
INTRODUCTION TO MOLECULAR THERMODYNAMICS





INTRODUCTION TO
MOLECULAR THERMODYNAMICS

Robert M. Hanson
Susan Green
ST. OLAF COLLEGE

University Science Books
Sausalito, California



University Science Books
www.uscibooks.com

Production Manager: Paul C. Anagnostopoulos, Windfall Software
Copyeditor: Lee A. Young
Proofreader: MaryEllen N. Oliver
Text Design: Paul C. Anagnostopoulos
Cover Design: George Kelvin
Illustrator: Lineworks
Compositor: Windfall Software
Printer & Binder: Maple-Vail Book Manufacturing Group

This book was set in Times Roman and Helvetica and composed with ZzTEX, a macro package for
Donald Knuth’s TEX typesetting system.

This book is printed on acid-free paper.

Copyright © 2008 by University Science Books

Reproduction or translation of any part of this work beyond that permitted by Section 107 or 108 of
the 1976 United States Copyright Act without the permission of the copyright owner is unlawful.
Requests for permission or further information should be addressed to the Permissions Department,
University Science Books.

ISBN: 978-1-891389-49-8

Library of Congress Cataloging-in-Publication Data

Hanson, Robert M., 1957–
Introduction to molecular thermodynamics / Robert M. Hanson, Susan M.E. Green.

p. cm.
Includes index.
ISBN 978-1-891389-49-8 (alk. paper)
1. Thermodynamics. 2. Molecular dynamics. I. Green, Susan M. E., 1971– II. Title.
QD504.H33 2008
541′.369—dc22

2007047842

Printed in the United States of America
10 9 8 7 6 5 4 3 2 1



Contents

Preface xi

To the Instructor xiii

To the Student: How to Study Thermodynamics xv

Acknowledgments xvii

CHAPTER 1 Probability, Distributions, and Equilibrium 1
1.1 Chemical Change 1
1.2 Chemical Equilibrium 2
1.3 Probability Is “(Ways of getting x) / (Ways total)” 2
1.4 AND Probability Multiplies 3
1.5 OR Probability Adds 3
1.6 AND and OR Probability Can Be Combined 4
1.7 The Probability of “Not X” Is One Minus the Probability of “X” 4
1.8 Probability Can Be Interpreted Two Ways 5
1.9 Distributions 6
1.10 For Large Populations, We Approximate 7
1.11 Relative Probability and Fluctuations 9
1.12 Equilibrium and the Most Probable Distribution 12
1.13 Equilibrium Constants Describe the Most Probable Distribution 12
1.14 Le Châtelier’s Principle Is Based on Probability 13
1.15 Determining Equilibrium Amounts and Constants Based on

Probability 15
1.16 Summary 17

CHAPTER 2 The Distribution of Energy 21
2.1 Real Chemical Reactions 21
2.2 Temperature and Heat Energy 21
2.3 The Quantized Nature of Energy 22
2.4 Distributions of Energy Quanta in Small Systems 23
2.5 Calculating W Using Combinations 26
2.6 Why Equations 2.1 and 2.2 Work 28
2.7 Determining the Probability of a Particular Distribution of Energy 29
2.8 The Most Probable Distribution Is the Boltzmann Distribution 31
2.9 The Effect of Temperature 34 v



vi Contents

2.10 The Effect of Energy Level Separation 35
2.11 Why Is the Boltzmann Distribution the Most Probable? 36
2.12 Determining the Population of the Lowest Level 37
2.13 Estimating the Fraction of Particles That Will React 39
2.14 Estimating How Many Levels Are Populated 40
2.15 Summary 40

CHAPTER 3 Energy Levels in Real Chemical Systems 45
3.1 Historical Perspective 45
3.2 The Modern Viewpoint 46
3.3 Planck, Einstein, and de Broglie 47
3.4 The “Wave” Can Be Thought of in Terms of Probability 50
3.5 Electronic Energy 50
3.6 Vibrational Energy 54
3.7 Rotational Energy 57
3.8 Translational Energy 60
3.9 Putting It All Together 61
3.10 Chemical Reactions 63
3.11 Chemical Equilibrium and Energy Levels 65
3.12 Color, Fluorescence, and Phosphorescence 67
3.13 Lasers and Stimulated Emission 69
3.14 Summary 71

CHAPTER 4 Internal Energy (U ) and the First Law 77
4.1 The Internal Energy (U) 77
4.2 Internal Energy (U) Is a State Function 77
4.3 Microscopic Heat (q) and Work (w) 78
4.4 “Heating” vs. “Adding Heat” 79
4.5 The First Law of Thermodynamics: �U = q + w 80
4.6 Macroscopic Heat and Heat Capacity: q = C�T 80
4.7 Macroscopic Work: w = −P�V 81
4.8 In Chemical Reactions, Work Can Be Ignored 83
4.9 Calorimeters Allow the Direct Determination of �U 84
4.10 Don’t Forget the Surroundings! 85
4.11 Engines: Converting Heat into Work 88
4.12 Biological and Other Forms of Work 89
4.13 Summary 90

CHAPTER 5 Bonding and Internal Energy 95
5.1 The Chemical Bond 95
5.2 Hess’s Law 96
5.3 The Reference Point for Changes in Internal Energy Is “Isolated

Atoms” 98
5.4 Two Corollaries of Hess’s Law 99
5.5 Mean Bond Dissociation Energies and Internal Energy 99
5.6 Estimating �rU for Chemical Reactions Using Bond Dissociation

Energies 101



Contents vii

5.7 Using Bond Dissociation Energies to Understand Chemical
Reactions 102

5.8 The “High-Energy Phosphate Bond” and Other Anomalies 103
5.9 Computational Chemistry and the Modern View of Bonding 105
5.10 Beyond Covalent Bonding 106
5.11 Summary 107

CHAPTER 6 The Effect of Temperature on Equilibrium 111
6.1 Chemical Reactions as Single Systems: Isomerizations 111
6.2 The Temperature Effect on Isomerizations 112
6.3 K vs. T for Evenly Spaced Systems 114
6.4 Experimental Data Can Reveal Energy Level Information 117
6.5 Application to Real Chemical Reactions 117
6.6 The Solid/Liquid Problem 119
6.7 Summary 120

CHAPTER 7 Entropy (S) and the Second Law 123
7.1 Energy Does Not Rule 123
7.2 The Definition of Entropy: S = k ln W 124
7.3 Changes in Entropy: �S = k ln(W2/W1) 126
7.4 The Second Law of Thermodynamics: �Suniverse > 0 126
7.5 Heat and Entropy Changes in the Surroundings: �Ssur = qsur/T 127
7.6 Measuring Entropy Changes 128
7.7 Standard Molar Entropy: S◦ 129
7.8 Entropy Comparisons Are Informative 129
7.9 The Effect of Ground State Electronic Degeneracy on Molar

Entropy 132
7.10 Determining the Standard Change in Entropy for a Chemical

Reaction 134
7.11 Another Way to Look at �S 136
7.12 Summary 137

CHAPTER 8 The Effect of Pressure and Concentration
on Entropy 141

8.1 Introduction 141
8.2 Impossible? or Just Improbable? 142
8.3 Ideal Gases and Ideal Solutions 143
8.4 The Volume Effect on Entropy: �S = nR ln(V2/V1) 144
8.5 The Entropy of Mixing Is Just the Entropy of Expansion 145
8.6 The Pressure Effect for Ideal Gases: �S = −nR ln(P2/P1) 147
8.7 Concentration Effect for Solutions: �S = −nR ln([X]2/[X]1) 147
8.8 Adjustment to the Standard State: Sx = S◦

x
− R ln Px and

Sx = S◦
x

− R ln[X] 148
8.9 The Reaction Quotient: �rS = �rS

◦ − R ln Q 148
8.10 Solids and Liquids Do Not Appear in the Reaction Quotient 151
8.11 The Evaporation of Liquid Water 152
8.12 A Microscopic Picture of Pressure Effects on Entropy 153
8.13 Summary 155



viii Contents

CHAPTER 9 Enthalpy (H ) and the Surroundings 159
9.1 Heat Is Not a State Function 159
9.2 The Definition of Enthalpy: H = U + PV 160
9.3 Standard Enthalpies of Formation, �fH

◦ 161
9.4 Using Hess’s Law and �fH

◦ to Get �rH
◦ for a Reaction 162

9.5 Enthalpy vs. Internal Energy 165
9.6 High Temperature Breaks Bonds 166
9.7 Summary 167

CHAPTER 10 Gibbs Energy (G) 171
10.1 The Second Law Again, with a Twist 171
10.2 The Definition of Gibbs Energy: G = H − T S 174
10.3 Plotting G vs. T (G–T Graphs) 176
10.4 Comparing Two or More Substances Using G–T Graphs 177
10.5 Equilibrium Is Where �rG = 0 178
10.6 The “Low Enthalpy/High Entropy Rule” 178
10.7 A Quantitative Look at Melting Points: 0 = �fusH − Tmp�fusS 179
10.8 The Gibbs Energy of a Gas Depends upon Its Pressure 180
10.9 Vapor Pressure, Barometric Pressure, and Boiling 182
10.10 Summary 185

CHAPTER 11 The Equilibrium Constant (K ) 191
11.1 Introduction 191
11.2 The Equilibrium Constant 193
11.3 Determining the Values of �rH

◦ and �rS
◦ Experimentally 195

11.4 The Effect of Temperature on Keq 196
11.5 A Qualitative Picture of the Approach to Equilibrium 197
11.6 Le Châtelier’s Principle Revisited 198
11.7 Determining Equilibrium Pressures and Concentrations 200
11.8 Equilibration at Constant Pressure (optional) 203
11.9 Standard Reaction Gibbs Energies, �rG

◦
T

204
11.10 The Potential for Change in Entropy of the Universe is R ln K/Q 205
11.11 Beyond Ideality: “Activity” 206
11.12 Summary 207

CHAPTER 12 Applications of Gibbs Energy:
Phase Changes 211

12.1 Review 211
12.2 Evaporation and Boiling 212
12.3 Sublimation and Vapor Deposition 215
12.4 Triple Points 216
12.5 Critical Points and Phase Diagrams 217
12.6 Solubility: 0 = �rH

◦ − T (�rS
◦ − R ln[X]sat) 220

12.7 Impure Liquids: S = S◦ − R ln x 224
12.8 Summary 229



Contents ix

CHAPTER 13 Applications of Gibbs Energy:
Electrochemistry 235

13.1 Introduction 235
13.2 Review: Gibbs Energy and Entropy 235
13.3 Including Internal Energy and Electrical Work in the Big Picture 238
13.4 Electrical Work Is Limited by the Gibbs Energy 239
13.5 The Gibbs Energy Change Can Be Positive 240
13.6 The Electrical Connection: −�G = Qelec × Ecell =

I × t × Ecell 240
13.7 The Chemical Connection: Qrxn = n × F 242
13.8 Gibbs Energy and Cell Potential: �rG = −nFEcell 243
13.9 Standard State for Cell Potential: E◦

cell,T 244
13.10 Using Standard Reduction Potentials to Predict Reactivity 246
13.11 Equilibrium Constants from Cell Potentials:

0 = −nFE◦
cell,T + RT ln K 248

13.12 Actual Cell Voltages and the Nernst Equation:
−nFEcell = −nFE◦

cell,T + RT ln Q 248
13.13 Detailed Examples 249
13.14 Summary 250

APPENDIX A Symbols and Constants 255

APPENDIX B Mathematical Tricks 273

APPENDIX C Table of Standard Reduction Potentials 275

APPENDIX D Table of Standard Thermodynamic Data
(25°C and 1 bar) 279

APPENDIX E Thermodynamic Data for the Evaporation
of Liquid Water 285

Answers to Selected Exercises 287

Index 293





Preface

The premise of this book is a simple one: You don’t have to be a mathematical genius
to appreciate the essentials of thermodynamics. All you need is a basic understanding of
probability—how it can be used to predict the outcome of events and how, especially when
dealing with a huge number of events, simple ideas of probability predict outcomes that are
for all practical purposes totally certain.

In the first chapter of this book, we show that with just a basic understanding of
probability you can understand why it is that chemical reactions approach equilibrium
and why the natural unpredictability of random events makes equilibrium a dynamic state,
constantly fluctuating, constantly testing the possibilities. You’ll see how Le Châtelier’s
principle—that a disturbed equilibrium will spontaneously adjust to form a new one—is just
a natural outcome of this fluctuation. And you will find that these fluctuations seemingly
disappear as we go to more and more particles. But that is just an illusion. The fluctuations
are always there and, basically, those fluctuations, tiny as they may be, are what allow for
chemical reactions to take place at all.

But to understand what’s really going on in the world, we have to add the idea of energy:
countable energy. In Chapter 2, when we start to consider the simplest chemical system—
with just a few particles and just a few “quanta” of energy—we find the most amazing result:
The most probable distribution of that energy in a system (the Boltzmann distribution, what
we call equilibrium) is easily predictable. Temperature plays a role here, not so much as the
cause, but rather as the effect. Temperature, we will see, is simply a way of monitoring the
distribution of energy in a system. It’s really the energy and how it is distributed that makes
all the difference.

The problem with energy is that it’s conserved. It gets traded back and forth between
a system and its surroundings, but it’s a fair trade, and this in itself cannot explain why
some chemical reactions occur and some do not. Enter entropy—a measure of the number
of ways energy can be distributed. Entropy turns out to be the key to understanding what’s
going on in real chemical processes. Entropy is not conserved, and that fact alone drives
natural processes in the direction we call “forward in time.”

It’s really quite amazing that just a few simple ideas can go so far. But they do, and
that is why we are so excited to be sharing them with you at this introductory level. You
are about to take part in an adventure into the inner workings of the molecular world. Be
prepared to be amazed; be prepared to be surprised at the simplicity of it all. That’s the
beauty of molecular thermodynamics.

Bob Hanson, hansonr@stolaf.edu
Susan Green, smgreen@comcast.net
January, 2008
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To the Instructor

It is a great privilege to share this book with you. We think you will enjoy teaching from
this text as much as we do, and we look forward to hearing from you as you do so. We use
this book in our first-year program here at St. Olaf College. It isn’t an honors program at
all—in fact, knowing that the majority of these students will not end up being chemistry
majors is actually one of the most exciting aspects of using this book. We are convinced
that having these discussions with first-year students, many of whom will never take another
chemistry course, is one of the greatest services we can provide. The trick, we believe, is to
have a book that hits the right level. And this book, in our opinion, does exactly that. It may
seem at first blush that only students with very strong math backgrounds would thrive using
this book, but our experience is that any student willing to put time into the course can do
well. The mathematics in this book goes no further than algebra and the manipulation of
logarithms—the background anyone taking a first-year chemistry course would have.

For those students who are headed toward being chemistry majors, this experience will
prove to be an exciting challenge. They may have had an outstanding high school chemistry
experience, but they still may not ever have thought of chemistry in terms of probability
and energy the way they will in your class using this book. Time and again we have seen
these students get more and more excited as they make their way through our course. The
overwhelming reaction we have seen is something like, “Wow, I can’t believe this all makes
so much sense!” That’s our goal, of course, and don’t be surprised if you start saying that
yourself as you teach it. It does make sense. This book is one single, sensible story. This
approach pays big dividends later on in a chemistry major’s coursework. In later courses
students can use more math and focus on the details—they will already know the story and
will be far less likely to lose sight of the forest for the trees.

The word molecular in the title of this book emphasizes that we are taking a dis-
tinctly chemical approach to thermodynamics. This is not the standard third-year physical
chemistry approach, filled with calculus and differential equations. This is not an abstract
introduction to the “pure” thermodynamics dear to physicists, which is wholly macroscopic
and requires no understanding of the underlying structure of the system or the surround-
ings. Instead, by emphasizing always the molecular context and using a simple model that
involves only as much mathematics as necessary, we offer students insight into the interac-
tion of matter and energy at a level they can fully appreciate. The focus here is on chemical
reactions—what makes them go or not go; how we can predict their course. We start with
the simplest of reactions, just the isotope exchange between H2 and D2, and talk about prob-
ability. There are fluctuations in how the molecules are distributed, but the more particles
we add, the less we are able to detect those fluctuations. We then add the idea of quantization
of energy and find that one distribution that is most probable follows an amazingly simple
mathematical law discovered by Boltzmann.

Chapter 3 introduces the four major ways energy is stored in real chemical systems—
in the form of electronic, vibrational, rotational, and translational energy. Certainly this is xiii



xiv To the Instructor

an approximation, but we can use these differences, then, to talk about heat, work, bonding,
and the effect of temperature on chemical equilibrium. Entropy is introduced as a way of
counting possibilities, and the effect of concentration and pressure on molar entropy falls
right out of this understanding. The approach to enthalpy involves focusing on the effect of
energy transfer on the distribution of energy in the surroundings. Considerations of entropy
in both the system and the surroundings lead us to Gibbs energy.

To relate this all to chemical reactions, we use the graphical method developed by Gibbs
in the late 1870s, involving graphing Gibbs energy as a function of temperature. Although
Gibbs used this method only for describing changes of phase (many such applications are
given in Chapter 12), we find that it is also extremely valuable in the context of any sort
of situation involving “reactants” and “products.” In effect, we are using reaction Gibbs
energies as a way of getting at reaction potentials.

In our experience, it takes about 20 days—roughly seven weeks, three days per week—
to take this special “behind-the-scenes” look at what makes molecules do what they do.
You can take a look at how we do this ourselves by checking the daily notes at http://
www.stolaf.edu/depts/chemistry/imt/days or the syllabus at http://www.stolaf.edu/people/
hansonr/chem126. In addition, be aware that there is a whole suite of helpful accessories
awaiting you at http://www.stolaf.edu/depts/chemistry/imt. Take a look at the “Online In-
teractive Guide.” We use this extensively in class on a daily basis, and students use it on
their own, as well.

We encourage you to contact us to ask us more about how we make this work. We have
a variety of lab experiences, for example, that cover all aspects of this book. We would be
more than happy to share them with you if requested.

Above all, have fun!



To the Student: How to Study Thermodynamics

Learning anything new is a challenge, and this is going to be something new. Sometimes we
professors forget how hard it is for students to remember all those new ideas. It’s stressful.
What’s obvious for us is almost certainly not obvious for you. Here are a few tips that might
relieve some of the stress:

. Check the web site http://www.stolaf.edu/depts/chemistry/imt, as there are several
pages there you might find useful. The Concept Index page should be of great
interest, for sure. We are very excited to offer this page, which provides an
on-line overview of many of the chapters. For each chapter, there is a guided
tour using slides, extensive commentary, searchable index, additional study
questions, occasional animations and “tools,” and many solved problems and
quizzes.

. There’s a big table in the back of this book (Appendix A) with all the many constants
and symbols in alphabetical order. Refer to it when you forget what a symbol
means.

. Equations are concise mathematical sentences. When you find an equation in the
text that is especially important, it is labeled with a chapter equation reference
such as 11.1. Highlight these and work hard not so much to memorize them as
to understand what they are trying to tell you.

. As you read, try to say the mathematics to yourself in words (or better, if your
roommate can stand it, say it out loud). For example, “�U = q + w” should
be pronounced, “The change in internal energy is the sum of the heat put in
plus the work put in.” If you find you can’t do that, it’s a flag that you probably
don’t understand it yet. Slow down, go to Appendix A, and check what those
symbols mean.

. Read slowly, and take notes as you read. You can’t do this stuff by looking at a
homework problem and then figuring out where in the book is a good example
just like it. Not here. No way. Forget that. Try to follow the progression of ideas
in the chapter. You should be able to see the logic.

. Memorize now Hanson’s Law of Thermodynamics: Learning requires work.

. Remember, no course lasts forever. Years from now, when you’ve gotten your dream
job, you’ll forget you ever read this. Still, we hope you will take something of
this experience with you.

Even with these tips, this may be stressful for some of you. If you experience trouble,
please talk it over with your professor or teaching assistant. They know lots of tricks and
are probably more than happy to sit down with you and go over any problems you have
with this material. The payoff to studying molecular thermodynamics will be a good sound
understanding of what’s happening around you and how you can (or cannot) control it. Good
luck to you!
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