAR FORMULAS

Step 4:  Then we calculate the percentage by mass for each element.

Solution
Step I 2.C = 0.1486 ¢ CO, X 22 8C 004055 ¢ C
. 2gC=0. X ——2—— =0,
tep i 8 850 % 4401 ¢ CO, 8
Step2: 2 H = 0.0609 ¢ H,0 x —L08H _ 00681 o H
;. 2gH=0. X ——2—— =0,
PS8 &Y " 18,02 g H,O &

Step3: 2 gO = 0.1014 g sample — [0.04055 g C + 0.00681 g H] = 0.0540 g O

Step 4:  Now we can calculate the percentages by mass for each element:

0.04055 g C
% C=—-2"x100% = 39.99% C
0.1014 g
0.00681 g H
%H=——2"X100% = 6.72% H
0.1014 g
% O = 00540 O X 100% = 53.2% O
°Y T 0.1014g coImER

Total = 99.9%

You should now work Exercise 68.

2-9 Determination of Molecular Formulas

Percent composition data yield only simplest formulas. To determine the molecular for-
mula for a molecular compound, both its empirical formula and its molecular weight must
be known. Some methods for experimental determination of molecular weights are intro-
duced in Chapters 12 and 14.

For many compounds the molecular formula is a multiple of the simplest formula.
Consider butane, C4H . The empirical formula for butane is C,Hs, but the molecular for-
mula contains twice as many atoms; that is, 2 X (C,H;) = C,H,,. Benzene, C¢Hy, is an-
other example. The simplest formula for benzene is CH, but the molecular formula
contains six times as many atoms; thatis, 6 X (CH) = C4H,.

The molecular formula for a compound is either the same as, or an integer multiple of,
the (empirical) formula.

molecular formula = # X simplest formula
So we can write
molecular weight = 7 X simplest formula weight

molecular weight

simplest formula weight

The molecular formula is then obtained by multiplying the empirical formula by the
integer, 7.

EXAMPLE 2—-17 Molecular Formula

In Example 2-16, we found the elemental composition of glucose. Other experiments show
that its molecular weight is approximately 180 amu. Determine the simplest formula and
the molecular formula of glucose.

Plan

Step 1:  We first use the masses of C, H, and O found in Example 2-16 to determine
the simplest formula.

65

> We say that the mass of O in the
sample is calculated by difference.

> As an alternative, we could have
used the percentages by mass from
Example 2-16. Using the earliest
available numbers helps to minimize
the effects of rounding errors.
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66 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Step 2:  We can use the simplest formula to calculate the simplest formula weight. Because
the molecular weight of glucose is known (approximately 180 amu), we can
determine the molecular formula by dividing the molecular weight by the simplest
formula weight.

molecular weight

simplest formula weight

The molecular weight is » times the empirical formula weight, so the molecular formula of
glucose is » times the empirical formula.

Solution
Step 1:
Relative Mass Relative Number of Atoms Divide by Smallest Whole-Number
Element of Element (divide mass by AW) Smallest Ratio of Atoms
0.04055 0.003376
(@ 0.04055 o0l - 0.003376 0003376 1.00 C
0.00681 0.00676
H 0.00681 1008 0.00676 0.003376 2.00H CH,O

0.0540 0.00338 y
0 0.0540 Lcoo = 0-00338 0003376 = 1000

Step 2:  The simplest formula is CH,O, which has a formula weight of 30.03 amu. Because
the molecular weight of glucose is approximately 180 amu, we can determine the
molecular formula by dividing the molecular weight by the empirical formula weight.

E)rop & THINK

The molecular formula is
always the simplest
formula multiplied by n = 180 amu
some positive integer; 30.03 amu

this integer can be 1.

= 6.00

The molecular weight is six times the simplest formula weight, so the molecular formula of
glucose must be six times the empirical formula.

molecular formula = 6 X (CH,0) = C4H;,04

You should now work Exercises 49 and 50.

» Many sugars are rich sources in our
diet. The most familiar is ordinary
table sugar, which is sucrose,
C,H,,04:. An enzyme in our saliva
readily splits sucrose into two simple
sugars, glucose and fructose.

Ball-and-stick models of glucose (/eft) and fructose (right). Both have the formula CgH,,0¢, but they have different structures and
properties, so they are different compounds. Black atoms = carbon, white atoms = hydrogen, and red atoms = oxygen.
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2-10 SOME OTHER INTERPRETATIONS OF CHEMICAL FORMULAS 67

As we shall see when we discuss the composition of compounds in some detail, two (and
sometimes more) elements may form more than one compound. The Law of Multiple
Proportions summarizes many experiments on such compounds. It is usually stated:

When two elements, A and B, form more than one compound, the ratio of the masses of el-
ement B that combine with a given mass of element A in each of the compounds can be ex-
pressed by small whole numbers.

Water, H,0, and hydrogen peroxide, H,O,, provide an example. The ratio of masses of
oxygen that combine with a given mass of hydrogen in H,O and H,0O; is 1:2. In H,O, one
mole of oxygen combines with two moles of hydrogen atoms, while in hydrogen peroxide,
H,O0,, two moles of oxygen combine with two moles of hydrogen atoms. Thus the ratio of
oxygen atoms in the two compounds compared to a given number of hydrogen atoms is
1:2. Many similar examples, such as CO and CO, (1:2 oxygen ratio) and SO, and SO; (2:3
oxygen ratio), are known. The Law of Multiple Proportions had been recognized from
studies of elemental composition before the time of Dalton. It provided additional support
for his atomic theory.

EXAMPLE 2-18 Law of Multiple Proportions

What is the ratio of the numbers of oxygen atoms that are combined with a given number
of nitrogen atoms in the compounds N,O; and NO?

Plan

To compare the number of oxygen atoms, we need to have equal numbers of nitrogen atoms.

Solution

Because NO has half as many nitrogen atoms in its formula relative to N,Os, we must multi-
ply it by a factor of 2 to compare the two elements on the basis of an equal number of nitro-
gen atoms. Once we show the number of atoms of each element present, we can cancel out
the equal amounts of nitrogen atoms, leaving the ratio of oxygen atoms.

N,O;  30/2X 30 3

OXygenratio =5 o) T 20/28 20 2

You should now work Exercises 71 and 72.

2-10 Some Other Interpretations of Chemical Formulas

Once we master the mole concept and the meaning of chemical formulas, we can use them
in many ways. The examples in this section illustrate some of the other kinds of informa-

tion we can get from a chemical formula and the mole concept.

EXAMPLE 2-19 Composition of Compounds

What mass of chromium is contained in 35.8 g of (NH4),Cr,O7?
Plan
Let us first solve the problem in several steps.

The formula tells us that each mole of (NH4),Cr,0; contains two moles of Cr
atoms, so we first find the number of moles of (NH,),Cr,03, using the unit factor

1 mOl(NH4)2Crzo7
252.0 g(NH4)2Cr207

Step 1:

> In Example 2-18, we could equalize
the number of N atoms by dividing
N,O; by a factor of two, to produce
fractional subscripts, which most
chemists prefer to avoid. That
approach would, however, give us the
same answer.

» Chemists often use the term
“equivalents” instead of moles when
talking about the relative amounts or
ratios of atoms or molecules. So Step
1 could also be written as “each
equivalent of (NH,),Cr,0; contains
two equivalents of Cr atoms’.
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68 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

Step 2:  Then we convert the number of moles of (NH4),Cr,05 into the number of moles of Cr atoms it contains,
using the unit factor

2 mol Cr atoms
1 mOl(NH4)2CI‘ZO7

Step 3:  We then use the atomic weight of Cr to convert the number of moles of chromium
atoms to the mass of chromium.

mass (NHy4),Cr,0; —> mol (NH,),Cr,O; —— mol Cr —> mass Cr

Solution

1 mOl(NH4)2Cr207
252.0 g(NH4)2CrZO7

Step1: 2 mol(NH,),Cr,0, = 35.8 g (NH,),Cr,0, X

= 0.142 mOl(NH4) 2Cr207

2 mol Cr atoms

1 mol(NH,),Cr,0;

Step2: 2 mol Cratoms = 0.142 mol (NH,),Cr,0; X

= 0.284 mol Cr atoms

520gCr

: ? = U X 1ol Cr atoms
Step 3 2 g Cr = 0.284 mol Cr atoms L mol Cr atoms

= 148gCr

If you understand the reasoning in these conversions, you should be able to solve this problem
in a single setup:

1 mOl(NH4)2CI‘ZO7 % 2 mol Cr atoms b 52.0 g Cr
252.0 g (NH,),Cr,0; 1 mol(NH,),Cr,O; = 1 mol Cr

2 g Cr = 35.8 g(NH,),Cr,0; X = 148gCr

You should now work Exercise 76.

EXAMPLE 2-20 Composition of Compounds
What mass of potassium chlorate, KCIOj;, would contain 40.0 g of oxygen?

Plan

The formula KCIO; tells us that each mole of KCIO; contains three moles of oxygen atoms.
Each mole of oxygen atoms weighs 16.0 g. So we can set up the solution to convert:

mass O —> mol O —— mol KCIO; —— mass KCIO;

Solution
3 gKCIO; = 40.0 g O X 1 mol O atoms % 1 mol KCIO; « 122.6 g KCIO;

9T OP & THINK 16.0 g O atoms 3 mol O atoms 1 mol KCIO;
The mass of a compound
must always be greater > = 102 g KCIO;
than the mass of any
element contained in the You should now work Exercise 78.
compound.
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2-10 SOME OTHER INTERPRETATIONS OF CHEMICAL FORMULAS 69

O @ How Do We Know When<..?2

How do we know when to represent oxygen as O and when as O,? A compound

that contains oxygen does not contain O, molecules. So we solve problems such as
Example 2-20 in terms of moles of O atoms. Thus, we must use the formula weight
for O, which is 16.0 g O atoms/1 mol O atoms. Similar reasoning applies to
compounds containing other elements that are polyatomic molecules in pure
elemental form, such as H,, Cl, or Ps.

EXAMPLE 2-21 Composition of Compounds

(a) What mass of sulfur dioxide, SO,, would contain the same mass of oxygen as is contained in 33.7 g
of arsenic pentoxide, As,Os?

(b) What mass of calcium chloride, CaCl,, would contain the same number of chloride ions as are con-
tained in 48.6 g of sodium chloride, NaCI?

Plan

(a) We need only convert to moles of O (because this is the same mass of O regardless of its environ-
ment) and then to moles of SO, to obtain the mass of SO,.

mass As;O; —> mol As;Os — mol O atoms —— mol SO, —> mass SO,

Alternatively, we could find explicitly the number of grams of O in 33.7 g of As,Oys, and then find
the mass of SO, that contains that same number of grams of O. But this alternate method includes
some unnecessary calculation.

(b) Because one mole always consists of the same number (Avogadro’s number) of items, we can rea-
son in terms of moles of C1™ ions and solve as in part (a).

mass NaCl —— mol NaCl —— mol Cl"ions —— mol CaCl, —— 1335 CaCl,

- EProp & THINK
SO In problems such as those
1 mol As,Os 5 mol O atoms in Example 2-21, it is very
? ¢SO0, = 33.7 g As,0O5 X X i
@ 2 gS0o, g AS; Vs 229.8 g As,0, 1 mol As,O; 4 |mportantto.use
complete units. Keep
1 mol SO, 64.1 g SO, track of g of what, mol of
= 23.5gS0,

what, etc. by including
them in the units.

2 mol O atoms 1 mol SO,

1 mol NaCl 1 mol CI~

2 =
(b) 2 gCaCl, = 48.6 g NaCl X 58.4 g NaCl X 1 mol NaCl

1 mol CaCl, 111.0 g CaCl,
2 mol C1~ 1 mol CaCl,

= 46.2 g CaCl,

You should now work Exercise 80.

The physical appearance of one mole of each of some compounds is illustrated in
Figure 2-6. Two different forms of oxalic acid are shown. The formula unit (molecule) of
oxalic acid is (COOH), (FW = 90.0 amu; molar mass = 90.0 g/mol). When oxalic acid is
obtained by crystallization from a water solution, however, the resulting crystals contain
two molecules of water for each molecule of oxalic acid (even though it appears “dry”).
The formula of this hydrate is (COOH), - 2H,O (FW = 126.1 amu; molar mass = 126.1
g/mol). The dot shows that the crystals contain two H,O molecules per (COOH), mole-
cule. The water can be driven out of the crystals by heating to leave anhydrous oxalic acid,
(COOH),. “Anhydrous” means “without water.” Copper(Il) sulfate, an onic compound,
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70 CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

shows similar behavior. Anhydrous copper(iD) sulfate (CuSO4; FW = 159.6 amu; molar mass

= 159.6 g/mol) is almost white. Hydrated copper(1l) sulfate (CuSOy, - 5SH,O; FW = 249.7
amu; molar mass = 249.7 g/mol) is deep blue. Example 2-22 illustrates how we might find
and use the formula of a hydrate.

Charles D. Winters

© Blue hydrated () When heated, the blue hydrated

CuS0, - 5H,0 copper sulfate loses water, forming gray
anhydrous CuS0, around the edges of
the container.

Figure 2-6 One mole of some CuS0 - 5H,0 Hy0 Hg0
compounds. The colorless liquid 249.7 g 18.0¢g 216.6 ¢
is water, H,O (1 mol = 18.0 g). The .
solids are anhydrous oxalic acid,
(COOH), ; hydrated oxalic acid,
(COOH), - 2H,0; hydrated copper(II)
sulfate, CuSO, - 5H,0; and
mercury(Il) oxide.

(COOH),
90.0 g

(COOH), - 2H,0
126.1 g

Charles Steele

EXAMPLE 2-22 Composition of Compounds

A reaction requires pure anhydrous calcium sulfate, CaSO;. Only an unidentified hydrate of
calcium sulfate, CaSO, - xH,O, is available.
(@) We heat 67.5 g of unknown hydrate until all the water has been driven off. The result-
ing mass of pure CaSOy is 53.4 g. What is the formula of the hydrate, and what is its
formula weight?

(b) Suppose we wish to obtain enough of this hydrate to supply 95.5 g of CaSOy after
heating. How many grams should we weigh out?
Plan

(a) To determine the formula of the hydrate, we must find the value of x in the formula
CaSO; + xH,0. The mass of water removed from the sample is equal to the difference
in the two masses given. The value of x is the number of moles of H,O per mole of
CaSOy in the hydrate.

(b) The formula weights of CaSQOy, 136.2 g/mol, and of CaSO, - xH,0, (136.2 + x18.0)
g/mol, allow us to write the conversion factor required for the calculation.
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2-11 PURITY OF SAMPLES

Solution
(a) 2 g water driven off = 67.5 g CaSO, - xH,0 — 53.4 g CaSO, = 14.1 g H,0

~ 2 mol H,0 14.1 g H,0
~ mol CaSO,  53.4 g CaSO,

1 mol H,O
18.0 g H,0

1 mol CaSO, _ mol CaSO,

Thus, the formula of the hydrate is CaSO, - 2H,O . Its formula weight is

FW = 1 X (formula weight CaSO,) + 2 X (formula weight H,0)
= 136.2g/mol + 2(18.0g/mol) = 172.2g/mol
(b) The formula weights of CaSO, (136.2 g/mol) and of CaSO, - 2H,0 (172.2 g/mol)

allow us to write the unit factor

172.2 g CaSO, - 2,0

136.2 g CaSO,
We use this factor to perform the required conversion:

172.2 g CaSO, - 21,0

? X = 95. RN
2 g CaSO, X 2H,0 = 95.5 g CaSO, desired 136.2 g CaSO,

You should now work Exercise 82.

2-11 Purity of Samples

The percent purity is the mass percentage of a specified substance in an impure sam-
ple. Most substances obtained from laboratory reagent shelves are not 100% pure.
When impure samples are used for precise work, account must be taken of impurities.
The photo in the margin shows the label from reagent-grade sodium hydroxide,
NaOH, which is 98.2% pure by mass. From this information we know that total impu-
rities represent 1.8% of the mass of this material. We can write several unit factors:

98.2 g NaOH
100 g sample ’

1.8 g impurities 1.8 g impurities

98.2 g NaOH

100 g sample

The inverse of each of these gives us a total of six unit factors.

EXAMPLE 2-23 Percent Purity
Calculate the masses of NaOH and impurities in 45.2 g of 98.2% pure NaOH.

Plan

98.2 ¢ NaOH

The percentage of NaOH in the sample gives the unit factor m

. . L. L . 1.8 g impurities

the sample is 100% — 98.2% = 1.8% impurities; this gives the unit factor ————————.
100 g sample

Solution

98.2 g NaOH

? H = 45.2 le X
2 gNaO 45.2 g sample 100 g sample

= 44.4 ¢ NaOH

S o 452 le X 1.8 g impurities P —
r ties = . —————— = U} t
2 g impurities g sample 100 g sample g impurities

You should now work Exercises 86 and 87.

. The remainder of

Dennis Drenner

1

EProp & THINK

A hydrate consists of
water plus another
substance, so the total
mass of the hydrate
present must always be
greater than the mass of
the other substance
present.

ACTUAL ANALYSIS, LOT G22931

Meets AC.S. Specificatians

Assay (NaOH) (by acidimetry) 982
Sodum Carbonate (Na,CO,) 02
Chioride {Cl) < 00005
Ammanism Hydioxide Frecipitate < 001
Heavy Metals (as Ag) < 0.000%
CopperCu] .. ... 0.0003
Patassium (X} [y FES) . 0.002
Trace Impunities {in ppen).:

Nitrogen Compounds (as N| <2
Phosphate (PO,) =1
Sulfate (S0,) <5
! <2

< 0003

ron (Fe) . ..oovnnos
Mercury (Hg) by AAS) .
kel (N0 ..

A label from a bottle of sodium hydroxide,
NaOH

> Impurities are not necessarily
bad. For example, inclusion of
0.02% Kl, potassium iodide, in
ordinary table salt has nearly
eliminated goiter in the United

States. Goiter is a disorder of the

thyroid gland caused by a

deficiency of iodine. Mineral water
tastes better than purer, distilled

water.

PEPLERL
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Utility of the Unit Factor-Method

Observe the beauty of the unit factor approach to problem solving! Such questions as
“do we multiply by 0.982 or divide by 0.982?” never arise. The units always point
toward the correct answer because we use unit factors constructed so that units a/ways
cancel out and we arrive at the desired unit.

Many important relationships have been introduced in this chapter. Some of the
most important transformations you have seen in Chapters 1 and 2 are summarized in

Figure 2-7.

MIXTURE
CONTAINING A

mass mixture

PURE A
vol A
density A = mass A
% A parts A (by mass) vol A

(by mass) 100 parts mixture (by mass)

density _ mass mixture
mixture ol mixture

Y

vol mixture

> mass A

gA
mol A

moles A

Avogadro’s _ F units A
number —  mol A

F units A

Figure 2-7 Some important relationships from Chapters 1 and 2. The relationships that provide unit
factors are enclosed in green boxes. F units = formula units (molecules for molecular systems).

KEY TERMS

Allotropic modifications (allotropes) Different structural
forms of the same element.

Anhydrous Without water.

Anion An ion with a negative charge.

Atomic mass unit (amu) One-twelfth of the mass of an atom
of the carbon-12 isotope; a unit used for stating atomic and
formula weights.

Atomic weight Weighted average of the masses of the constit-
uent isotopes of an element; the relative mass of atoms of dif-
ferent elements.

Avogadro’s number 6.022 X 107 units of a specified item. See
Mole.

Cation An ion with a positive charge.

Chemical formula Combination of element symbols that
indicates the chemical composition of a substance.

Unless otherwise noted, all content on this page is © Cengage Learning

Composition stoichiometry Describes the quantitative (mass)
relationships among elements in compounds.

Empirical formula See Simplest formula.

Formula Combination of element symbols that indicates the
chemical composition of a substance.

Formula unit The smallest repeating unit of a substance—for
non-ionic substances, the molecule.

Formula weight The mass, in atomic mass units, of one for-
mula unit of a substance. Numerically equal to the mass, in
grams, of one mole of the substance (see Molar mass). This
number is obtained by adding the atomic weights of the
atoms specified in the formula.

Hydrate A crystalline sample that contains water, H,O, and
another compound in a fixed mole ratio. Examples include
CHSO4 . SHzo and (COOH)2 . 2H20
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Ion An atom or group of atoms that carries an electric charge.
A positive ion is a cation; a negative ion is an anion.

Ionic compound A compound that is composed of cations and
anions. An example is sodium chloride, NaCl.

Law of Constant Composition See Law of Definite Proportions.

Law of Definite Proportions Different samples of a pure
compound always contain the same elements in the same pro-
portions by mass; this corresponds to atoms of these elements
in fixed numerical ratios. Also known as the Law of Constant
Composition.

Law of Multiple Proportions When two elements, A and B,
form more than one compound, the ratio of the masses of ele-
ment B that combine with a given mass of element A in each
of the compounds can be expressed by small whole numbers.

Molar mass The mass, in grams, of one mole of a substance;
numerically equal to the formula weight of the substance. See
Formula weight; see Molecular weight.

Mole 6.022 X 10 (Avogadro’s number of) formula units (or
molecules, for a molecular substance) of a substance. The
mass, in grams, of one mole is numerically equal to the for-
mula (molecular) weight of the substance.

Molecular formula A formula that indicates the actual num-
ber of atoms present in a molecule of a molecular substance.
Compare with Simplest (empirical) formula.

EXERCISES

®, Molecular Reasoning exercises

A More Challenging exercises

EXERCISES 73

Molecular weight The mass, in atomic mass units, of one
molecule of a non-ionic (molecular) substance. Numerically
equal to the mass, in grams, of one mole of such a substance.
This number is obtained by adding the atomic weights of the
atoms specified in the formula.

Percent composition The mass percentage of each element in
a compound.

Percent purity The mass percentage of a specified compound
or element in an impure sample.

Polyatomic Consisting of more than one atom. Elements such
as Cl, P4, and Sg exist as polyatomic molecules. Examples of
polyatomic ions are the ammonium ion, NH,", and the sul-
fate ion, SO, .

Simplest formula The smallest whole-number ratio of atoms
present in a compound; also called empirical formula. Com-
pare with Molecular formula.

Stoichiometry Description of the quantitative relationships
among elements in compounds (composition stoichiometry)
and among substances as they undergo chemical changes
(reaction stoichiometry).

Structural formula A representation that shows how atoms
are connected in a compound.

Blue-Numbered exercises are solved in the Student Solutions
Manual

Basic Ideas

1. (a) Define “stoichiometry.” (b) Distinguish between
composition stoichiometry and reaction stoichiometry.

2. Give two examples of molecules that represent
allotropes. Which of the compounds you selected are
diatomic?

3. List the common ions present in each of the formula
units: (a) MgClz, (b) (NH4)2CO3; (C) ZI’I(NO;)z.

4. @ Draw the structural formulas and the ball-and-stick
models of water and ethanol (CH;CH,OH). What
arrangement of atoms is alike in these two compounds?

5. ® Draw the space-filling and ball-and-stick models of
ethanol (CH;CH,0OH) and methanol (CH;OH). What
structural features do they have in common?

6. @ What structural feature distinguishes organic
compounds from inorganic compounds? Draw a
molecular model of an organic compound and an
inorganic compound.

7. Give the names and formulas of the compounds in
Table 2-1 that are organic compounds.

8. ® Select a compound from Table 2-1 that contains
only carbon and hydrogen and is not one of the
compounds in Figure 1-5. Draw a ball-and-stick model
of the selected compound.

®, Molecular Reasoning exercises

A More Challenging exercises

9. ® Select a compound from Table 2-1 that contains
carbon, hydrogen and oxygen and is not one of the
compounds in Figure 1-5. Draw a ball-and-stick model of
the selected compound.

10. Give examples of molecules that contain (a) three atoms
of oxygen; (b) only two atoms of hydrogen; (c) four atoms
total; (d) eight atoms total; (e) eight atoms of hydrogen.

11. Define the following terms: (a) formula weight (or formula
mass); (b) molecular weight (or molecular mass);

(¢) structural formula; (d) ion.

Names and Formulas

12. Name the following compounds: (a) HNOjs; (b) CsH,;
(¢) NHs; (d) CH;0H.

13. Write formulas for the following compounds: (a) butane;
(b) ethyl alcohol; (c) sulfur trioxide; (d) acetone; (e) carbon
tetrachloride.

14. Write the chemical symbol for each of the following
ions. Classify each as a monatomic or polyatomic ion.
Classify each as a cation or an anion. (a) magnesium ion;
(b) sulfite ion; (c) copper(I) ion; (d) ammonium ion;

(e) oxide ion.

Blue-Numbered exercises solved in Student Solutions Manual
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15

16.

17.

18.

19.

CHAPTER 2 ¢ CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

. Name each of the following compounds: (a) MgCl,; to protect from sunlight’s UV rays when blended in an
(b) Fe(NOs),; (c) Na,SOy; (d) Ca(OH),; (e) FeSO,. ointment.
Determine the chemical formulas for barium sulfate,

magnesium nitrate, and sodium acetate. Each compound
contains a monatomic cation and a polyatomic anion.
What are the names and electrical charges of these ions?
Write the chemical formula for the ionic compound
formed between each of the following pairs of ions. Name
each compound. (a) Na* and OH ~; (b) A’ and CO,*~;
(¢) Na*™ and PO,’; (d) Ca?* and NO; ~; (e) Fe’* and
COy*.

Wrrite the chemical formula for the ionic compound formed
between each of the following pairs of ions. Name each
compound. (a) Cu?* and CO;?; (b) Sr*" and Br~;

(c) NH," and CO4%7; (d) Zn?* and O~ ; (e) Fe’* and
SO, .

A student was asked to write the chemical formulas for the
following compounds. If the formulas are correct, say so.
Explain why any that are incorrect are in error, and correct ~ Atomic and Formula Weights
them. (a) potassium iodide, PI; (b) copper(I) nitrate,

o

George Semple

i

Zinc oxide used as a sunscreen

CuNO;; (c) silver carbonate, AgCOs. 24. What is the mass ratio (four significant figures) of one
20. Convert each of the following into a correct formula atom of Rb to one atom of Br?
represented with correct notation: (a) NaCOj; (b) Mg,Cl; 25. An atom of an element has a mass ever so slightly greater
(c) Zn(OH)s; (d) (NH,);S; (e) Nay(D),. than twice the mass of an Ni atom. Identify the element.
21. Convert each of the following into a correct formula 26. (a) What is the atomic weight of an element? (b) Why can
represented with correct notation: (a) AIO;Hs; (b) Mg;CO3; atomic weights be referred to as relative numbers?
() Zn(CO;)s; (d) (NH4)3504; (€) Zny(SOy),. 27. (a) What is the atomic mass unit (amu)? (b) The atomic
22. Write the formula of the compound produced by the weight of aluminum is 26.98 amu, and the atomic weight
combination of each of the following pairs of elements. of cobalt is 58.93 amu. What can we say about the relative
Name each compound. (a) sodium and bromine; masses of Al and Co atoms?
(b) magnesium and bromine; (c) sulfur and oxygen; 28. Determine the formula weight (molecular mass) of each of
(d) calcium and oxygen; (e) potassium and sulfur; the following substances: (a) bromine, Br,; (b) hydrogen
(f) aluminum and bromine. peroxide, H,O»; (c) saccharin, C;H;NSOjs; (d) potassium

23.

°

Unless

chromate, K,CrO,.
29. Determine the formula weight (molecular mass) of each
of the following substances: (a) calcium sulfate, CaSOy;
(b) propane, C;Hg; (c) the sulfa drug sulfanilamide,
C6H4SOZ(NH2)2; (d) uranyl phosphate, (UOz)g(PO4)2
30. ® Determine the formula weight (molecular mass) of
each of the following common acids:

Aluminum reacting with bromine \

Charles D. Winters

v
Write the chemical formula of each of the following:
(a) calcium carbonate—major component of coral, :
seashells, and limestone—found in antacid preparations;
(b) magnesium hydroxide—found in milk of magnesia; O . i
ydrogen sulfide 0 phosphorus trichloride

(c) acetic acid—the acid in vinegar; (d) sodium

hydroxide—common name is lye; (e) zinc oxide—used !

G hypochlorous acid 0 hydrogen iodide

Molecular Reasoning exercises A More Challenging exercises Blue-Numbered exercises solved in Student Solutions Manual
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31.

A sample of 1.76 g of barium combines exactly with 0.487 g
of fluorine, forming barium fluoride, BaF,. Find the relative
masses of the atoms of barium and fluorine. Check your
answer using a table of atomic weights. If the formula were
not known, could you still do this calculation?

The Mole Concept

32.

33.

34.

35.

36.

37.

®, Calculate the mass in grams and kilograms of 2.371
moles of

(‘fl
Cl*(‘j —Cl
Cl

®, What mass, in grams, should be weighed for an
experiment that requires 1.24 mol of H— O — O —H?
®, How many hydrogen atoms are contained in

167 grams of propane?

(a) How many formula units are contained in 154.3 g of
K,CrO4? (b) How many potassium ions? (¢) How many
CrO4* ions? (d) How many atoms of all kinds?

®, How many moles of NHj are in a 12.50-gram sample?

A large neon sign is to be filled with a mixture of gases,
including 6.438 g neon. What number of moles is this?

Charles D. Winters

Neon discharge tube

38.

39.

40.

41.

42.

43.
44.
45.

46.

47.
48. Calculate the percent by mass of silver found in a particular

EXERCISES 75

How many molecules are in 31.6 g of each of the following
substances? (a) CO»; (b) Ny; () P4; (d) Ps. (e) Do parts

(¢) and (d) contain the same number of atoms of phosphorus?
Sulfur molecules exist under various conditions as Sg, S,
S4, S, and S. (a) Is the mass of one mole of each of these
molecules the same? (b) Is the number of molecules in one
mole of each of these molecules the same? (c) Is the mass
of sulfur in one mole of each of these molecules the same?
(d) Ts the number of atoms of sulfur in one mole of each of
these molecules the same?

Complete the following table. Refer to a table of atomic
weights.

Mass of One Mole

Element Atomic Weight of Atoms
(a) Sn
(b) 79.904
() Mg
(d 51.9961 g

Complete the following table. Refer to a table of atomic
weights.

Mass of One Mole

Element Formula of Molecules
(a) Br Br,
()N O,
(O — Py
(d 20.1797 g
(e S 256.528 g
() O

Complete the following table.

Moles of Moles of
Compound Cations

Moles of Anions

1 mol NaClO,
2 Il’lOl KzSO4

0.2 mol calcium
sulfate

0.50 mol NH,*  0.25 mol SO,*~

What is the average mass of one copper atom?

What is the mass of 6.00 million methane, CH,, molecules?
A sample of propane, C;Hg, has the same mass as 8.00
million molecules of methane, CH;. How many C;Hjy
molecules does the sample contain?

®, Referring to the compounds in Exercise 30, which will
contain the largest number of moles of atoms per 100.0
grams of compound?

Composition Stoichiometry

What percent by mass of iron(II) phosphate is iron?

mineral that is determined to be silver carbonate.

®, Molecular Reasoning exercises

A More Challenging exercises

Blue-Numbered exercises solved in Student Solutions Manual
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49.

50.

51.

52.

53.

54.

55.

56.

57.

58.

59.

60.

CHAPTER 2 o

®, An alcohol is 60.00% C, 13.33% H, and 26.67% O by
mass. Another experiment shows that its molecular

weight (mass) is approximately 60 amu. What is the
molecular formula of the alcohol?

Skatole is found in coal tar and in human feces. It contains
three elements: C, H, and N. It is 82.40% C and 6.92% H
by mass. Its simplest formula is its molecular formula. What
are (a) the formula and (b) the molecular weight of skatole?
Testosterone, the male sex hormone, contains only

C,H, and O.Itis 79.12% C and 9.79% H by mass.

Each molecule contains two O atoms. What are (a) the
molecular weight and (b) the molecular formula for
testosterone?

A The beta-blocker drug, timolol, is expected to reduce
the need for heart bypass surgery. Its composition by mass
is49.4% C,7.64% H,17.7% N, 15.2% O, and 10.1% S.
The mass of 0.0100 mol of timolol is 3.16 g. (a) What is
the simplest formula of timolol? (b) What is the molecular
formula of timolol?

Determine the simplest formula for each of the following
compounds: (a) copper(Il) tartrate: 30.03% Cu, 22.70% C,
1.91% H, 45.37% O; (b) nitrosyl fluoroborate: 11.99% N,
13.70% O, 9.25% B, 65.06% F.

The hormone norepinephrine is released in the human
body during stress and increases the body’s metabolic rate.
Like many biochemical compounds, norepinephrine is
composed of carbon, hydrogen, oxygen, and nitrogen. The
percent composition of this hormone is 56.8% C, 6.56% H,
28.4% O, and 8.28% N. What is the simplest formula of
norepinephrine?

(a) A sample of a compound is found to contain 5.60 g N,
14.2 g Cl, and 0.800 g H. What is the simplest formula

of this compound? (b) A sample of another compound
containing the same elements is found to be 26.2% N,
66.4% Cl, and 7.5% H. What is the simplest formula of
this compound?

A common product found in nearly every kitchen contains
27.37% sodium, 1.20% hydrogen, 14.30% carbon, and
57.14% oxygen. The simplest formula is the same as

the formula of the compound. Find the formula of this
compound.

Bupropion is present in a medication that is an
antidepressant and is also used to aid in quitting smoking.
The composition of bupropion is 65.13% carbon, 7.57%
hydrogen, 14.79% chlorine, 5.84% nitrogen, and 6.67%
oxygen. The simplest formula is the same as the molecular
formula of this compound. Determine the formula.

Lysine is an essential amino acid. One experiment showed
that each molecule of lysine contains two nitrogen atoms.
Another experiment showed that lysine contains 19.2% N,
9.64% H,49.3% C, and 21.9% O by mass. What is the
molecular formula for lysine?

Cocaine has the following percent composition by mass:
67.30% C, 6.930% H, 21.15% O, and 4.62% N. What is
the simplest formula of cocaine?

A compound with the molecular weight of 56.0 g was
found as a component of photochemical smog. The
compound is composed of carbon and oxygen, 42.9%

61.

62.

CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

and 57.1%, respectively. What is the formula of this
compound?

Calculate the percent composition of each of the following
compounds: (a) aspartame, C;4H;gN,Os; (b) carborundum,
SiC; (c) aspirin, CoHgO4.

Calculate the percent composition of each of the following
compounds: (a) L-DOPA, CoH;;NOy; (b) vitamin E,
ngHgoOz; (C) Vanillin, CgHgOg,.

Determination of Simplest and Molecular Formulas

63.

64.

65.

66.

67.

68.

69.

70.

®, Write the chemical formula and the simplest formula
of each of the following compounds: (a) hydrogen
peroxide; (b) water; (c) ethylene glycol.

A Copper is obtained from ores containing the following
minerals: azurite, Cuz(COj3),(OH),; chalcocite, Cu,S;
chalcopyrite, CuFeS,; covelite, CuS; cuprite, Cu,O; and
malachite, Cu,CO3;(OH),. Which mineral has the lowest
copper content as a percent by mass?

A 1.20-g sample of a compound gave 2.92 g of CO, and
1.22 g of H,0O on combustion in oxygen. The compound
is known to contain only C, H, and O. What is its simplest
formula?

A 0.1153-gram sample of a pure hydrocarbon was burned
in a C— H combustion train to produce 0.3986 gram

of CO; and 0.0578 gram of H,O. Determine the masses
of C and H in the sample and the percentages of these
elements in this hydrocarbon.

Dimethylhydrazine, the fuel used in the Apollo lunar
descent module, has a molar mass of 60.10 g/mol. It

is made up of carbon, hydrogen, and nitrogen atoms.

The combustion of 3.302 g of the fuel in excess oxygen
yields 4.839 g of carbon dioxide and 3.959 g of water.
What are the simplest and molecular formulas for
dimethylhydrazine?

®, What is the maximum mass of carbon dioxide that can
be produced by the combustion of 0.377 g of the following
compound?

&
L

A Complicated chemical reactions occur at hot springs on
the ocean floor. One compound obtained from such a hot
spring consists of Mg, Si, H, and O. From a 0.301-g sample,
the Mg is recovered as 0.104 g of MgO; H is recovered as
23.1 mg of H,O; and Si is recovered as 0.155 g of SiO,.
What is the simplest formula of this compound?

A 1.000-gram sample of an alcohol was burned in oxygen
to produce 1.913 g of CO, and 1.174 g of H,O. The
alcohol contained only C, H, and O. What is the simplest
formula of the alcohol?

The Law of Multiple Proportions

71.

Show that the compounds water, H,O, and hydrogen
peroxide, H,O,, obey the Law of Multiple Proportions.

®, Molecular Reasoning exercises
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72. Nitric oxide, NO, is produced in internal combustion
engines. When NO comes in contact with air, it is quickly
converted into nitrogen dioxide, NO,, a very poisonous,
corrosive gas. What mass of O is combined with 3.00 g of
N in (a) NO and (b) NO,? Show that NO and NO, obey
the Law of Multiple Proportions.

A certain metal, M, forms two oxides, M,O and MO. If the
percent by mass of M in M,O is 73.4%, what is its percent
by mass in MO?

What mass of oxygen is combined with 9.04 g of sulfur in
(a) sulfur dioxide, SO,, and (b) sulfur trioxide, SO;?

73.

74.

Interpretation of Chemical Formulas

75. One prominent ore of copper contains chalcopyrite,
CuFeS,. How many pounds of copper are contained in
6.63 pounds of pure CuFeS,?

Mercury occurs as a sulfide ore called cinnabar, HgS. How
many grams of mercury are contained in 578 g of pure HgS?

76.

Charles D. Winters

A sample of cinnabar

77. (a) How many grams of copper are contained in 253 g of
CuSOy? (b) How many grams of copper are contained in
573 g of CuSO4- 5H,0¢?

What mass of KMnO, would contain 72.6 g of manganese?
What mass of azurite, Cuz(COs),(OH),, would contain

685 g of copper?

78.
79.

Charles D. Winters

A sample of azurite

80. Two minerals that contain copper are chalcopyrite,
CuFeS,, and chalcocite, Cu,S. What mass of chalcocite
would contain the same mass of copper as is contained in
418 pounds of chalcopyrite?

Tungsten is a very dense metal (19.3 g/cm®) with extremely
high melting and boiling points (3370°C and 5900°C).
When a small amount of it is included in steel, the
resulting alloy is far harder and stronger than ordinary
steel. Two important ores of tungsten are FeWO, and
CaWO,. How many grams of CaWO, would contain the
same mass of tungsten that is present in 657 g of FeWO,?

81.
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82. A When a mole of CuSOy - 5H,O is heated to 110°C, it
loses four moles of H,O to form CuSO, - H,O. When it
is heated to temperatures above 150°C, the other mole of
H,O is lost. (a) How many grams of CuSO4 - H,O could
be obtained by heating 495 g of CuSO, * 5H,0 to 110°C?

(b) How many grams of anhydrous CuSO, could be
obtained by heating 463 g of CuSO, - 5H,O to 180°C?

Percent Purity

83. A particular ore of lead, galena, is 10.0% lead sulfide, PbS,
and 90.0% impurities by weight. What mass of lead is
contained in 110.5 grams of this ore?

Charles D. Winters

A sample of galena

84. What mass of chromium is present in 234 grams of an ore
of chromium that is 55.0% iron(II) dichromate, FeCr,0,
and 45.0% impurities by mass? If 90.0% of the chromium
can be recovered from 400.0 grams of the ore, what mass
of pure chromium is obtained?

What masses of (a) Sr and (b) N are contained in 267.7 g
of 88.2% pure Sr(NO;3),? Assume that the impurities do
not contain the elements mentioned.

(a) What weight of magnesium carbonate is contained in
275 pounds of an ore that is 26.7% magnesium carbonate
by weight? (b) What weight of impurities is contained in
the sample? (c) What weight of magnesium is contained in
the sample? (Assume that no magnesium is present in the
impurities.)

Vinegar is 5.0% acetic acid, C;H4O,, by mass. (a) How
many grams of acetic acid are contained in 143.7 g of
vinegar? (b) How many pounds of acetic acid are contained
in 143.7 pounds of vinegar? (c) How many grams of sodium
chloride, NaCl, are contained in 34.0 g of saline solution
that is 5.0% NaCl by mass?

A What is the percent by mass of copper sulfate, CuSOy,
in a sample of copper sulfate pentahydrate, CuSO, - SH,O?
(b) What is the percent by mass of CuSOy in a sample that
is 74.4% CuSOy+ SH,0 by mass?

85.

86.

87.

88.

Mixed Examples

89. Ammonium sulfate, (NH4),SOy, and urea, CH4N,O,
are both commonly used as sources of nitrogen in
commercial fertilizers. If ammonium sulfate costs $7.00
for 20 1b and urea costs $21.00 for 6 Ib, which has the
more nitrogen for the dollar?

. (a) How many moles of ozone molecules are contained in
96.0 g of ozone, O;? (b) How many moles of oxygen atoms
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91.

92.

93.

94.

95.

96.

97.

CHAPTER 2 o

are contained in 96.0 g of ozone? (¢) What mass of O,
would contain the same number of oxygen atoms as 96.0 g
of ozone? (d) What mass of oxygen gas, O,, would contain
the same number of molecules as 96.0 g of ozone?
The recommended daily dietary allowance of calcium is
1200 mg. Calcium carbonate is an inexpensive source of
calcium and useful as a dietary supplement as long as it is
taken along with vitamin D, which is essential to calcium
absorption. How many grams of calcium carbonate
must an individual take per day to provide for his/her
recommended daily allowance of calcium?
Vitamin E is an antioxidant that plays an especially important
role protecting cellular structures in the lungs. Combustion
of a 0.497-g sample of vitamin E produced 1.47 g of carbon
dioxide and 0.518 g of water. Determine the empirical
formula of vitamin E.
A metal, M, forms an oxide having the simplest formula
M,05. This oxide contains 52.9% of the metal by mass.
(a) Calculate the atomic weight of the metal. (b) Identify
the metal.
Three samples of magnesium oxide were analyzed to
determine the mass ratios O/Mg, giving the following
results:
1.60 g O 0.658 g O 229¢0

243 ¢gMg’ 1.00 g Mg’ 3.48 g Mg
Which law of chemical combination is illustrated by these
data?
A The molecular weight of hemoglobin is about 65,000
g/mol. Hemoglobin contains 0.35% Fe by mass. How
many iron atoms are in a hemoglobin molecule?
A More than 1 billion pounds of adipic acid (MW
146.1 g/mol) is manufactured in the United States
each year. Most of it is used to make synthetic fabrics.
Adipic acid contains only C, H, and O. Combustion of
a 1.6380-g sample of adipic acid gives 2.960 g of CO,
and 1.010 g of H,O. (a) What is the simplest formula
for adipic acid? (b) What is its molecular formula?
Crystals of hydroxyapatite, Ca;o(PO4)s(OH),, provide
the hardness associated with bones. In hydroxyapatite
crystals, what is (a) the percent calcium and (b) the percent
phosphorus?

Conceptual Exercises

98.

®, In 2003 researchers at Columbia University
demonstrated that B-hydroxybutyric acid may

be a cheap and easy way to treat Parkinson’s
disease. From the molecular model shown below
determine the structural formula and the chemical
formula of B-hydroxybutyric acid. (Color code:
black = carbon, white = hydrogen, red = oxygen.)

99.

100.

101.

102.

103.

CHEMICAL FORMULAS AND COMPOSITION STOICHIOMETRY

In a structural formula, each line connecting two chemical
symbols represents a pair of electrons that is shared
between the two atoms. Based upon your examination of
this and other structures in this chapter, how many pairs
of electrons does a carbon atom generally share with other
atoms? Does an oxygen atom or a hydrogen atom share
this same number of pairs of electrons with other atoms?
For each of the following simple ions, locate the element on
the periodic table: Li*, Na*, K™, Mg?*, Ca*", and AI*".
There is a pattern here. How is the charge of a cation

related to the group number (the label at the top of

the column)? What charge is a cation formed from a
rubidium atom likely to have? Write the formula for the
cation formed from a barium atom. Locate the elements

that form the following anions on the periodic table:
F~,Cl,Br,I7, 0, and S*". What s the formula for the
anion formed from a nitrogen atom?

Determine what is wrong with the formula for each of the
following substances. Then write the correct formula.

lithium fluoride, LiF,
iron(II) sulfide, Fe;S
aluminum hydroxide, AIOH;
zinc nitrate, Zn;(NO),
calcium chloride, CaCl™

Currently, Avogadro’s number is defined as the number of
“atoms in exactly 0.012 kg of pure carbon-12,” which has
been measured to be approximately 6.0221479 X 10%,
depending upon the stability of the standard kilogram. R. F.
Fox and T. P. Hill (American Scientist, March-April 2007,
104) have proposed that it be defined as an integer, namely
84,446,888° or 602,214,141,070,409,084,099,072, exactly.
How different is this number from the current value? The
mass of the standard kilogram may have changed about 50
g since it was constructed. That’s roughly 150 quadrillion
(1.5 X 10") atoms of platinum and iridium. How does this
uncertainty compare with the difference between the two
values for Avogadro’s number?

Calculate the percentage by mass of rhenium, Re, in each
of the following oxides: ReO,, ReOs, Re; O3, Re,O5.
Determine the charge that rhenium has in each of these
compounds. Arrange the formulas in order of increasing
charge on the rhenium ion. How does the percentage

of rhenium in these oxides change as the charge of the
rhenium ion changes?

Some compounds with different molecular formulas have
the same empirical formula. Acetic acid, CH; COOH,

is found in vinegar. Erythrulose, HOCH,COCH(OH)
CH,OH, is used in sunless tanning products. Embalming
fluids may contain formaldehyde, H,CO. An important
component of sour milk and sore muscles is lactic acid,
CH;CH(OH)COOH. Ribose, HOCH,CH(OH)CH(OH)
CH(OH)CHO, is an important part of ribonucleic acid.
Determine the molecular and empirical formulas for each
of these compounds, listing the elements in this order:
carbon, hydrogen, and oxygen. Calculate the molecular
weight of each compound. What is the ratio of each of the
molecular weights to the formula weight of the empirical
formula?
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104. If a 3.2-mole sample of each of the following compounds
is completely burned, which one would produce the

most moles of water? Which would produce the fewest?
(a) CH;CH,OH; (b) CH;0H; (c) CH;0OCH;.

When a sample is burned in a combustion train, the
percent oxygen in the sample cannot be determined
directly from the mass of water and carbon dioxide
formed. Why?

What mass of NaCl would contain the same #otz/ number
of ions as 284 g of MgCl,?

Two deposits of minerals containing silver are found. One
of the deposits contains silver oxide, and the other contains
silver sulfide. The deposits can be mined at the same price
per ton of the original silver-containing compound, but
only one deposit can be mined by your company. Which of
the deposits would you recommend and why?

A decision is to be made as to the least expensive source
of zinc. One source of zinc is zinc sulfate, ZnSQO,, and
another is zinc acetate dihydrate, Zn(CH;COO), - 2H,O0.
These two sources of zinc can be purchased at the same
price per kilogram of compound. Which is the most
economical source of zinc and by how much?

Assume that a penny is 1/16 in. thick and that the moon is
222,000 mi at its closest approach to the earth (perigee).
Show by calculation whether or not a picomole of pennies
stacked on their faces would reach from the earth to the
moon.

105.

106.

107.

108.

109.

110. Calculate the mass in grams of 13.5 mol of

(a) vinyl chloride, C,H;Cl, the starting material for
a plastic; (b) capsaicin, C;gH,7;NO;, the substance
that makes red chili peppers “hot”; (c) stearic acid,

C13H360, used in soaps.

Building Your Knowledge

NOTE: Beginning with this chapter, exercises under the “Build-
ing Your Knowledge” heading will often require that you use skills,
concepts, or information that you should have mastered in earlier
chapters. This provides you an excellent opportunity to “tie things
together” as you study.

111. Vegetarians sometimes suffer from the lack of vitamin B12.
Each molecule of vitamin B12 contains a single atom of
cobalt and is 4.35% cobalt by mass. What is the molecular
weight of vitamin B12?

A student wants to determine the empirical and
molecular formulas of a compound containing only
carbon, hydrogen, and oxygen. To do so, he combusted a
0.625-g sample of the compound and collected

112.
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1.114 g of CO; and 0.455 g of water. An independent
analysis indicated that the molar mass of the compound
is 74.1 g/mol. What are the empirical and molecular
formulas of this compound?

Elemental lead is needed in the construction of storage
batteries. The lead is obtained by first roasting galena
(PbS) in limited air to produce sulfur dioxide and lead
oxide. The lead oxide formed is 92.83% lead. The lead

is then obtained from the lead oxide in a process that is
nearly 100% efficient. What is the simplest formula of the
lead oxide formed?

Near room temperature, the density of water is 1.00 g/
mL, and the density of ethanol (grain alcohol) is 0.789 g/
mL. What volume of ethanol contains the same number of
molecules as are present in 380. mL of H,O?

A drop of water has a volume of about 0.050 mL. How
many molecules of water are in a drop of water? (Assume
water has a density of 1.00 g/cm?.)

Use the molecular volume provided with each compound
to calculate its density in g/mL: (a) NaHCOj3, sodium
bicarbonate or sodium hydrogen carbonate (also called
baking soda), 0.0389 L/mol; (b) I, iodine, 0.05148 L/mol;
(c) Hg, liquid mercury, 0.01476 L/mol; (d) NaCl, common
table salt, 0.02699 L/mol.

113.

114.

115.

116.

Beyond the Texthook

NOTE: Whenever the answer to an exercise depends on informa-
tion obtained from a source other than this textbook, the source must
be included as an essential part of the answer.

117. Use an internet search engine (such as http://www.google
.com) to locate the history and properties of the element
zinc. When was it first isolated? What are three common
uses of zinc? Describe the reported effects of a zinc
deficiency in one’s diet.

Use an internet search engine (such as http://www
.google.com) to locate the history and properties of the
element iodine. When was it first isolated? What are three
common uses of iodine? Describe three health effects
associated with iodine or iodine-containing compounds.
Use an internet search engine (such as http://www.google
.com) to locate a source of chemistry jokes or puns. Quote
a joke or pun that involves the name of an element. Quote a
joke or pun that involves a low formula weight compound.
Use an internet search engine (such as http://www.google
.com) to locate the history of Louis Joseph Gay-Lussac.
Which element did he discover and isolate?

118.

119.

120.
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The combustion (burning) of methane (CH,) with oxygen (0,) produces mainly carbon dioxide (C0,) and water

(H,0). Methane is the main component of natural gas.
Charles D. Winters
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Chemical Equations

Calculations Based on Chemical
Equations

The Limiting Reactant (Reagent)
Concept

Percent Yields from Chemical
Reactions

Sequential Reactions
Concentrations of Solutions
Dilution of Solutions

Using Solutions in Chemical
Reactions
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CHAPTER 3 o

OBJECTIVES

After you have studied this chapter, you should be able to

>

Write balanced chemical equations to describe chemical
reactions with chemical formulas and with molecular
models

Interpret balanced chemical equations to calculate the
moles of reactants and products involved in each of the
reactions

Interpret balanced chemical equations to calculate the
masses of reactants and products involved in each of the
reactions

Determine which reactant is the limiting reactant in
reactions

v

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Use the limiting reactant concept in
calculations involving chemical equations

Compare the amount of substance formed in a reaction
(actual yield) with the predicted amount (theoretical
yield), and determine the percent yield

Work with sequential reactions

Learn and use the terminology of solutions—solute, sol-
vent, concentration—and recognize the molecular
significance

Calculate concentrations of solutions

Carry out calculations related to the use of solutions in
chemical reactions

In Chapter 2 we studied composition stoichiometry, the quantitative relationships among
elements in compounds. In this chapter we will study reaction stoichiometry—the quantita-
tive relationships among substances as they participate in chemical reactions. Several im-
portant questions will be asked and answered. How can we describe the reaction of one
substance with another? How much of one substance reacts with a given amount of another
substance? Which reactant determines the amounts of products formed in a chemical reac-
tion? How can we describe reactions in aqueous solutions?

Whether we are concerned with describing a reaction used in a chemical analysis, one
used industrially in the production of some useful material, or one that occurs during me-
tabolism in the body, we must describe it accurately. Chemical equations represent a very
precise, yet a very versatile, language that describes chemical changes. We begin our study

by examining chemical equations.

3-1 Chemical Equations

Chemical reactions always involve changing one or more substances into one or more dif-
ferent substances. In other words, chemical reactions rearrange atoms or ions to form

other substances.

Chemical equations are used to describe chemical reactions, and they show (1) the sub-
stances that react, called reactants; (2) the substances formed, called products; and (3) the relative
amounts of the substances involved. We write the reactants to the /eff of an arrow and the prod-
ucts to the 7ight of the arrow. The numbers placed in front of compounds in a chemical

equation are called coefficients and represent the number of molecules (or formula units) of

each reactant or product needed to balance the equation. As a typical example, let’s consider
the combustion (burning) of natural gas, a reaction used to heat buildings and cook food.
Natural gas is a mixture of several substances, but the principal component is methane,
CH,. The equation that describes the reaction of methane with excess oxygen is:

» Sometimes it is not possible to
represent a chemical change with a
single chemical equation. For
example, when too little O, is present,

both CO, and CO are found as
products, and a second chemical
equation must be used to describe the

process. In the present case with
sufficient or excess oxygen, only
one equation is required. We refer to
this as the “complete” combustion of

methane.

Unless otherwise noted, all content on this page is © Cengage Learning

Coefficients indicate the amount of each
compound or element and can be
changed to balance the equation; omitted

coefficients are assumed to be 1.

reactants

CH@+5C®—> qu+é}b0

products

Subscripts indicate the number of atoms
of each element in the compound or
element and CANNOT be changed

when balancing an equation.
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3-1 CHEMICAL EQUATIONS

How do we interpret this equation? In the simplest terms, it tells us that methane reacts
with oxygen to produce carbon dioxide, CO,, and water. More specifically, it says that for
every CH, molecule that reacts, two molecules of O, also react, and that one CO, mole-
cule and two H,O molecules are formed. That is,

CH, + 20, 5 CO, + 2H,0

1 molecule 2 molecules 1 molecule 2 molecules

This description of the reaction of CHy with O, is based on experimental observations.
Many experiments have shown that when one CH, molecule reacts with two O, mole-
cules, one CO, molecule and two H,O molecules are formed. Chemzical equations are based
on experimental observations. Special conditions required for some reactions are indicated
by a notation above or below the arrow. Figure 3-1 is a pictorial representation of the
rearrangement of atoms described by this equation.

In Section 1-1, we learned the Law of Conservation of Matter: there is no detectable
change in the quantity of matter during an ordinary chemical reaction. This guiding principle is
the basis for “balancing” chemical equations and for performing calculations based on those
equations. Because matter is neither created nor destroyed during a chemical reaction,

a balanced chemical equation must always include the same number of each kind of atom
on both sides of the equation.

Chemists usually write equations with the smallest possible whole-number coefficients.

Before we attempt to balance an equation, all substances must be represented by
formulas that describe them as they exist. For instance, we must write H, to represent
diatomic hydrogen molecules—not H, which represents individual hydrogen atoms, which
are unstable and do not exist by themselves under normal conditions. Once the correct
formulas are written, the subscripts in the formulas may not be changed. Different sub-
scripts in formulas specify different substances, so changing the formulas would mean that
the equation would no longer describe the same reaction.

reactants pI'()dLlCtS

83

> The arrow may be read “yields!” The
capital Greek letter delta (A) is often
used in place of the word “heat”

+ °=° — +
o & il 20 0

(

»

f

»

(8] CHy + 20, —_ COy +

2H,0

+
H o

1C, 4H, 40 atoms 1C, 4H, 40 atoms

Figure 3-1 Three representations of the reaction of methane with oxygen to form carbon

dioxide and water. Chemical bonds are broken and new ones are formed in each representation.
Part (a) illustrates the reaction using ball-and-stick models, (b) uses chemical formulas, and (c) uses
space-filling models.
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84 CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Dimethyl ether, C,H4O, burns in an excess of oxygen to give carbon dioxide and water.
Let’s balance the equation for this reaction. In unbalanced form, the equation is

Carbon appears in only one compound on each side, and the same is true for hydrogen.
We begin by balancing these elements. The subscripts on the carbon and hydrogen atoms
in C,HO guide us in assigning the coefficients on the product side:

EProp & THINK

Remember to multiply all

T aemsing reactants products
compound—including

the subscript numbers—by oHedO + O ? ®COZ +

the coefficient. But do not 3 %2 5@
change the formulas of

the elements or
compounds; this would
be changing the
substances involved in
the reaction!

atom count:  2C, 6H, 30 2C, 6H, 70

Now we have a different total number of O atoms on each side: 3 on the reactant side and
7 on the product side. We now need to balance the oxygen count by adding 4 more oxygen
atoms to the reactant side. This is done by adding 2 more O, molecules (total of 4 oxygen
atoms) to the one already present giving a total of 30, molecules on the reactant side:

OT OP & THINK 4’oxygen atoms = @(é

Neglecting the final atom -
check to see if the CHO + [0 — 2CO, + 3H,;0

equation is really
balanced is a very

C,HO + 30, — 2CO, + 3H,0

common mistake. D> final atom count:  2C, 6H, 70 2C, 6H, 70
Remember to multiply
the coefficient times the C,HO + 30, > 2CO, + 3H,0

subscripts in a compound
formula in order to count
correctly all the atoms

presentl When we think we have finished the balancing, we should #/ways do a complete check that

the total number of atoms for each of the elements on the reactant side matches that found
on the product side of the equation. A molecular view of this balanced equation using ball-
and-stick models is shown next (element color coding: black = C,red = O, white = H).

reactants products

%

_>o=.=o+~;t

111

C,HO 30, 2C0, 3H,0

final atom count: 2C, 6H, 70 2C, 6H, 70

Let’s examine a reaction that produces a fractional coefficient. Butane, C4H iy, is used in
many lighters. The combustion reaction with O, is initially written in unbalanced form as:

C4H10 + 02 — COZ + Hzo

Once again, carbon only appears in one compound on each side and the same is true for
hydrogen. We begin by balancing these elements. The subscripts on the carbon and hy-
drogen atoms in C4H;, guide us in assigning the coefficients on the product side:
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3-1 CHEMICAL EQUATIONS

reactants pl'()(] ucts

+Oz—> @OZ—F

5><2

atom count:  4C, 10H, 20 4C, 10H, 130

There are different total numbers of O atoms on each side: 2 on the reactant and 13 on
the product side. We need to balance the oxygen count by adding 11 oxygen atoms to the
reactant side. This is done by adding 1%2 = 5.5 O, molecules to the one that is currently
there, giving a total of 6%2 or 6.5 O, molecules on the reactant side:

CHyy + 650, — 4CO;, + 5H,O

final atom count: ~ 4C, 1011, 130 4C, 10H, 130

Although this is considered a properly balanced equation, many chemists do not ordinar-
ily use fractional coefficients in chemical equations. To convert the fractional coefficient
into an integer value, one simply multiplies the entire balanced equation by the proper
integer value to convert the fractional value into the smallest integer value. In this case,
one would multiply the entire equation by a factor of 2 to produce the final balanced equa-
tion with all integer coefficients:

2[C4Hypy + 650, — 4CO; + 5H,0]

2CsHypy + 130, —— 8CO; + 10H,O

final atom count: 8C, 20H, 260 8C, 20H, 260

Let’s generate the balanced equation for the reaction of aluminum metal with hydrogen
chloride to produce aluminum chloride and hydrogen. The unbalanced “equation” is

Al + HCl —> AICL + H,

As it now stands, the “equation” does not satisfy the Law of Conservation of Matter
because there are two H atoms in the H, molecule and three Cl atoms in one formula unit
of AICL; (product side), but only one H atom and one Cl atom in the HCI molecule (reac-
tant side).

Let’s first balance chlorine by putting a coefficient of 3 in front of HCL

reactants products
Al + GHCI — AICH + H,
atom count:  Al, 3H, 3CI Al, 2H, 3CI

Now there are 3H on the left and 2H on the right. We can add hydrogen only as two
atoms at a time (as H,) on the product side. So we need to find the least common multiple
of 3 and 2, which is 6, in order to balance the H atoms. To get a total of 6H atoms on each
side, we multiply the 3HCI by 2 and the lone H, by 3. This now gives

Al +| 3HCI] — AICl; + | H)

X2 X3

Al + éHCl — AICL + é)Hz

atom count:  Al, 61, 6ClI Al, 6H, 3Cl

85

> If you are going to express a
coefficient as a fractional value it is
best to list it as a decimal number, e.g.,
6.5 instead of 6'/, or 13/2.
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» Note the iterative nature of this
balancing process. It is important to
keep track of the total reactant and
product atom counts to help decide
which material to balance next.

CHAPTER 3 ¢ CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Now Cl is again unbalanced (6Cl on the left, 3Cl on the right), but we can fix this by put-
ting a coefficient of 2 in front of AICl; on the product side.

Al + 6HCI —> | AICh + 3H,
X2

Al + 6HCl — éAlCl3 + 3,

atom count: Al, 61, 6CI 2Al, 6H, 6Cl

Now all elements except Al are balanced (1Al on the left, 2Al on the right); we complete
the balancing by putting a coefficient of 2 in front of Al on the reactant side.

Al] + 6HCI — 2AICI; + 3H,

x2
éAl + 6HCl —> 2AICL + 3H,

final atom count:  2Al, 61, 6C1 2Al, 6H, 6C1

]zAl + 6HCI — 2AICI; + 3H,

Balancing chemical equations “by inspection” is a #rial-and-error approach. It requires a
great deal of practice, but it is very important! Remember that we use the smallest whole-
number coefficients. Some chemical equations are difficult to balance by inspection or
“trial and error.” In Chapter 11 we will learn methods for balancing complex equations.

.
O © Balancing Chemical Equations

There is no one best place to start when balancing a chemical equation, but the
following suggestions might be helpful:

1. Look for elements that appear in only one place on each side of the equation
(in only one reactant and in only one product), and balance those elements first.

2. A good starting point is usually to pick a pair of compounds with a common
element. Then focus on the compound with the largest subscript for the ele-
ment in question to see if you can use that subscript as the coefficient for
the other compound.

3. If free, uncombined elements appear on either side, balance them last.

Notice how these suggestions worked in the procedures illustrated in this section.
Above all, remember that we should zever change subscripts in formulas, because
doing so would describe different substances. We adjust only the coefficients to
balance the equation.

EXAMPLE 3-1 Balancing Chemical Equations m REASONING
Balance the following chemical equations:

(@) P, + Cl, —> PCl;

(b) RbOH + SO, — Rb,SO; + H,0

() P,O,, + Ca(OH), — Ca;(PO,), + H,O
Plan

For each equation, we balance one element at a time by inspection, making sure that there are
the same numbers of each type of element on the reactant and product sides of the equations.
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3-1 CHEMICAL EQUATIONS 87

Solution

(a) Let’s first balance P.

Pé) + Cl, — C13

atom count: 4P, 2Cl 4P, 12Cl

Now we need 10 more Cl atoms on the reactant side. But Cl, comes in increments of
2Cl atoms, so we need 5 more Cl, molecules, or a total of 6Cl;:

Py + @:lz —— 4PCl;

—_—

final atom count: 4P, 12Cl 4P, 12CI

Charles D. Winters

A molecular view of this balanced reaction using ball-and-stick models is shown next
(element color coding: orange = P, green = Cl).

reactants producls
P, 6Cl, I 4PCly I

final atom count: 4P, 12C1 4P, 12Cl

00

Charles D. Winters

As a check, we see that there are 4P and 12Cl on each side, so the equation is balanced.
(b) We can first balance Rb.

2RbOH + SO, —> Rb,SO, + H,0

We see that each side now has 2Rb, 1S, 2H, and 40O, so the equation is balanced.

(c) Let’s balance P first. There are two P on the right and 4P on the left, so we multiply
Ca;(PO,), by 2.

P4010 + Ca(OH)z — 2C33(PO4)2 + Hzo
Next we can balance Ca by multiplying Ca(OH), by 6.
P,0, + 6Ca(OH), —> 2Ca;(PO,), + H,0

Now we see that there are 12H on the left and only 2H on the right, so we multiply
Hzo by 6.

P,O, + 6Ca(OH), —> 2Ca;(PO,), + 6H,0

Checking the O balance we see that there are (10 4+ (2 X 6)) = 220 on the left and
((2 x4 x2)+ (6x1)) =220 on the right. All other elements are also balanced so
the equation is balanced.

You should now work Exercises 8 and 10.
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» A balanced chemical equation may
be interpreted on a molecular basis.

EProp & THINK
The balanced equation
shows two O, molecules
and only one CH,
molecule, so it is
reasonable that the
number of O, molecules
that react is twice the
number of CH, molecules
that react.

» We usually cannot work with
individual molecules; a mole of a
substance is an amount we might use
in a laboratory experiment.

> A balanced chemical equation may
be interpreted in terms of moles of
reactants and products.

> Please don't try to memorize unit
factors for chemical reactions; instead,
learn the general method for
constructing them from balanced
chemical equations.

CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

3-2 Calculations Based on Chemical Equations

We are now ready to use chemical equations to calculate the relative amounts of substances

involved in chemical reactions. Let us again consider the combustion of methane in oxy-
gen. The balanced chemical equation for that reaction is

CH4 + 202 — COZ + ZHzo

On a quantitative basis, at the molecular level, the equation says

CH, + 20, — CO, + 2H,0
1 molecule 2 molecules 1 molecule 2 molecules
of methane of oxygen of carbon dioxide  of water

EXAMPLE 3-2 Number of Molecules

REASONING
How many O, molecules react with 47 CH, molecules according to the preceding equation?

Plan

The balanced equation tells us that one CH4 molecule reacts with rwo O, molecules. We can
construct two unit factors from this fact:

1 CH, molecule
2 O, molecules

2 O, molecules

an 1 CH, molecule

These expressions are unit factors for this reaction because the numerator and denominator
are chemically equivalent. In other words, the numerator and the denominator represent the
same amount of reaction. To convert CH4 molecules to O, molecules, we multiply by the
second of the two factors.

Solution
reaction ratio from
balanced equation
—_———

2 O, molecules

2 = X
2 O, molecules = 47 CH, molecules | CH, molecule

= 94 O, molecules

You should now work Exercise 12.

A chemical equation also indicates the relative amounts of each reactant and product in
a given chemical reaction. We showed earlier that formulas can represent moles of sub-
stances. Suppose Avogadro’s number of CH, molecules, rather than just one CH,; molecule,
undergo this reaction. Then the equation can be written

CH4 + 202 — COZ + szo
6.02 X 10%* molecules 2(6.02 X 10 molecules) 6.02 X 10 molecules 2(6.02 X 10 molecules)
= 1 mol = 2 mol = 1 mol = 2 mol

This interpretation tells us that oze mole of methane reacts with rwo moles of oxygen to
produce oze mole of carbon dioxide and rwo moles of water.

n MOLECULAR
REASONING
How many moles of water could be produced by the reaction of 3.5 moles of methane with
excess oxygen (i.e., more than a sufficient amount of oxygen is present)?

EXAMPLE 3-3 Number of Moles Formed

Plan

The equation for the combustion of methane

CH4 T 202 E— C02 als ZHZO

1 mol 2 mol 1 mol 2 mol
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3-2 CALCULATIONS BASED ON CHEMICAL EQUATIONS 89

shows that 1 mol of methane reacts with 2 mol of oxygen to produce 2 mol of water. From
this information we construct two unit factors:

1 mol CH, 2 mol H,0 E)rop & THINK
2 mol H,O an 1 mol CH, The balanced equation
. . . h 2 moles of H
We use the second factor in this calculation. shows 2 moles of H,0 ?n.d
only 1 mole of CH,, so it is
Solution reasonable that the
reaction ratio from number of moles of H,0
balanced equati s
; anee ;;_I“‘UO"“ produced is twice the
mol H, number of moles of CH,
? = e A
2 mol H,O = 3.5 mol CH, X I mol CH, 7.0 mol H,O ——

You should now work Exercises 14 and 18.

We know the mass of 1 mol of each of these substances, so we can also write

CH; + 20, — CO, + 2H,0
1 mol 2 mol 1 mol 2 mol
160g  2032.0¢) 40g  20180g)

16.0g 64.0g 4.0g 360¢g
e 7S —° 5
80.0 g reactants 80.0 g products

The equation now tells us that 16.0 g of CH, reacts with 64.0 g of O, to form 44.0 g of » Abalanced equation may be
CO, and 36.0 g of H,0. The Law of Conservation of Matter is satisfied. Chemical equa-  interpreted on a mass basis.
tions describe reaction ratios, that is, the #zole ratios of reactants and products as well as the

muass ratios of reactants and products.

Use the Reaction Ratio.in"Calculations

with"Balanced Chemical Equations

The most important way of interpreting the balanced chemical equation is in terms
of moles. We use the coefficients to find the reaction ratio (in moles) of any two
substances we want to relate. Then we apply it as

moles of moles of reaction ratio
desired = | substance | X from balanced
substance given chemical equation

It is important to include the substance formulas as part of the units; this can help us
decide how to set up the unit factors. Notice that in Example 3-3 we want to cancel the
term mol CHy, so we know that mol CH, must be in the denominator of the mole ra-
tio by which we multiply; we want mol H,O as the answer, so mol H,O must appear

) ) . . mo .
in the numerator of the mole ratio. In other words, do not just write ol write
mo

mol of something

e o giving the formulas of the two substances involved.

EXAMPLE 3-4 Mass of a Reactant Required
What mass of oxygen is required to react completely with 1.20 moles of CH,?

Plan
The balanced equation
CH4 + 202 — COZ + 2H20

1 mol 2 mol 1 mol 2 mol
16.0g 2(32.0¢g 440g 2(18.0g)
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E)rop & THINK
Remember to use the
proper coefficient from
the balanced equation to
set up this reaction ratio
expression.

» Here we solve the problem in three

steps; we convert
1. gCH, —> mol CH,
2. mol CH, — mol O,

3. molo, —> g0,

E)r1op & THINK

The balanced equation
shows more moles of O,
than of CH,; furthermore,
a mole of O, has a greater
mass (32.0 g) than a mole
of CH, (16.0 g). Thus it is
reasonable that the mass
of O, that reacts is
considerably greater than
the mass of CH,.

EProp & THINK
When a problem such as
this gives the amount of a
substance in grams, you
almost always have to
convert it to moles as the
first step. These unit
factors are the reciprocals
of those used in Example
3-5.

>

CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

gives the relationships among moles and grams of reactants and products.

mol CH;, — molO, — g0,

Solution
reaction ratio from
balanced equation

——t—
> 20, = 1.20 mol CH, x 220102 32080 _ o
Al * " 1molCH, " 1molO, 55

EXAMPLE 3-5 Mass of a Reactant Required

What mass of oxygen is required to react completely with 24.0 g of CHy?

Plan

Recall the balanced equation in Example 3-4.

CH; + 20, —> CO, + 2H,0O
1 mol 2 mol 1 mol 2 mol
16.0g 23209 440g 2(18.0g)

"This shows that 1 mol of CH, reacts with 2 mol of O,. These two quantities are chemi-
cally equivalent, so we can construct unit factors.

Solution
CH, + 20, —> CO, + 2H,0
1 mol 2 mol 1 mol 2 mol
> mol CH, — 24.0 ¢ CH, x -2 ¢ o 1 CH,
2 mo 4=240¢g 4 16.OgCH4_ .50 mo )
l 2 mol O,
2 mol O, = 1.50 mol CHy; X —————— = 3.00 mol O,
1 mol CH, 1
! 320g0,
2 g0, =3.00mol O, X = 96.0 g O,

1 mol O,
All these steps could be combined into one setup in which we convert

gof CH, —> molof CH; —> molof O, —> gof O,

5 Op = 24.0.4 CH ><ImolCH4 2 mol O, 320g0, A RO
B T ANE MM R 1609 CH, © 1mol CH, ~ 1molO, 872
The same answer, 96.0 g of O,, is obtained by both methods.
You should now work Exercise 22.
The question posed in Example 3-5 may be reversed, as in Example 3-6.
EXAMPLE 3-6 Mass of a Reactant Required
What mass of CHy,, in grams, is required to react with 96.0 g of O,?
Plan
We recall that 1 mole of CH, reacts with 2 moles of O,.
Solution
> o CHL = 96.0 ¢ O. X 1mol O, ~1molCH, 16.0gCH, Y C
SE T TE R 7 5080, 2molO,  1molCH, 8T

You should now work Exercise 24.

This is the amount of CH, in Example 3-5 that reacted with 96.0 g of O,.
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3-3 THE LIMITING REACTANT (REAGENT) CONCEPT

EXAMPLE 3-7 Mass of a Product Formed

Most combustion reactions occur in excess O,, that is, more than enough O, to burn the
substance completely. Calculate the mass of CO,, in grams, that can be produced by burn-
ing 6.00 moles of CH, in excess O,.

Plan

The balanced equation tells us that 1 mole of CH, produces 1 mole of CO,.
CH4 + 202 — C02 + ZHZO

1 mol 2 mol 1 mol 2 mol
16.0g  2(32.09) 440g 2(18.0¢g)

Solution
reaction ratio from
balanced equation

1 mol CO, « 44.0 g CO,
1 mol CH; 1 mol CO,

2 g CO, = 6.00 mol CH, X = 2.64 X 10’ g CO,

You should now work Exercise 26.

Reaction stoichiometry usually involves interpreting a balanced chemical equation to
relate a given bit of information to the desired bit of information.

EXAMPLE 3-8 Mass of a Reactant Required

Phosphorus, P,, burns with excess oxygen to form tetraphosphorus decoxide, P,Oy. In
this reaction, what mass of P, reacts with 1.50 moles of O,?
Plan
The balanced equation tells us that 1 mole of P, reacts with 5 moles of O,.
P, + 50, — P,0y

1 mol 5 mol 1 mol

molO, —— molP, —— massP,

Solution
reaction ratio from
balanced equation

1molP, 124.0gP,

2 gP, = L. X
2 8P = 1.50mol Oy X = s X — ol P,

= 37.2gP,

You should now work Exercise 28.

The possibilities for this kind of problem solving are limitless. Exercises 12-29 at the end
of the chapter will give you important practice with such calculations.

3-3 The Limiting Reactant (Reagent) Concept

In the problems we have worked thus far, the presence of an excess of one reactant was
stated or implied. The calculations were based on the substance that was used up first,
called the limiting reactant or reagent. Before we study the concept of the limiting reac-
tant in stoichiometry, let’s develop the basic idea by considering a simple but analogous
nonchemical example.

Suppose you have four slices of ham and six slices of bread and you wish to make as
many ham sandwiches as possible using only one slice of ham and two slices of bread per
sandwich. Obviously, you can make only three sandwiches, at which point you run out of
bread. (In a chemical reaction this would correspond to one of the reactants being used

91

> Itis important to recognize that
the reaction must stop when the
6.00 moles of CH, has been used up.
Some O, will remain unreacted.

E)rop & THINK
<

Note that even though
there is excess O, present,
we still use the balanced
chemical equation to
solve the problem.

E)rop & THINK

Never start a calculation
4 involving a chemical
reaction without first
checking that the
equation is balanced.

» Chemists often refer to the limiting
reagent concept.
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92 CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

up—so the reaction would stop.) The bread is therefore the limiting reactant, and the extra
slice of ham is the excess reactant. The amount of product, ham sandwiches, is determined
by the amount of the limiting reactant, bread in this case. The limiting reactant is not nec-
essarily the reactant present in the smallest amount. We have four slices of ham, the small-
est amount, and six slices of bread, but the reaction ratio is two slices of bread to one piece
of ham, so bread is the limiting reactant.

Consider the following balanced equation:

CO + 2H, —> CH,0H

Suppose we have the following mixture shown here using ball-and-stick models
(element color coding: black = C, red = O, white = H).

reactants

o—o
® '

2C0 6H,

atom count: 2C, 12H, 20

These can react to make only two molecules of CH;OH (methanol), leaving two mole-
cules of H, left over, as shown here.

products

2CH,0H 2H,

atom count: 2C, 12H, 20

In this example, H, molecules are present in excess (two more than needed to re-
act with the CO molecules present). The other (and equal) way of looking at this re-
action is that there are not enough CO molecules to react with all the H, molecules.
The CO in this example is called the limiting reactant (chemists generally use the
term /limiting reagent).

The following examples show how the limiting reactant concept is applied to chemical

calculations.
EXAMPLE 3-9 Limiting Reactant ¢ 5
91’ OP & THINK What mass of CO, could be formed by the reaction of 16.0 g of CH, with 48.0 g of O,?
Always remember to Plan
convert grams into moles . )
for these types of The balanced equation tells us that 1 mole of CH, reacts with 2 moles of O,.
problems! Then pay CH, + 20, —> CO, + 2H,0
attention to the 1 mol 2 mol 1 mol 2 mol
coefficients in the 16.0 g 2(32.0g)  440g  2(18.09)
balanf_‘ed chemllcal . We are given masses of both CH, and O,, so we calculate the number of moles of each re-
equation for guidance in . . .
determining the limitin actant, and then determine the number of moles of each reactant required to react with the
reagent & g other. From these calculations we identify the limiting reactant. Then we base the calcula-
’ tion on it.
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3-3 THE LIMITING REACTANT (REAGENT) CONCEPT

Solution
2 mol CH, = 16.0 g CH, x - SHs _ 4 60 ol cH
MOt = OV T 60 g CH,
1 mol O,
imol Oz = 480g02 X m = 1.50 mol Oz

Now we return to the balanced equation. First we calculate the number of moles of O, that
would be required to react with 1.00 mole of CH,.

reaction ratio from
balanced equation

——
2 mol O,

? 10, = 1. ICH, X —————
2 mol O, 00 mol CH, I mol CIL,

= 2.00 mol O,

We see that 2.00 moles of O, are required, but we have only 1.50 moles of O,, so O, is
the limiting reactant. Alternatively, we can calculate the number of moles of CHy that
would react with 1.50 moles of O,.

1 mol CH,

2 mol CH, = 1.50 mol O, X 2 mol O,

— 0.750 mol CH,

This tells us that only 0.750 mole of CH, would be required to react with 1.50 moles of O,.
But we have 1.00 mole of CHy, so we see again that O, is the limiting reactant. The reac-
tion must stop when the limiting reactant, O,, is used up, so we base the calculation on O,.

gof O, —> mol O, — mol CO, — gof CO,

1 mol O, - 1 mol CO, - 44.0 g CO,
320g 0, 2 mol O, 1 mol CO,

2 gCO, = 48.0g0, X = 33.0gCO,

You should now work Exercise 30.

Thus, 33.0 g of CO, is the most CO, that can be produced from 16.0 g of CH,4 and
48.0 g of O,. If we had based our calculation simply on CH, rather than O,, our answer
would be too big (44.0 g) and wrong because more O, than we have would be required.
"This is why the limiting reagent concept is so important.

Another approach to problems like Example 3-9 is to calculate the number of moles of
each reactant:

1 mol CH,
2 mol CH, = 16.0 g CH, X m = 1.00 mol CH,
1 mol Oz
imol 02 =48.0 gOz X W = 1.50 mol OZ
. 2

Then we return to the balanced equation. We first calculate the required ratio of reactants
as indicated by the balanced chemical equation. We then calculate the available ratio of re-
actants and compare the two:

Required Ratio Available Ratio
1 mol CHy  0.500 mol CHy 1.00 mol CHy  0.667 mol CHy
2mol O, ~ 1.00 mol O, 1.50mol O, ~ 1.00 mol O,

We see that each mole of O, requires exactly 0.500 mole of CH, to be completely used
up. We have 0.667 mole of CH, for each mole of O,, so there is more than enough CH,
to react with the O, present. That means that there is insufficient O, to react with all the
available CH,. The reaction must stop when the O, is gone; O, is the limiting reactant,
and we must base the calculation on it. (Suppose the available ratio of CH4 to O, had
been smaller than the required ratio. Then we would have concluded that there is not
enough CH, to react with all the O,, so CH, would have been the limiting reactant.)

93

EProp & THINK

The chain of conversions
gives the correct units
(g CO,).
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Erop & THINK

When we are given the
amounts of two (or more)
reactants, we should
suspect that we are
dealing with a limiting
reactant problem. It is
very unlikely that exactly
the stoichiometric

CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Choosing the Limiting -Reactant

Students often wonder how to know which ratio to calculate to help find the limiting
reactant.

1. The ratio must involve the two reactants whose amounts are given in the
problem.

2. It doesn’t matter which way you calculate the ratios, as long as you calculate both
required ratio and available ratio in the same order. For example, we

. . . mol O, .
could calculate the required and available ratios of —————— in the approach we

just illustrated. mol CH,

3. If you can’t decide how to solve a limiting reactant problem, as a last resort you
could do the entire calculation twice—once based on each reactant amount
given. The smaller answer is the correct one.

EXAMPLE 3-10 Limiting Reactant

What is the maximum mass of Ni(OH), that could be prepared by mixing two solutions
that contain 25.9 g of NiCl, and 10.0 g of NaOH, respectively?

NiCl, + 2NaOH — Ni(OH), + 2NaCl

Plan

Interpreting the balanced equation as usual, we have

NiCl, + 2NaOH —> Ni(OH), + 2NaCl

amounts of both 1 mol 2 mol 1 mol 2 mol
reactants are presentin a 129.6 g 2(40.0 g 92.7¢g 2(584 g

reaction mixture. We determine the number of moles of NiCl, and NaOH present. Then we find the num-

ber of moles of each reactant required to react with the other reactant. These calculations
identify the limiting reactant. We base the calculation on it.

» Even though the reaction occurs in Sl
aqueous solution, this calculation is . : 1 mol NiCl, g
' 2 mol NiCl, = 25.9 g NiCl, X ——————— = 0.200 mol NiCl,
similar to earlier examples because 129.6 g NiCl,
we are given the amounts of pure 1 mol NaOH
reactants. 2 mol NaOH = 10.0 g NaOH X W = 0.250 mol NaOH

We return to the balanced equation and calculate the number of moles of NaOH required
to react with 0.200 mole of NiCl,.

2 mol NaOH
1 mol NiCl,

But we have only 0.250 mole of NaOH, so NaOH is the limiting reactant.

2 mol NaOH = 0.200 mol NiCl, X = 0.400 mol NaOH

gof NaSOH —— molNaOH —— molNi(OH), —— gofNi(OH),

reaction ratio from
balanced equation

—_———
1 mol NaOH y 1 mol Ni(OH), « 92.7 ¢ Ni(OH),
40.0 g NaOH 2 mol NaOH 1 mol Ni(OH),

2 gNi(OH), = 10.0 g NaOH X

= 11.6 g Ni(OH),

Charles Steele

A precipitate of solid Ni(OH), forms when
colorless NaOH solution is added to green
NiCl, solution. (Example 3-10.)
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3-4 PERCENT YIELDS FROM CHEMICAL REACTIONS

3-4 Percent Yields from Chemical Reactions

The theoretical yield from a chemical reaction is the yield calculated by assuming that
the reaction goes to completion. In practice we often do not obtain as much product from
a reaction mixture as is theoretically possible. There are several reasons for this. (1) Many
reactions do not go to completion; that is, the reactants are not completely converted to
products. (2) In some cases, a particular set of reactants undergoes two or more reactions
simultaneously, forming undesired products as well as desired products. Reactions other
than the desired one are called side reactions. (3) In some cases, separation of the desired
product from the reaction mixture is so difficult that not all of the product formed is suc-
cessfully isolated. The actual or isolated yield is the amount of a specified pure product
actually obtained from a given reaction.

The term percent yield is used to indicate how much of a desired product is obtained
from a reaction.

) actual yield of product
percent yield = : ; X 100%
theoretical yield of product

Consider the preparation of nitrobenzene, C{H;NO,, by the reaction of a limited
amount of benzene, C¢Hy, with excess nitric acid, HNO;. The balanced equation for the
reaction may be written as

CﬁHé + HNO3 — C6H5N02 + HzO

1 mol 1 mol 1 mol 1 mol
781g  63.0g 123.1g 180¢g

EXAMPLE 3-11 Percent Yield

A 15.6-g sample of CsH is mixed with excess HNO;. We isolate 18.0 g of C{H;NO,.
What is the percent yield of C4H;NO, in this reaction?

Plan

First we interpret the balanced chemical equation to calculate the theoretical yield of
C4H;NO,. Then we use the actual (isolated) yield and the previous definition to calculate
the percent yield.

Solution
We calculate the theoretical yield of C;H;NO,.

reaction ratio from
balanced equation

—_——
1 mol C4Hj y 1 mol C{H;NO, « 123.1 g C(H;NO,
78.1 g CHj 1 mol C¢Hj 1 mol CgH;NO,
= 24.6 g CH;NO, <«— theoretical yield

This tells us that if 2// the C;H, were converted to C;H;INO, and isolated, we should
obtain 24.6 g of C{H;NO, (100% yield). We isolate only 18.0 g of C(H;NO,, however.

i g C(,HsNOZ =15.6 g C(,H() X

. actual yield of product 18.0¢
percent yield = - : X 100% = X 100% = 73.2%
theoretical yield of product 246 ¢

You should now work Exercise 44.

The amount of nitrobenzene obtained in this experiment is 73.2% of the amount that
would be expected if the reaction had gone to completion, if there were no side reactions,
and 7f we could have recovered all the product as a pure substance.

95

> In the examples we have worked to
this point, the amounts of products
that we calculated were theoretical
yields.

> Itis not necessary to know the
mass of 1 mole of HNO; to solve this
problem.

EProp & THINK

Percent yield can never
exceed 100%, so this
answer is reasonable.
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96 CHAPTER 3 ¢ CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

3-5 Sequential Reactions

Often more than one reaction is required to convert starting materials into the desired
products. This is true for many reactions that we carry out in the laboratory and for many
industrial processes. These are called sequential reactions. The amount of desired prod-
uct from each reaction is taken as the starting material for the next reaction.

EXAMPLE 3-12 Sequential Reactions
At high temperatures, carbon reacts with water to produce a mixture of carbon monoxide, CO,
and hydrogen, H,.

heat

C + H0 2% CO + H,

Carbon monoxide is separated from H, and then used to separate nickel from cobalt by
forming a gaseous compound, nickel tetracarbonyl, Ni(CO),.

Ni + 4CO — Ni(CO),
What mass of Ni(CO), could be obtained from the CO produced by the reaction of 75.0 g
of carbon? Assume 100% yield.
Plan

We interpret both chemical equations in the usual way, and solve the problem in two
steps. They tell us that one mole of C produces one mole of CO and that four moles of
CO is required to produce one mole of Ni(CO),.

1. We determine the number of moles of CO formed in the first reaction.

2. From the number of moles of CO produced in the first reaction, we calculate the
number of grams of Ni(CO), formed in the second reaction.

Solution
1. C + H0— CO + H,
1 mol 1 mol 1 mol 1 mol
120g
reaction ratio from
balanced equation
1 molC _ 1 mol CO
? 1 =750 X X =6.2 1
2 molCO =750gC 120gC T mol C 5 mol CO
2. Ni + 4CO — Ni(CO),
1 mol 4 mol 1 mol
171g

reaction ratio from
balanced equation

—_——
[molNi(CO), 171 gNi(CO),
4 mol CO 1 mol Ni(CO),

Alternatively, we can set up a series of unit factors based on the conversions in the reaction
sequence and solve the problem in one setup.

gC — molC — molCO — molNi(CO), —> gNi(CO),

2 gNi(CO), = 6.25 mol CO X

= 267 gNi(CO),

reaction ratio from
equations 1 & 2

ImolC  1molCO  1molNi(CO); 171gNi(CO),
120¢gC 1 mol C 4 mol CO 1 mol Ni(CO),
=267 g Ni(CO),

2 gNi(CO),=75.0gC X

You should now work Exercise 50.
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3-6 CONCENTRATIONS OF SOLUTIONS

EXAMPLE 3-13 Sequential Reactions, Percent Yield

Phosphoric acid, H;POy, is a very important compound used to make fertilizers. It is also
present in cola drinks.
H;PO, can be prepared in a two-step process.
Reaction 1: P, + 50, —> P,O,,
Reaction 2: P,O,, + 6H,0 — 4H;PO,
We allow 272 g of phosphorus to react with excess oxygen, which forms tetraphosphorus

decoxide, P4Oy, in 89.5% yield. In the second step reaction, a 96.8% yield of H;PO, is
obtained. What mass of H;PO, is obtained?

Plan

1. We interpret the first equation as usual and calculate the amount of P,O obtained.

P, + 50, —> P,Oy
1 mol 5 mol 1 mol
124 ¢ 5(32.0g) 284 ¢
gP4 —_—> mol P4 —> mOl P4010 — gP4010

2. Then we interpret the second equation and calculate the amount of H;PO, obtained
from the P,O,, from the first step.
P4OIO + 6H20 — 4H3PO4
1 mol 6 mol 4 mol

284g  6(18.0¢) 4(98.0 )
g P4010 — mOl P4010 — H3P04 — g H3P04

Solution
reaction ratio from
balanced equation

1 mol P, Xm 284 g P,O, theoretical

124¢P, 1 mol P, 1 mol P,O,, theoretical
89.5 g P,O, actual

<100 g P,O, theoretical

1. 2 gP,0y =272 gP, X

) = 558 g PO,

1 mol P,O;, 4 mol H;PO,
284 g P,Oy 1 mol P,O,
» 98.0 g H;PO, theoretical » ( 96.8 g H;PO, actual

1 mol H3PO, theoretical 100 g H;PO, theoretical

2. 2 gH,PO, = 558 g PO, X

) = 746 ¢ H,PO,

You should now work Exercises 52 and 54.

3-6 Concentrations of Solutions

Many chemical reactions are more conveniently carried out with the reactants mixed in
solution rather than as pure substances. A solution is a homogeneous mixture, at the
molecular level, of two or more substances. Simple solutions usually consist of one
substance, the solute, dissolved in another substance, the solvent. For example, solutions
of hydrochloric acid can be prepared by dissolving hydrogen chloride (HCI, a gas at room
temperature and atmospheric pressure) in water. Solutions of sodium hydroxide are pre-
pared by dissolving solid NaOH in water. The solutions used in the laboratory are usually
liquids, and the solvent is often water. These are called aqueous solutions.

We often use solutions to supply the reactants for chemical reactions. Solutions allow
intimate mixing of the reacting substances at the molecular level, much more than would
be possible in solid form. (A practical example is drain cleaner, shown in the photo.) We

Charles Steele
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Two important uses for H;P0, are in
fertilizers and in cola drinks. Approximately
100 Ib of H3P0,—hased fertilizer are used per
person per year in America.

EProp & THINK

The unit factors that
represent less than 100%
reaction and/or less than
100% recovery are shown
in parentheses. If you
write “actual” and
“theoretical”as part of the
units, it will help you to
generate the correct unit
factors.

» For some solutions, such as a nearly
equal mixture of ethyl alcohol and
water, the distinction between solute
and solvent is arbitrary.
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98 CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

sometimes adjust the concentrations of solutions to speed up or slow down the rate of a
reaction. In this section we study methods for expressing the quantities of the various
components present in a given amount of solution.

Concentrations of solutions are expressed in terms of either the amount of solute pres-
ent in a given mass or volume of so/ution, or the amount of solute dissolved in a given mass
or volume of solvent.

Percent by Mass

Concentrations of solutions may be expressed in terms of percent by mass of solute, which
gives the mass of solute per 100 mass units of solution. The gram is the usual mass unit.

Charles Steele

The sodium hydroxide and aluminum in some

drain cleaners do not react while they are
mass of solute

stored in solid form. When water is added, percent solute = € 100%
the NaOH dissolves and begins to act on mass of solution
trapped grease. At the same time, NaOH and mass of solute

percent solute = X 100%

Al react to produce H, gas; the resulting TS o Solluie 4= e oF SOkt

turbulence helps to dislodge the blockage.
Do you see why the drain cleaner container

should be kept tightly closed? Thus, a solution that is 10.0% calcium gluconate, Ca(CsH;,0;),, by mass contains

10.0 grams of calcium gluconate in 100.0 grams of solution. This could be described as
10.0 grams of calcium gluconate in 90.0 grams of water. The density of a 10.0% solution of
calcium gluconate is 1.07 g/mL, so 100 mL of a 10.0% solution of calcium gluconate has a
mass of 107 grams. Observe that 100 grams of a solution usually does 7ot occupy 100 mL.
Unless otherwise specified, percent means percent by mzass, and water is the solvent.

z
=
=
8 il
A10.0% solution of Ca(CgH1107); is EXAMPLE 3-14 Percent of Solute
sometimes administered intravenously for
emergency treatment of black widow spider Calculate the mass of nickel(II) sulfate, NiSQOy,, contained in 200. g of a 6.00% solution of
hites. NiSO,.
Plan

The percentage information tells us that the solution contains 6.00 g of NiSOy per 100. g
of solution. The desired information is the mass of NiSO, in 200. g of solution. A unit fac-
tor is constructed by placing 6.00 g NiSO, over 100. g of solution. Multiplication of the
mass of the solution, 200. g, by this unit factor gives the mass of NiSO, in the solution.

Solution
6.00 g NiSO,

2 i = 200. g soln X
2 g NiSO,4 = 200. g soln 100. g soln

= 12.0 g NiSO,

EXAMPLE 3-15 Mass of Solution
A 6.00% NiSOy solution contains 40.0 g of NiSO,. Calculate the mass of the solution.

E)rop & THINK Plan

U Sl Vo GEIElE Placing 100. g of solution over 6.00 g of NiSO, gives the desired unit factor.
only a small percent

NiSO,, so it is reasonable
that the total mass of .

; Solution
solution must be much 100, g soln
greater than the mass of ? In =400 NiSO, X ——2>——
NiSO, . + 850 & * 7 6.00 g NiSO,

= 667 g soln
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3-6 CONCENTRATIONS OF SOLUTIONS 99

EXAMPLE 3-16 Mass of Solute

Calculate the mass of NiSO, present in 200. mL of a 6.00% solution of NiSO,. The den-
sity of the solution is 1.06 g/mL at 25°C.
Plan

The volume of a solution multiplied by its density gives the mass of the solution (see Sec-
tion 1-12). The mass of the solution is then multiplied by the mass fraction due to NiSO,
(6.00 g NiSO,/100. g soln) to give the mass of NiSO, in 200. mL of solution.

Solution
1.06 g soln 6.00 g NiSO,

? g NiSO4 = 200. mL soln X 12.7 g NiSO E
~8 o 1.00 mL soln =~ 100. g soln & * s
212 g soln = — - —
Solid NiS0, and a 6% solution of NiS0, in
You should now work Exercise 58. water (Examples 3-14, 3-15, and 3-16).
EXAMPLE 3-17 Percent Solute and Density ©rop & THINK
Write units “g of what”
What volume of a solution that is 15.0% iron(IIl) nitrate contains 30.0 g of Fe(NOjs);? and“mL of what"to help
The density of the solution is 1.16 g/mL at 25°C. you generate the correct
unit factors. The solution
Plan is only a small percent
"Two unit factors relate mass of Fe(INO;); and mass of solution, 15.0 g Fe(INO;)3/100 g and Fe(NOs);, soitis
100 g/15.0 g Fe(NOj3);. The second factor converts grams of Fe(NO;); to grams of reasonable that the
solution. required mass of solution
. is considerably greater
Solution than the mass of
Fe(NO;); it contains. The
100 g soln 1.00 mL sol .
2 mL soln = 30.0 g Fe(NO,); X g x SO g L density (1.16 g/mL) tells
. 15.0gFe(NO3)3J 1.16 g soln us that each mL of
200 g soln solution has mass greater
than 1 g, so the mL of
Note that the answer is not 200. mL but considerably less because 1.00 mL of solution has solution required is
amass of 1.16 g; however, 172 mL of the solution has a mass of 200 g. numerically less than its
You should now work Exercise 60. massing.
Molarity
Molarity (M), or molar concentration, is a common unit for expressing the concentrations
of solutions. Molarity is defined as the number of moles of solute per liter of solution:
. number of moles of solute 9 TOP & THINK
molarity = . . i
number of liters of solution Students sometimes
make the mistake of
To prepare one liter of a one molar solution, one mole of solute is placed in a one-liter assuming that one molar
volumetric flask, enough solvent is added to dissolve the solute, and solvent is then added solution contains one
until the volume of the solution is exactly one liter. A 0.100 M solution contains 0.100 mole mole of solute in a liter of

solvent. This is not the
case; one liter of solvent
plus one mole of solute
usually has a total volume
of more than one liter.

of solute per liter of solution, and a 0.0100 M solution contains 0.0100 mole of solute per
liter of solution (Figure 3-2).

Water is the solvent in most of the solutions that we encounter. Unless otherwise indi-
cated, we assume that water is the solvent. When the solvent is other than water, we state
this explicitly.

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



100

Charles D. Winters

CHAPTER 3

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

) 0.395 g of KMn0, (0.00250 mol)
is weighed out carefully and transferred
into a 250.-mL volumetric flask.

@ Distilled H,0 is added to the
volumetric flask until the volume of
solution is 250. mL. The flask is then
stoppered, and its contents are mixed
thoroughly to give a homogeneous
solution.

(3 The KMnO, is dissolved in water.

Figure 3-2 Preparation of 0.0100 M solution of KMnQ,, potassium permanganate. A 250.-mL sample
of 0.0100 M KMnQ, solution contains 0.395 g of KMnO, (1 mol = 158 g).

» We place 3.65 g HCl over 2.00 L of
solution, and then convert g HCI

to mol HCl.
EProp & THINK >

Remember to write
explicit units. Moles of
what? Grams of what?
Although it takes more
time, writing out the units
and the substance
formula (or name) will
help you keep track of
everything and minimize
mistakes.

EXAMPLE 3-18 Molarity
Calculate the molarity () of a solution that contains 3.65 g of HCl in 2.00 L of solution.

Plan

We are given the number of grams of HCl in 2.00 L of solution. We apply the definition of
molarity, remembering to convert grams of HCI to moles of HCIL.

Solution

? molHCl 3.65gHCI 1 mol HCI
- N = 0. 1 HCI/L sol
Lsoln  200Lsoln « 365 gmct 0200 mol HCVL soln

The concentration of the HCI solution is 0.0500 molar, and the solution is called 0.0500 M
hydrochloric acid. One liter of the solution contains 0.0500 mole of HCI.

You should now work Exercise 62.

EXAMPLE 3-19 Mass of Solute

Calculate the mass of Ba(OH), required to prepare 2.50 L of a 0.0600 M solution of bar-
ium hydroxide.

Plan

The volume of the solution, 2.50 L, is multiplied by the concentration, 0.0600 mol
Ba(OH),/L, to give the number of moles of Ba(OH),. The number of moles of Ba(OH),
is then multiplied by the mass of Ba(OH), in one mole, 171.3 g¢ Ba(OH),/mol Ba(OH),, to
give the mass of Ba(OH), in the solution.
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3-6 CONCENTRATIONS OF SOLUTIONS

Solution

0.0600 mol Ba(OH),
1 L soln

171.3 g Ba(OH),
1 mol Ba(OH),

2 gBa(OH), = 2.50 L'soln X

= 25.7 g Ba(OH),

You should now work Exercise 64.

The solutions of acids and bases that are sold commercially are too concentrated for
most laboratory uses. We often dilute these solutions before we use them. We must know
the molar concentration of a stock solution before it is diluted. This can be calculated
from the specific gravity and the percentage data given on the label of the bottle.

EXAMPLE 3-20 Molarity

A sample of commercial sulfuric acid is 96.4% H,SO, by mass, and its specific gravity is
1.84. Calculate the molarity of this sulfuric acid solution.
Plan

The density of a solution, grams per milliliter, is numerically equal to its specific gravity, so
the density of the solution is 1.84 g/mL. The solution is 96.4% H,SO, by mass; therefore,
100. g of solution contains 96.4 g of pure H,SO,. From this information, we can find the
molarity of the solution. First, we calculate the mass of 1 L of solution.

Solution

2 gsoln
L soln

1.84 gsoln 1000 mL sol
- rnLgsoln * LrsnolnSO =184 x 10° g soln/L soln

The solution is 96.4% H,SO, by mass, so the mass of H,SO,4 in 1 L is

96.4 g HzSO4
100. g soln

2 g H,S0, _ 1.84 X 10° g soln
L soln

=177 X 10°¢gH /L sol
L soln 77 0’ g H,SO,/L soln

The molarity is the number of moles of H,SO, per liter of solution.

2 mol H,SO, B 1.77 X 10° g H,SO,
a L soln

1 mol HzSO4
98.1 g H,50,

L soln = 18.0 mol HZSO4/L soln

Thus, the solution is an 18.0 M H,SO, solution. This problem can also be solved by using
a series of three unit factors.

2 mol H,SO,  1.84 gsoln
L soln a

1000 mL soln
L soln

96.4 g H,SO,
100. g soln

1 mOl HzSO4

mL soln
= 18.1 mol H,SO4/L soln = 18.1 M H,SO,

You should now work Exercise 70.

t O Write Complete Units

©

A common pitfall is to write units that are not complete enough to be helpful. For instance

1.84
writing the density in Example 3-20 as just Lg doesn’t help us figure out the required
m
) ] . 1.84gsoln 1000 mL soln 96.4 g H,SO,
conversions. It is much safer to write : , and so
mL soln L soln 100 g soln

on. In Example 3-20, we have written complete units to help guide us through the problem.

101

ANALYSIS
Assay (H,S0,) WW...Min. 95.0%-Max. 98.0%

MAXIMUM LIMITS OF IMPURITIES

Appearance........ Passes A.C.S. Test
Color (APHA)...........c........ 10 Max.
Residue after Ignition............ 4 ppm
Chloride (CI).....cevvenennennens 0.2 ppm
Nitrate (NO3)..........ocnne.. 0.5 ppm
Ammonium (NHg)......cevvenneee. 1 ppm
Substances Reducing KMnO, (limit about
2ppm as S0,)......... Passes A.C.S. Test
Arsenic (AS)........ccceuneen. 0.004 ppm
Heavy Metals (as Pb).......... 0.8 ppm
Iron (F&)..oevenviiinieieenens 0.2 ppm
Mercury (Hg).....cvvvvenieinnnns 5 ppb
Specific Gravity................... ~1.84
Normality.........cooiiieiiiananes ~36

Suitable for Mercury Determinations

A label that shows the analysis of sulfuric
acid.

E)rop & THINK
Careful application of unit
factors will help you solve
this problem.

» The small difference between these
two answers is due to rounding.
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> A can of frozen orange juice
contains a certain mass (or moles) of
vitamin C. After the frozen contents of
the can are diluted by addition of
water, the amount of vitamin Cin the
resulting total amount of solution will
be unchanged. The concentration, or
amount per a selected volume, will be
less in the final solution, however.

EProp & THINK

Never use this equation
to relate two different
substances in a chemical
reaction. It applies only to
dilution calculations.

>

» We could use any volume unit as
long as we use the same unit on both
sides of the equation. This
relationship also applies when the
concentration is changed by
evaporating some solvent.

CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

3-7 Dilution of Solutions

Recall that the definition of molarity is the number of moles of solute divided by the vol-
ume of the solution in liters:

number of moles of solute

molarity = - ;
v number of liters of solution

Multiplying both sides of the equation by the volume, we obtain

volume (in L) X molarity = number of moles of solute

Multiplication of the volume of a solution, in liters, by its molar concentration gives the
amount of solute in the solution.

When we dilute a solution by mixing it with more solvent, the amount of solute present
does not change. But the volume and the concentration of the solution do change. Because
the same number of moles of solute is divided by a larger number of liters of solution, the
molarity decreases. Using a subscript 1 to represent the original concentrated solution and
a subscript 2 to represent the dilute solution, we obtain

volume; X molarity; = number of moles of solute = volume, X molarity,

or

VM, = VoM, (for dilution only)

This expression can be used to calculate any one of four quantities when the other three
are known (Figure 3-3). We frequently need a certain volume of dilute solution of a given
molarity for use in the laboratory, and we know the concentration of the initial solution
available. Then we can calculate the amount of initial solution that must be used to make

the dilute solution.

@

Water molecules not shown for clarity

Cro}F = K'= @

Charles D. Winters

) A 100.-mL volumetric flask is
filled to the calibration line with a
0.100 M potassium chromate,
K,Cr0, solution.

@ Distilled water is added to

the 1.00-L flask until the liquid
level coincides with its calibration
line. The flask is stoppered and its
contents are mixed thoroughly.

0 Solution is transferred into a
1.00-L volumetric flask. The
smaller flask is then rinsed three
times with a small amount of
distilled H,0, which is also
transferred into the larger flask.

Figure 3-3 Dilution of a solution. The new solution is 0.0100 M K,CrO,. (100. mL of 0.100 M K,CrO, solution
has been diluted to 1000. mL.) The 100. mL of original solution and the 1000. mL of final solution both
contain the amount of K,CrO, dissolved in the original 100. mL of 0.100 M K,CrO,.
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3-8 USING SOLUTIONS IN CHEMICAL REACTIONS 103

CAUTION!

Dilution of a concentrated solution, especially of a strong acid or base, frequently liberates
a great deal of heat. This can vaporize drops of water as they hit the concentrated solution
and can cause dangerous spattering. As a safety precaution, concentrated solutions of acids or
bases are always poured slowly into water; allowing the heat to be absorbed by the larger quan-
tity of water. Calculations are usually simpler to visualize, however, by assuming that the
water is added to the concentrated solution.

EXAMPLE 3-21 Dilution

How many milliliters of 18.0 M H,SO, are required to prepare 1.00 L of a 0.900 M solu-
tion of H,SO,?

Plan

The volume (1.00 L) and molarity (0.900 M) of the final solution and the molarity (18.0 M)
of the original solution are given. We can use the relationship VM, = V,M, with subscript
1 for the initial acid solution and subscript 2 for the dilute solution. We solve

Charles D. Winters

Pouring concentrated H,S0, into an equal
volume of H,0 liberates a lot of heat—

V\M, = VM, for 1 enough to raise the temperature of the
resulting solution by as much as 100°C.

Solution

V,M,  1.00L X 0.
_ M 100L X0900M _ ) 0co0 1. = 50.0 mL

" M, 18.0 M

The dilute solution contains 1.00 L. X 0.900 M = 0.900 mole of H,SO,, so 0.900 mole of
H,SO, must also be present in the original concentrated solution. Indeed,
0.0500 L x 18.0 M = 0.900 mole of H,SO,.

You should now work Exercises 72 and 74.

3-8 Using Solutions in Chemical Reactions

When we plan to carry out a reaction in a solution, we must calculate the amount of
solution that we need. If we know the molarity of a solution, we can calculate the
amount of solute contained in a specified volume of that solution. This procedure is
illustrated in Example 3-22.

EXAMPLE 3-22 Amount of Solute

Calculate (a) the number of moles of H,SO, and (b) the number of grams of H,SO, in 500.
mL of 0.324 M H,SO, solution.
Plan

Because we have two parallel calculations in this example, we state the plan for each step
just before the calculation is done.

Solution
(a) The volume of a solution in liters multiplied by its molarity gives the number of
moles of solute, H,SO, in this case. . » 500. mL is more conveniently
, molarity ‘ expressed as 0.500 L in this problem.
0.324 mol H,SO, By now, you should be able to

2 mol H,SO, = 0.500 L soln X = 0.162 mol H,SO,

convert mL to L (and the reverse)
without writing out the conversion.

L soln

(b) We may use the results of part (a) to calculate the mass of H,SO; in the solution.

ratio from formula weight

—_— .
98.1 g sto4 » A mole of H2504 is 98.1 g.

] = 0.162 x 8 225 _ s,
_gHzSO4 0.162 mol HzSO4 1 mol HZSO4 15.9 gHzSO4
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> Molarity can be used as a unit
mol solute
L soln

EProp & THINK >

We have less than one
liter of solution, and the
molarity tells us that there
is less than one mole in
each liter of solution. Thus
it is reasonable that (a)
the number of moles of
H,SO, presentis less
than one, so (b) the mass
of H,S0O, present is less
than the formula weight
(98.1 g/mol).

factor, that is,

» Aqueous solutions (those in
water) are indicated by (aq).

» The indicator methyl orange
changes from yellow, its color in
basic solutions, to orange, its color in
acidic solutions, when the reaction
in Example 3-23 reaches completion.

CHAPTER 3 o CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

The mass of H,SO, in the solution can be calculated without solving explicitly for the
number of moles of H,SO,.

0.324 mol H,SO,
L soln

98.1 g stO4

? = 0. X
2 g H,SO, = 0.500 L soln I mol IL,SO,

= 15.9 ¢ H,S0,

One of the most important uses of molarity relates the volume of a solution of known
concentration of one reactant to the mass of the other reactant.

EXAMPLE 3-23 Solution Stoichiometry

Calculate the volume in liters and in milliliters of a 0.324 M solution of sulfuric acid re-
quired to react completely with 2.792 g of Na,CO; according to the equation

H,S0,(aq) + Na,CO;(aq) — Na,S0,(aq) + CO,(g) + H,0O (¥)

Plan

The balanced equation tells us that 1 mol H,SO, reacts with 1 mol Na,COjs, and we
can write

H,S0, + Na,CO, —> Na,SO, + CO, + H,0

1 mol 1 mol 1 mol 1 mol 1 mol

106.0 g

We convert (1) grams of Na,CO; to moles of Na,CO;, (2) moles of Na,CO; to moles of
H,SO,, and (3) moles of H,SO, to liters of H,SO, solution.

gNa,CO; ——  mol Na,CO; —>  mol H,SO, —>

IL, stO4 soln

Solution

reaction ratio from

balanced equation molarity

1 mol Na,CO;
106.0 g N32C03

= 0.0813 L H,SO, soln or

1 mOl stO4
1 mol N32C03

81.3 mLL HzSO4 soln

1 L H,SO, soln

2 LH,S0, = 2.792 g Na2,CO; X 33 el 1LSO
. 20Uq

You should now work Exercise 78.

Charles D. Winters

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning, All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).

Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



3-8 USING SOLUTIONS IN CHEMICAL REACTIONS

Often we must calculate the volume of a solution of known molarity that is required to
react with a specified volume of another solution. We always examine the balanced chemi-
cal equation for the reaction to determine the reaction ratio, that is, the relative numbers of
moles of reactants.

EXAMPLE 3-24 Volume of Solution Required

Find the volume in liters and in milliliters of a 0.505 M NaOH solution required to react
with 40.0 mL of 0.505 M H,SO, solution according to the reaction

H,S0, + 2NaOH — Na,SO, + 2H,0

Plan

We shall work this example in several steps, stating the “plan,” or reasoning, just before
each step in the calculation. Then we shall use a single setup to solve the problem.

Solution

The balanced equation tells us that the reaction ratio is 1 mol H,SO, to 2 mol NaOH.

HzSO4 + 2NaOH —> Nast4 o szo

1 mol 2 mol 1 mol 2 mol

From the volume and the molarity of the H,SO, solution, we can calculate the number of
moles of H,SO,.

molarity

L G
0.505 mol H,SO,

2 mol H,SO, = 0.0400 L. H,SO, soln X
L soln

= 0.0202 mol H,SO,

The number of moles of H,SOy is related to the number of moles of NaOH by the reac-
tion ratio, 1 mol H,S0O,/2 mol NaOH:

reaction ratio from
balanced equation

_ balanced equition
2 mol NaOH = 0.0202 mol HLSO, x > MONaOH _ 104 mol NaOH
1 mol H,SO,

Now we can calculate the volume of 0.505 M NaOH solution that contains 0.0404 mole
of NaOH:
(molarity)~!
'1.00 L NaOH soln

? = =
2 L NaOH soln = 0.0404 mol NaOH X 0.505 mol NaOH 0.0800 L NaOH soln

which we usually call 80.0 mL of NaOH solution .

We have worked through the problem stepwise; let us solve it in a single setup.

L H,SO, soln mol H,SO, mol NaOH L NaOH
available available soln needed soln needed

reaction ratio from
balanced equation

e S =
0.505 mol H,SO4 2 mol NaOH

5 X
2 L. NaOH soln L H,SO, soln 1 mol H,SO,

0.0400 L H,SO, soln X

1.00 L NaOH soln
0.505 mol NaOH

0.0800 L. NaOH soln or 80.0 mLL NaOH soln

You should now work Exercise 80.

105

EProp & THINK

A common mistake is to
use the dilution equation
ViM, = V,M, to solve
problems involving
reactions. Though it can
sometimes give the
correct answer, this is
coincidental; for Example
3-24 it would give the
wrong answet.

» The volume of H,SO, solution
is expressed as 0.0400 L rather
than 40.0 mL.

> Again we see that molarity can be
used as a unit factor. In this case,

1.00 L NaOH soln
0.505 mol NaOH
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KEY TERMS

CHAPTER 3 o

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Actual yield The amount of a specified pure product actually
obtained from a given reaction. Compare with Theoretical yield.

Aqueous solution A solution in which the solvent is water.

Chemical equation Description of a chemical reaction by
placing the formulas of reactants on the left and the formulas
of products on the right of an arrow. A chemical equation
must be balanced; that is, it must have the same number of
each kind of atom on both sides.

Concentration The amount of solute per unit volume or mass
of solvent or of solution.

Dilution The process of reducing the concentration of a solute
in solution, usually simply by adding more solvent.

Isolated yield see Actual yield.

Limiting reactant (or reagent) A substance that stoichiomet-
rically limits the amount of product(s) that can be formed in a
reaction.

Molarity (M) The number of moles of solute per liter of solution.
Percent by mass 100% multiplied by the mass of a solute
divided by the mass of the solution in which it is contained.
Percent yield 100% times actual yield divided by theoretical

yield.

EXERCISES

Products Substances produced in a chemical reaction.

Reactants Substances consumed in a chemical reaction.

Reaction ratio The relative amounts of reactants and products
involved in a reaction; may be the ratio of moles, or masses.
Also called Stoichiometric ratio.

Reaction stoichiometry Description of the quantitative rela-
tionships among substances as they participate in chemical
reactions.

Sequential reaction A chemical process in which several reaction
steps are required to convert starting materials into products.

Solute The dispersed (dissolved) phase of a solution.

Solution A homogeneous mixture of two or more substances.

Solvent The dispersing medium of a solution.

Stoichiometric ratio  see Reaction ratio.

Stoichiometry Description of the quantitative relationships
among elements and compounds as they undergo chemical
changes.

Theoretical yield The maximum amount of a specified prod-
uct that could be obtained from specified amounts of reac-
tants, assuming complete consumption of the limiting
reactant according to only one reaction and complete recov-
ery of the product. Compare with Actual yield.

®, Molecular Reasoning exercises

A More Challenging exercises

Blue-Numbered exercises are solved in the Student Solutions
Manual

Chemical Equations

1. In a chemical equation, what are the products? What
information must an unbalanced chemical equation
contain?

2. In a balanced chemical equation there must be the same
number of atoms of each element on both sides of the
equation. What scientific (natural) law requires that
there be equal numbers of atoms of each element in
both the products and the reactants?

3. ® (a) Write a balanced chemical equation for the
following reaction. In sunlight hydrogen gas
reacts explosively with chlorine gas to produce
hydrogen chloride gas.

(b) Use ball-and-stick models to illustrate the
balanced chemical equation.

Write a balanced chemical equation for the

following reaction. In the presence of a spark,

hydrogen gas reacts explosively with oxygen gas
to produce gaseous water.
(b) Use ball-and-stick models to illustrate the
balanced chemical equation.

5. ® Use words to state explicitly the relationships
among numbers of molecules of reactants and products
in the equation for the combustion of butane, C,Hj,.

2C4H10 + 1302 I SCOZ + IOHzo

4. @& (a)

®, Molecular Reasoning exercises

Unless otherwise noted, all content on this page is © Cengage Learning

A More Challenging exercises

Charles D. Winters

A butane-fueled lighter

6. @ Use words to state explicitly at the molecular level the
information given in the following equation.

S(s) + O,(g) — SO,(g)

7. Write the chemical equation for the production of lithium
oxide by the reaction of lithium and oxygen.

Balance each “equation” in Exercises 8-11 by inspection.

8. (@) Na + O, —> Na,O
(b) Mg;N, + H,0 — NH; + Mg(OH),
(¢) LiCl + Pb(NO;), — PbCl, + LiNO;
(d) H,O + KO, — KOH + O,
(e) H,SO, + NH; — (NH,),SO,

Blue-Numbered exercises solved in Student Solutions Manual
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9. (a) Na + O, —> Na,0,
(b) P, + O, —> POy
(c) Ca(HCO;s), + Na,CO; — CaCO; + NaHCO;
(d) NH; + O, — NO + H,0
(¢) Rb + H,O0 — RbOH + H,
10. (a) Fe,0O; + CO — Fe + CO,
(b) Rb + H,O — RbOH + H,
(¢) K+ KNO; — K,O0 + N,
(d) (NH,),Cr,0;, —> N, + H,0 + Cr,0;
(e) Al + Cr,0O; —> ALO; + Cr
11. (a) Al + H,SO, — AL(SO,); + H,
(b) C;H,y, + O, — CO, + H,0
(¢) Li + N, — Li;N
(d) Ba(ClO,4), — BaCl, + O,
(e) CGH,O + O, — CO, + H,0

Calculations Based on Chemical Equations

In Exercises 12-15, (a) write the balanced chemical equation
that represents the reaction described by words, and then per-
form calculations to answer parts (b) and (c).

12. ® (a) Nitrogen, N, combines with hydrogen, H,, to
form ammonia, NHj;.
(b) How many hydrogen molecules are required to
react with 150. nitrogen molecules?
(¢) How many ammonia molecules are formed in
part (b)?
13. ® (a) Sulfur, Sg, combines with oxygen at elevated
temperatures to form sulfur dioxide.
(b) If 160. oxygen molecules are used up in this
reaction, how many sulfur molecules react?
(¢) How many sulfur dioxide molecules are formed in
part (b)?

14. (a) Limestone, CaCOs, dissolves in hydrochloric acid,
HCI, to form calcium chloride, CaCl,, carbon dioxide,
and water.

(b) How many moles of HCI are required to dissolve
2.6 mol of CaCO;s?

(¢) How many moles of water are formed in part (b)?

Charles D. Winters

15.

16.

17.

EXERCISES 107

(a) Aluminum building materials have a hard, transparent,
protective coating of aluminum oxide, Al,Oj;, formed
by reaction with oxygen in the air. The sulfuric acid,
H,SO,, in acid rain dissolves this protective coating
and forms aluminum sulfate, Al,(SO,);, and water.

(b) How many moles of H,SO, are required to react with
2.6 mol of AL,O;?

(c) How many moles of Al,(SO,); are formed in part (b)?

Calculate the number of grams of baking soda, NaHCO;,

that contain 10.5 moles of carbon.

Charles D. Winters

Baking soda

Limestone, coral, seashells, and marble are composed
primarily of calcium carbonate. The test for the
identification of a carbonate is to use a few drops of
hydrochloric acid. The unbalanced equation is

CaCO; + HCl —> CaCl, + CO, + H,0

(a) Balance the equation.

(b) How many atoms are in 0.150 mol of calcium
carbonate?

(¢) What number of carbon dioxide molecules is released
by the reaction of 0.150 mol of calcium carbonate?

18. How many moles of oxygen can be obtained by the

19.

20.

decomposition of 6.4 mol of reactant in each of the
following reactions?

(a) 2KCIO; — 2KClI + 30,

(b) 2H,0, — 2H,0 + O,

(¢) 2HgO — 2Hg + O,

(d) 2NaNO; — 2NaNO, + O,

(e) KCIO, —> KCI + 20,

For the formation of 6.5 mol of water, which reaction uses
the most nitric acid?

(a) 3Cu + 8HNO; — 3Cu(NO;), + 2NO + 4H,0
(b) ALLO; + 6HNO; — 2AI(NO;); + 3H,0

(¢) 4Zn + 10HNO; — 4Zn(NO;), + NH,NO; + 3H,O
Consider the reaction

NH3 + Oz not balanced NO + Hzo

For every 6.40 mol of NHj;, (a) how many moles of O,
are required, (b) how many moles of NO are produced,
and (c) how many moles of H,O are produced?

@, Molecular Reasoning exercises

A More Challenging exercises

Blue-Numbered exercises solved in Student Solutions Manual
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21.

22.

23.

24.

25.

26.

27.

28.

29.

CHAPTER 3 o

®, Consider the reaction
2NO + Br, — 2NOBr

For every 6.25 mol of bromine that reacts, how many moles

of (a) NO react and (b) NOBr are produced? (c) Represent

the balanced equation with ball-and-stick models.

We allow 44.5 g of methane, CH,, to react as completely

as possible with excess oxygen, O,, to form CO, and

water. Write the balanced equation for this reaction. What

mass of oxygen reacts?

Tron(III) oxide, Fe,Os, is a result of the reaction of iron

with the oxygen in air.

(a) What is the balanced equation for this reaction?

(b) What number of moles of iron reacts with 15.25 mol
of oxygen from the air?

(c) What mass of iron is required to react with 15.25 mol
of oxygen?

A sample of magnetic iron oxide, Fe;Oy, reacts completely

with hydrogen at red heat. The water vapor formed by the

reaction

Fe;0, + 4H, 9% 3Fe + 4H,0

is condensed and found to weigh 27.15 g. Calculate the
mass of Fe;O, that reacted.

What masses of cobalt(IT) chloride, CoCl,, and of
hydrogen fluoride are needed to prepare 5.25 mol of
cobalt(Il) fluoride, CoF;, by the following reaction?

CoCl, + 2HF —> CoF, + 2HCI

A Sodium iodide, Nal, is a source of iodine used to produce
iodized salt. (a) Write the balanced chemical equation for
the reaction of sodium and iodine. (b) How many grams of
sodium iodide are produced by the reaction of 47.24 grams
of iodine?

A Calculate the mass of calcium required to react with 1.885 g
of carbon during the production of calcium carbide, CaC,.
Calculate the mass of propane, C;Hg, that will produce
7.25 moles of water when burned in excess oxygen.

C3H3 + (:)2 not balanced C()2 + Hzo

What mass of pentane, CsHj,, produces 9.033 x 10*
CO, molecules when burned in excess oxygen?

Limiting Reactant

30.

®, Carbon monoxide and oxygen react to give carbon
dioxide.

2CO + 0, —> 2CO,

Imagine that we mix 8 CO molecules and 6 O, molecules

and allow them to react as completely as possible.

(a) Draw a molecular representation of the mixture of
reactants.

(b) Draw a molecular representation of the product
mixture, including any remaining reactant molecules.

(¢) How many grams of CO, can be prepared from
134.67 g of CO and 77.25 g of O,?

31.

32.

33.

34.

35.

36.

37.

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

A Silver nitrate solution reacts with calcium chloride
solution according to the equation

2AgNO; + CaCl, — Ca(NO;), + 2AgCl

All of the substances involved in this reaction are soluble
in water except silver chloride, AgCl, which forms a solid
(precipitate) at the bottom of the flask. Suppose we mix
together a solution containing 9.45 g of AgNOj; and
one containing 6.30 g of CaCl,. What mass of AgCl is
formed?

A “Superphosphate,” a water-soluble fertilizer, is
sometimes marketed as “triple phosphate.” It is a mixture
of Ca(H,PO,), and CaSO, on a 1:2 mole basis. It is
formed by the reaction

Ca;(PO,), + 2H,SO, —> Ca(H,PO,), + 2CaSO,

We treat 200.0 g of Ca;(PO,), with 133.5 g of H,SO,.
How many grams of superphosphate could be formed?
Gasoline is produced from crude oil, a nonrenewable
resource. Ethanol is mixed with gasoline to produce a fuel
called gasohol. Calculate the mass of water produced when
100.0 g of ethanol, C,H;OH, is burned in 82.82 g of oxygen.
Disulfur dichloride, S,Cl,, is used to vulcanize rubber. It can
be made by treating molten sulfur with gaseous chlorine:

Sg(€) + 4Cly(g) —> 4S,CL(¢)

Starting with a mixture of 32.0 g of sulfur and 71.0 g of Cl,,

(a) Which is the limiting reactant?

(b) What is the theoretical yield of S,Cl,?

(¢c) What mass of the excess reactant remains when the
reaction is completed?

Silicon carbide, an abrasive, is made by the reaction of

silicon dioxide with graphite.

SiO, + C ™% SiC + CO  (balanced?)

We mix 300. g of SiO; and 203 g of C. If the reaction
proceeds as far as possible, which reactant is left over?
How much of this reactant remains?

What is the maximum amount of Ca;(PQO,), that can
be prepared from 12.9 g of Ca(OH), and 18.37 g of

H,PO,?

3Ca(OH), + 2H,;PO, —> Ca,(PO,), + 6H,0

Aluminum chloride, Al,Clg, is an inexpensive reagent used
in many industrial processes. It is made by treating scrap
aluminum with chlorine according to the balanced equation

2Al(s) + 3ClL(g) — ALCl4(s)
(a) Which reactant is limiting if 2.70 g Al and 4.05 g Cl,

are mixed?

(b) What mass of Al,Cls can be produced?

(¢) What mass of the excess reactant will remain when the
reaction is complete?
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38.

The following equation represents a reaction between
aqueous solutions of silver nitrate and barium chloride.

2AgNO;(aq) + BaCly(aq) — 2AgCl(s) + Ba(NO;),(aq)

39.

According to this equation, if a solution that contains
62.4 g AgNO; is mixed with a solution that contains

53.1 g BaCl,, (a) which is the limiting reactant? (b) How
many grams of which reactant will be left over? (c) How
many grams of AgCl will be formed?

The following reaction takes place at high temperatures.

Cr,05(s) + 2A1(¢) —> 2Cr(€) + ALO;(¢)

1£42.7 g Cr,0; and 9.8 g Al are mixed and allowed to
react until one of the reactants is used up, (a) which
reactant will be left over? (b) How much will be left?
(c) How many grams of chromium will be formed?

Percent Yield from Chemical Reactions

40.

41.

42.

43.

44.

45.

46.

The percent yield for the reaction
PCl; + Cl, —> PCl;

is 76.5%. What mass of PCl; is obtained from the reaction
0f 92.5 g of PCl; with excess chlorine?
The percent yield for the following reaction carried out in
carbon tetrachloride solution is 66.0%.

Br, + Cl, — 2BrCl

(a) What amount of BrCl is formed from the reaction of
0.0350 mole of Br, with 0.0350 mole of CI,?
(b) What amount of Br, is left unchanged?

When heated, potassium chlorate, KCIOj;, melts and
decomposes to potassium chloride and diatomic oxygen.
(a) What is the theoretical yield of O, from 5.79 g KCIO;?
(b) If 1.05 g of O, is obtained, what is the percent yield?

The percent yield of the following reaction is consistently
92%.

CH,(g) + 4S(g) — CS,(g) + 2H,S(g)
How many grams of sulfur would be needed to obtain
80.0 g of CS,?
Solid silver nitrate undergoes thermal decomposition to
form silver metal, nitrogen dioxide, and oxygen. Write
the chemical equation for this reaction. A 0.665-g sample
of silver metal is isolated from the decomposition of a
1.099-g sample of AgNO;. What is the percent yield of
the reaction?
Tin(IV) chloride is produced in 81.1% yield by the
reaction of tin with chlorine. How much tin is required to
produce a kilogram of tin(IV) chloride?
What is the percent yield if 108 mg SO, is isolated from
the combustion of 85.9 mg of carbon disulfide according
to the reaction:

CS, + 30, —> CO, + 250,?

47.

48.

49.

EXERCISES 109

From a 45.0-g sample of an iron ore containing Fe;O,
1.56 g of Fe is obtained by the reaction:

FC304 + 2C —> 3Fe + 2COZ

What is the percent of Fe;O, in the ore?

The reaction of finely divided aluminum and iron(III)
oxide, Fe, 03, is called the thermite reaction. It produces a
tremendous amount of heat, making the welding of railroad
track possible. The reaction of 500.0 grams of aluminum
and 500.0 grams of iron(III) oxide produces 166.5 grams of
iron. (a) Calculate the mass of iron that should be released
by this reaction. (b) What is the percent yield of iron?

Fe,0; + 2Al — 2Fe + AL, O; + heat

VA

Charles D. Winters

Thermite reaction

Lime, Ca(OH),, can be used to neutralize an acid spill.
A 5.57-g sample of Ca(OH), reacts with an excess of
hydrochloric acid; 7.41 g of calcium chloride is collected.
What is the percent yield of this experiment?

Ca(OH), + 2HCl —> CaCl, + 2I,0

Sequential Reactions

50.

51.

52.

Consider the two-step process for the formation of
tellurous acid described by the following equations:

TeO, + 20H — TeO2~ + H,0
TeO?™ + 2H' — H,TeO;

What mass of H,TeOj; is formed from 74.2 g of TeO,,
assuming 100% yield?

Consider the formation of cyanogen, C;N,, and its
subsequent decomposition in water given by the equations

2Cu?* + 6CN~ —> 2[Cu(CN),]~ + C,N,
G,N, + H,0 —> HCN + HOCN

How much hydrocyanic acid, HCN, can be produced from
85.77 g of KCN; assuming 100% yield?

What mass of potassium chlorate is required to supply

the proper amount of oxygen needed to burn 78.88 g of
methane, CH,?

2KCIO; — 2KCI + 30,
CH, + 20, — CO, + 2H,0
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53.

54.

CHAPTER 3 o

Hydrogen, obtained by the electrical decomposition of
water, is combined with chlorine to produce 444.2 g of
hydrogen chloride. Calculate the mass of water decomposed.

2H,0 — 2, + O,
H, + Cl, —> 2HCl

Ammonium nitrate, known for its use in agriculture, can
be produced from ammonia by the following sequence of
reactions:

NH;(g) + O,(g) — NO(g) + H,0(g)
NO(g) + O,(g) —> NO,(g)
NO,(g) + H,O(¢) — HNO;(aq) + NO(g)
HNO,(aq) + NH,(g) —> NH,NO;(aq)

(a) Balance each equation.

(b) How many moles of nitrogen atoms are required for
every mole of ammonium nitrate (NH,;NO;)?

(¢) How much ammonia is needed to prepare 200.0 grams
of ammonium nitrate (NH4;NO;)?

55. Calcium sulfate is the essential component of plaster

56.

and sheet rock. Waste calcium sulfate can be converted
into quicklime, CaO, by reaction with carbon at high
temperatures. The following two reactions represent a
sequence of reactions that might take place:

CaSO,(s) + 4C(s) —> CaS(£) + 4CO(g)
CaS(€) + 3CaSO4(s) —> 4CaO(s) + 4SO,(g)

What weight of sulfur dioxide (in grams) could be
obtained from 1.500 kg of calcium sulfate?

A The chief ore of zinc is the sulfide, ZnS. The ore is
concentrated by flotation and then heated in air, which
converts the ZnS to ZnO.

2ZnS + 30, —> 2Zn0 + 2S0,
The ZnO is then treated with dilute H,SO,
ZnO + H,SO, —> ZnSO, + H,0

to produce an aqueous solution containing the zinc as
ZnS0O,. An electric current is passed through the solution
to produce the metal.

27080, + 2H,0 — 2Zn + 2H,S0, + O,

What mass of Zn is obtained from an ore containing 454 kg
of ZnS? Assume the flotation process to be 89.6% efficient,
the electrolysis step to be 92.2% efficient, and the other
steps to be 100% efficient.

Concentrations of Solutions—Percent by Mass

57.

(a) How many moles of solute are contained in 500. g of a
15.00% aqueous solution of K,Cr,0O,?

(b) How many grams of solute are contained in the
solution of part (a)?

(c) How many grams of water (the solvent) are contained
in the solution of part (a)?

58.

59.

60.

61.

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

The density of an 18.0% solution of ammonium sulfate,
(NH,),SOy, is 1.10 g/mL. What mass of (NH,),SO, is
required to prepare 750.0 mL of this solution?

The density of an 18.0% solution of ammonium chloride,
NH,CI, solution is 1.05 g/mL. What mass of NH,CI
does 450. mL of this solution contain?

What volume of the solution of (NH,),SO, described in
Exercise 58 contains 125 g of (NH,),SO,?

A A reaction requires 65.6 g of NH,Cl. What volume of
the solution described in Exercise 59 do you need if you
want to use a 25.0% excess of NH,CI?

Concentrations of Solutions—Molarity

62.

63.

64.

65.

66.

67.

68.

What is the molarity of a solution prepared by dissolving
355 g of sodium phosphate, Na;PO,, in water and diluting
to 2.50 L of solution?

What is the molarity of a solution prepared by dissolving
4.49 g of sodium chloride in water and diluting to 40.0 mL
of solution?

What volume of 0.123 M NaOH, in milliliters, contains
25.0 g NaOH?

®, (a) Ethylene glycol, C,H4O, (antifreeze), is mixed
with water in the radiators of cars to protect them
against freezing. Draw a molecular representation
of a solution of ethylene glycol in water. (Molecular
models of ethylene glycol can be found in the
margin of Section 2-1.)

How many kilograms of ethylene glycol, C,HO,,
are needed to prepare a 9.00 M solution for use in a
12.0-L car radiator?

(b)

Charles D. Winters

Antifreeze being poured into water

A solution made by dissolving 16.0 g of CaCl, in 64.0 g of
water has a density of 1.180 g/mL at 20°C. (a) What is the
percent by mass of CaCl, in the solution? (b) What is the
molarity of CaCl, in the solution?

A solution contains 0.100 mol/L of each of the following
acids: HCI, H,SO,, H;PO,. (a) Is the molarity the same
for each acid? (b) Is the number of molecules per liter the
same for each acid? (c) Is the mass per liter the same for
each acid? Give your reasoning in each case.

What is the molarity of a barium chloride solution
prepared by dissolving 1.72 g of BaCl, -2H,0 in enough
water to make 750. mL of solution?
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69.

70.

71.

How many grams of potassium benzoate trihydrate,
KC,;H;0, - 3H,0, are needed to prepare 1.0 LL of a
0.150 M solution of potassium benzoate?

Stock hydrofluoric acid solution is 49.0% HEF and has

a specific gravity of 1.17. What is the molarity of the
solution?

Stock phosphoric acid solution is 85.0% H;PO, and
has a specific gravity of 1.70. What is the molarity of the
solution?

Dilution of Solutions

72.

Commercial concentrated hydrochloric acid is 12.0 M
HCI. What volume of concentrated hydrochloric acid is
required to prepare 2.00 L of 1.50 M HCI solution?

73. Commercially available concentrated sulfuric acid is 18.0

74.

75.

76.

77.

M H,SO,. Calculate the volume of concentrated sulfuric
acid required to prepare 2.00 L of 1.50 M H,SO, solution.
A You want to clean a 1.00-L bottle that has been used to
store a 0.500 M solution. Each time the bottle is emptied,
1.00 mL of solution adheres to the walls, and thus remains
in the bottle. One method (method 1) of cleaning the bottle
is to empty it, fill to 1.00 L with solvent, and then empty it
again. An alternate method (method 2) is to empty the bottle,
pour 9.00 mL of solvent into the bottle (to make 10.00 mL
total), swirl to mix uniformly, and then empty it. This process
is repeated twice, for a total of three rinses. (a) What is the
concentration of the solution that remains in the flask after
the single rinse in method 1? (b) What is the concentration
of the solution that remains in the bottle after the triple rinse
in method 2? (c) Compare these two methods of rinsing,

in terms of the amount of solvent used. (d) Discuss the
implications of this comparison for an industrial process in
which many such bottles must be rinsed.

You want to clean a 0.500-L flask that has been used to
store a 0.8 M solution. Each time the flask is emptied,

1.00 mL of solution adheres to the walls, and thus remains
in the bottle. For each rinse cycle, you pour 9.00 mL of
solvent into the flask (to make 10.00 mL total), swirl to
mix uniformly, and then empty it. What is the minimum
number of such rinses necessary to reduce the residual
concentration to 0.0001 M (or below)?

Calculate the final volume of solution obtained if 100. mL
of 12.0 M NaOH are diluted to 5.20 M.

In a laboratory preparation room one may find a reagent
bottle containing 5.00 L of 12.0 M NaOH. Write a set

of instructions for the production of 250. mL of 3.50 M
NaOH from such a solution.

Using Solutions in Chemical Reactions

78.

Calculate the volume of a 0.157 M solution of potassium
hydroxide, KOH, required to react with 0.385 g of acetic
acid, CH;COOH, according to the following reaction.

KOH + CH,COOH — KCH,COO + 1,0

79.

80.

81.

82.

83.

EXERCISES 111

Calculate the number of grams of carbon dioxide, CO,,
that can react with 54.55 mL of a 0.957 M solution of
potassium hydroxide, KOH, according to the following
reaction.

2KOH + CO, —> K,CO, + H,0

What volume of 0.558 M HNO; solution is required to
react completely with 45.55 mL of 0.0515 M Ba(OH),?

Ba(OH), + 2HNO; —> Ba(NO;), + 2H,0

What volume of 0.558 M HBr is required to react
completely with 0.960 mole of Ca(OH),?

2HBr + Ca(OH), — CaBr, + 2H,0

An excess of AgNO; reacts with 110.5 mL of an
AICI; solution to give 0.215 g of AgCl. What is the
concentration, in moles per liter, of the AICI; solution?

AICL, + 3AgNO, — 3AgCl + AI(NO;),

An impure sample of solid Na,CO; is allowed to react
with 0.1755 M HCL

Na,CO; + 2HCl —> 2NaCl + CO, + H,0

A 0.2337-g sample of sodium carbonate requires 15.55 mL
of HCl solution. What is the purity of the sodium carbonate?

Mixed Exercises

84.

85.

86.

87.

A An iron ore that contains Fe;O, reacts according to the
reaction

Fe;04 + 2C — 3Fe + 2CO,

We obtain 2.11 g of Fe from the reaction of 75.0 g of the
ore. What is the percent Fe;O, in the ore?

A If 86.3% of the iron can be recovered from an ore

that is 43.2% magnetic iron oxide, Fe;O,4, what mass of
iron could be recovered from 2.50 kg of this ore? The
reduction of magnetic iron oxide is a complex process that
can be represented in simplified form as

Fe,0, + 4CO —> 3Fe + 4CO,

Gaseous chlorine will displace bromide ion from an
aqueous solution of potassium bromide to form aqueous
potassium chloride and aqueous bromine. Write the
chemical equation for this reaction. What mass of bromine
is produced if 0.631 g of chlorine undergoes reaction?
Calculate the volume of 2.25 M phosphoric acid solution
necessary to react with 45.0 mL of 0.150 M Mg(OH),.

2H,PO, + 3Mg(OH), — Mg;(PO,), + 6H,0

Conceptual Exercises

88.

®, Using your own words, give a definition of a chemical
reaction. Using drawings of ball-and-stick models,
illustrate an example of a chemical reaction.
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89.

o)
P

CHAPTER 3 o

When magnesium metal is burned in air, most of it reacts
with oxygen, producing magnesium oxide, MgO. However,
at the high temperature of this reaction, some of the
magnesium reacts with nitrogen in the air to produce
magnesium nitride, Mg;N,. This magnesium nitride

can be eliminated by adding water, which reacts with the
magnesium nitride to produce magnesium hydroxide,
Mg(OH),, and ammonia, NH;. The balanced equation
for that reaction can be represented by the following:

Ly
-2/
L ol

»

C
(

C
(

93.

94.

95.

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

one mole of nitrogen? How many grams of beryllium are
required to react completely with one gram of nitrogen?
If the amount of beryllium is less than the amount of
nitrogen, will the beryllium be the limiting reagent? In
comparing those amounts, would you express them in
moles or grams? Does it matter?

Write directions for the preparation of 1.000 L of 0.0500
M NaCl solution from a 0.558 M solution of NaCl.
Without making any calculations, arrange the following
three solutions in order of increasing molarity. (a) 1.0%
(by mass) NaCl; (b) 1.0% (by mass) SnCl,; (c) 1.0%

(by mass) AICl;. (Assume that these solutions have nearly
equal densities.)

"To what volume must a student dilute 50. mL of a
solution containing 25 mg of AICl;/mL so that the A"
concentration in the new solution is 0.022 M?

.

[ & 9.

Bismuth dissolves in nitric acid according to the reaction

s3]
©

«
»

:}-’h:/ = below. What volume of 30.0% HNO; by mass (density
- . [._‘-»/} = 1.182 g/mL) would be required to dissolve 20.0 g
* . of Bi?
. -~
Q g _ 9 o @9 Bi + 4HNO; + 3H,0 — Bi(NOy); - 5H,0 + NO

\—H—IEX—I\—I
>> -
|

C
3
K]

o

. How would you prepare 1.00 L of 1.25 X 107¢ M NaCl

-

C
C

91.

92.

(
oo

For each element, verify that the same number of atoms
appears on both sides of the equation. Write the balanced
equation using molecular formulas.

»

¢
¢

. A pink solution of cobalt(I) chloride is mixed with a

colorless solution of potassium phosphate producing a
suspended purple solid. Write the complete, balanced
equation for this reaction. (Note: Most potassium salts are
soluble and do not form suspensions.)

In 1774 Lavoisier repeated Priestley’s experiment in which
he discovered oxygen by heating red mercury(II) oxide.
The unbalanced equation is:

HgO(s) —2> He(€) + O,(g)

Balance this equation. Using the balanced equation,
describe the amounts of each reactant and product in
terms of atoms, molecules, and formula units (for any
ionic compound). Then describe the amounts of each
reactant and product in terms of moles. Finally, describe
the amounts of each reactant and product in terms of mass,
in grams. How did you determine the numbers of moles?
Are the masses in the same proportions as the numbers of
moles? Compare the mass of the mercury(Il) oxide with
the total mass of mercury and oxygen.

& Beryllium nitride (Be;N,) is a gray solid that melts

at 2200°C in the absence of air. (It reacts in air at 600°C.)
It can be prepared by heating a mixture of beryllium
powder and nitrogen gas at high temperatures. Write the
complete, balanced equation for this reaction. How many
moles of beryllium are required to react completely with

98.

(molecular weight 58.44 g/mol) solution by using a
balance that can measure mass only to the nearest 0.01 g?
@, The drawings shown below represent beakers of
aqueous solutions. Each sphere represents a dissolved
solute particle.
(a) Which solution is most concentrated?
(b) Which solution is least concentrated?
(c) Which two solutions have the same concentration?
(d) When solutions E and F are combined, the
resulting solution has the same concentration
as solution

500 mL
Solution A

500 mL
Solution B

500 mL
Solution C

500 mL
Solution D

250 mL 250 mL

Solution F
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99. You prepared a NaCl solution by adding 58.44 g of NaCl

to a 1-L volumetric flask and then adding water to dissolve

it. When finished, the final volume in your flask looked

like the illustration. The solution you prepared is

(a) greater than 1 M because you added more solvent than
necessary.

(b) less than 1 M because you added less solvent than
necessary.

(c) greater than 1 M because you added less solvent than
necessary.

(d) less than 1 M because you added more solvent than
necessary.

(e) 1 M because the amount of solute, not solvent,
determines the concentration.

=

~——""Fill mark

1.00-L flask

100. Zinc is more active chemically than is silver; it can be used

101.

to remove ionic silver from solution.
Zn(s) + 2AgNO;(aq) —> Zn(NOs),(aq) + 2Ag(s)

The concentration of a silver nitrate solution is
determined to be 1.330 mol/L. Pieces of zinc totaling
100.0 g are added to 1.000 L of the solution; 90.0 g of
silver is collected. (a) Calculate the percent yield of silver.
(b) Suggest a reason why the yield is less than 100.0%.

@, Ammonia is formed in a direct reaction of nitrogen and
hydrogen.

N,(g) + 3H,(g) — 2NH;(g)

A tiny portion of the starting mixture is represented by
the first diagram, where the blue spheres represent N and
the white spheres represent H. Which of the numbered
diagrams best represents the product mixture?

EXERCISES 113
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For the reaction of the given sample, which of the

following is true?

(a) N, is the limiting reactant.

(b) H, is the limiting reactant.

(¢) NHj; is the limiting reactant.

(d) No reactant is limiting; they are present in the correct
stoichiometric ratio.

. Given the amount of reactant used and the amount of

product actually produced, how would you determine the
theoretical amount of product and the percent yield? If

the percent yield were calculated by using the number of
moles of the product, would the result be the same as the
percent yield calculated by using the mass of the product?

. Carbon disulfide, CS,, reacts with chlorine, Cl,, in the

presence of a catalyst at 105°C to 130°C, to form carbon
tetrachloride, CCl,.

Reaction 1: CSZ + 3C12 — CC14 + 82C12
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The carbon tetrachloride can react with antimony
trifluoride, SbF;, to produce freon-12, CCLF,, a gas that
was used in air conditioners.

Reaction 2: 3CCl4(€) + 2SbF;(s) — 3CCLF,(g)
+ 2SbCls (s)

If CCl, is produced from CS, (Reaction 1) with 62.5%
yield and CCLF, is produced from CCl, (Reaction 2)
with 71.5% vyield, what mass of CS, must be chlorinated
to obtain 125.0 grams of CCLF, from the CCl,
produced?

Building Your Knowledge

104.

Acetic acid, CH;COOH, reacts with ethanol,
CH;CH,OH, to form ethyl acetate, CH;COOCH,CHj,
(density 0.902 g/mL) by the following reaction:

CH,COOH + CH,CH,0H —> CH;COOCH,CH; + H,0

105.

106.

107.

108.

109.

110.

We combine 20.2 mL of acetic acid with 20.1 mL of

ethanol.

(a) Which compound is the limiting reactant?

(b) If 27.5 mL of pure ethyl acetate is produced, what is
the percent yield? [Hint: See Tables 1-2 and 1-9.]

The following compounds are water-soluble. What ions

are produced by each compound in aqueous solution?

(a) KOH (c) LINO;

(b) K5O, (d) (NH,),SO4

What is the molarity of a solution prepared by mixing

35.0 mL of 0.375 M NaCl solution with 47.5 mL of a

0.632 M NaCl solution?

A Concentrated hydrochloric acid solution is 37.0% HCI

and has a density of 1.19 g/mL. A dilute solution of HCI

is prepared by diluting 4.50 mL of this concentrated

HCI solution to 100.00 mL with water. Then 10.0 mL of

this dilute HCI solution reacts with an AgNO; solution

according to the following reaction:

HCl(aq) + AgNO;(aq) — HNO;(aq) + AgCl(s)

How many milliliters of 0.1105 M AgNO; solution is

required to precipitate all of the chloride as AgCl(s)?

In a particular experiment, 225 g of phosphorus, P,, reacted

with excess oxygen to form tetraphosphorus decoxide, P,O,

in 89.5% yield. In a second step reaction with water, a 97.8%

yield of H;PO, was obtained.

(a) Write the balanced equations for these two reaction
steps.

(b) What mass of H;PO, was obtained?

A A mixture of potassium chloride and potassium bromide

weighing 3.595 g is heated with chlorine, which converts

the KBr completely to potassium chloride. The total mass

of potassium chloride after the reaction is 3.129 g. What

percentage of the original mixture was potassium bromide?

What mass of AgCl could be formed by mixing 10.0 mL

of a 1.20% NaCl by mass solution (D = 1.02 g/mL) with

50.0mL of 1.21 X 1072 M AgNOj;? The chemical

equation for the reaction of these two solutions is:

NaCl(aq) + AgNO;(aq) —> AgCl(s) + NaNO;(aq)

111.

112.

113.

CHEMICAL EQUATIONS AND REACTION STOICHIOMETRY

Magnesium displaces copper from a dilute solution of
copper(II) sulfate; the pure copper will settle out of the
solution.

Mg(s) + CuSO,(aq) —> MgSO,4(aq) + Cu(s)

A copper(Il) sulfate solution is mixed by dissolving 25.000 g
of copper(I) sulfate, and then it is treated with an excess of
magnesium metal. The mass of copper collected is 8.786 g
after drying. Calculate the percent yield of copper.

Suppose you are designing an experiment for the
preparation of hydrogen. For the production of equal
amounts of hydrogen, which metal, Zn or Al, is less
expensive if Zn costs about half as much as Al on a mass
basis?

Zn + 2HCI — ZnCl, + H,
2Al + 6HHCl — 2AICL + 3H,

Gaseous chlorine and gaseous fluorine undergo a

combination reaction to form the interhalogen compound

CIE.

(a) Write the chemical equation for this reaction.

(b) Calculate the mass of fluorine needed to react with
3.47 g of Cl,.

(¢) How many grams of CIF are formed?

Beyond the Textbook

NOTE: Whenever the answer to an exercise depends on information
obtained from a source other than this textbook, the source must be
included as an essential part of the answer:

114.

115.

116.

117.

118.

Use an internet search engine (such as http://www
.google.com) to locate “drinking water standards” or
locate the standards at www.epa.gov/safewater. List

four inorganic contaminants in drinking water and their
maximum contaminant levels (MCLs) allowed.

Using the website found in Exercise 114 or another
website, list the potential health effects from ingestion of
drinking water with excess (a) copper; (b) cadmium.

Using the website found in Exercise 114 or another
website, list the potential health effects from ingestion of
drinking water with excess (a) antimony; (b) beryllium.
Consider the websites used in Exercise 114. What is the
molarity of the copper atoms or ions in a drinking water
sample that has a concentration of copper just equal to the
indicated MCLs (maximum contamination levels) allowed
for copper in drinking water?

There has been considerable controversy over the addition
of fluoride (typically in the form of NaF) to drinking
water. Fluoridation strengthens tooth enamel, making it
more resistant to decay. Search the web to find typical
concentrations of fluoride in water that are used for
fluoridation. Convert the ppm (or ppb) concentration you
find to molarity.

®, Molecular Reasoning exercises
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The Lagoon nebula taken by NASA’s Spitzer Space Telescope. Atomic excited state emissions produce the following
colors in visible spectrum photos: red (hydrogen, oxygen), green (oxygen), blue (doubly ionized oxygen, nitrogen),
violet (nitrogen). This photo, however, was taken in the infrared region so the colors are “false” (computer
assigned) and correspond to different infrared frequencies. Here most of the infrared radiation is coming from
carbon atoms that are heated by the stars in the central area.
NASA/JPL-Caltech

The Structure of Atoms

OUTLINE

Subatomic Particles

4-1
4-2
43
4-4

4-9

4-10

411
4-12
413
414
4-15

416
417
418
419

4-20

Fundamental Particles

The Discovery of Electrons
Canal Rays and Protons
Rutherford and the Nuclear Atom
Atomic Number

Neutrons

Mass Number and Isotopes
Mass Spectrometry and Isotopic
Abundance

The Atomic Weight Scale and
Atomic Weights

The Periodic Table: Metals,
Nonmetals, and Metalloids

The Electronic Structures of Atoms

Electromagnetic Radiation

The Photoelectric Effect

Atomic Spectra and the Bohr Atom
The Wave Nature of the Electron

The Quantum Mechanical Picture of
the Atom

Quantum Numbers
Atomic Orbitals
Electron Configurations

The Periodic Table and Electron

Configurations

Paramagnetism and Diamagnetism

Unless otherwise noted, all content on this page is © Cengage Learning

Copyright 2013 Cengage Learning. All Rights Reserved. May not be copied, scanned, or duplicated, in whole or in part. Due to electronic rights, some third party content may be suppressed from the eBook and/or eChapter(s).
Editorial review has deemed that any suppressed content does not materially affect the overall learning experience. Cengage Learning reserves the right to remove additional content at any time if subsequent rights restrictions require it.



116 CHAPTER 4 o THE STRUCTURE OF ATOMS
After you have studied this chapter, you should be able to > Relate atomic emission and absorption
> Describe the evidence for the existence and properties of spectra to important advances in atomic theory
electrons, protons, and neutrons » Describe the main features of the quantum mechanical
> Predict the arrangements of the particles in atoms picture of the atom
> Describe isotopes and their composition » Describe the four quantum numbers, and give possible
. . . ) combinations of their values for specific atomic
» Calculate atomic weights from isotopic abundance orbitals
» Describe the periodic table and some of the relationships . )
. p. P » Describe the shapes of orbitals and recall the usual order
that it summarizes . . ]
of their relative energies
» Describe the wave properties of light and how

wavelength, frequency, and speed are related

» Use the particle description of light, and explain how it is
related to the wave description

» Accounts of some important
developments in atomic theory
appear on the World Wide Web; for
example, an interesting online history
of the discovery of the electron is at
www.aip.org/history/electron

» Many other subatomic particles,
such as quarks, positrons, neutrinos,
pions, and muons, have also been
discovered. It is not necessary to study
their characteristics to understand the
fundamentals of atomic structure that
are important for chemical properties.

> Write the electron configurations of atoms

» Relate the electron configuration of an atom to its position
in the periodic table

The Dalton theory of the atom and related ideas were the basis for our study of composition
stoichiometry (see Chapter 2) and reaction stoichiometry (see Chapter 3). That level of atomic
theory, however, leaves many questions unanswered. Wy do atoms combine to form com-
pounds? Why do they combine only in simple numerical ratios? Why are particular nu-
merical ratios of atoms observed in compounds? Why do different elements have different
properties? Why are they gases, liquids, solids, metals, nonmetals, and so on? Why do some
groups of elements have similar properties and form compounds with similar formulas?
The answers to these and many other important questions in chemistry are supplied by
our modern understanding of the nature of atoms. But how can we study something as small
as an atom?

Much of the development of modern atomic theory was based on two broad types of
research carried out by dozens of scientists just before and after 1900. The first type dealt
with the electrical nature of matter. These studies led scientists to recognize that atoms are
composed of more fundamental particles and helped them to describe the approximate ar-
rangements of these particles in atoms. The second broad area of research dealt with the
interaction of matter with energy in the form of light. Such research included studies of
the colors of the light that substances give off or absorb. These studies led to a much more
detailed understanding of the arrangements of particles in atoms. It then became clear that
the arrangement of the particles determines the chemical and physical properties of each
element. As we learn more about the structures of atoms, we are able to organize chemical
facts in ways that help us to understand the behavior of matter.

We will first study the particles that make up atoms, and the basic structure of atoms,
along with some history and the organization of the periodic table of elements. Then we
will take a look at the quantum mechanical theory of atoms and see how this theory
describes the arrangement of the electrons in atoms. Current atomic theory is by no means
complete. Even so, it is a powerful tool that helps us describe the bonding forces that hold
atoms together to form the vast array of matter that makes up the universe.

Subatomic Particles

4-1 Fundamental Particles

In our study of atomic structure, we look first at the fundamental particles. Atoms, and
hence 4/l matter, consist principally of three fundamental particles: electrons, protons, and
neutrons, which are the basic building blocks for atomic structure. Knowledge of the na-
ture and functions of these particles is essential for understanding chemical interactions.
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4-2 THE DISCOVERY OF ELECTRONS

Table 4-1 Fundamental Particles of Matter

Charge
Particle Mass (relative scale)

electron (¢”) 0.00054858 amu 1-
proton (p or p*) 1.0073 amu 1+
neutron (% or 1°) 1.0087 amu none

The relative masses and charges of the three fundamental particles are shown in Table 4-1.
The mass of an electron is very small compared with the mass of either a proton or a neu-
tron. The charge on a proton is equal in magnitude, but opposite in sign, to the charge on
an electron. Let’s examine these particles in more detail.

4-2 The Discovery of Electrons

Some of the earliest evidence about atomic structure was supplied in the early 1800s by
the English chemist Humphry Davy (1778-1829). He found that when he passed electric
current through some substances, the substances decomposed. He therefore suggested
that the elements of a chemical compound are held together by electrical forces. In 1832—
1833, Michael Faraday (1791-1867), who was Davy’s student, determined the quantitative
relationship between the amount of electricity used in electrolysis and the amount of
chemical reaction that occurs. Studies of Faraday’s work by George Stoney (1826-1911)
led him to suggest in 1874 that units of electric charge are associated with atoms. In 1891,
he suggested that these electrical charges be named electrons.

The most convincing evidence for the existence of electrons came from experiments
using cathode-ray tubes (Figure 4-1). Two electrodes are sealed in a glass tube containing
gas at a very low pressure. When a high voltage is applied, current flows and rays are given
off by the cathode (negative electrode). These rays travel in straight lines toward the anode
(positive electrode) and cause the walls opposite the cathode to glow. An object placed in
the path of the cathode rays casts a shadow on a zinc sulfide fluorescent screen placed near
the anode. The shadow shows that the rays travel from the negatively charged cathode to-
ward the positively charged anode. This tells us that the rays must be negatively charged.
Furthermore, they are deflected by electric and magnetic fields in the directions expected
for negatively charged particles.

In 1897 J. J. Thomson (1856-1940) studied these negatively charged particles more
carefully. He called them electrons, as Stoney had suggested. By studying the degree of
deflections of cathode rays in different strengths of electric and magnetic fields, Thomson
determined the ratio of the charge (¢) of the electron to its mass (#z). The modern value for
this ratio (to six significant figures) is

e/m = 1.75882 X 10® coulomb (C)/g

This ratio is the same regardless of the type of gas in the tube, the composition of the
electrodes, or the nature of the electric power source. Thomson’s work suggested that
electrons are fundamental particles that are present in all atoms. We now know that this is
true and that all atoms contain integral (whole) numbers of electrons.

After the charge-to-mass ratio for the electron had been determined, additional experi-
ments were necessary to determine the value of either its mass or its charge so that the
other could be calculated. In 1909, Robert Millikan (1868-1953) solved this dilemma with
the famous “oil-drop experiment,” in which he determined the charge of the electron.
This experiment is described in Figure 4-2. All of the charges measured by Millikan turned
out to be integral multiples of the same number. He assumed that this smallest charge was
the charge on one electron. This value is 1.60218 X 10™" coulomb (modern value to six
significant figures).
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P The process is called chemical
electrolysis. Lysis means “splitting
apart”

> Study Figures 4-1 and 4-2 as you
read this section.

» The coulomb (C) is the standard
unit of quantity of electric charge. It is
defined as the quantity of electricity
transported in one second by a
current of one ampere. It corresponds
to the amount of electricity that will
deposit 0.00111798 g of silver in an
apparatus set up for plating silver.

» The charge on one mole
(Avogadro’s number) of electrons is
96,485 coulombs.
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Electron Beam Anode

(cathode rays)
Collimator

Cathode

Fluorescent
Screen

0 A cathode-ray (discharge) tube, showing
the production of a beam of electrons
(cathode rays). The beam is detected by
observing the glow of a fluorescent screen.

Charged metal
plates ©

G Cathode rays have negative electric
charge, as demonstrated by their deflection
in an electric field. (The electrically charged
plates produce an electric field.)

Cathode

Shadow

0 A small object placed in a beam of
cathode rays casts a shadow. This shows
that cathode rays travel in straight lines.

) Interaction of cathode rays with a
magnetic field is also consistent with
negative charge. The magnetic field goes
from one pole to the other.

Figure 4-1 Some experiments with

cathode-ray tubes that show the nature of

cathode rays.

» The value of e/m obtained by
Thomson and the values of eand m
obtained by Millikan differ slightly
from the modern values given in this
text because early measurements
were not as accurate as modern ones.

G Cathode rays have mass, as shown by
their ability to turn a small paddle wheel in
their path.

The charge-to-mass ratio, e/ = 1.75882 X 108C/g, can be used in inverse form to
calculate the mass of the electron:

lg
m——_8
1.75882 X 108 C

=0.10940 X 107 ® g

X 1.60218 X 107" C

"This is only about 1/1836 the mass of a hydrogen atom, the lightest of all atoms. Millikan’s
simple oil-drop experiment stands as one of the cleverest, yet most fundamental, of all
classic scientific experiments. It was the first experiment to suggest that atoms contain in-
tegral numbers of electrons; we now know this to be true.
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4-3 CANAL RAYS AND PROTONS 119

Mist of oil

Oil droplet droplets

injector\

(+) Electrically
charged plate with hole

Tiny oil droplets fall through G sy

il el s i 5 el h Figure 4-2 The Millikan oil-drop experiment. Tiny
through the air. \. 0il droplet spherical oil droplets are produced by an atomizer. The
] being observed mass of the spherical drop can be calculated from its
Adjustable volume (obtained from a measurement of the radius of
electric field the drop with a microscope) and the known density of
the oil. A few droplets fall through the hole in the upper
/ | plate. Irradiation with X-rays gives some of these oil
droplets a negative charge. When the voltage between
X-ray Microscope the plates is increased, a negatively charged drop falls
source more slowly because it is attracted by the positively
charged upper plate and repelled by the negatively
charged lower plate. At one particular voltage, the
. electrical force (up) and the gravitational force (down)
X-raysl ciuse ati’ w}olec_lu:jes t? five (gg a]f;z;tg;:;lely |"d".93ttiga}°’t°!339[]"95 meEtl at”d on the drop are exactly balanced, and the drop remains

drop, we can calculate the charge on the drop.

4-3 Canal Rays and Protons

In 1886 Eugen Goldstein (1850-1930) first observed that a cathode-ray tube also gener-
ates a stream of positively charged particles that moves toward the cathode. These were
called canal rays because they were observed occasionally to pass through a channel,
or “canal,” drilled in the negative electrode (Figure 4-3). These positive rays, or positive ions,
are created when the gaseous atoms in the tube lose electrons. Positive ions are formed by
the process

Atom — cation"+ ¢~ or X — X'+ (energy absorbed)

Different elements give positive ions with different e/7 ratios. The regularity of the e/7  » The proton was observed by Emnest
values for different ions led to the idea that there is a subatomic particle with one unit of ~ Rutherford and James Chadwickin
positive charge, called the proton. The proton is a fundamental particle with a charge equal ~ 1919 as a particle that is emitted by
in magnitude but opposite in sign to the charge on the electron. Its mass is almost 1836 bombardment of certain atoms with
times that of the electron. a-particles.

Cathode, with
holes (pierced disk) ®o
Anode

Electron @ Positive ions that pass

through holes in cathode

Figure 4-3 A cathode-ray tube with a different design and with a perforated cathode. Such a tube
was used to produce canal rays and to demonstrate that they travel toward the cathode. Like cathode
rays, these positive rays are deflected by electric or magnetic fields, but in the opposite direction from
cathode rays (electron beam). Canal ray particles have e/m ratios many times smaller than those of
electrons because of their much greater masses. When different elements are in the tube, positive ions
with different e/m ratios are observed.
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> a-Particles are now known to be
He?* ions, that is, helium atoms
without their two electrons (see
Chapter 22).

> Radioactivity is contrary to the
Daltonian idea of the indivisibility
of atoms.

Ernest Rutherford was one of the giants in
the development of our understanding of
atomic structure. While working with J. J.
Thomson at Cambridge University, he
discovered «- and B-radiation. He spent the
years 1899-1907 at McGill University in
Canada where he proved the nature of these
two radiations, for which he received the
Nobel Prize in chemistry in 1908. He
returned to England in 1908, and it was
there, at Manchester University, that he and
his coworkers Hans Geiger and Ernst
Marsden performed the famous gold foil
experiments that led to the nuclear model of
the atom. Not only did he perform much
important research in physics and chemistry,
but he also guided the work of ten future
recipients of the Nobel Prize.

CHAPTER 4 o

4-4 Rutherford and the Nuclear Atom

By the early 1900s, it was clear that each atom contains regions of both positive and nega-
tive charge. The question was, how are these charges arranged? The dominant view of that
time was summarized in J. J. Thomson’s model of the atom; the positive charge was
thought to be distributed evenly throughout the atom. The negative charges were pictured
as being imbedded in the atom like plums in a pudding (the “plum pudding model”).

Soon after Thomson developed his model, great insight into atomic structure was pro-
vided by one of his former students, Ernest Rutherford (1871-1937), the outstanding ex-
perimental physicist of his time.

By 1909, Rutherford had established that alpha- (a-) particles are positively charged
particles. They are emitted at high kinetic energies by some radioactive atoms, that is, at-
oms that disintegrate spontaneously. In 1910 Rutherford’s research group carried out a
series of experiments that had an enormous impact on the scientific world. They bom-
barded a very thin piece of gold foil with a-particles from a radioactive source. A fluores-
cent zinc sulfide screen was placed around the foil to indicate the scattering of the
a-particles by the gold foil (Figure 4-4). Scintillations (flashes) on the screen, caused by
the individual «-particles, were counted to determine the relative numbers of a-particles
deflected at various angles. At the time, a-particles were believed to be extremely dense,
much denser than the gold atom.

If the Thomson model of the atom were correct, any a-particles passing through
the foil would have been deflected by very small angles. Quite unexpectedly, nearly all
of the a-particles passed through the foil with little or no deflection. A few, however,
were deflected through large angles, and a very small number of a-particles even re-
turned from the gold foil in the direction from which they had come! Rutherford was
astounded. In his own words,

THE STRUCTURE OF ATOMS

It was quite the most incredible event that bas ever bappened to me in my life. It was almost
as if you fired a 15-inch shell into a piece of tissue paper and it came back and hit you.

Rutherford’s mathematical analysis of his results showed that the scattering of posi-
tively charged a-particles was caused by repulsion from very dense regions of positive
charge in the gold foil. He concluded that the mass of one of these regions is nearly
equal to that of a gold atom, but that the diameter is no more than 1/10,000 that of an

Undeflected
a-particles

Gold foil

Deflected
particles

ZnS fluorescent
screen

Source of
narrow beam
of fast-moving
a-particles

L}

Figure 4-4 The Rutherford scattering experiment. A narrow beam of a-particles from a radioactive
source was directed at a very thin sheet of gold foil. Most of the particles passed through the gold foil
with no deflection (shown in black). Many were deflected through moderate angles (shown in red).
These deflections were surprising, but the 0.001% of the total that were reflected at acute angles
(shown in blue) were totally unexpected.
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4-5 ATOMIC NUMBER

Atoms in
Beam of Nucleus of gold foil

a-particles gold atoms —_—— Electrons occupy space

‘ ' outside nucleus.

Y

Y

Some particles are A few a-particles collide head-on Most a-particles pass
deflected considerably. with nuclei and are deflected back straight through or are
toward the source. deflected very little.

Figure 4-5 An interpretation of the Rutherford scattering experiment. The atom is pictured as
consisting mostly of “open” space. The electrons are thinly distributed throughout the “open” space.
Most of the positively charged a-particles (black arrows) pass through the open space undeflected,
not coming near any gold nuclei. The few that pass fairly close to a nucleus (red arrows) are repelled by
electrostatic forces and thereby deflected. The very few particles that are on a path to collide with
gold nuclei are repelled backward at acute angles (blue arrows).

atom. Many experiments with foils of different metals yielded similar results. Realiz-
ing that these observations were inconsistent with previous theories about atomic
structure, Rutherford discarded the old theory and proposed a better one. He sug-
gested that each atom contains a tiny, but massive, positively charged center that he called
the atomic nucleus. Most a-particles pass through metal foils undeflected because
atoms are primarily empty space populated only by the very light electrons. The few
particles that are deflected are the ones that come close to the heavy, highly charged
metal nuclei (Figure 4-5).

Rutherford was able to determine the magnitudes of the positive charges on the atomic
nuclei. The picture of atomic structure that he developed is called the Rutherford model
of the atom.

Atoms consist of very small, very dense positively charged nuclei surrounded by clouds
of electrons at relatively large distances from the nuclei.

4-5 Atomic Number

Only a few years after Rutherford’s scattering experiments, H. G. ]J. Moseley (1887-1915)
studied X-rays given off by various elements. Max von Laue (1879-1960) had shown that
X-rays could be diffracted by crystals into a spectrum in much the same way that visible light
can be separated into its component colors. X-rays can be generated by aiming a beam of
high-energy electrons at a solid target made of a single pure element (Figure 4-6a).

The spectra of X-rays produced by targets of different elements were recorded photo-
graphically. Each photograph consisted of a series of lines representing X-rays at various
wavelengths; each element produced its own distinct set of wavelengths. Comparison of re-
sults from different elements revealed that corresponding lines were displaced toward
shorter wavelengths as atomic weights of the target materials increased, with a few excep-
tions. But in 1913 Moseley showed that the X-ray wavelengths could be better correlated
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P This representation is not to scale.
If nuclei were as large as the dots
that represent them, each region
that represents the size of an atom
would have a diameter of more than
100 feet!

» In a modern technique known as
“X-ray fluorescence spectroscopy,” the
wavelengths of X-rays given off by a
sample target indicate which
elements are present in the sample.
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H. G. J. Moseley was one of the many
remarkable scientists who worked with
Ernest Rutherford. Moseley’s scientific
career was very short. He enlisted in the
British army during World War | and died in
battle in the Gallipoli campaign in 1915.

» This does not mean that elements
above number 19 do not have
neutrons, only that neutrons are not
generally knocked out of atoms of
higher atomic number by a-particle
bombardment until one reaches the
radioactive actinide elements and
beyond.

CHAPTER 4 o THE STRUCTURE OF ATOMS

Metal
anode
(target)
- d
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X-rays ! 2
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1
1
@ | | |
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A
0 A simplified representation 0 A plot of some of Moseley's X-ray data. The
of the production of X-rays by atomic number of an element is found to be directly
bombardment of a solid target proportional to the square root of the reciprocal of
with a high-energy beam the wavelength of a particular X-ray spectral line.
of electrons. Wavelength (see Section 4-10) is represented by \.

Figure 4-6 Production of X-rays and effect of atomic number on wavelength.

with the atomic number. A plot illustrating this interpretation of Moseley’s data appears in
Figure 4-6b. On the basis of his mathematical analysis of these X-ray data, he concluded that

each element differs from the preceding element by having one more positive charge in
its nucleus.

For the first time it was possible to arrange all known elements in order of increasing nu-
clear charge. This discovery led to the realization that atomic number, related to the elec-
trical properties of the atom, was more fundamental to determining the properties of the
elements than atomic weight was. This discovery put the ideas of the periodic table on a
more fundamental footing.

We now know that every nucleus contains an integral number of protons exactly
equal to the number of electrons in a neutral atom of the element. Every hydrogen
nucleus contains one proton, every helium nucleus contains two protons, every lith-
ium nucleus contains three protons, and so on.

The number of protons in the nucleus of an atom determines its identity; this number is
known as the atomic number of that element.

4-6 Neutrons

The third fundamental particle, the neutron, eluded discovery until 1932. James
Chadwick (1891-1974) correctly interpreted experiments on the bombardment of be-
ryllium with high-energy a-particles. Later experiments showed that nearly all ele-
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4-7 MASS NUMBER AND ISOTOPES

ments up to potassium, element 19, produce neutrons when they are bombarded with
high-energy a-particles. The neutron is an uncharged particle with a mass slightly
greater than that of the proton.

Atoms consist of very small, very dense nuclei surrounded by clouds of electrons at
relatively great distances from the nuclei. All nuclei contain protons; nuclei of all atoms
except the common form of hydrogen also contain neutrons.

Nuclear diameters are about 10~ nanometers (nm); atomic diameters are about 10™! nm.
To put this difference in perspective, suppose that you wish to build a model of an atom
using a basketball (diameter about 9.5 inches) as the nucleus; on this scale, the atomic
model would be nearly 6 miles across!

4-1 Mass Number and Isotopes

Most elements consist of atoms of different masses, called isotopes. The isotopes of a
given element contain the same number of protons (and also the same number of electrons)
because they are atoms of the same element. They differ in mass because they contain dif-
ferent numbers of neutrons in their nuclei.

Isotopes are atoms of the same element with different masses; they are atoms containing
the same number of protons but different numbers of neutrons.

For example, there are three distinct kinds of hydrogen atoms, commonly called
hydrogen, deuterium, and tritium. (This is the only element for which we give each iso-
tope a different name.) Each contains one proton in the atomic nucleus. The predominant
form of hydrogen contains no neutrons, but each deuterium atom contains one neutron
and each tritium atom contains two neutrons in its nucleus (Table 4-2). All three forms of
hydrogen display very similar chemical properties.

The mass number of an atom is the sum of the number of protons and the number of
neutrons in its nucleus; that is

Mass number = number of protons + number of neutrons
= atomic number + neutron number

The mass number for normal hydrogen atoms is 1; for deuterium, 2; and for tritium, 3.
The composition of a nucleus is indicated by its nuclide symbol. This consists of the sym-
bol for the element (E), with the atomic number (Z) written as a subscript at the lower left
and the mass number (A) as a superscript at the upper left, 9E (Figure 4-7). By this sys-
tem, the three isotopes of hydrogen are designated as {H, {H, and {H.

Tahle 4-2 The Three Isotopes of Hydrogen

Atomic
Nuclide Mass Abundance | No. of No. of No. of Electrons
Name Symbol (amu) in Nature | Protons | Neutrons | (in neutral atoms)
1

123

» A mass number is a count of the
number of protons plus neutrons
present, so it must be a whole
number. Because the masses of the
proton and the neutron are both
about 1 amu, the mass number is
approximately equal to the actual
mass of the isotope (which is not a
whole number).

hydrogen H iH 1007825 99.985% 0 1
deuterium D tH 201400 0.015% 1 1 1
tritium* T iH 301605 0.000% 1 2 1

*No known natural sources; produced by decomposition of artificial isotopes.
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124 CHAPTER 4 o THE STRUCTURE OF ATOMS

Mass number EXAMPLE 4-1 Determination of Atomic Makeup
(protons + neutrons)

/ Determine the number of protons, neutrons, and electrons in each of the following species.
1 3 Are the members within each pair isotopes?
6 (a) Cland 3ICI (b) $%Cu and $Cu

Plan

Atomic number We know that the number at the bottom left of the nuclide symbol is the atomic number or
(protons) number of protons. This lets us verify the identity of the element in addition to knowing the
number of protons per nuclide. From the mass number at the top left, we know the number
of protons plus neutrons. The number of protons (atomic number) minus the number of elec-
trons must equal the charge, if any, shown at the top right. From these data one can
determine if two nuclides have the same number of protons and are therefore the same
element. If they are the same element, they will be isotopes only if their mass numbers differ.

Figure 4-7 Interpretation of a
nuclide symbol. Chemists often omit
the subscripted atomic number
because the element symbol implies
the atomic number.

Solution

(a) For $Cl:  Atomic number = 17. There are therefore 17 protons per nucleus.
Mass number = 35. There are therefore 35 protons plus neutrons or,
because we know that there are 17 protons, there are 18 neutrons.
Because no charge is indicated, there must be equal numbers of protons
and electrons, or 17 electrons

For {ICl:  There are 17 protons, 20 neutrons, and 17 electrons per atom.

These are isotopes of the same element. Both have 17 protons, but they differ in their
EProp & THINK

numbers of neutrons: one has 18 neutrons and the other has 20.
Isotopes of an element

differ only in the number (b) For $Cu:

. Atomic number = 29. There are 29 protons per nucleus.
of neutrons they contain.

Mass number = 63. There are 29 protons plus 34 neutrons.
Because no charge is indicated, there must be equal numbers of protons
and electrons, or 29 electrons.

For $Cu: There are 29 protons, 36 neutrons, and 29 electrons per atom.

These are isotopes. Both have 29 protons, but they differ in their numbers of neutrons:
one isotope has 34 neutrons and the other has 36.

You should now work Exercises 18 and 20.

4-8 Mass Spectrometry and Isotopic Abundance

Mass spectrometers are instruments that measure the charge-to-mass ratio of charged part-
cles. A gas sample at very low pressure is bombarded with high-energy electrons. This causes
electrons to be ejected from some of the gas molecules, creating positive ions. The positive
ions are then focused into a very narrow beam and accelerated by an electric field. One type
of mass spectrometer uses a magnetic field to deflect the ions from their straight-line path
» Newer mass spectrometers use a (Figure 4-8). The extent to which the beam of ions is deflected depends on four factors:
simple time-of-flight detector that
measures the time the positively
charged particles take to travel to the

1. Magnitude of the accelerating voltage (electric field strength). Higher voltages result in
beams of more rapidly moving particles that are deflected less than the beams of the

part of the detector that records the more slowly moving particles produced by lower voltages.
impact of the ion. The longer a 2. Magnetic field strength. Stronger fields deflect a given beam more than weaker
particle takes to travel the distance, fields.

the greater its mass. Another common

type of mass spectrometer uses a

quadrupolar electrostatic field to sort

ions by their masses. 4. Charges on the particles. Particles with higher charges interact more strongly with
magnetic fields and are thus deflected more than particles of equal mass with smaller
charges.

3. Masses of the particles. Because of their inertia, heavier particles are deflected less than
lighter particles that carry the same charge.
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4-8 MASS SPECTROMETRY AND ISOTOPIC ABUNDANCE

The mass spectrometer can be used to measure masses of isotopes as well as isotopic abun-
dances, that is, the relative amounts of the isotopes. Helium occurs in nature almost exclu-
sively as *He. Its atomic mass can be determined in an experiment such as that illustrated
in Figure 4-8. Modern mass spectrometers are capable of great accuracy in their mass
measurements.

A beam of Ne™ ions in the mass spectrometer is split into three segments. The mass
spectrum of these ions (a graph of the relative numbers of ions of each mass) is shown in
Figure 4-9. This indicates that neon occurs in nature as three isotopes: “’Ne, *'Ne, and
#Ne. In Figure 4-9 we see that the isotope “’Ne, mass 19.99244 amu, is the most abun-
dant isotope (has the tallest peak). It accounts for 90.48% of the atoms. ’Ne, mass
21.99138, accounts for 9.25%, and *'Ne, mass 20.99384, for only 0.27% of the atoms.

Figure 4-10 shows a modern mass spectrometer. In nature, some elements, such as
fluorine and phosphorus, exist in only one form, but most elements occur as isotopic
mixtures. Some examples of natural isotopic abundances are given in Table 4-3. The
percentages are based on the numbers of naturally occurring atoms of each isotope, not
on their masses.

The distribution of isotopic masses, although nearly constant, does vary somewhat
depending on the source of the element. For example, the abundance of *C in atmo-
spheric CO, is slightly different from that in seashells. The chemical history of a sample
can often be inferred from small differences in isotope ratios. See the Chemistry in Use
essay on Stable Isotope Ratio Analysis.

Ton beam

Magnet
Beam of '2C* ions
Collector
\ Slit
\ Detector
@ W

Electron gun Beam of *He* ions

Accelerating
plates

Gas inlet

Figure 4-8 A mass spectrometer that uses a magnetic field to separate atoms or molecules with
different masses. In this type of mass spectrometer, gas molecules at low pressure are ionized and
accelerated by an electric field. The ion beam is then passed through a magnetic field. In that field the
beam is resolved into components, each containing particles of equal charge-to-mass ratio. Lighter
particles are deflected more strongly than heavy ones with the same charge. In a beam containing
2C* and “He™ ions, the lighter “He* ions would be deflected more than the heavier 2C* ions. The
spectrometer shown is adjusted to detect the >)C* ions. By changing the magnitude of the magnetic
or electric field, we can move the beam of “He* ions striking the collector so that it passes through the
slit to reach the detector. The relative masses of the ions are calculated from the changes required to
refocus the beam.

0.9048

Figure 4-9 Mass spectrum of neon
(1+ ions only). Neon consists of three
isotopes, of which neon-20 is by far the
most abundant (90.48%). The mass of
that isotope, to five decimal places, is
19.99244 amu on the carbon-12
(2C) scale. The number by each peak
9'0027 A0‘0925 corresponds to the fraction of all ions
20 21 ) 23 represented by the isotope with
Mass —~ that mass.

Relative abundance —

125

» We can omit the atomic number
subscript 2 for He, because all helium
atoms have atomic number 2.

> Isotopes are two or more forms of
atoms of the same element with
different masses; the atoms contain
the same number of protons but
different numbers of neutrons.
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Sample: Xenon

Courtesy of Thermo Electron Corporation
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) A modern mass () The mass spectrum of Xe*
spectrometer ions. The isotope '26Xe is at too

low an abundance (0.090%) to
appear in this experiment.

Figure 4-10 Mass spectrometer and mass spectrum of Xenon.

Tahle 4.3 Some Naturally Occurring Isotopic Abundances

Atomic Weight (amu) % Natural Abundance

boron 10.81 10 19.91 10.01294
g 80.09 11.00931
oxygen 15.999 160) 99.762 15.99492
70 0.038 16.99913
180 0.200 17.99916
chlorine 35.45 50 75.770 34.96885
Y0 24.230 36.96590
uranium 238.0289 B4y 0.0055 234.0409
65y 0.720 235.0439
St 99.2745 238.0508

The 20 elements that have only one naturally occurring isotope are *Be, '°F, *Na, ’Al, 3P, #Sc,
351\/[1,17 59C0, 75AS, 89Y, 93Nb, 103Rh’ 1271’ USCS, 141Pr, 159Tb’ 163H07 169TI1'1, ]97All, and 209Bi.
There are, however, other artificially produced isotopes of these elements.

4-9 The Atomic Weight Scale and Atomic Weights

We learned in Section 2-4 that the atomic weight scale is based on the mass of the carbon-12
("2C) isotope. As a result of action taken by the International Union of Pure and Applied
Chemistry (IUPAC) in 1962,

» Described another way, the mass of one amu is exactly 1/12 of the mass of a carbon-12 atom.
one atom of 2C is exactly 12 amu.

This is approximately the mass of one atom of "H, the lightest isotope of the element with
lowest mass.

In Section 2-5 we saw that one mole of atoms contains 6.022 X 10* atoms. The mass of
one mole of atoms of any element, in grams, is numerically equal to the atomic weight of
the element. Because the mass of one 'C atom is exactly 12 amu, the mass of one mole
of carbon-12 atoms is exactly 12 grams.

To show the relationship between atomic mass units and grams, let’s calculate the mass,
in amu, of 1.000 gram of "*C atoms.
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-9 CHEMISTRY IN USE

................. ¢ @ T

Stable Isotope Ratio Analysis

Many elements exist as two or more stable isotopes, although
one isotope is usually present in far greater abundance. For ex-
ample, there are two stable isotopes of carbon, 13C and '2C of
which 12C is the more abundant, constituting 98.89% of all car-
bon. Similarly, there are two stable isotopes of nitrogen, “N and
15N of which N makes up 99.63% of all nitrogen.

Differences in chemical and physical properties that arise
from differences in atomic mass of an element are known as
isotope effects. We know that the extranuclear structure of an
element (the number of electrons and their arrangement)
essentially determines its chemical behavior, whereas the nu-
cleus has more influence on many of the physical properties of
the element. Because all isotopes of a given element contain
the same number and arrangement of electrons, it was as-
sumed for a long time that isotopes would behave identically in
chemical reactions. In reality, although isotopes behave very
similarly in chemical reactions, the correspondence is not per-
fect. The mass differences between different isotopes of the
same element cause them to have slightly different physical
and chemical properties. For example, the presence of only one
additional neutron in the nucleus of the heavier isotope can
cause it to react a little more slowly than its lighter counterpart.
Such an effect often results in a ratio of heavy isotope to light
isotope in the product of a reaction that is different from the ra-
tio found in the reactant.

Stable isotope ratio analysis (SIRA) is an analytical method
that takes advantage of the chemical and physical properties of
isotopes as measured by isotope ratio mass spectrometry
(IRMS). In this technique, the isotopic composition of a sample
is measured using a mass spectrometer. This composition is
then expressed as the relative ratios of two or more of the stable
isotopes of a specific element. For instance, the ratio of 13C to
12C in a sample can be determined. This ratio is then compared
with the isotope ratio of a defined standard. Because mass dif-
ferences are most pronounced among the lightest elements,
those elements experience the greatest isotope effects. Thus,
the isotopes of the elements H, C, N, O, and S are used most
frequently for SIRA. These elements have further significance
because they are among the most abundant elements in bio-
logical systems.

The isotopic composition of a sample can be expressed as
a “del” value (9), defined as

( Rsamp\e - Rstamdard)

Rstandard

8 X,ample(%0) = X 1000

where dX,mpe IS the isotope ratio relative to a standard, and
Resample aNd Raandara are the absolute isotope ratios of the sam-
ple and standard, respectively. Multiplying by 1000 allows the
values to be expressed in parts per thousand (%.). If the del
value is a positive number, the sample has a greater amount of
the heavier isotope than does the standard.

An interesting application of SIRA is the determination of the
adulteration of food. As already mentioned, the isotope ratios of
different plants and animals have been determined. For in-
stance, corn has a 9!3C value of about —12%. and most flower-
ing plants have a13C values of about —26%.. The difference in
these 913C values arises because these plants carry out photo-
synthesis by slightly different chemical reactions. In the first re-
action of photosynthesis, corn produces a molecule that
contains four carbons, whereas flowering plants produce a mol-
ecule that has only three carbons. High-fructose corn syrup
(HFCS) is thus derived from a “C4” plant, whereas the nectar
that bees gather comes from “C3” plants. The slight differences
in the photosynthetic pathways of C3 and C,4 plants create the
major differences in their 913C values. Brokers who buy and
sell huge quantities of “sweet” products are able to monitor
HFCS adulteration of honey, maple syrup, apple juice, and so
on by taking advantage of the SIRA technique. If the 913C value
of one of these products is not appropriate, then the product
obviously has had other substances added to it; that is, it has
been adulterated. The U.S. Department of Agriculture conducts
routine isotope analyses to ensure the purity of those products
submitted for subsidy programs. Similarly, the honey industry
monitors itself with the SIRA approach.

Stable isotope ratio analysis is a powerful tool; many of its
potential uses are now being recognized by researchers. Re-
cent SIRA studies have included investigations of the geograph-
ical origins of olive oils and of cheeses from various localities, as
well as the origins and dietary history of various meat sources
such as beef, lamb, and fish.The use of stable isotope methods
in research is becoming increasingly common, and through
these methods scientists are attaining new levels of understand-
ing of chemical, biological, and geological processes.

BETH A. TRUST
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128 CHAPTER 4 o THE STRUCTURE OF ATOMS

1 mol 2C 6.022 X 10% °C atoms 12 amu

12¢g 2C atoms 1 mol >C atoms 2C atom

6.022 X 10 amu (in 1 g)

2 amu = 1.000 g *C atoms X

Thus,
> We saw in Chapter 2 that 1g=6.022 X 10¥amu  or lamu= 1.660 X 107 **g
Avogadro’s number is the number of
particles of a substance in one mole ) ) ) )
of that substance. We now see that At this point, we emphasize the following:

Avogadro’s number also represents

the number of amu in one gram. You

may wish to verify that the same

result is obtained regardless of the

element or isotope chosen. 2. 'The mass number; A, is an integer equal to the sum of the number of protons and the
number of neutrons in the nucleus of an atom of a particular isorope of an element. It
is different for different isotopes of the same element.

1. The atomic number, Z, is an integer equal to the number of protons in the nucleus of
an atom of the element. It is also equal to the number of electrons in a neutral atom.
It is the same for all atoms of an element.

3. Many elements occur in nature as mixtures of isotopes. The atomic weight of such an
element is the weighted average of the masses of its isotopes. Atomic weights are
fractional numbers, not integers.

The atomic weight that we determine experimentally (for an element that consists of more
than one isotope) is such a weighted average. The following example shows how an atomic
weight can be calculated from measured isotopic abundances.

EXAMPLE 4-2 Calculation of Atomic Weight

Three isotopes of magnesium occur in nature. Their abundances and masses, determined
by mass spectrometry, are listed in the following table. Use this information to calculate the
atomic weight of magnesium.

Isotope % Abundance Mass (amu)
Mg 78.99 23.98504
PMg 10.00 24.98584
Mg 11.01 25.98259

Plan

We multiply the fraction (percent divided by 100) of each isotope by its mass and add these
numbers to obtain the atomic weight of magnesium.

Solution

eT 0P & THINK Atomic weight = 0.7899(23.98504 amu) + 0.1000(24.98584 amu) + 0.1101(25.98259 amu)
The two heavier isotopes

o = 18.946 amu + 2.4986 amu + 2.8607 amu
make small contributions

to the atomic weight of =24.30 amu (to four significant figures)
magnesium because

many more magnesium
atoms are the lightest

isotope, **Mg. Thus the
atomic weight of r

1O

You should now work Exercises 28 and 30.

magnesium is close to “Weighted” Averages
24 amu. @

Consider the following analogy to the calculation of atomic weights. Suppose you
want to calculate the average weight of your classmates. Imagine that one-half of them
weigh 100 pounds each, and the other half weigh 200 pounds each. The average
weight would be

Average weight = %(IOO Ib) + %(200 Ib) = 150 1b
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4-10 THE PERIODIC TABLE: METALS, NONMETALS, AND METALLOIDS 129

Imagine, however, that three-quarters of the class members weigh 100 pounds each,
and the other quarter weigh 200 pounds each. Now, the average weight would be

Average weight = %(100 Ib) + %(200 Ib) = 1251b

We can express the fractions in this calculation in decimal form:
Average weight = 0.750(100 1b) + 0.250(2001b) = 125 1b

In such a calculation, the value (in this case, the weight) of each thing (people, atoms) is
multiplied by the fraction of things that have that value. In Example 4-2 we expressed
each percentage as a decimal fraction, such as

78.99 parts
78.99% = ——— = 0.7899
100 parts total

Example 4-3 shows how the process can be reversed. Isotopic abundances can be cal-
culated from isotopic masses and from the atomic weight of an element that occurs in
nature as a mixture of only two isotopes.

EXAMPLE 4-3 Calculation of Isotopic Abundance

The atomic weight of gallium is 69.72 amu. The masses of the naturally occurring
isotopes are 68.9257 amu for “Ga and 70.9249 amu for "'Ga. Calculate the percent
abundance of each isotope.

Plan
We represent the fraction of each isotope algebraically. Atomic weight is the weighted » When a quantity is represented by
average of the masses of the constituent isotopes. So the fraction of each isotope is fractions, the sum of the fractions
multiplied by its mass, and the sum of the results is equal to the atomic weight. must always be one. In this case,
5 x+(1—x)=1.
Solution
Letx = fraction of Ga. Then (1 — x) = fraction of "'Ga.
(68.9257 amu) + (1 — «)(70.9249 amu) = 69.72 amu EProp & THINK
68.9257x + 70.9249 — 70.9249x = 69.72 UEC LR euls
weight, 69.72, is closer to
—1.9992x = —1.20 the mass of ®Ga
.9257) th h
v = 0.600 (689?)t antc?te
other isotope. It is
x = 0.600 = fraction of “Ga .. 60.0% “Ga reasonable that there is
) . - more ®°Ga present
(1 — x) = 0.400 = fraction of 'Ga .. 40.0% "'Ga

(60.0%) than the heavier

. isotope, ”'Ga (40.0%).
You should now work Exercise 32.

4-10 The Periodic Table: Metals, Nonmetals, and Metalloids > When Mendeleev (pronounced

“men-del-lay-ev”) and Meyer
In 1869, the Russian chemist Dmitri Mendeleev (1834-1907) and the German chemist developed their tabulations, the

Lothar Meyer (1830-1895) independently published arrangements of known elements that  concept of atomic number was not
are much like the periodic table in use today. Mendeleev’s classification was based primarily ~ yet known. Their classifications were
on chemical properties of the elements, whereas Meyer’s classification was based largely on ~ ased on the atomic weights known
physical properties. The tabulations were surprisingly similar. Both emphasized the that time.
periodicity, or regular periodic repetition, of properties with increasing atomic weight.

Mendeleev arranged the known elements in order of increasing atomic weight in successive
sequences so that elements with similar chemical propertes fell into the same column. He
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noted that both physical and chemical properties of the elements vary in a periodic fashion
with atomic weight. His periodic table of 1872 contained the 62 known elements (Figure 4-11).
Mendeleev placed H, Li, Na, and K in his table as “Gruppe 1.” These were known to combine
with F Cl, Br, and I of “Gruppe VII” to produce compounds that have similar formulas such as
HE, LiCl, NaCl, and KI. All these compounds dissolve in water to produce solutions that con-
duct electricity. The “Gruppe II” elements were known to form compounds such as BeCl,,
MgBr,, and CaCl,, as well as compounds with O and S from “Gruppe VI” such as MgO,
CaO, MgS, and CaS. These and other chemical properties led him to devise a table in which

Not all properties of the elements can be the elements were arranged by increasing atomic weights and grouped into vertical families.
predicted from the trends in the periodic In most areas of human endeavor progress is slow and faltering. Occasionally, however,
table. For example, gallium’s melting point an individual develops concepts and techniques that clarify confused situations. Mendeleev

being low enough to melt from the heat of
the hand is inconsistent with the properties
of the elements above and below it.

was such an individual. One of the brilliant successes of his periodic table was that it
provided for elements that were unknown at the time. When he encountered “missing”

GRUPPEI GRUPPEII GRUPPEINI GRUPPEIV GRUPPEV GRUPPE VI GRUPPE VII GRUPPE VIII
REIHEN = = = RH* RH? RH? RH =
R?0 RO R20? RO? R20° RO? R207 RO*
1 H=1
2 Li=7 Be = 9.4 B=11 cC=12 N =14 0=16 F=19
3 Na = 23 Mg=24 Al=273 Si =28 P =31 S=32 Cl=355
4 K = 39 Ca = 40 — =44 Ti = 48 V =51 Cr=52 Mn = 55 Fe = 56, Co = 59,
Ni = 59, Cu = 63.
5 (Cu = 63) Zn = 65 - =68 —=72 As =175 Se =78 Br = 80
6 Rb = 85 Sr = 87 7Yt= 88  Zr=90 Nb = 94 Mo=96 —=100 Ru = 104, Rh = 104,
Pd = 106, Ag = 108.
7 (Ag=108) Cd =112 In=113 Sn=118 Sb=122 Te=125 T=127
8 Cs=133 Ba=137 Mi=138 2Ce=140 - - _ _
9 ) - - - - - -
10 = = 2Fr=178 ?La=180 Ta=182 W=184 - Os = 195,Ir = 197,
Pt = 198, Au = 199.
11 (Au=199) Hg = 200 Tl = 204 Pb =207 Bi=208 - -
12 _ _ _ Th = 231 _ U = 240 - o

Figure 4-11 Mendeleev’s early periodic table (1872).")"is the German symbol for iodine.

e
B|C|N|O|F |Ne
1A Al[Si| P | S |Cl|Ar
i| V |CrMn|Fe |Co|Ni|Cu|Zn|Ga|Ge|As|Se|Br |Kr
(l) NbMo| Tc|Ru|Rh|Pd|Ag|Cd|In |Sn|Sb|Te| I |Xe
3 Ta|W |Re|Os| Ir | Pt |Au{Hg| T1|Pb|Bi |Po|At|Rn
. Db|Sg|Bh|Hs Mt|Ds [Rg |Cn [Uut| FI [Uup)| Lv |Uus|Uuo
Li
Lithium | Beryllium
11 12
Na | Mg
Sodium [ Magnesium
19 20
K Ca
Potassium | Calcium
37 38
Rb Sr
Rubidium | Strontium
55 56
g Cs Ba
s Cesium Barium
Lithium (top left) and sodium (bottom ?) 37 33
left) from Group 1A. Magnesium (top = Fr Ra
. . . o - 4
right) and calcium (bottom right) from Francium | Radium

Group 2A.
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elements, Mendeleev left blank spaces. Some appreciation of his genius in constructing the
table as he did can be gained by comparing the predicted (1871) and observed properties
of germanium, which was not discovered until 1886. Mendeleev called the undiscovered
element eka-silicon (Es) because it fell below silicon in his table. He was familiar with the
properties of germanium’s neighboring elements. They served as the basis for his predic-
tions of properties of germanium (Table 4-4). Some modern values for the properties
of germanium differ significantly from those reported in 1886. But many of the values on
which Mendeleev based his predictions were also inaccurate.

Tahle 4-4 Predicted and Observed Properties of Germanium

Eka-Silicon Germanium
Property Predicted, 1871 Reported, 1886 Modern Values

Atomic weight

Atomic volume
Specific gravity
Specific heat
Maximum valence*
Color

Reaction with water

Reactions with acids
and alkalis

Formula of oxide
Specific gravity of
oxide

Specific gravity of
tetrachloride
Boiling point of
tetrachloride
Boiling point of
tetraethyl derivative

13 cm3/mol
5.5
0.073 cal/g°C
4
Dark gray

Will decompose
steam with difficulty

Slight with acids;
more pronounced

with alkalis

ESOZ
4.7

1.9 at 0°C
100°C

160°C

72.32
13.22 cm®/mol
5.47
0.076 cal/g°C
4
Grayish white

Does not decompose
water

Not attacked by HCI or
dilute aqueous NaOH;
reacts vigorously with
molten NaOH

GCOZ
4.703

1.887 at 18°C
86°C

160°C

*“Valence” refers to the combining power of a specific element.
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Three of the halogens, elements from Group
TA (left to right): chlorine, bromine, iodine.

72.61
13.5 cm?/mol
5.35
0.074 cal/g°C
4
Grayish white

Does not decompose
water

Not dissolved by HCI
or H,SO, or dilute
NaOH; dissolved by
concentrated NaOH

GeO,
4.228

1.8443 at 30°C
84°C

186°C
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Because Mendeleev’s arrangement of the elements was based on increasing atomzic
weights, several elements would have been out of place in his table. Mendeleev put the con-
troversial elements (Te and I, Co and Ni) in locations consistent with their properties,
however. He thought the apparent reversal of atomic weights was due to inaccurate values
for those weights. Careful redetermination showed that the values were correct. Explana-
tion of the locations of these “out-of-place” elements had to await the development of the
concept of atomic number, approximately 50 years after Mendeleev’s work. The atomic
number (see Section 4-5) of an element is the number of protons in the nucleus of its at-
oms. (It is also the number of electrons in a neutral atom of an element.) This quantity is
fundamental to the identity of each element. Elements are now arranged in the periodic
table in order of increasing atomic number. With the development of this concept, the
periodic law attained its present form:

The properties of the elements are periodic functions of their atomic numbers.

The periodic law tells us that if we arrange the elements in order of increasing atomic
number, we periodically encounter elements that have similar chemical and physical prop-
erties. The presently used “long form” of the periodic table (Table 4-5 and inside the front
cover) is such an arrangement. The vertical columns are referred to as groups or families,
and the horizontal rows are called periods. Elements in a group have similar chemical and
physical properties, and those within a period have properties that change progressively

» Alkaline means basic. The character ~ across the table. Several groups of elements have common names that are used so fre-
of basic compounds is described in quently they should be learned. The Group 1A elements, except H, are referred to as
Section 10-4. alkali metals, and the Group 2A elements are called the alkaline earth metals.

Table 4-5 The Periodic Table

Alkali Metals [ ] Noble
metals ) Nonmetals[ ] gases
1A Alkaline Metalloids [ 8A
1) earth (18)

metals Halogens
1 L2 3A° 44 SA 6A  7A | 2
H o )  an ay a9 ap | He
N 4 . 5 6 7 8 9 10
Ll Be Transmin metals B C N O F Ne
3| 2 | 3p 48 SB 6B 7B 8B m | vl s | 6| | s

— !

Na | Mg | @ © © o 6 © a ay ay | ALPSE{ P S |Gl Ar
4l 20 21 2 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti Vv Cr | Mn | Fe Co Ni Cu| Zn | Ga | Ge | As Se Br Kr
s| &7 38 39 40 41 4 43 4 | 45 46 47 48 49 50 51 52 53 54
Rb Sr Y Zr | Nb | Mo | Tc Ru | Rh Pd | Ag Cd In Sn Sb Te I Xe
55 56 57 |” 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
6 cs | Ba | La Hf | Ta| W | Re | Os | Ir | Pt | Au | Hg| TI | Pb | Bi | Po | At | Rn
87 88 8o |t | 104 | 105 | 106 | 107 | w08 | 100 | 1o | wur | w2 | s | na | ous | e | 17 | ous
7l Fr | Ra | Ac Rf | Db | Sg | Bh | Hs | Mt | Ds | Rg | Cn |(Uut)| Fl |(Uup)| Lv [(Uus)|(Uuo)

| oss 59 60 61 62 63 64 65 66 67 68 69 70 71

Ce | Pr [ Nd| Pm | Sm | Eu | Gd | Tb | Dy | Ho | Er | Tm | Yb | Lu

T 9o 91 9 93 94 95 96 97 98 99 | 100 | 101 | 102 | 103

Th | Pa U | Np| Pu |Am | Cm | Bk | Cf | Es | Fm | Md | No | Lr

There are other systems for numbering the groups in the periodic table. We number the groups by the standard American system of
A and B groups. An alternative system, recommended by IUPAC, in which the groups are numbered 1 through 18 is shown in parentheses.
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4-10 THE PERIODIC TABLE: METALS, NONMETALS, AND METALLOIDS 133

The Group 7A elements are called halogens, which means “salt formers,” and the Group
8A elements are called noble (or rare) gases.

The general properties of metals and nonmetals are distinct. Physical and chemical
properties that distinguish metals from nonmetals are summarized in Tables 4-6 and 4-7.
Not all metals and nonmetals possess all these properties, but they share most of them to b

. . . . . ecrease
varying degrees. The physical properties of metals can be explained on the basis of metal- >
lic bonding in solids (see Section 13-17).

Table 4-5, The Periodic Table, shows how we classify the known elements as metals
(shown in blue), nonmetals (tan), and metalloids (green). The elements to the left of
those touching the heavy stairstep line are metals (except hydrogen), and those to the right
are nonmetals. Such a classification is somewhat arbitrary, and several elements do not fit
neatly into either class. Most elements adjacent to the heavy line are often called metal-
loids (or semimetals), because they are metallic (or nonmetallic) only to a limited degree.

» About 80% of the elements are
metals.

Increase
Increase

General trends in metallic character of A
group elements with position in the periodic
tahle.

Metallic character increases from top to bottom and decreases from left to right with re-
spect to position in the periodic table.

Cesium, atomic number 55, is the most active naturally occurring metal. Francium and
radium are radioactive and do not occur in nature in appreciable amounts. Noble gases
seldom bond with other elements. They are unreactive, monatomic gases. The most active
nonmetal is fluorine, atomic number 9.

Nonmetallic character decreases from top to bottom and increases from left to right in the
periodic table.

Photodisc Blue/Getty Images

Silicon, a metalloid, is widely used in the
manufacture of electronic chips.

Tahle 4-6 Some Physical Properties of Metals and Nonmetals

1. High electrical conductivity that decreases with increasing
temperature

2. High thermal conductivity

3. Metallic gray or silver luster*

4. Almost all are solids'

5. Malleable (can be hammered into sheets)
6. Ductile (can be drawn into wires)

*Except copper and gold.

tExcept mercury; cesium and gallium melt at body temperature (37°C).

Tahle 4-7 Some Chemical Properties of Metals and Nonmetals

1. Poor electrical conductivity (except carbon in the form of
graphite)
. Good heat insulators (except carbon)
. No metallic luster

2
3
4. Solids, liquids, or gases
5. Brittle in solid state

6

. Nonductile

1. Outer shells contain few electrons—usually three or fewer
2. Form cations (positive ions) by losing electrons
3. Form ionic compounds with nonmetals

4. Solid state characterized by metallic bonding

*Except hydrogen and helium.
fExcept the noble gases.

1. Outer shells contain four or more electrons*
2. Form anions (negative ions) by gaining electrons'

3. Form ionic compounds with metals" and molecular
(covalent) compounds with nonmetals

4. Covalently bonded molecules; noble gases are monatomic
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» Aluminum is the most abundant
metal in the earth’s crust (7.5%
by mass).

Alfred Pasieka/Peter Arnold/Getty Images

White light is dispersed by a prism into a
continuous spectrum.

» One cycle per second is also called
one hertz (Hz), after Heinrich Hertz
(1857-1894). In about 1887, Hertz
discovered electromagnetic radiation
outside the visible range and
measured its speed and wavelengths.

Spike Mafford/Photodisc/Getty Images

The diffraction of white light by the closely
spaced grooves of a compact disk spreads the
light into its component colors. Diffraction is
due to the constructive and destructive
interference of light waves.

CHAPTER 4 o THE STRUCTURE OF ATOMS

Metalloids show some properties that are characteristic of both metals and nonmetals.
Many of the metalloids, such as silicon, germanium, and antimony, act as semiconductors,
which are important in solid-state electronic circuits. Semiconductors are insulators at
lower temperatures but become conductors at higher temperatures (see Section 13-17).
The conductivities of metals, by contrast, decrease with increasing temperature.

Aluminum is the least metallic of the metals and is sometimes classified as a metalloid.
It is metallic in appearance and an excellent conductor of electricity.

In later chapters we will study some chemical reactions of elements and their com-
pounds and relate the reactions to the locations of the elements in the periodic table. First,
we will describe the arrangements of electrons in atoms. A knowledge of these arrange-
ments not only provides the physical basis for the periodic table, but also explains chemical
bonding and properties.

The Electronic Structures of Atoms

The Rutherford model of the atom is consistent with the evidence presented so far, but it
has some serious limitations. It does not answer such important questions as: Why do dif-
ferent elements have such different chemical and physical properties? Why do chemical
and physical properties fall into the regular patterns summarized by the periodic table?
Why does chemical bonding occur? Why does each element form compounds with charac-
teristic formulas? How can atoms of different elements give off or absorb light only of
characteristic colors (as was known long before 1900)?

To improve our understanding, we must first learn more about the arrangements of
electrons in atoms. The theory of these arrangements is based largely on the