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his book is intended to serve students majoring in the sciences in a one- or

two-semester course in organic chemistry. [ wrote the book to give students a

foundation in the fundamentals of the structure of organic compounds, their
reactions, and underlying reaction mechanisms. I also wish to convey to students
that organic chemistry is a tool for many other disciplines. such as health and
biological studies. My goal is to show students that organic compounds are all
around them—in pharmaceuticals, plastics, fibers, dyes and pigments, agrochemi-
cals, surface coatings, toiletry preparations and cosmetics, flavors and fragrances,
food additives, adhesives, and elastomers. I make a special effort throughout this
text to show the interrelation between organic chemistry and these areas, particu-
larly biology, biochemistry, physiology, pharmacology, health sciences, and poly-
mer science.

Where is the challenge in organic chemistry today? Through this text and their
instructors, I hope students will see that organic chemistry is a dynamic and ever-
expanding area of science waiting openly for those who are prepared, both by
training and inquisitive nature, to ask questions and to explore.

Organization

The main part of this text, consisting of Chapters 1 through 22, presents the major
classes of organic functional groups in conjunction with their reactions and their
reaction mechanisms. Chapters 12 through 14 within this group present the funda-
mentals of mass spectrometry, 'H-NMR and *C-NMR, IR, and UV-visible spec-
troscopy. The second part of the text, consisting of Chapters 23 through 25 is a brief
introduction to the organic chemistry of three major classes of biomolecules,
namely lipids, amino acids and proteins, and nucleic acids.

Chapter 1 begins with a review of the electronic structure of atoms and mole-
cules, and use of the VSEPR model to predict shapes of molecules and ions. It is
followed by an introduction to some basic organic functional groups: alcohols,
ethers, aldehydes, ketones, carboxylic acids, and esters. These particular functional
groups are the ones encountered most frequently in Chapters 1 through 14. The
theory of resonance is introduced midway through Chapter 1, and with it, the use of
curved arrows and electron pushing. The knowledge of resonance theory combined
with a facility for moving electrons gives students two powerful tools for writing
reaction mechanisms and understanding chemical reactivity. Chapter 1 concludes
with an introduction to quantum mechanics and a description of covalent bonding
in terms of both the valence bond model and the molecular orbital model.

Chapter 2 describes the structure and shapes of alkanes and cycloalkanes and
discusses their nomenclature. Beginning here and continuing throughout the text, a
clear distinction is made between IUPAC and common names. Where names are
introduced, the IUPAC name is given and the common name or names, where
appropriate, follow in parentheses. The TUPAC system is introduced in Section 2.3
through the naming of alkanes, and in Section 2.5 the IUPAC system is presented
as a general system of nomenclature.

Chapter 3 contains a general introduction to acid-base chemistry with empha-
sis on both qualitative and quantitative determination of the position of equilibrium
in acid-base reactions. A knowledge of acid-base chemistry gives students another
valuable tool for analyzing and understanding chemical reactivity.
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Preface

Chapters 4 and 5 cover the chemistry of alkenes. Structure and physical prop-
erties are presented in Chapter 4 and then chemical reactivity in Chapter 5. Reac-
tions are organized in the order: electrophilic additions. hydroboration. radical
addition of HBr. allylic halogenation. oxidation. reduction. and polymerization.
Chapter 5 concludes with a consideration of the central role of ethylene. the organic
chemical industry’s most important building block.

Chapters 6 and 7 continue the theme of reactivity of carbon-carbon pi bonds
with the chemistry of alkynes and conjugated dienes.

Chapter 8§ begins with a review of isomerism covered in earlier chapters (con-
stitutional. conformational. cis-rrans/E-Z isomerism) and then introduces the con-
cepts of chirality, enantiomerism, and diastereomerism. Students are then chal-
lenged to use these concepts to develop a deeper level of understanding of the
stereochemistry of alkene addition. oxidation. and reduction reactions.

Chapter 9 continues the theme of relationships between structure and reactivity
by considering the chemistry of alcohols. The concepts of one-step and two-step
nucleophilic substitutions are introduced in a preliminary way here with the reac-
tions of alcohols with HX.

Chapter 10 presents what. in my experience. is one of the most formidable and
anxiety-producing aspects of introductory organic chemistry. namely Sy1. S 2. E1.
and E2 mechanisms and the attendant concepts of stereochemistry, kinetics. and
relationships between structure and chemical reactivity. As I tell students. the diffi-
culty does not lie in any single part of this material: no part of it 1s any more
difficult than material already covered. The difficulty. rather. is in the number of
concepts to be assimilated at one time. “Now.” I tell students. “vou will have to
sing. dance. chew gum. snap your fingers. and whistle all at the same time." It is for
these reasons that 1 present nucleophilic substitution after the chemistry of alkenes
and alkynes. conjugated dienes. chirality. and alcohols. By this stage in the course.
students have a good grounding in the structure of organic molecules. the theory of
resonance. electron pushing. and reaction mechanisms. Nucleophilic substitution
and B-elimination then become a vehicle for integration of previously covered
chemistry into a larger pattern.

Chapter 11 is a logical extension of nucleophilic substitutions as applied to the
svnthesis of ethers and the reactions of epoxides.

Chapters 12 through 14 examine several instrumental methods for analyzing
molecular structure and relate these methods to functional groups that have been
studied to this point. First is mass spectrometry (Chapter 12). the instrumental
technique by which molecular formulas are determined. Given the placing of this
chapter. students are prepared to study the mass spectrometry of alkanes. alkenes.
alkynes. alcohols. ethers. and epoxides. The mass spectrometry of other classes of
organic compounds is presented in subsequent chapters. Chapter 13 presents the
fundamentals of both '"H-NMR and '*C-NMR spectroscopy. while IR and UV-
visible spectroscopy are covered in Chapter 14. While this material is presented as
a cluster of chapters midway through the text, the chapters are free-standing and
can be used in other orders as appropriate to a particular course.

Chapters 15 and 16 present the chemistry of aromatic compounds. The first of
these chapters concentrates on structure and nomenclature of aromatic compounds.
the concept of aromaticity. and the structure and acid-base properties of phenols.
The second of these chapters is devoted to aromatic substitution reactions.
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Chapters 17 through 21 concentrate on the chemistry of carbonyl-containing
compounds. First is the chemistry of aldehydes and ketones in Chapter 17. Imme-
diately following is the chemistry of carbohydrates in Chapter 18. The reason for
this placement is that the chemistry of carbohydrates is built on the chemistry of
two functional groups, namely aldehyde and ketone carbonyl groups and alcohol
hydroxyl groups.

Chapters 19 and 20 present the chemistry of carboxylic acids and their func-
tional derivatives. Following in Chapter 21 is the chemistry of enolate anions,
including the acetoacetic ester and malonic ester syntheses and the Michael reac-
tion.

Chapter 22 completes the introduction to organic functional groups with a
presentation‘ of the chemistry of aliphatic and aromatic amines.

Finally, in Chapters 23 through 25. the organic chemistry of lipids. amino acids
and proteins, and nucleic acids are presented. Chapter 23 covers the structure of the
major classes of lipids: triacylglycerols, fatty acids and prostaglandins, steroids.
phospholipids, and the fat-soluble vitamins. Chapter 24 gives considerable atten-
tion to the acid-base properties of amino acids and then continues with an introduc-
tion to primary, secondary, and tertiary structure of polypeptides. The stereopairs of
ribonuclease, hemoglobin. and myoglobin are particularly dramatic and valuable as
teaching tools. The concentration in Chapter 25 is on primary, secondary and
tertiary structure of DNA and solid-phase synthesis of DNA. An interesting
“Chemistry in Action”” box discusses the organic compounds used in the treatment
of neoplastic diseases.

Special Features
Full-Color Art Program

One of the most distinctive features of this text is its visual impact. The text’s
extensive full-color art program includes over 250 pieces of art— many never seen
before in organic texts— by professional artists John and Bette Woolsey.

Stereopairs

A collection of over 50 stereopairs have been prepared for this text. each chosen to
reinforce the concept of organic chemistry as a three-dimensional science. Student
reaction to these stereopairs ranges from *“‘cool’” to “'spectacular.” Each copy of the
text is equipped with a pair of stereoglasses for easy viewing. Stereoart is indicated
by the following icon:

STEREO

Chemistry in Action Boxes

These boxes illustrate applications of organic chemistry to everyday settings.
Topics range from Drugs that Lower Plasma Levels of Cholesterol, to Carbamate
Insecticides, and Chirality and the Search for Extraterrestrial Life.
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In-Chapter Examples

There are an abundance of in-chapter examples. Solutions are given in detail so that
students can follow the logic behind each step. Following each in-chapter example
1s a comparable in-chapter problem designed to give students the opportunity to
practice solving related problems.

End-of-Chapter Summaries

End-of-chapter summaries highlight all key reactions found in a chapter. Each
reaction is annotated and keyed to the section where it is discussed. For those
chapters with no new reactions, for example the chapters on spectroscopy and
chirality, prose summaries are given.

End-of-Chapter Problems

There are plentiful end-of-chapter problems—more than typically given in organic
texts. All problems are categorized by topic. A tetrahedral icon ( & ) is used next
to applied problems. A blue number indicates that a problem is more challenging.

Photo Art

Photos, conceived and developed for this text, show organic chemistry as it occurs
in the laboratory and in everyday life, and depict the natural sources of many
organic compounds.

Color

Color 1s used to highlight parts of molecules and to follow the course of reactions.
The graphic on the next page shows some of the colors used consistently in the
artwork in this book.

Interviews

Four interviews with prominent scientists describe how these people became inter-
ested in chemistry as a college major, then as an educator and/or research profes-
sional. Their enthusiasm for their work is evident, and they invite students to pursue
similar interests in the sciences.

Bio-organic Chemistry

Bio-organic chemistry is emphasized throughout. An invaluable reference for
health-related organic chemistry is Goodman and Gilman's The Pharmacological
Basis of Therapeutics, 8th Edition, A. Goodman Gilman, T. W. Rall, A. S. Nies,
and P. Taylor, Editors, (Pergamon Press, New York, 1990).

Glossary of Key Terms

At the end of the book is a section that gives the definitions of important terminol-
ogy used in this text.




Preface xi
COLOR KEY
Elements -
- g Shapes like these
L ___,]' a are used for
) : s such as
Carbon (C) Hydrogen (H) Oxygen (O) Chlorine (Cl) Bromine (Br) %rgtpé::%;;
ST 6 and C¢Hs, where
¢ E ~ simplicity is
- .'I o Q ,-} B importanl
Nitrogen (N) Phosphorus (P) Sodium (Na) Magnesium (Mg) Fluorine (Fl)
Bonds and Orbitals Sugars Nucleotides
Positive G- - C: —C: Q
Electrons and A -
electron pairs Single bond Fructose Glucose Cytosine  Guanine
O----H C=C
OunQ  Om==O =
0 4

Hydrogen bond Double bond Mannose Galactose Thymine  Adenine

Negative : : : 3 ﬁ R

] } ]
Electron orbitals Delocalized bond Triple bond Ribose Deoxyribose Uracil

Spectroscopy

TH-NMR Spectra

Al

I3C-NMR Spectra

|
JLEES

Mass Spectra

e

'f

IR spectra

Support Package

e Student Study Guide and Problems Book by Brent and Shiela Iverson of
the University of Texas, Austin. Contains section-by-section overviews of each
chapter and detailed solutions to all text problems. Each reaction chapter in-
cludes a “reactions grid,” which organizes in a unique way the transformations
of each new functional group and the reagent(s) required to bring about each

transformation.

1001 Ways to Pass Organic Chemistry: A Guide for Helping Students
Prepare for Exams by Shelton and Janet Bank, State University of New York,
Albany. Contains 1001 problems with answers and tips for problem solving.
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o Test Bank by Shelton and Janet Bank, State University of New York, Albany.
Contains 25 multiple-choice questions per chapter for instructors to use for tests,
quizzes. or homework assignments. Available also in computerized form for
IBM-compatible and Macintosh computers.

o Pushing Electrons: A Guide for Students of Organic Chemistry, 2/e
(Updated Edition) by Daniel P. Weeks, Northwestern University. A paper-
back workbook designed to help students learn techniques of electron pushing.
Its programmed approach emphasizes repetition and active participation.

¢ Organic Polymer Chemistry: A Primer by Bruce M. Novak, Polymer
Science and Engineering Department. University of Massachusetts. A supple-
mental chapter in paperback containing an introduction to polymer chemistry:
molecular weight distributions. polymer morphology. step-growth and chain po-
lymerizations. ring-opening metathesis polymerizations. and conjugated poly-
mers through ROMP techniques. Also included are a chapter summary, end-of-
chapter problems. and three “*Chemistry in Action™ boxes.

o Overhead Transparency Acetates. A selection of 125 full-color figures
from the text.

¢ Saunders Chemistry of Life Videodisc Multimedia Package. Includes
still images from this text. as well as hundreds from other Saunders chemistry
texts. The disc can be operated via a computer, a bar code reader, or a hand-con-
trolled keypad.

¢ Chemoffice Ltd. 2.0 (Chem Draw and Chem 3D) is a software package from
Cambridge Scientific that provides students with the capabilities to draw molec-
ular structures. and to manipulate them in three-dimension. A User’s Guide and
Quick Reference Card, written exclusively for Saunders College Publishing,
accompany the software.

The following Organic Chemistry Laboratory Manuals published by
Saunders College Publishing can be used along with this text:

Intfroduction to Organic Laboratory Techniques, A Microscale Ap-
proach, 2/e by Pavia. Lampman. Kriz. and Engel.

Introduction to Organic Laboratory Techniques, 3/e by Pavia, Lamp-
man, and Kriz. '

Organic Chemistry Laboratory: Standard and Microscale Experi-
ments by Rodig. Bell. and Clark.

Experimental Organic Chemistry: A Miniscale Approach by Roberts,
Gilbert, and Martin,
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COVALENT BONDS AND
SHAPES OF MOLECULES

pounds of carbon. Perhaps the most remarkable feature of organic chemistry is that

it is the chemistry of carbon and only a few other elements—chiefly, hydrogen,
oxygen, and nitrogen. There are well over ten million compounds composed of carbon and
these three other elements. What unique property of carbon allows it to form so many
compounds? The answer lies in its position in the periedic table. As a second-period
element, carbon has relatively small atoms allowing it to form double and triple bonds that
are rare in the compounds of other Group IV elements such as silicon. In addition, as a
Group IV element, carbon can form four bonds to other elements, giving it a wide range of
opportunities for bonding. Finally, as an element with intermediate electronegativity, car-
bon can bond covalently to more electronegative elements, such as oxygen, nitrogen, and
the halogens, and with more electropositive elements, such as hydrogen, mercury, and
lead.

A ccording to the simplest definition, organic chemistry is the study of the com-

1.1 Electronic Structure
of Atoms

1.2 The Lewis Model of
Bonding

1.3 Bond Angles and
Shapes of Molecules

1.4 Functional Groups

1.5 Constitutional
Isomerism

1.6 Resonance

1.7 Quantum, or Wave,
Mechanics

1.8 Valence Bond
Approach to
Covalent Bonding

1.9 Molecular Orbital
Approach to
Covalent Bonding
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Chapter 1: Covalent Bonds and Shapes of Molecules

Key to understanding the physical and chemical properties of organic molecules is an
understanding of their structure. and. therefore, we begin with a review of how atoms are
bonded together. We study three models of chemical bonding. First is the Lewis model of
bonding, which accounts in a very simple and straightforward way for the coordination
numbers of atoms and for the geometry of chemical bonds. This model. however, gives us
little insight into relationships between structure and chemical reactivity. For that. we turn
to two models developed using the theory of quantum mechanics, namely. valence bond
theory and molecular orbital theory. Which model should you use and when? The
answer depends on what you want to do. If you want to predict a bond angle about a
particular atom in a molecule. the Lewis model serves you well. If you wish to understand
why a particular bonding pattern imparts a unique set of chemical properties to molecules
in which it is found, you need to turn to the valence bond model or the molecular orbital
model. And now. let us begin.

1.1 Electronic Structure of Atoms

You are already familiar with the fundamentals of the electronic structure of atoms.
Briefly. an atom contains a small, dense nucleus made of neutrons and positively charged
protons. The nucleus is surrounded by a much larger extranuclear space containing nega-
tively charged electrons. Electrons are concentrated about the nucleus in regions of space
called principal energy levels identified by the principal quantum numbers 1, 2, 3. and
so on. Each principal energy level can contain up to 2n? electrons, where 7 is the number
of the principal energy level. Thus. the first energy level can contain 2 electrons. the second
8 electrons. the third 18 electrons. the fourth 32 electrons, and so on.

Each principal energy level is subdivided into regions of space called orbitals. The
first principal energy level contains a single orbital called a 15 orbital. The second principal
energy level contains one s orbital and three p orbitals: these orbitals are designated 2s.
2p.. 2py. and 2p_. The third principal energy level contains one 3s orbital. three 3p
orbitals. and five 3d orbitals.

Every atom has an infinite number of possible electron configurations. At this stage,
we are concerned only with the ground-state electron configuration —the electron con-
figuration of lowest energy. The chemical properties of an atom are related primarily to its
ground-state electron configuration.

According to the aufbau principle, orbitals fill in order of increasing energy from
lowest to highest. The first orbital to fill with electrons is the 1s orbital. According to the
Pauli exclusion principle, no more than two electrons may be present in an orbital, one
with spin quantum number +1. the other with spin quantum number —34. Thus. with two
electrons. the Is orbital is filled. Next to fill is the 25 orbital, followed by the three 2p
orbitals. The three 2p orbitals are said to be degenerate orbitals, meaning that electrons in
them have equivalent energies. According to Hund’s rule, when a number of degenerate
orbitals are available but not enough electrons are present to fill them completely, then one
electron is added to each degenerate orbital before a second electron is added to any one of
them. Thus, after the 1s and 2s orbitals are filled with four electrons. a fifth electron is
added to the 2p, orbital, a sixth electron to the 2p, orbital. and a seventh electron to the 2p.
orbital. Only after each 2p orbital contains one electron is a second electron added to the
2p, orbital. Table 1.1 shows ground-state electron configurations of the first 18 elements of
the periodic table.
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Table 1.1 Ground-state electron configurations for elements 1-18

e Orbital

Element Number 1s 2s 2p, 2p, 2p, 3s 3p, 3p, 3p,

H 1 1
He 2 2
Li 3 2 1
Be 4 2 2
B 5 2 2 1
C 6 2 2 1 1
N 7 2 2 1 1 1
(0] 8 2 2 2 1 1
& 9 2 2 2 2 1
Ne 10 2 2 2 2 2
Na 11 2 2 2 1
Mg 12 2 2 2 2 2 2
Al 13 2 2 2 2 2 2 1
Si 14 2 2 2 2 2 2 1 1
15 2 2 2 2 2 2 1 1 1
S 16 2 2 2 2 2 2 2 1 1
Cl 17 2 2 2 2 2 2 2 2 1
Ar 18 2 2 2 2 2 2 2 2 2

When discussing the physical and chemical properties of an element, chemists often
focus on the outermost orbitals of the element because electrons in these orbitals are the
ones involved in the formation of chemical bonds and in chemical reactions. To show the
outermost electrons of an atom, we commonly use a representation called a Lewis struc-
ture after the American chemist who devised this notation, G. N. Lewis (1875-1946). A
Lewis structure shows the symbol of the element surrounded by a number of dots equal to
the number of electrons in the outer shell of that element. In Lewis structures, the atomic
symbol represents the “‘core,” that is, the nucleus and all completely filled inner shells.
Quter shell electrons are called valence electrons, and the energy level in which they are
found is called the valence shell. Table 1.2 shows Lewis structures for the first 18 elements
of the periodic table.

Helium, neon, argon, and krypton are called noble gases because of their relative
unreactivity. The valence shell of helium is filled with two electrons. Neon, argon, and
krypton have in common an electron configuration in which the s and p orbitals of their
outermost, or valence, shell are filled with eight electrons. The valence shells of all other
elements shown in Table 1.2 contain fewer than eight electrons.

Compare the Lewis structures given in Table 1.2 with the ground-state electron con-
figurations given in Table 1.1. For example, boron is shown in Table 1.2 with three valence
electrons; these are the paired 2s electrons and the single 2p, electron shown in Table 1.1.
Carbon is shown with four valence electrons; these are the two paired 2s electrons and the
single 2p, and 2p, electrons shown in Table 1.1.

Gilbert N. Lewis introduced the
theory of the shared electron pair
bond and revolutionized chemis-
try. It is in his honor that we often
refer to “‘electron dot™ structures
as Lewis structures. (UPl/Bettmann)
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Table 1.2 Lewis structures for elements 1-18 of the periodic table

IA 11A I11A IVA VA VIA VIIA VIIIA
H He:
Li Be B -C: N o) F Ne
Na Mg Al -Si: P S Cl Ar

Notice also from Table 1.2 that for C. N. O. and F in the second row of the periodic
table. the valence electrons belong to the principal quantum number 2 shell. With eight
electrons. this shell is completely filled. For Si. P. S. and Cl in the third row of the periodic
table, the valence electrons belong to the principal quantum number 3 shell. This shell is
only partially filled with eight electrons: the 3s and 3p orbitals are fully occupied. but the
five 3d orbitals can accommodate an additional ten valence electrons. Because of the
differences in number and kind of orbitals in principal energy levels 2 and 3. significant
differences exist in the covalent bonding of oxygen and sulfur. and of nitrogen and phos-
phorus. For example. although oxygen and nitrogen can accommodate no more than 8
electrons in their valence shells. phosphorus can accommodate as many as 10 electrons in
its valence shell. and sulfur as many as 12.

1.2 The Lewis Model of Bonding

A. Formation of a Chemical Bond

In 1916. G. N. Lewis devised a beautifully simple model that unified many of the observa-
tions about chemical bonding and reactions of the elements. He pointed out that the chemi-
cal inertness of the noble gases indicates a high degree of stability of the electron configu-
rations of these elements: helium with a valence shell of two electrons (1s°). neon with a
valence shell of eight electrons (2522p®). and argon with a valence shell of eight electrons
(35%3p®). The tendency of atoms to react in ways that achieve an outer shell of eight
valence electrons is particularly common among elements of Groups IA - VIIA (the main-
group elements) and is given the special name octet rule.

EXAMPLE 1.1

Show how calcium in forming Ca*~ follows the octet rule.
Solution

Following are ground-state electron configurations for Ca and Ca>":

Ca (20 electrons): 1522572 p63523p6452

222

Ca2~ (18 electrons): 1522522p®3523p0

Thus. Ca*™ has a complete octet of electrons in its outermost (valence) shell and has the
same electron configuration as argon.
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PROBLEM 1.1

Show that the following obey the octet rule:

(:ij Sulfur (atomic number 16) forms sulfide ion, S>~.
(b) Magnesmm (atomic number 12) forms Mg>". ;
S el = e A RE o Npe 227 L B
} & ;.) < ) 4 < ; v ; L

Accordmg to Lewis” model, atoms bond together in such a way that each atom partic-
ipating in a chemical bond acquires a completed outer-shell electron configuration resem-
bling that of the noble gas nearest it in the periodic table. Atoms acquire completed outer
shells in two ways.

1. An atom may lose or gain enough electrons to acquire a completely filled outer shell. An
atom that gains electrons becomes an anion (a negatively charged ion), and an atom that
loses electrons becomes a cation (a positively charged ion). A chemical bond between a
positively charged ion and a negatively charged ion is called an ionic bond.

2. An atom may share electrons with one or more other atoms to complete its outer shell. A
chemical bond formed by sharing electrons is called a covalent bond.

B. Electronegativity and Chemical Bonds

One way to estimate the degree of ionic or covalent character in a chemical bond is to
compare the electronegativities of the atoms involved. Electronegativity is a measure of
the force of an atom’s attraction for electrons that it shares in a chemical bond with another
atom. The most widely used scale of electronegativities was devised by Linus Pauling in
the 1930s and is based on bond energies. On the Pauling scale, fluorine, the most electro-
negative element, is assigned an electronegativity of 4.0, and all other elements are as-
signed values in relation to fluorine. Table 1.3 shows electronegativities of the elements on

Table 1.3 Electronegativity values for some atoms (Pauling scale)

IR
IA 1IA 2.1 IIIA IVA VA VIA VIIA
Li | Be B|C|NJ]O|F |
1.0 | 1.5 20| 25 I_.‘a’.(} 35140
Na | Mg VIIIB Al | Si | P S} Cl

09 | 12 (1B IVB VB VIB VIIB ——*—— IB IIB| 15|18 [21 |25 |30
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Cs | Ba|La|Hf {Ta| W |Re |Os| Ir | Pt [Au|Hg | Tl | Pb | Bi | Po | At

07 09| 11| 13|15(17|19[22122}22}124}19/ 18 18|19 20422

[ <10 B 1. .
B9 10-14 BEH20-24 [ 30-40

0.133 nm

0. 066 nm
SN

0.184 nm

0.105 nm \
\

+ 2e= —

S S*-

Linus Pouling received the Nobel
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Figure 1.1

Model of the NaF lattice. Each
Na* ion is surrounded by six F
ions, and each F~ ion is in turn
surrounded by six Na™ ions.
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the Pauling scale. Note that because bond energy for a particular bond varies somewhat
depending on its chemical environment, electronegativity values in Table 1.3 are actually
average values. The main-group elements (Groups IA-VIIA) exhibit the following peri-
odic trends in electronegativity.

1. Electronegativity increases from left to right within a period (horizontal row).
2. Electronegativity decreases from top to bottom within a column (vertical row).

lonic Bonds

An ionic bond is a chemical bond formed by the attractive force between positive and
negative ions. As an approximation we say that an ionic bond is formed by the transfer of
electrons from the valence shell of an atom of low electronegativity to the valence shell of
an atom of high electronegativity. The more electronegative atom gains one or more
valence electrons and becomes an anion; the less electronegative atom loses one or more
valence electrons and becomes a cation. An example of an ionic bond is that formed
between sodium (electronegativity 0.9) and fluorine (electronegativity 4.0).

Na:+ :F: —>Na® :F:

this electron transferred
to fluorine

In forming this bond. the single 3s valence electron of sodium is transferred to the partially
filled valence shell of fluorine:

Na(1522522p%3s1) + F(15%2522p%) — Na(1522522p°) + F(1s225s%2p%)

As a result of this transfer of one electron, both sodium and fluorine form ions that
arisoelectronic with neon, the noble gas nearest each in the periodic table.

Tons with noble gas configurations are particularly stable. and their formation accounts
in part for the stability of ionic solids. A second factor in the stability of ionic solids is the
lattice energy released when positive and negative ions become arranged in an ordered
array in a crystal lattice. In sodium fluoride, each Na* ion is surrounded by six F~ ions, and
each F~ ion is in turn surrounded by six Na* ions (Figure 1.1).

Covalent Bonds

A covalent bond is a chemical bond formed by sharing electron pairs between two atoms.
The simplest example of a covalent bond is that in the hydrogen molecule. When two
hydrogen atoms combine. the single electrons from each combine to form an electron pair.
This shared pair completes the valence shell of each hydrogen. According to the Lewis
model. a pair of electrons in a covalent bond functions in two ways simultaneously: it is
shared by two atoms and at the same time fills the outer (valence) shell of each.

B 2R YRl == 18l=13l AH = — 104 kcal/mol (— 435 kJ/mol)

The Lewis model accounts for the stability of covalent bonds in the following way. In
forming a covalent bond, an electron pair occupies the region between two nuclei and
serves to shield one positively charged nucleus from the repulsive force of the other
positively charged nucleus. At the same time, the electron pair attracts both nuclei. In other
words, an electron pair in the space between two nuclei bonds them together and fixes the
internuclear distance to within very narrow limits. The distance between nuclei participat-
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ing in a chemical bond is called a bond length. The attraction between positively charged
nuclei and negatively charged electrons is one factor contributing to the stability of cova-
lent bonds. We discuss a second and more important factor in Section 1.8B.

_—

Percent lonic C cter of Covalent Bonds

Although all covalent bonds involve the sharing of electrons, they differ widely in the
degree of sharing. Consider, for example, a covalent bond between carbon and hydrogen.
Because these atoms have almost identical electronegativities (C = 2.5; H = 2.1), elec-
trons in a C—H bond are shared almost equally. A nonpolar covalent bond is one in
which the sharing of electrons is equal or almost equal. Another situation arises when the
difference in electronegativity between two atoms joined by a covalent bond is somewhat
larger. A polar covalent bond is one in which the sharing of electrons is unequal. We also
refer to polar covalent bonds as covalent bonds with partial ionic character. For example,
on the Pauling scale, the difference in electronegativity between chlorine and hydrogen is
3.0 — 2.1 = 0.9 unit. The H—CI bond is covalent, but the sharing of electrons is not
equal. Electrons of the bond are attracted to chlorine more strongly than to hydrogen. An
important consequence of this unequal sharing of electrons is that chiorine has a greater
proportion of the shared electrons around it and hence has a partial negative charge,
indicated by the symbol 6—. Hydrogen has a lesser proportion of the shared electrons and
consequently has a partial positive charge, indicated by the symbol é+. The respective
distributions of electrons in a nonpolar covalent bond, a polar covalent bond, and an ionic
bond are illustrated in Figure 1.2.

As we shall see throughout this text, the degree of polarity (partial ionic character) of
covalent bonds is one of the most important factors in determining both physical and
chemical properties of organic molecules. For this reason, chemists have sought ways to
calculate the degree of polarity of covalent bonds. Of the various methods developed for
this purpose, the simplest and most direct is that based on electronegativity. The percent
ionic character of a covalent bond can be calculated as follows, where £, is the electro-
negativity of the more electronegative atom and E,, that of the less electronegative atom.

E,— E,

% ionic character = — X 100
“a

EXAMPLE 1.2

Calculate the percent ionic character of the following covalent bonds. For each, show
which atom bears the partial positive charge and which the partial negative charge.
(a) C—O (by C—H (¢c) H—0

Solution

(a) A C—O bond has 29% ionic character. Oxygen, the more electronegative atom,
bears a partial negative charge; and carbon, the less electronegative atom, bears a
partial positive charge.

-25 o+ 60—

35 .
% 1onic character = 35 X 100 = 29% C=©

(b) A C—H bond has approximately 16% ionic character, with carbon, the more

(a)

(b)

Figure 1.2

Sharing of electrons in (a) nonpo-
lar and (b) polar covalent bonds,
and (c) the transfer of electrons in
an ionic bond. These drawings
show relative sizes of the atoms
and ions involved in each bond.




Chapter 1: Covalent Bonds and Shapes of Molecules

electronegative element, bearing a partial negative charge and hydrogen, the less
electronegative element, a partial positive charge.

25— 21 0— &+
% ionic character = T X 100 = 16% C=lH
(¢) An H—O bond has approximately 40% ionic character, with oxygen bearing a
partial negative charge and hydrogen a partial positive charge.
=7 6+ o6—

=2 %X 100 =40% H—O

.. 3.5
% 1onic character =
3.5

PROBLEM 1.2

Calculate the percent ionic character of the following covalent bonds. For each, show
which atom bears the partial negative charge and which atom bears the partial positive
charge.

(@ N—H (b) C—Mg (¢) B—H
|

C. Lewis Structures of Covalent Molecules and lons

The ability to write Lewis structures for covalent molecules and ions is a fundamental skill
for the study of organic chemistry. The following guidelines will help you to do this:

1. Determine the number of valence electrons in the molecule or ion. To do this, add the
number of valence electrons contributed by each atom. For ions. add one electron for
each negative charge on the ion. and subtract one electron for each positive charge on
the ion.

Determine the arrangement (order of attachment) of atoms in the molecule or ion.
Except for the simplest molecules and ions, this arrangement must be determined ex-
perimentally. For some molecules and ions given as examples in the text, you are asked
to propose an arrangement of atoms. For most, however, you are given the experimen-
tally determined arrangement of atoms.

Connect the atoms with single bonds. Then arrange the remaining electrons in pairs so
that each atom in the molecule or ion has a complete outer shell. Each hydrogen atom
must be surrounded by two electrons. Each atom of carbon, oxygen, nitrogen, and
halogen must be surrounded by eight electrons (per the octet rule).

. A pair of electrons involved in a covalent bond (bonding electrons) is shown as a single
bond: an unshared (nonbonding) pair of electrons is shown as a pair of dots.

In a single bond, two atoms share one pair of electrons. In a double bond they share
two pairs of electrons. and in a triple bond they share three pairs of electrons.

L

&

F N

n

Table 1.4 shows Lewis structures, molecular formulas. and names for several molecules.
After the molecular formula of each. the number of valence electrons it contains is given.
Notice that in these molecules. each hydrogen atom is surrounded by two valence elec-
trons, and each atom of carbon. nitrogen, oxygen, and chlorine is surrounded by eight
valence electrons. Furthermore, each carbon atom has four bonds. the nitrogen atom has
three bonds and one unshared pair of electrons, each oxygen atom has two bonds and two
unshared pairs of electrons. and the chlorine atom (as is true for other halogens as well) has
one bond and three unshared pairs of electrons.
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D. Formal Charge

Throughout this course we deal not only with molecules but also with polyatomic cations
and polyatomic anions. Examples of polyatomic cations are the hydronium ion, H;O*, and
the ammonium ion, NH,”. An example of a polyatomic anion is the bicarbonate ion,
HCO;". It is important that you be able to determine which atom or atoms in a polyatomic
ion bear the positive or negative charge. The charge on an atom in an ion or in a molecule is
called its formal charge. In a sense, formal charge is simply electron bookkeeping. None-
theless, to be able to calculate formal charge is essential to an understanding of organic
chemistry. As we will see very soon, location of formal charge gives valuable insights into
the chemical properties and reactivities of molecules. Furthermore, many of the interme-
diates that appear in organic reaction mechanisms are charged, and it is essential that you
be able to locate the site of a charge. To derive formal charge

1. Write a correct Lewis structure for the molecule or ion.

2. Assign to each atom all of its unshared (nonbonding) electrons and one-half of its shared
(bonding) electrons.

3. Compare this number with the number of valence electrons in the neutral, unbonded
atom. If the number of electrons assigned a bonded atom is less than that assigned to the
unbonded atom, then more positive charges are in the nucleus than counterbalancing
negative charges, and the atom has a formal positive charge. Conversely, if the number
of electrons assigned to a bonded atom is greater than that assigned to the unbonded
atom, then the atom has a formal negative charge.

EXAMPLE 1.4

Draw Lewis structures for the following ions, and show which atom in each bears the
formal charge:

(a) H,O0~ (b) NH,* (¢) HCO;~

Solution

(a) An unbonded oxygen atom has six valence electrons. The oxygen atom in H;O*
is assigned five electrons: two nonbonding electrons and one from each shared
pair of electrons. Therefore, oxygen has a formal charge of +1 (6 — 5 = +1).

assigned 5 valence

electrons: formal

charge of +1 A

H—?—H
H

(b) Anunbonded nitrogen atom has five valence electrons. Nitrogen is assigned four
valence electrons and, therefore, has a formal charge of +1 (5 — 4 = 1).
assigned 4 valence

electrons; formal

charge of +1 \]l-l
H—ITILH

H




1.2 The Lewis Model of Bonding

(¢) Loss of a hydrogen ion from carbonic acid (Table 1.4) gives the bicarbonate ion.
Carbon is assigned four valence electrons and has no formal charge (4 — 4 = 0).
Two oxygens are assigned six valence electrons each and have no formal
charges (6 — 6 = 0). The third oxygen is assigned seven valence electrons and
has a formal charge of —1 (6 — 7 = —1).

This oxygen is assigned 7
valence electrons: it has
a formal charge of —1

L .
H—0—C—O—H H—0—C—0

Cﬁrbonic acid, H,CO,4 Bicarbonate ion, HCO,
(an oxyacid)

PROBLEM 1.4

Draw Lewis structures for the following ions, and show which atom in each bears the
formal charge:

(@ CHy;*  (b) CH; (c) OH
|

In writing Lewis structures for molecules and ions, it is essential to remember that
elements of the second row, including carbon. nitrogen, and oxygen, can accommodate no
more than eight electrons in their valence shells. Following are two Lewis structures for
nitric acid, HNOj;, each with the correct number of valence electrons, namely. 24

10 electrons in the

:0: / valence shell of nitrogen
H—O—N—0O: H—O—N=0
BT
An acceptable Not an acceptable
Lewis structure Lewis structure

The first structure is an acceptable Lewis structure. It shows the required 24 valence
electrons; each oxygen and nitrogen has a completed valence shell of 8 electrons: it shows
a formal positive charge on nitrogen, and a formal negative charge on one of the oxygens.
Note that the sum of the formal charges on the acceptable Lewis structure for HNO; is zero.
The second structure is not an acceptable Lewis structure. Although it shows the correct
number of valence electrons, it places ten electrons in the valence shell of nitrogen.

E. Exceptions to the Octet Rule

The Lewis model of covalent bonding focuses on valence electrons and the necessity for
each atom in a covalent bond to have a completed valence shell of eight electrons. Al-
though most molecules formed by main-group elements (Groups IA—VIHA) have struc-
tures that satisfy the octet rule, there are two important exceptions to this rule. In the first
group are molecules containing an atom with fewer than eight valence electrons around it.
In the second group are molecules containing an atom with more than eight electrons in its
valence shell.
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CHEMISTRY IN ACTION

The Octet Rule

The octet rule of G. N. Lewis gives us a powerful and
simple model for understanding bonding in organic
compounds. Experiments designed to prepare mole-
cules with ten electrons in the valence shell of carbon or
nitrogen atoms might seem pointless or absurd. How-
ever, because chemistry is an experimental science, the
truth of concepts such as the octet rule can be estab-
lished only by experiment. No matter how many mole-
cules obey the octet rule. a single exception would re-
sult in major modifications to the rule, or even its
replacement.

In 1949, the German chemist Georg Wittig at-
tempted to prepare pentamethyl nitrogen, a compound
with ten electrons in nitrogen’s valence shell, by the
following reaction:

CH,
CH3—1T‘—CH3Br— + Litheny,

CH,
Tetramethylammonium ~ Methyllithium
bromide
CH;  cH,
\/ 3
N—CH; + Li"Br-
7\
CH; CH,4

Pentamethylnitrogen

Instead, an acid-base reaction took place with one of the
C—H bonds in the tetramethylammonium bromide.
CH}
CH3—1TT—CH3 B~ + Li*:CH, —
CH,

Tetramethylammonium
bromide

Methyllithium

CH,
(‘,H_;—.T'—‘CHZ‘ + Li*Br  + CH,
CH,

A nitrogen ylide

The product from this reaction, which obeys the Lewis
octet rule, has a positively charged nitrogen next to a
negatively charged carbon. This novel type of molecule
had not been made before. Wittig gave this class of
molecules the name “ylide.”

Knowing that phosphorus (just below nitrogen in
the periodic table) is capable of expanding its octet,
Wittig carried out an analogous reaction with phos-
phorus.

CH,
CH3—1|°+—CH3 Br~ + Li*iCH, —
CH,

Tetramethylphosphonium
bromide

Methyllithium

CH,
CH3—1|>+—CH2— + Li*Br~ + CH,
CH,

A phosphorus ylide

Once again, an acid-base reaction took place, and the
product was a phosphorus ylide.

Wittig soon abandoned his attempts to make com-
pounds with five bonds to nitrogen (a goal he later char-
acterized as absurd) and instead studied the chemistry of
the newly discovered ylides. He found that phosphorus
ylides are extraordinarily useful reagents for preparing
complex organic molecules, including such important
compounds as vitamin A. In 1979, Professor Wittig was
awarded the Nobel Prize in chemistry for his discovery
and work with phosphorus ylides.

Today, with our more powerful calculation tools,
we can be quite confident that it is not possible to pre-
pare stable compounds that violate the octet rule. Nev-
ertheless, organic chemists continue to test the limits of
bonding and reactivity. The results may be even newer
kinds of structures and organic reactions. some of which
will come as a surprise to everyone.

See G. Wittig. Science, 210, 600 (1980).




1.2 The Lewis Model of Bonding

The most common examples of the first group are molecules containing atoms of
Group IIIA elements. Following is a Lewis structure for BF;. In this uncharged covalent
compound, boron is surrounded by only six valence electrons. Aluminum chloride is an
example of a compound in which aluminum, the element immediately below boron in
Group IIIA, has an incomplete valence shell. Because their valence shell is only partially
filled. trivalent compounds of boron and aluminum are highly reactive.

“F. 6 electrons in the valence shells ‘I
F—B// of boron and aluminum Cl\—)A{
\ . =T
.E; -Cl
Boron trifluoride Aluminum chloride

A second group of exceptions to the octet rule is made up of molecules and ions that
contain an atom with more than eight electrons in its valence shell. Atoms of second-row
elements use 25 and 2p orbitals for bonding, and these orbitals can contain only eight
valence electrons, hence the octet rule. Atoms beyond row 2 have ns. np, and nd orbitals
and can accommodate more than eight electrons in their valence shells. Following are
Lewis structures for phosphorus trifluoride. phosphorus pentafluoride. and phosphoric
acid. The first compound has eight electrons in the valence shell of phosphorus, the second
and third compounds have ten electrons in the valence shell of phosphorus.

. : Ili' ) 3 (") 3
il 5 F—p—-0 g 6—p—0—H
:E: ._F: F ;Q_H
Phosphorus Phosphorus Phosphoric acid
trifluoride pentafluoride

Sulfur, another third-row element. has 3d orbitals available for bonding and forms com-
pounds in which its valence shell contains 8, 10, or 12 electrons. Following are Lewis
structures for hydrogen sulfide. dimethyl sulfoxide. and sulfuric acid.

0 :0:
H—S—H CH3—g—CH3 H—(:j—!—(:j—H
4
Hydrogen sulfide Dimethyl sulfoxide Sulfuric acid

EXAMPLE 1.5

Following are alternative Lewis structures for dimethyl sulfoxide and sulfuric acid that
show only eight electrons in the valence shell of sulfur. Assign formal charges in each atom
in these Lewis structures.

26: :6:
N
(a) CH,—S—CH, (b) H—Q—?—Q—H
:QZ

13
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Solution

In the alternative Lewis structure for dimethyl sulfoxide, sulfur has a formal charge of +1,
and in the alternative Lewis structure for sulfuric acid, sulfur has a formal charge of +2.
Each oxygen atom with three unshared pairs of electrons has a formal charge of —1.

:'lol:— :?:_
CH;—S$™—CH; H—0—S—0—H

Throughout this text, we follow the practice common to organic chemistry of showing
sulfur with an expanded valence shell of up to 12 valence electrons and with no formal
charge.

PROBLEM 1.5

Assign formal charges in the alternative Lewis structure for phosphoric acid that shows
only single bonds to phosphorus and only eight electrons in its valence shell.

:?:
H—Q—T—Q—H
O—H

1.3 Bond Angles and Shapes of Molecules

In the preceding section, we used a shared pair of electrons as the fundamental unit of a
covalent bond and drew Lewis structures for several small molecules and ions containing
various combinations of single, double, and triple bonds. We can predict bond angles in
these and other covalent molecules in a very straightforward way using the valence-shell
electron-pair repulsion (VSEPR) model. According to the VSEPR model, an atom is
surrounded by an outer shell of valence electrons. These valence electrons may be involved
in the formation of single, double, or triple bonds, or they may be unshared. Each of these
combinations creates a negatively charged region of space, and because like charges repel
each other, the various regions of electron density around an atom spread out so that each is
as far away from the others as possible.

0 |
fi&o 0

(c)
109.5°

~ 7

T 109.5°

Figure 1.3
The shape of a methane molecule, CH,: (a) Lewis structure, (b) the three-dimensional shape showing
bond angles, and (c) a stereopair.




.

1.3 Bond Angles and Shapes of Molecules

Let us use the VSEPR model to predict the shape of methane, CH,. The Lewis
structure for CH, shows a carbon atom surrounded by four separate regions of electron
density, each of which consists of a pair of electrons forming a bond to a hydrogen atom.
According to the VSEPR model, the four regions radiate from carbon so that they are as far
away from each other as possible. This occurs when the angle between any two pairs of
electrons is 109.5°. Therefore, all H—C—H bond angles are predicted to be 109.5°, and
the shape of the molecule is predicted to be tetrahedral. The H—C—H bond angles in
methane have been measured experimentally and found to be 109.5°. Thus, the bond
angles and shape of methane predicted by the VSEPR model are identical to those ob-
served. Figure 1.3 shows a Lewis structure for methane. the tetrahedral arrangement of the
four regions of electron density around carbon. and a stereopair.

We can predict the shape of the ammonia molecule in exactly the same manner. The
Lewis structure of NH; shows nitrogen surrounded by four regions of electron density.
Three regions contain single pairs of electrons forming covalent bonds with hydrogen
atoms. The fourth region contains an unshared pair of electrons. These four regions of
electron density are arranged in a tetrahedral manner around the central nitrogen atom as
shown in Figure 1.4. The geometry of ammonia is described as trigonal pyramidal.
Nitrogen is at the apex of a pyramid, and the three hydrogens bonded to it form the
triangular base of the pyramid. In trigonal pyramidal geometry, an atom is surrounded by
four regions of electron density; three of these are bonding regions, and the fourth is a
nonbonding region.

According to the VSEPR model, the four regions of electron density around nitrogen
are arranged in a tetrahedral manner, and the predicted H—N—H bond angles are 109.5°.
The observed bond angles are 107.3°. This small difference between the predicted and
observed angles can be explained by proposing that the unshared pair of electrons on
nitrogen repels adjacent electron pairs more strongly than do bonding pairs of electrons.

Figure 1.5 shows the Lewis structure and a ball-and-stick model of a water molecule.
In H,0, oxygen is surrounded by four separate regions of electron density. Two of these
regions contain pairs of electrons used to form covalent bonds with hydrogen: the remain-
ing two contain unshared electron pairs.

According to the VSEPR model, the four regions of electron density around oxygen
are arranged in a tetrahedral manner, and the predicted H—O—H bond angle is 109.5°.
Experimental measurements show that the actual bond angle is 104.5°, a value smaller than
that predicted. This difference between the predicted and observed bond angles can be
explained by proposing, as we did for NH;. that unshared pairs of electrons repel adjacent
pairs more strongly than do bonding pairs. Note that the distortion from 109.5° is greater in
H,0, which has two unshared pairs of electrons. than it is in NH;, which has only one
unshared pair.

A general prediction emerges from this discussion of the shapes of CH,. NH;, and
H,O. Any time four separate regions of electron density exist around a central atom, the
VSEPR model predicts a tetrahedral distribution of electron density and bond angles of
approximately 109.5°.

In many of the molecules we encounter, an atom is surrounded by three regions of
electron density. Shown in Figure 1.6 are Lewis structures for methanal. CH,0. and eth-
ene, C,H,.

According to the VSEPR model. a double bond is treated as a single region of electron
density. In methanal, carbon is surrounded by three regions of electron density, two of
which contain single pairs of electrons forming single bonds to hydrogen atoms. The third
region of electron density contains two pairs of electrons forming a double bond to oxygen.

15

(a)
Il = i\l' = 5\
i F
|
(b) |
/unshared

.7 electron pair '[
A

e
107.3°

Figure 1.4
The shape of an ammonia mole-
cule, NHj: (a) Lewis structure

and (b) the three-dimensional
shape.
(a)
H—O—H
(b)

unshared electron

Figure 1.5

The shape of a water molecule,
H,O0: (a) Lewis structure and (b)
the three-dimensional shape.
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Figure 1.6

Shapes of methanal (formalde-
hyde) and ethene (ethylene).
Lewis structures and three-di-
mensional shapes shown from (a)
top view and (b) side view.

Carbon dioxide

(b) H—C=C—H

Ethyne

Figure 1.7
Shapes of (a) carbon dioxide and
(b) ethyne (acetylene).

Chapter 1: Covalent Bonds and Shapes of Molecules

Methanal
H
AN . H Its, .,
c=o Ce=o (S9=0
s H
H
(a) (b) Side view
Ethene
H H
AN Hu, . H C
C=C C=C
18 S5 O
H H
(a) Top view (b) Side view

In ethene. each carbon atom is also surrounded by three regions of electron density: two
contain single pairs of electrons, and the other contains two pairs of electrons. Three
regions of electron density about an atom are farthest apart if they are all in the same plane
and make angles of 120° with each other. Thus. the predicted H—C—H and H—C—0O
bond angles in methanal are 120°; the predicted H—C—H and H—C—C bond angles in
ethene are also 120°. Such an arrangement of atoms is described as trigonal planar.

In still other types of molecules. a central atom is surrounded by only two regions of
electron density. Shown in Figure 1.7 are Lewis structures and ball-and-stick models of
carbon dioxide. CO,, and ethyne, C,H,. In carbon dioxide, carbon is surrounded by two
regions of electron density: each contains two pairs of electrons and forms a double bond to
an oxygen atom. In ethyne, each carbon is also surrounded by two regions of electron
density: one contains a single pair of electrons and forms a single bond to a hydrogen atom,
and the other contains three pairs of electrons and forms a triple bond to a carbon atom. In
each case, the two regions of electron density are farthest apart if they form a straight line
through the central atom and create an angle of 180°. Both carbon dioxide and ethyne are
linear molecules.

Predictions of the VSEPR model are summarized in Table 1.5.

EXAMPLE 1.6

Predict all bond angles in the following molecules:
(a) CH;Cl (b) HCN (¢) CH,=CHCI

Solution

(a) The Lewis structure for chloromethane. CH;Cl. shows carbon surrounded by
four separate regions of electron density. Therefore, predict the distribution of
electron pairs to be tetrahedral, all bond angles to be 109.5°, and the shape of
CHCl to be tetrahedral. The actual H—C—Cl bond angle is 110°.
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:l 'l’lxile_1.5 Predicted molecular shapes (VSEPR model)

Regions of Electron Arrangement of Predicted
Density Around Regions of Electron Bond
Central Atom Density in Space Angles
4 tetrahedral 109.5°
1
Examples H—?: H—$—H H—?—H
H H
3 trigonal planar 120°
H H H H H
Exampl el o Y=
Xamples = = N —=(0F
/N /o /
H H H H
2 linear 180°
Examples H—C=C—H 0=C=0
H H 110°

| I
H—C—Cl: cl/»-
| ﬁ{ €l.

(b) In the Lewis structure of hydrogen cyanide, HCN, carbon is surrounded by two
regions of electron density. Therefore, predict 180° for the H—C-—N bond
angle and the shape of HCN to be linear.

1802

H—C=N:

(¢) The Lewis structure of chloroethene CH,==CHCI, shows each carbon sur-
rounded by three regions of electron density. Therefore, predict all bond angles

to be 120°.
H Cl.
\ /
C=C
/ \
H H

PROBLEM 1.6

Predict all bond angles for the following molecules and ions.

() CH,OH (b) PE, (¢) CHCl, (d) CHy

17
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CH;CH,OH

CH;0CH;
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1.4 Functional Groups

Carbon combines with other atoms (e.g.. C, H. N, O, S, halogens) to form characteristic
structural units called functional groups. Functional groups are important for three rea-
sons. First. they are the units by which we divide organic compounds into classes. Second.
they are sites of chemical reaction; a particular functional group. in whatever compound it
is found, undergoes the same types of chemical reactions. Third. functional groups serve as
a basis for naming organic compounds.

Introduced here are several of the functional groups we encounter early in the course.
At this point our concern is nothing more than pattern recognition. We have more to say
about the structure and the physical and chemical properties of these functional groups in
following chapters.

A. Alcohols and Ethers

The characteristic structural feature of an alcohol is an — OH (hydroxyl) group bonded to
a carbon atom. The characteristic structural feature of an ether is an atom of oxygen
bonded to two carbon atoms. Following are Lewis structures for an alcohol and an ether
and the characteristic structural feature of each.

T (R
H—CI—(lr—{j—H H—E=0e—H
H H H H
An alcohol An ether
Characteristic —
structural C—O0—H C—0—C
feature:

We can write formulas for this alcohol and ether in a more abbreviated form using what are
called condensed structural formulas. In a condensed structural formula. CH;— indi-
cates a carbon with three attached hydrogens, —CH,— indicates a carbon with two
attached hydrogens, and —CH= indicates a carbon with one attached hydrogen. Un-
shared pairs of electrons are generally not shown in condensed structural formulas. Fol-
lowing are condensed structural formulas for the alcohol and ether of molecular formula
C,HO:

CHS_CHz_“OH CH3_O_CH3

There are two alcohols of molecular formula C;H¢O. Draw a condensed structural formula
for each.

Solution

The molecular formula contains three carbon atoms. These can be bonded together in a
chain with the —OH group attached to the end carbon of the chain or attached to the
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middle carbon of the chain. Then, add seven hydrogens to satisfy the tetravalence of carbon
and give the correct molecular formula.

CH;—CH,—CH,—OH CH3—(|IH—CH3
OH

PROBLEM 1.7

There is one ether of molecular formula C;H;O. Draw a condensed structural formula for
this compound.

B. Aldehydes and Ketones

Both aldehydes and ketones contain a C=0 (carbonyl) group. The characteristic struc-
tural feature of an aldehyde is a carbonyl group bonded through carbon to two other
atoms—to two hydrogens in the case of methanal, CH,O, the simplest aldehyde, and to
another carbon and a hydrogen in all other aldehydes. The characteristic structural feature
of a ketone is a carbonyl group bonded to two carbon atoms.

d (") g :(I? 3 (04 (”)
H—C—H  CH,—C—H  H,C—C—CH, CH3CH O
An aldehyde An aldehyde A ketone
Characteristic ()1 o} (0] 0]
structural I I I
e H—C—H C—C—H C=C=C CH;CCH;

EXAMPLE 1.8

Draw condensed structural formulas for the two aldehydes of molecular formula C,H;O.

Solution

First draw the characteristic structural feature of the aldehyde group and then add the
remaining carbons. These may be attached in two different ways. Then add seven hydro-
gens to complete the tetravalence of carbon and give the correct molecular formula. The
aldehyde group may be written showing the carbon-oxygen double bond as C=0, or.
alternatively, it may be written —CHO.

I
CH,—CH,—CH,—C—H  or  CH,CH,CH,CHO

CHg—CIH—C—H or  CH,CH(CH,)CHO

CH,
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PROBLEM 1.8

Draw condensed structural formulas for the three ketones of molecular formula CsH,,0.

C. Carboxylic Acids

The characteristic structural feature of a carboxylic acid is a —CO,H (carboxyl:
carbonyl + hydroxyl) group. The carboxyl group may be written in any of the following
ways. all of which are equivalent:

Characteristic

structural s
feature: ¢ —O—=&l or —COOH or —CO,H

:("):
Exampless CH,—C—O—H or CHLOOH or CH.,COH

EXAMPLE 1.9

Draw a condensed structural formula for the single carboxylic acid of molecular formula
C;H.0..

Solution

CH,;—CH,—C—O—H  or CH,CH.COOH or  CH.CH.CO.H

PROBLEM 1.9

Draw condensed structural formulas for the two carboxylic acids of molecular formula
C.H;0..
|

D. Esters

An ester is a derivative of a carboxylic acid in which the hydrogen of the carboxyl group is
replaced by a carbon atom: it contains a —CQ,— C group.

Characteristic

structural || -
o g C—0=C or —CEOOE or g (COL(C

[
Examples:  CH,—C—Q—CH; or CH,COOCH; or CH;CO,CH;
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0 = _

[
CH;COCH,CH,

STEREO

EXAMPLE 1.10

Draw condensed structural formulas for the four esters of molecular formula C,H.O,.

Solution
Unshared pairs of electrons in these structural formulas are omitted.

I I I
(a) HCOCH,CH,CH,  (b) HCOCH(CH;,  (c¢) CH,COCH,CH,

|
(d) CH,CH,COCH,

PROBLEM 1.10

Draw condensed structural formulas for

(a) The aldehyde and the ketone of molecular formula C;HO.
(b) The two carboxylic acids of molecular formula C,HO,.
(¢) The two esters of molecular formula C;H,O,.

1.5 Constitutional Isomerism

In Section 1.4 we saw that for most molecular formulas it is possible to draw more than one
structural formula. For example. the following compounds have the same molecular for-
mula, C;HO, but different structural formulas and different functional groups. The first is
an alcohol, the second is an ether.

H H H H
H—(—G=0=H  H—C=0=(—H
b B
An alcohol An ether

Similarly, the following compounds have the same molecular formula. C;HO, the same
functional group (a carbonyl group), but different structural formulas. The first is an
aldehyde, the second is a ketone.
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i i
CH,—CH,—C—H  H,C—C—CH,

An aldehyde A ketone

The following alcohols have the same molecular formula. the same functional group, but
different structural formulas:

(l)H
CH;—CH,—CH,—OH CH;—CH—CH;

Compounds that have the same molecular formula but different structural formulas (dif-
ferent orders of attachment of atoms) are called constitutional isomers.

EXAMPLE 1.11

Divide the following molecules into groups of constitutional isomers:
O
(a) CH;—CH:—IC[—OH (b) CH;—O—CH:—lcl‘—H
O
(¢) CH,=CH—CH,—O—CH; (d) CH;—CH—(HI—H
&,
O O

[
(¢) CH;—C—CH,—CH,—CH,—OH  (f) CH;—C—O—CHj,

Solution

To determine which are constitutional isomers. compare the molecular formulas of each
compound. All compounds that have the same molecular formula but different structural
tormulas are constitutional isomers. Compounds (a), (b). and (f') have the same molecular
formula, C3H,O,, but different structural formulas and are. therefore, constitutional
isomers. Compounds (c) and (d) have the same molecular formula, C,HO. but different
structural formulas and are also constitutional isomers. No constitutional isomers are
shown in this problem for compound (e).

PROBLEM 1.11

Divide the following molecules into groups of constitutional isomers:

(a) CH,=CH—O—CH=CH,
0
(b) CH:ZCH—iC—O—CH—CHZ—CH;
L,
(¢) CH;—CH,—0—C=CH

;—é
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I
(d) CH;—CH=CH—C—H

|
CH;
O

[
© CH,

1.6 Resonance

As the study of organic chemistry unfolded, it became obvious that for a great many
molecules and ions, no single Lewis structure provided a truly accurate representation. For
example, Figure 1.8 shows three Lewis structures for the carbonate ion, CO,>", each of
which shows carbon bonded to three oxygen atoms by a combination of one double bond
and two single bonds. Each Lewis structure implies that one carbon-oxygen bond is differ-
ent from the other two. However, this is not the case. It has been shown that all three
carbon-oxygen bonds are identical.

To describe molecules and ions for which no single Lewis structure is adequate, it
became necessary to refine still further the models for covalent bonding. Chemists com-
monly use two such approaches. One is the resonance model, the second is the molecular
orbital model. In this section, we describe the theory of resonance and its application to the
description of the covalent bonding and the stability of certain miolecules and ions. We
describe the molecular orbital model in Section 1.9.

A. The Theory of Resonance

The theory of resonance was developed primarily by Linus Pauling in the 1930s. Accord-
ing to this theory, many molecules and ions are best described by writing two or more
Lewis valence bond structures and considering the real molecule or ion to be a composite
of these structures. Individual valence bond structures are called contributing structures.
Hybridization is the process by which contributing structures are combined into a compos-
ite. A resonance hybrid is a single structure formed by combination of contributing
structures.

We show that the real molecule or ion is a hybrid of the various contributing structures
by interconnecting them with double-headed arrows. Three contributing structures for the
carbonate ion are shown in Figure 1.9. These three contributing structures are said to
be equivalent. Equivalent contributing structures have identical patterns of covalent
bonding and are of equal energy.

The choice of the term “resonance” for this theory of covalent bonding is unfortunate,
because it tends to convey the notion of bonds constantly changing back and forth from one
position to another over time —that a particular carbon and oxygen in the carbonate ion are
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Figure 1.8
Three Lewis structures for the
carbonate ion.
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Figure 1.9

The carbonate ion represented as
a resonance hybrid of three
equivalent contributing  struc-
tures.

Figure 1.10

The use of curved arrows to show
the flow of electrons in conver-
sion of contributing structure (a)
to contributing structure (b). and
of contributing structure (b) to
contributing structure (c).

.
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(a) . (b) . (c) .
0.7 0:” ,0:
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®e —C\ ° = .oo C\ = - oo C\
0 To° Gi

connected by a double bond one instant. a single bond the next instant, and so on. This
notion is not at all correct. The carbonate ion has one and only one real structure. The
resonance method is an attempt to describe the real structure and at the same time retain
Lewis structures with electron-pair bonds. Thus. although we realize that the carbonate ion
is not accurately represented by contributing structure (a), (b). or (¢) shown in Figure 1.8,
we continue to represent it as one of these for convenience. We understand, of course. that
what is intended is the resonance hybrid.

B. Curved Arrows to Show Interconversion of Contributing Structures

If you study the first and then the second and third contributing structures for the carbonate
ion given in Figure 1.8, you see that each is converted to the next by redistribution of
valence electrons. Chemists use curved arrows to show how valence electrons are redis-
tributed in interconversion of contributing structures. A curved arrow shows the flow of an
electron pair from where (the tail of the arrow) fo where (the head of the arrow). The flow
may be only

1. From an atom to an adjacent bond or
2. From a bond to an adjacent atom or
3. From a bond to an adjacent bond.

When a curved arrow is shown on one contributing structure, then the result of that flow of
electrons is shown on the contributing structure to the right. Figure 1.10 shows the three
contributing structures for the carbonate ion with curved arrows used to show the flow of
electrons in conversion of contributing structure (a) to contributing structure (b) and then
conversion of contributing structure (b) to contributing structure (c).

In a sense, the curved arrow is nothing more than a bookkeeping symbol favored by
organic chemists to show the movement of electron pairs, or, as some call it, “‘electron
pushing.” Do not be misled by the seeming simplicity of this symbol. By using the curved
arrow properly, you are able to draw contributing structures and thus gain a better under-
standing of resonance —a powerful tool in understanding the structure and chemical reac-
tivity of organic molecules and ions. Furthermore. by using curved arrows, you are also

(a) L (b) " (c) .
o o:
o=c’ 5—c 6—c”
— < . - =3 —_— ___% -. —
= N . N b .
SO O* JoF
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able to follow bond-breaking and bond-making steps in organic reactions more comfort-
ably.

Equivalent contributing structures have the same pattern of covalent bonding. Follow-
ing are equivalent contributing structures for the nitrite ion and acetate ion. Curved arrows
are used in each case to show how the contributing structure on the left is converted to the
equivalent contributing structure on the right.

G5 ‘o, G 0,
'N/F) <—>'N// CH C/F) CH C// '
) \ - i ) PO\ -
0" No} .0" 0
Nitrite ion Ethanoate ion
(equivalent contributing structures) (Acetate ion)

(equivalent contributing structures)

Following are contributing structures for the resonance hybrid of propanone (acetone).
These contributing structures are nonequivalent; they have different patterns of covalent
bonding and different energies.

:OD O_
P
«—> i
cH{ ScH,  cH{ cH,

Propanone
(Acetone)
(nonequivalent contributing structures)

C. Rules for Writing Acceptable Contributing Structures
Certain rules must be followed in drawing acceptable contributing structures.

1. All contributing structures must show the correct number of valence electrons.

2. No contributing structure may have more than 8 electrons in the valence shell of a
second-row element; third-row elements such as phosphorus and sulfur may have up to
12 electrons in their valence shells.

3. The positions of all nuclei must be the same: that is, contributing structures differ only in
the distribution of valence electrons.

4. All contributing structures must show the same number of paired and unpaired elec-
trons.

EXAMPLE 1.12

Draw the contributing structure indicated by the curved arrows. Be certain to show all

formal charges.
0 D = (ﬁ )

(a) CH—C—H<— (b)) H—
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Solution
P i
(a) CH,—C—H (b) H—$=C—H (¢) CH3—O=CII—H

H H

PROBLEM 1.12

Draw the contributing structure indicated by curved arrows. Be certain to show all formal
charges.
7 p N
O { (0)
- N -~
(a) H—C—0 <«— (by H—C—0 <«— (¢) CH;—C—O—CH;<—

D. Estimating the Relative Importance of Contributing Structures

So far, we have seen that certain molecules and ions are best represented as hybrids of two
or more contributing structures. Not all structures, however, contribute equally to a hybrid.
The following guidelines will help you to estimate the relative importance of various
contributing structures:

1. Equivalent structures (those that have the same patterns of covalent bonding) contribute
equally. Examples of equivalent structures are those already shown for the carbonate,
nitrite, and acetate ions.

2. Structures in which all atoms have filled valence shells (completed octets) contribute
more than those in which one or more valence shells are unfilled. For example, the
tfollowing are the contributing structures for Example 1.12(c) and its solution.

.

CH3—0=(]J—H — CH_;—O—(lj—H

H H
Greater contribution; Lesser contribution;
both carbon and oxygen have carbon has only six electrons
complete valence shells in its valence shell

Both carbon and oxygen have filled valence shells in the first contributing structure, and
therefore, it makes the greater contribution to the resonance hybrid.

3. Structures involving separation of unlike charges contribute less than those that do not
involve charge separation. For example, the second contributing structure for propanone
shown earlier in this section involves separation of unlike charges and therefore con-
tributes less to the hybrid than does the first structure.

4. Structures that carry a negative charge on the more electronegative atom contribute
more than those with the negative charge on the less electronegative atom. Correspond-
ingly, structures that carry a positive charge on the less electronegative atom contribute
more than those that carry a positive charge on the more electronegative atom. Follow-
ing are three contributing structures for propanone:
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negative charge on the positive charge on the
more electronegative atom more electronegative atom
k)o (0)a 203
| I |

/C\ -
CH; “CH,  CH] ~CH, CH; " CH,

(a) (b) (c)

Structure (b) makes the largest contribution to the hybrid. Structures (a) and (c) contribute
less because they involve separation of unlike charges. Of the structures involving charge
separation, (a) makes by far the larger contribution because the negative charge is on the
more electronegative atom and the positive charge is on the less electronegative atom.
Structures with “reverse polarity™ like (c) are rarely drawn as significant contributing
structures to a resonance hybrid.

EXAMPLE 1.13

Following are sets of contributing structures. Estimate the relative contribution of each
structure to its hybrid.

S R S

|

n I~

(a) H—CI—C—H<——>H—(|‘=C—H (b) H—c—f(_)-<—>H—c=_o_:
H H
'O—H {0O—H :0O—H

I |~ .
(c) CH3—C—Q—}{<—>CH3—C—(€)—H<—>CH3— C=0—H

Solution

(a) The structures are nonequivalent. The second structure makes a greater contri-
bution to the hybrid because it places the negative charge on the more electro-
negative oxygen atom.

(b) The structures are equivalent and make equal contributions to the hybrid.

(¢) The first and third contributing structures are equivalent and make equal contri-
butions to the hybrid. The second contributing structure makes a lesser contribu-
tion because in it carbon has an incomplete valence shell.

PROBLEM 1.13

Following are pairs of contributing structures. Estimate the relative contribution of each
structure to its hybrid.

H H H H COf :0:
(a) \cfc/ — \c:c/- (b) H—g—éle—m—cl—é?
H H H H
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A sine wave displayed on an os-
cilloscopc. (Courtesy of PASCO Scien-
tific Co.)

Einstein received a Ph.D. in 1905
and in that same year he published
a paper in which he used his pha-
tan cancept ta explain the photo-
electric effect. Far this work he was
awarded the Nabel Prize in physics
in 1921

de Braglie received a dactaral de-
gree in physics from the University
af Paris in 1924, and for his re-
search an the wave-particle theory
of electramagnetic radiatian, re-
ceived the Nabel Prize in physics in
1929

Figure 1.11
Characteristics of a wave asso-
ciated with a moving particle.
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1.7 Quantum, or Wave, Mechanics

Thus far in this chapter, we have concentrated on the Lewis model of bonding and on the
VSEPR model. The Lewis model deals primarily with coordination numbers of atoms (the
number of bonds a given atom can form), and the VSEPR model deals primarily with bond
angles and molecular geometries. Although both models are useful. each in its own way,
neither gives us any means of accounting in a quantitative or even semiquantitative way for
why atoms combine in the first place to form covalent bonds with the liberation of energy.
At this point we need to study an entirely new approach to the theory of covalent bonding,
one that provides a means of understanding not only the coordination numbers of atoms
and molecular geometries but also the energetics of chemical bonding.

A. A Moving Particle Exhibits the Properties of a Wave

The beginning of this new approach to the theory of chemical bonding was provided by
Albert Einstein (1879-1955), a German-born American physicist. In 1905, Einstein pos-
tulated that light consists of photons of electromagnetic radiation. The energy (E) of a
photon is proportional to the frequency (v) of the light. The proportionality constant in this
equation is Planck’s constant (h).

E=hv

In 1923, the French physicist Louis de Broglie followed Einstein’s lead and advanced
the revolutionary idea that if light exhibits properties of a particle in motion, then a particle
in motion should exhibit the properties of a wave. He proposed, therefore, that a particle of
mass m and speed v has an associated wavelength (A, the Greek letter lambda), given by the
equation

h . . .
A=— (the de Broglie relationship)
muv
Illustrated in Figure 1.11 is a wave such as might result from plucking a guitar string.
The mathematical equation that describes this wave is called a wave equation. The nu-
merical value of a wave equation may be positive (corresponding to a wave crest), negative
(corresponding to a wave trough), or zero. A node is any point where the value of a wave

nodal plane

Amplitude

Distance
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equation is zero. A nodal plane is any plane that runs through a node. Shown in Figure
1.11 are three nodal planes, each perpendicular to the plane of the paper.

In 1927, C. Davisson and L. H. Germer in the United States and G. P. Thompson in
England demonstrated that a beam of electrons can be diffracted by a crystal, thus provid-
ing justification for treating electrons in terms of their associated wave properties.

The de Broglie relationship can be applied only to electrons in free motion: it cannot
be applied to electrons in atoms or molecules, where electrons are constrained by the
attractive force of a nucleus. Erwin Schrodinger built on the idea of de Broglie and in 1926
proposed an equation that could be used to find the wave properties associated with an
electron in an atom or a molecule. Quantum mechanics (wave mechanics) is the branch
of science that describes particles and their associated waves.

Solving the Schrédinger equation gives a set of wave functions. Each wave function ¢
(Greek letter psi) is associated with a unique set of quantum numbers and with a particular
atomic orbital. The value of ¥ is proportional to the probability of finding an electron at a
given point in space: or looked at in another way. the value of ¢ at any point in space is
proportional to the electron density at that point. One of the commonest ways to visualize
the electron density associated with a particular atomic orbital is to draw a boundary
surface around the region in space that encompasses 95% of the electron charge associated
with the orbital. In this course, we concentrate on wave functions and shapes associated
with s and p atomic orbitals because they are the orbitals most often involved in covalent
bonding in organic compounds.

B. Shapes of Atomic s and p Orbitals

All s orbitals are spherical. Shown in Figure 1.12 are cross-sectional plots of probability
distributions (electron density) for ls and 2s orbitals. In a ls orbital. the probability
distribution is a maximum near the nucleus. In a 25 orbital, the probability distribution has
two maxima: one near the nucleus and another in a spherical shell about the nucleus. A 25
orbital contains a spherical nodal surface where the value of the probability distribution is
zero. An electron in a 2 orbital is more likely to be found in the outer spherical shell.

The plus and minus signs in Figure 1.12 specify the sign of the wave function in the
different regions of space. The plus sign shown in the 1s orbital indicates that the sign of
the wave function is positive over the entire orbital. In a 2s orbital the sign of the wave
function is negative in the inner portion. zero at the nodal surface, and positive in the outer
portion.

Shown in Figure 1.13 are three-dimensional shapes of the three 2p orbitals, combined
in one diagram to illustrate their relative orientations in space. Each 2p orbital consists of
two lobes arranged in a straight line with the nucleus in the middle. The three 2p orbitals

Sign of the S

wave function [ S

is positive / " Nodal
surface

Sign of the
wave function
is negative

|
1
Y
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Erwin Schrodinger (1887-1961)
wrote the papers that gave the
foundations for quantum me-
chanics. He shared the Nobel
Prize for physics in 1933. (The

Bettmann Archive)

Figure 1.12
Probability distribution for Is
and 2s orbitals.
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Figure 1.13

The 2p orbitals. Three-dimen-
sional shapes of 2p,. 2p... and 2p.
atomic orbitals and their orienta-

tion in space relative to one an-
other. The three 2p orbitals are
mutually perpendicular.
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are mutually perpendicular and are designated 2p,. 2p,. and 2p_. The sign of the wave
function of a 2p orbital is positive in one lobe, zero at the nucleus, and negative in the other
lobe. Because the value of ¢ is always positive, the probability of finding an electron in
the (+) lobe of a 2p orbital is the same as that of finding it in the (—) lobe.

Besides providing a way to determine the shapes of atomic orbitals, the Schrodinger
equation also provides a way. at least in principle. to quantify the energetics of covalent
bond formation. In practice, such calculations are too difficult for all but the simplest
molecules and ions. For other molecules and ions. the equation can be solved only by
making approximations. These approximations have taken two forms: (1) the valence bond
approach, and (2) the molecular orbital approach. Both approaches to chemical bonding
use the methods of quantum mechanics, but each makes different simplifving approxima-
tions. Although the valence bond approach was developed first, it has been replaced by the
molecular orbital approach for quantitative calculations of molecular properties.

1.8 Valence Bond Approach to Covalent Bonding

The valence bond approach. developed in the 1920s. provides a view of molecular struc-
ture that is still very useful. Furthermore, the terminology of the valence bond approach has
been incorporated permanently into the language of organic chemistry.

A. Formation of a Covalent Bond by the Overlap of Atomic Orbitals

According to the valence bond approach, a covalent bond is formed when a portion of an
atomic orbital of one atom overlaps a portion of an atomic orbital of another atom. Bond
strength depends on the degree of orbital overlap: the greater the overlap, the stronger the
resulting covalent bond.

Consider the covalent bonding between H and CI to form HCI. The electron configu-
ration of hydrogen is 1s'; that of chlorine is 1s°2522p®3s523p°. Figure 1.14 shows the
overlap resulting from bringing together the 1s orbital of hydrogen and the positive lobe of
a singly occupied 3p orbital of chlorine. For maximum overlap and hence the strongest
covalent bonding, overlap must occur along the axis of the singly occupied 3p orbital of
chlorine. In the covalent bond illustrated in Figure 1.14, the orbital overlap. and therefore
the electron density in this covalent bond. is concentrated about the axis joining the two
nuclei.

A covalent bond in which orbital overlap i1s concentrated along the axis joining the two
nuclei is called a sigma (o) bond.

>9+-03

3p orbital 1s orbital
of chlorine of hydrogen

Figure 1.14
Formation of the covalent bond in HC1 by overlap of the 1s orbital of hydrogen and a singly occupied
3p orbital of chlorine.
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B. The Hydrogen Molecule

In 1927, W. H. Heitler and Heinz London in Germany used the valence bond approach to
calculate the interaction between two hydrogen atoms as a function of internuclear separa-
tion (Figure 1.15). At infinite separation no interaction occurs between the two atoms. As
they are brought closer together and their atomic orbitals begin to overlap, the potential
energy decreases, resulting in a net attraction between hydrogen atoms. From their calcu-
lations, Heitler and London predicted that the hydrogen molecule should be most stable at
an internuclear distance of 0.074 nm (nanometer), a bond distance that represents a balance
between the overlap of atomic orbitals, which draws the atoms closer together, and the
electrostatic repulsion between nuclei and between electrons, which forces them apart. At
very small internuclear distances, repulsive forces between hydrogen nuclei and between
electrons become dominant, and the potential energy curve rises steeply corresponding to
net repulsion. Especially significant at the time was that Heitler and London’s calculations
for the bond length and bond strength of the hydrogen molecule agreed almost exactly with
the experimentally measured values.

Besides confirming the essential validity of the valence bond approach, Heitler and
London’s calculations provided a new insight into the energetics of covalent bond forma-
tion. They demonstrated that most of the energy of covalent bond formation occurs be-
cause electrons in a covalent bond are free to occupy the atomic orbitals of both atoms
participating in formation of the bond. This conclusion arose in the following way. Heitler
and London first assumed that each electron originally associated with a particular hydro-
gen atom in a ls orbital remains associated with the same atom in a hydrogen molecule.
Given this assumption, the binding energy calculated for a hydrogen molecule is only a
small fraction of the experimentally observed value. If, instead, they assumed that the two
electrons associate equally with each hydrogen nucleus, the calculated value for the bond
energy was found to agree almost precisely with the observed value. Heitler and London
concluded that (1) each electron in a covalent bond is delocalized over two atomic orbitals
and (2) the stabilization resulting from formation of a covalent bond is due largely to
electron delocalization.

_~Repulsion

Maximum attraction

Some overlap; No overlap;
some attraction no attraction

-0

Potential energy
o

—105 kcal/mol

Bond length
Bond strength :

0.074 nm Internuclear distance (nanometers)
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Figure 1.15

Potential energy of a H, mole-
cule as a function of internuclear
distance.
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C. Hybridization of Atomic Orbitals

Soon after the Heitler-London calculations. Linus Pauling proposed the concept of hy-
bridization of atomic orbitals in response to the need to account for observed bond angles
and molecular geometries. The problem faced at the time was that in forming covalent
bonds. atoms of carbon. nitrogen. and oxygen use atomic orbitals of the second principal
energy level. The three 2p orbitals are at angles of 90° to one another (Figure 1.13). and if
atoms of the second principal energy level used these orbitals to form covalent bonds, bond
angles around each would be approximately 90°. However. bond angles of 90° are only
rarely observed in organic compounds. What are observed instead are bond angles of
approximately 109.5°. 120°. and 180°. To account for these observed bond angles. Pauling
proposed that atomic orbitals may combine to form new orbitals. which then interact to
form bonds with the angles that we do observe. Hybridization is the combination of
atomic orbitals. and the new atomic orbitals formed are called hybrid atomic orbitals, or.
more simply. hybrid orbitals. The number of hybrid orbitals formed is the same as the
number of atomic orbitals combined, and each hybrid orbital can contain no more than two
electrons.

sp® Hybrid Orbitals

Combination of one 2s orbital and three 2p orbitals forms four equivalent sp* hybrid
orbitals. Each sp* hybrid orbital consists of a larger lobe pointing in one direction and a
smaller lobe of opposite sign pointing in the opposite direction. The axes of the four sp?
hybrid orbitals are directed toward the corners of a regular tetrahedron. and sp? hybridiza-
tion results in bond angles of approximately 109.5° (Figure 1.16).

In Section 1.3. we described the covalent bonding in CH,, NH;. and H,O in terms of
the Lewis model. Now let us consider the bonding in these molecules in terms of the
overlap of atomic orbitals. To bond with four other atoms. carbon uses sp* hybrid orbitals.
Carbon has four valence electrons. and one electron is placed in each sp* hybrid orbital.
Each partially filled sp® hybrid orbital then overlaps with a partially filled 1s orbital of
hydrogen to form a sigma bond. and hydrogen atoms occupy the corners of a regular
tetrahedron (Figure 1.17). In bonding with three other atoms, the five valence electrons of
nitrogen are distributed so that one sp? orbital is filled with a pair of electrons and the other
three sp? orbitals have one electron each. Overlapping of these partially filled sp* hybrid

-~
-

(a)

Figure 1.16

sp? hybrid orbitals. (a) Representation of a single sp3 hybrid orbital showing two lobes of unequal
size. The sign of the wave function is positive in one lobe. zero at the nucleus. and negative in the
other lobe. (b) Three-dimensional representation of four sp hybrid orbitals directed toward the
corners of a regular tetrahedron.

il
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sigma bonds

formed by
overlap of
spPand 1s
orbitals
i \ -
H—(|? —H )
H 1
Methane Orbital overlap modet
unshared unshared
electron P electron
pair pairs

H —f!\'l —H H—O—H
H
Ammonia Orbital overlap model Water Orbital overlap model

orbitals with 1s orbitals of hydrogen produces the NH; molecule (Figure 1.17). In bonding
with two other atoms, the six valence electrons of oxygen are distributed so that two sp?
orbitals are filled and the remaining two have one electron each. Each partially filled sp?
orbital overlaps with a 15 orbital of hydrogen, and hydrogen atoms occupy two corners of a
regular tetrahedron. The remaining two corners of the tetrahedron are occupied by un-
shared pairs of electrons (Figure 1.17).

sp? Hybrid Orbitals

Combination of one 2s orbital and two 2p orbitals forms three equivalent sp? hybrid
orbitals. Each sp? hybrid orbital consists of two lobes: one larger than the other and each of
opposite sign. The three sp? orbitals lie in a plane and are directed toward the corners of an
equilateral triangle; the angle between sp? orbitals is 120°. The third 2p orbital is not
involved in hybridization and consists of two lobes lying perpendicular to the plane of the
sp? orbitals. Figure 1.18 shows three equivalent sp? orbitals along with the remaining
unhybridized 2p orbital.

Second-row elements use sp? hybrid orbitals to form double bonds. Consider ethene,
C,H,, a Lewis structure for which is shown in Figure 1.19(a). A sigma bond between
carbons is formed by overlap of sp? hybrid orbitals along a common axis; see Figure
1.19(b). Each carbon also forms sigma bonds to two hydrogens. The remaining 2p orbitals
on adjacent carbon atoms lie parallel to each other and overlap to form a bond in which
electron density is concentrated above and below the axis of the two nuclei; see Figure
1.19(¢c).

A pi () bond is a covalent bond formed by overlap of parallel p orbitals. Because of
the lesser degree of overlap of orbitals forming pi bonds compared with those forming
sigma bonds, pi bonds are generally weaker than sigma bonds.

33
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2p orbital

(¢)

Figure 1.18

sp? hybrid orbitals. (a) A single sp? hybrid orbital. The sign of the wave function is positive in one
lobe, zero at the nucleus, and negative in the other lobe. (b) Three sp> hybrid orbitals with their axes
in a plane at angles of 120°. (¢) The unhybridized 2p orbital perpendicular to the plane created by the
three sp? hybrid orbitals.

The valence bond approach describes all double bonds in the same manner as we have
already used to describe carbon-carbon double bonds. In methanal, the simplest organic
molecule containing a carbon-oxygen double bond. carbon forms sigma bonds to two
hydrogens by overlap of sp? orbitals of carbon and s orbitals of hydrogens. Carbon and
oxygen are joined by a sigma bond formed by overlap of sp> orbitals and a pi bond formed
by overlap of unhybridized 2p orbitals. Figure 1.20 shows the Lewis structure for meth-
anal, the sigma bond framework, and the overlap of 2p orbitals to form a pi bond. Simi-
larly. carbon-nitrogen double bonds consist of one sigma bond and one pi bond.

sp Hybrid Orbitals

Combination of one 2s orbital and one 2p orbital forms two equivalent sp hybrid orbitals,
which lie at an angle of 180° with respect to the nucleus. The axes of the unhybridized 2p
orbitals are perpendicular to each other and to the two sp hybrid orbitals. In Figure 1.21, sp
hybrid orbitals are shown on the x axis and unhybridized 2p orbitals on the y axis and z
axis.

(c)

Figure 1.19
Covalent bond formation in ethene (ethylene). (a) Lewis structure. (b) A sigma bond between carbon
atoms is formed by overlap of sp2 hybrid orbitals. (¢) Overlap of parallel 2p orbitals forms a pi bond.
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2p orbitals 7t bond
Methanal
N
pa=o:
H
two nonbonding
electron pairs in
filled sp? hybrid
orbitals
Methyleneimine
H H
AN /
=N
H
one nonbonding
electron pair in a
filled sp? hybrid
() (b) orbital (c)
Figure 1.20

Carbon-oxygen and carbon-nitrogen double bonds. (a) Lewis structures of methanal (formaldehyde:
CH,=0) and methyleneimine (CH,==NH), (b) the sigma bond framework and nonoverlapping
parallel 2p orbitals, and (c) overlap of parallel 2p orbitals to form a pi bond.

(a) (¢)

Figure 1.21

sp hybrid orbitals. (a) A single sp hybrid orbital consisting of two lobes in a linear arrangement. The
sign of the wave function is positive in one lobe, zero at the nucleus, and negative in the other lobe.
(b) Two sp hybrid orbitals. (c) Unhybridized 2p orbitals are perpendicular to the line created by the
axes of the two sp hybrid orbitals.
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Figure 1.22 shows Lewis structures and orbital overlap diagrams for ethyne and hy-
drogen cyanide. A carbon-carbon triple bond consists of one sigma bond formed by over-
lap of sp hybrid orbitals and two pi bonds. One pi bond is formed by overlap of parallel 2p,
orbitals and the second by overlap of parallel 2p. orbitals. Similarly, a carbon-nitrogen
triple bond also consists of one sigma bond and two pi bonds. The relationship between the
number of groups bonded to carbon, orbital hybridization, and types of bonds involved is
summarized in Table 1.6.

EXAMPLE 1.14

Describe the bonding in the following molecules in terms of the atomic orbitals involved
and predict all bond angles:

H H :0:

[ [
(a) H—C—O0—H  (b) H—C—C—O—H

[ I

H H

Solution

The problem here is how to show clearly and concisely on a structural formula (1) the
hybridization of each atom, (2) the atomic orbitals involved in each covalent bond, and (3)
all bond angles. One way to do this is in three separate diagrams as follows. Labels on the
first diagram point to atoms and show the hybridization of each atom. Labels on the second
diagram point to bonds and show the type of bond. either sigma or pi. Labels on the third
diagram point to atoms and show predicted bond angles about each atom.

,‘ 109.5°
H
/\ n/\
(&) THl= Cl O H [fl— C" O H
H H H
sp?
G —
H :0:/ H\:0: ] H :0: 120
| |\||<J |
(b)) H—C—C—O—H l8l—(C—=(C—

PROBLEM 1.14

Describe the bonding in the following molecules in terms of atomic orbitals involved, and
predict all bond angles:

H H H H
o l |
(a) H—C—O0—C—H (b) H—C—C=C—H (¢) H—C—N—H
' 'f |1 |
H H H H H H H
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Ethyne

the other  bond

p orbitals

Hydrogen the other © bond

cyanide

p orbitals

(a) (b)

Figure 1.22

Covalent bonding in ethyne (acetylene) and hydrogen cyanide. (a) The sigma bond framework shown
along with nonoverlapping 2p orbitals. (b) Formation of two pi bonds by overlap of two sets of
parallel 2p orbitals.

Number of Groups Orbital Types of

Bonded to Carbon Hybridization Bonds Involved Example
P
4 sp? four sigma bonds H—(II—C|—H
H H
H
3 - three sigrrfa bonds C— C/
and one pi bond / \
H H
5 7 two sigma bonds H—C=C—H

and two pi bonds
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1.9 Molecular Orbital Approach to Covalent Bonding

The simplified version of valence bond theory we developed in the previous section is very
useful in relating the electronic structure of atoms to the electronic structure of molecules
and ions and in understanding the energetics of covalent bond formation. It applies to most
molecules and ions. For some molecules, however, it does not make correct predictions.

To appreciate one physical basis for testing the predictions of theories of covalent
bonding, we need to consider the magnetic properties of molecules and ions. A paramag-
netic substance is a substance that is weakly attracted to a magnetic field. All substances
that have one or more unpaired electrons are paramagnetic. (Paramagnetism is much
weaker than ferromagnetism. a special kind of magnetism due to the cooperative alignment
of electron spins on atoms of the iron group or rare earths.) In contrast. a diamagnetic
substance is one that is not attracted to a magnetic field. Substances with all electrons
paired are diamagnetic.

Valence bond theory predicts that for any molecule with an even number of electrons,
all electrons are paired and, therefore, the molecule should be diamagnetic. Although this
is true for most molecules. a few molecules with an even number of electrons are para-
magnetic. The best known example of a paramagnetic molecule with an even number of
electrons is O,.

According to valence bond theory. each oxygen is sp>-hybridized, and the two oxy-
gens are joined by overlap of sp? orbitals to form a sigma bond and overlap of parallel 2p
orbitals to form a pi bond. The unshared electrons on each oxygen are grouped with paired
spins in the remaining sp? orbitals (Figure 1.23). Thus, according to simplified valence
bond theory, the oxygen molecule is predicted to be diamagnetic. The fact that the oxygen
molecule is paramagnetic presented a serious challenge for valence bond theory. Although
valence bond theory can be extended to account for the paramagnetism of oxygen, molec-
ular orbital theory provides a more straightforward and direct explanation for this phe-
nomenon.

A. Formation of Molecular Orbitals

Molecular orbital (MO) theory begins with the fact that electrons in atoms exist in atomic
orbitals and assumes that electrons in molecules exist in molecular orbitals. Just as the
Schrodinger equation can be used to calculate the energies and shapes of atomic orbitals,

7 bond

10==0;
unshared electron
pairs in sp? hybrid
orbitals
(a) (b)
Figure 1.23

The oxygen molecule. (a) Lewis structure and (b) orbital overlap diagram.
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molecular orbital theory assumes that the Schrodinger equation can also be used to calcu-
late the energies and shapes of molecular orbitals. Following is a summary of the rules used
in applying molecular orbital theory to the formation of covalent bonds:

%

3

Combination of n atomic orbitals of atoms forms a new set of n molecular orbitals. The
number of molecular orbitals formed is equal to the number of atomic orbitals combined
because wave functions can be combined by both addition and subtraction.

Just like atomic orbitals, molecular orbitals are also arranged in order of increasing
energy. In principle, it is possible to calculate the relative energies of a set of molecular
orbitals. In practice, however, calculations of this type are possible only for the simplest
of molecules. Fortunately, experimental measurements such as those derived from mo-
lecular spectroscopy can be used to provide very detailed information about relative
energies of molecular orbitals.

. Filling of molecular orbitals is governed by the same principles as the filling of atomic

orbitals. A molecular orbital can accommodate no more than two electrons, and the
electrons must have opposite spins (the Pauli exclusion principle). Molecular orbitals
are filled beginning with the lowest unoccupied molecular orbital (the aufbau principle,
from the German aufbau, building). When two or more degenerate molecular orbitals
are available, one electron is added to each before any degenerate orbital is filled with
two electrons (Hund’s rule).

Bond order is one-half the difference of the number of electrons in bonding molecular
orbitals, n,, minus the number of electrons in antibonding molecular orbitals, n,:

1
Bond order = 3 (n, — n,)

To illustrate the use of these rules, let us consider the shapes and relative energies of

several sets of molecular orbitals. Combination of two ls atomic orbitals gives two sigma
molecular orbitals (Figure 1.24). One is a sigma bonding molecular orbital, designated
by the symbol o,; the other is a sigma antibonding molecular orbital, designated by the
symbol of.. In molecular orbital notation, an asterisk is used to show that a molecular
orbital is antibonding. When electrons occupy a bonding MO, electron density is concen-
trated in the region between the two positively charged nuclei and serves to offset the
repulsive interaction between them. If electrons occupy an antibonding MO, electron den-
sity is concentrated outside the region between the two nuclei, and consequently there is
little or no electron density between nuclei to offset nuclear repulsion. In representations of
molecular orbitals, we use blue to indicate the lobe of a particular molecular orbital in
which the sign of the wave function is negative and red where it is positive.

A - .
o - : G*-molecular
L o 4u S —————— F—% orbital
’ ——y ‘ (antibonding)
ls s
Energy
i G-molecular
b orbital
(bonding)

s
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Figure 1.24

Shapes of sigma bonding and an-
tibonding molecular orbitals de-
rived from combination of two 1s
atomic orbitals and the relative
energies of each.




Figure 1.25
Ground state and lowest excited
state for H,.

Figure 1.26

Combination of 2p, orbitals on a
common axis gives a set of sigma
MOs.

AN

= 2P,
a
" 2
2p,
40

Ground state

The energy of the bonding molecular orbital is less than that of the separated atomic
orbitals; the energy of the antibonding molecular orbital is greater than that of the separated
atomic orbitals. The ground state for an atom or molecule is its state of lowest energy. In
the ground state of the hydrogen molecule, the two electrons occupy the o, molecular
orbital with paired spins. An excited state is any electronic state other than the ground
state. In the lowest excited state of the hydrogen molecule, one electron occupies the o,
molecular orbital and the other occupies the of, molecular orbital. Energy-level diagrams
for the ground state and the lowest excited state for the hydrogen molecule are shown in
Figure 1.25.

Combination of two 2s atomic orbitals produces two sigma molecular orbitals, desig-
nated o, and o3, that are similar in shape and relative energies to the 1s molecular orbitals
illustrated in Figure 1.24.

Next let us consider the molecular orbitals formed by the combination of 2p,. 2p,. and
2p. atomic orbitals. There are two possible ways in which 2p atomic orbitals can interact. If
we make the arbitrary definition of the x axis as the axis joining the two interacting atoms,
then 2p, orbitals combine to form a sigma-bonding molecular orbital (o,) and a sigma-
antibonding molecular orbital (0'%,). as is illustrated in Figure 1.26. Because 2p, orbitals
are parallel to each other. they combine to form a pi-bonding MO (77,,) and a pi-antibond-
ing MO (7r%,). Similarly, 2p_ atomic orbitals combine to form a second set of pi-bonding
(7,) and pi-antibonding (7%,) MOs. Shapes of these molecular orbitals are shown in
Figure 1.27.

3-¢

5
<Py

J

2p,

0"55,, molecular
“rx

orbital
(antibonding)

:

Y

L

orbital
(bonding)

F Oy molecular
J

_-l'"
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7,

N i, \_-
o E— -
1 m*-molecular
4 orbital
( (antibonding)

Encrgy

2py ’
ar —_—> \' n-molecular
orbital
(bonding)

2 7
3p, 2p,

An energy-level diagram for the molecular orbitals derived from combinations of 1s,
2s. 2p,, 2p,., and 2p_ atomic orbitals is given in Figure 1.28. The most important feature of
Figure 1.28 as far as we are concerned is the order of energies of the molecular orbitals

themselves.

2p

Energy
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Figure 1.27

Overlap of parallel 2p, orbitals
gives one set of pi MOs. Combi-
nation of parallel 2p_ orbitals (not
shown) gives a second set of pi
MO:s.

Figure 1.28

Molecular orbital energy diagram
for combination of ls, 2s, 2p,.
2p,. and 2p, atomic orbitals.



42

Figure 1.29

Ground-state molecular orbital

energy diagram for O,.
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B. Homonuclear Diatomic Molecules of Second-Row Elements

Given the energy-level diagram shown in Figure 1.28, we can now describe the bonding in
homonuclear diatomic molecules of second-row elements in terms of molecular orbitals.
The oxygen molecule, O,, is derived from two oxygen atoms, each of which contributes
eight electrons. The 16 electrons are placed in molecular orbitals in order of increasing
energy as shown in Figure 1.29. In the ground state of the oxygen molecule, 14 electrons
fill the first seven molecular orbitals through the o, molecular orbital. The remaining two
electrons are placed with parallel spins in the degenerate 773, molecular orbitals. Thus,
according to molecular orbital theory, there are two unpaired electrons in the oxygen
molecule and the molecule is predicted to be paramagnetic. It was a major triumph that
molecular orbital theory could account so easily for the presence of two unpaired electrons
in the oxygen molecule.

In calculating the bond order for O,, we can ignore o, and o because each is filled
with a pair of electrons, and taken together they cancel each other and have no significant
effect on bonding. For principal energy level 2, there are eight electrons in bonding MOs
and four in antibonding MOs, and therefore the bond order is 2.

1
Bond order = 5 8—-4)=2

\‘ 0‘2p II
NI W)
Y E
2p 2p
=
5 4]
= /'// Y \\\
T RN
16 bt
2s \\\ ) ,/’ 2s
\_??—/
O2s
4




Summary

Valence bond theory also predicts a bond order of 2: a double bond. consisting of one
sigma bond and one pi bond, between the two oxygen atoms.

EXAMPLE 1.15

Describe the ground-state electron configuration in the fluorine molecule both in terms of
valence bond theory and molecular orbital theory. Do you predict this molecule to be
paramagnetic or diamagnetic?

Solution

A Lewis structure for F, shows a single bond between the atoms and three unshared pairs
of electrons on each atom. The sigma bond between the two fluorines may be formed by
overlap of 2p orbitals, or it may be formed by overlap of hybridized sp*, sp, or sp orbitals.
Because no bond angle can be measured in this molecule. there is no experimental way to
decide between these alternatives. In any case. valence bond theory predicts one sigma
bond, three unshared pairs of electrons on each atom. and no unpaired electrons.

According to molecular orbital theory, the 18 valence electrons (9 from each fluorine
atom) are placed in molecular orbitals in order of increasing energy. All bonding molecular
orbitals are filled, and all antibonding molecular orbitals except the %, are also filled.
There are no unpaired electrons. In molecular orbitals of the second principal energy level,
there are eight electrons in bonding MOs and six electrons in antibonding MOs: therefore,
the bond order in F, is (8 — 6) = 1. Thus both valence bond theory and molecular orbital
theory predict one covalent bond, no unpaired electrons, and diamagnetism.

PROBLEM 1.15

Describe the ground-state electron configuration for the helium molecule. He,, and show
how molecular orbital theory accounts for the fact that He, is not stable. that is. that helium
instead exists as a monatomic gas, He.

SUMMARY
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Atoms consist of a nucleus and electrons concentrated
about the nucleus in regions of space called principal en-
ergy levels (Section 1.1). Each principal energy level 7 can
contain as many as 2n° electrons. Each principal energy
level is subdivided into regions of space called orbitals.
The Lewis structure (Section 1.1) of an element shows the
symbol of the element surrounded by a number of dots
equal to the number of electrons in the outermost, or va-
lence, shell of the atom. According to the Lewis model of
covalent bonding (Section 1.2), atoms bond together in
such a way that each atom participating in a chemical bond
acquires a completed valence-shell electron configuration
resembling that of the noble gas nearest it in the periodic

table. Atoms that lose sufficient electrons to acquire a
completed valence shell become cations; those that gain
sufficient electrons to acquire a completed valence shell
become anions. An ionic bond is a chemical bond formed
by the attractive force between an anion and a cation. A
covalent bond is a chemical bond formed by sharing of
electron pairs between atoms. The tendency of main-group
elements (those of Groups IA—VIIA) to achieve an outer
shell of eight valence electrons is called the octet rule.
Electronegativity (Section 1.2B) is a measure of the
force of attraction by an atom for electrons it shares in a
chemical bond with another atom. On the Pauling scale
of electronegativities, fluorine. the most electronegative
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element. is assigned a value of 4.0. Electronegativity de-
creases from right to left and from top to bottom in the
periodic table.

A nonpolar covalent bond (Section 1.2B) is a cova-
lent bond in which the sharing of electrons is equal or
nearly so. A polar covalent bond is a covalent bond in
which the sharing of electrons is not equal. In a polar cova-
lent bond. the more electronegative atom bears a partial
negative charge (6 —), and the less electronegative atom
bears a partial positive charge (6 +). Using values of elec-
tronegativity of atoms. it is possible to calculate the per-
cent ionic character of a covalent bond.

An acceptable Lewis structure (Section 1.2C) for a
molecule or an ion must show (1) the correct order of at-
tachment of atoms. (2) the correct number of valence elec-
trons. (3) no more than two electrons in the outer shell of
hydrogen and no more than eight electrons in the outer
shell of any second-row element. and (4) all formal
charges. The procedure for calculating formal charge is
described in Section 1.2D.

Third-row elements—in particular sulfur and phos-
phorus—have 3s. 3p. and 3d orbitals available for cova-
lent bond formation and may accommodate more than
eight electrons in their valence shells.

Bond angles of covalent molecules and ions can be
predicted using the valence-shell electron-pair repulsion
(VSEPR) model (Section 1.3). For atoms surrounded by
four regions of electron density. predict bond angles of
109.5°. For atoms surrounded by three regions of electron
density. predict bond angles of 120°. and for atoms sur-
rounded by two regions of electron density. predict bond
angles of 180°.

Functional groups (Section 1.4) are characteristic
structural units that are (1) a basis for dividing organic
compounds into classes. (2) sites of chemical reactions.
and (3) the basis for systematic nomenclature of organic
compounds. Important functional groups for us at this
stage in the course are the hydroxyl group. characteristic
of alcohols: the carbonyl group, characteristic of alde-
hydes and ketones; and the carboxyl group, characteristic
of carboxylic acids and esters.

Isomers (Section 1.5) are different compounds that
have the same molecular formula. One class of isomers. the
constitutional isomers, (Section 1.5) have the same mo-
lecular formula but a different order of attachment of
atoms.

The theory of resonance (Section 1.6A). developed
by Linus Pauling. is a model to account for the structure of
compounds for which no single Lewis structure is ade-
quate. These molecules and ions are best described by
writing two or more Lewis structures. called contributing

structures, and considering the real molecule or ion to be a
hybrid of the various contributing structures. Contributing
structures to the hybrid are interconnected by double-
headed arrows. The manner in which valence electrons
are redistributed from one contributing structure to the next
is shown by curved arrows, which extend from where the
electrons are initially shown (on an atom or in a covalent
bond) to their new location (to an adjacent atom or adjacent
bond). Rules for writing acceptable contributing structures
and for estimating their relative importance are given in
Sections 1.6C and 1.6D.

According to the valence bond model (Section 1.8A).
formation of a covalent bond amounts to overlap of atomic
orbitals. The greater the overlap. the stronger the resulting
covalent bond. According to the quantum mechanical cal-
culations of Heitler and London in 1927 (Section 1.8B). (1)
each electron in a covalent bond is delocalized over the two
atomic orbitals overlapping to form the bond and (2) the
stabilization due to the formation of a covalent bond arises
primarily from electron delocalization.

The combination of atomic orbitals is called hybrid-
ization (Section 1.8C). and the resulting atomic orbitals
are called hybrid atomic orbitals. Combination of one 2s
orbital and three 2p orbitals produces four equivalent or-
bitals called sp?® hybrid orbitals, each directed toward a
corner of a regular tetrahedron at angles of 109.5°. Combi-
nation of one 2s orbital and two 2p orbitals forms three
equivalent sp? hybrid orbitals the axes of which lie at
angles of 120°. C=C, C=0, C=N.N=N. and N=
double bonds are a combination of one sigma bond formed
by the overlap of sp* hybrid orbitals and one pi bond
formed by overlap of unhybridized 2p orbitals. Combina-
tion of one 2s orbital and one 2p orbital forms two equiva-
lent sp hybrid orbitals the axes of which form an angle of
180°. C=C and C=N triple bonds are a combination of
one sigma bond formed by the overlap of sp hybrid orbitals
and two pi bonds tormed by the overlap of two sets of
parallel 2p orbitals.

According to the molecular orbital model (Section
1.9) of covalent bonding. just as atomic orbitals exist for
atoms. molecular orbitals exist for molecules. Molecular
orbitals are formed by combination of atomic orbitals.
Combination of n atomic orbitals gives n molecular orbit-
als. Molecular orbitals are divided into sigma- and pi-
bonding and antibonding molecular orbitals. These orbitals
can be arranged in order of increasing energy. and their
order of filling is governed by the same rules as for filling
atomic orbitals. One of the major triumphs for the molecu-
lar orbital theory of bonding is that it accounts in a very
simple way for the fact that the oxygen molecule. O,. is
paramagnetic.
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ADDITIONAL PROBLEMS

Lewis Structures

Additional Problems

1.16 Write Lewis structures for the following molecules. Be certain to show all valence electrons.

For the oxygen acids —that is. parts (1), (n). (r). (), (t). (v), and (w)—each oxygen is attached
directly to the central atom (C. N. P. or S) and each ionizable hydrogen is attached to an oxygen
atom. None of these compounds contains a ring of atoms. Under each compound is its name so

that you can find the compound within the text.

(a) H:Oz (h) N2H4 (C) CH;OH
Hydrogen peroxide Hydrazine Methanol

(d) CH;SH (e) CH;NH; (f) CH;Cl
Methanethiol Methylamine Chloromethane

(g) CH;0CH, (hy C;Hg (i) C,H,
Dimethy] ether Ethane Ethene

(j) CH, (k) CO, (1) H,CO;
Ethyne Carbon dioxide Carbonic acid

(m) CH,O (n) CH;CO,H (o) CH;—CO—CH;
Methanal Ethanoic acid Propanone

(p) CH;NNCH; (qg) HCN (r) HNO;
Dimethyldiimine Hydrogen cyanide Nitric acid

(s) HNO, (t) HCO,H (u) NH,OH
Nitrous acid Methanoic acid Hydroxylamine

(v) H5SO, (w) HiPO,

Sulfuric acid

Phosphoric acid

1.17 Write Lewis structures for the following ions. Be certain to show all valence electrons and all
formal charges. Under each formula is given the name of the ion.

(a) OH™ (b) H;O~ (c) NHy#
Hydroxide 1on Hydronium ion Ammonium ion
(d) NH,~ (e) HCO;~ (f)y COs2~
Amide ion Bicarbonate ion Carbonate ion
(g) ClI— (h) CI~ (i) NO,~
Chloride 1on Chloronium ion Nitrite ion
(j) NO;~ (k) CH;3~ (I) CH;*
Nitrate ion Methyl anion Methyl cation
(m) CH;CO,~ (n) HCO,~ (0) SO2~
Ethanoate 1on Methanoate ion Sulfate ion
(p) HPO,2~

Hydrogen phosphate ion

1.18 Following the rule that each atom of carbon. oxygen, nitrogen. and the halogens reacts to

achieve a complete outer shell of eight valence electrons. add unshared pairs of electrons as
necessary to complete the valence shells of the following molecules and 1ons. Assign formal
charges as appropriate.

O H H CH,

I [
(a) H—=O0—C—0O (b) H—(|?—C|—O (c) CHS—‘T_CHz
H H CH,

45
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H H H 5 H H 5

| | 7
() H—ﬁ—cI (e) H—Cl—O—\ (f) H—N—C—C

H H H H H 0

1.19 Following are several Lewis structures showing all valence electrons. Assign formal charges to
each structure as appropriate.

:Q: 1ol o}
(a) H c] g —C—H () H—Q\‘—c|=c—H (c) H—C— g H
L 6 om é
H O H H H
(d) H— é Cl =C—H (e H—Cl—C—Cl—H (f) H— c| —0—H
N Wb N

1.20 Following are compounds containing ionic and covalent bonds. Draw the Lewis structure for
each and show by dashes which are covalent bonds and. by indication of charges. which are
ionic bonds.

(a) CH;ONa (b) NH,CI (c) NaHCO,
Sodium methoxide Ammonium chloride Sodium bicarbonate

Partial lonic Character of Covalent Bonds

1.21 Arrange the single covalent bonds within each set in order of increasing partial ionic character.
(a) C—H.O—H.N—H (b) C—H.B—H.O—H (CRCEHSCCINE)
(dy C—S.C—0.C—N () C—Li, C—B.C—Mg

1.22 Following are several organometallic compounds. Calculate the percent ionic character of each
carbon-metal bond.

CH,CH;
(a) CH_}CH:PibCH:CH_Q (b) CH;MgCl (¢c) CH;HgCH;
CH,CH; Methylmagnesium Dimethylmercury
chloride
Tetraethyllead
CH,CH;

(d) CH,CH,CH,CH.Li (e} CH,CH,BCH-CH,

Butyllithium Triethylborane

Bond Angles and Shapes of Molecules
1.23 Explain how the VSEPR model is used to predict bond angles.

1.24 Following are Lewis structures for several molecules and ions. Use the VSEPR model to
predict bond angles about each highlighted atom.
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H H H O

(a) H—cl—(l:—{j—ﬂ (b) H—CI—(lL—H () H—C=C—Cl
ok H hon
H H

) H—C:I—CEC—H () H—HO—N=0 (f) H—(':—KI—H
i b oh

| || LS
(@ H—C—O0—H () H—0—C—0" (i) H—cl—c—c|=C|—H
H H H

1.25 Use the VSEPR model to predict bond angles about each atom of carbon, nitrogen, and oxygen
in the following molecules. For each molecule that contains atoms of oxygen or nitrogen, be
certain that you first show all valence electrons on these atoms.

(0]

I
(a) CH;—CH,—OH  (b) CH;—CH,—C—H  (¢) CH;—CH=CH,

CH;
(d) CH;—C=CH (¢) CH;—NH, (f) CH3—IlJ—CH3
(0] 0} 0]
(2) CH3—CH2—£——OH (h) CH;—g—O—-CH_; (i) CH3—IC|—CH3
(j) CH,=C=CH, (k) CH;—CH=N—OH
1.26 Use the VSEPR theory to predict the geometry of the following molecules:
(a) H,Se (b) CS, (¢) SiH, (d) PCly
1.27 Use the VSEPR theory to predict the geometry of the following ions:
(a) NH,~ (b) NO,~ (¢) NO,* (d) NO3~ (e) CH;CO,~
(f) CH; (g) AICI,~

Functional Groups

1.28 Draw Lewis structures for the following functional groups. Be certain to show all valence
electrons on each.
(a) Carbonyl group (b) Carboxyl group (¢) Hydroxyl group

1.29 Draw condensed structural formulas for all compounds of molecular formula C4HgO that
contain the following functional groups:
(a) A ketone (there is only one)
(b) An aldehyde (there are two)
(¢) A carbon-carbon double bond and an ether (there are four)

(d) A carbon-carbon double bond and an alcohol (there are eight)

1.30 Draw structural formulas for

(a) The eight alcohols of molecular formula CsH;,0
(b) The six ethers of molecular formula CsH;,0

(¢) The eight aldehydes of molecular formula CgH;,0
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(d) The six ketones of molecular formula C¢H,,0
(e) The eight carboxylic acids of molecular formula C¢H ;505

(f) The nine esters of molecular formula CsH,,0,

Constitutional Isomers

1.31 Which of the following are true about constitutional isomers?
(a) They have the same molecular formula.
(b) They have the same molecular weight.
(c) They have the same order of attachment of atoms.
(d) They have the same physical properties.
1.32 Do the structural formulas in each set represent constitutional isomers or are they the same
compound? Name the functional group(s) in each molecule.
?H_; CH; CH;

(a) CH;—CH—O—CH—CH;  and CH;—CH—O—(I:H—CH3

CH.
(b) CH,—=CH—CH,—CH; and CH;—CH=CH—CH;
i T
(¢) CH;—O0—C—H and CH;—C=0
?H; (|‘H3—OH
(d) HO—CH,—CH—OH  and  CH;—CH—OH
O H.C
ll SIEN I
(e) H——C—CH:—CIH—CH;‘ and CH—CH,—C—H
CH, H;C N
(f) CH,—CH—CH,—CH,  and CH_}—ClH—CH:—CH:—(ltﬂ—CH3
CH:—(I‘H—CH_; CH, CH,
CH,

Resonance and Contributing Structures

1.33 Draw the contributing structure indicated by the curved arrow(s). Assign formal charges as

appropriate.
Co Co. Co.
. , YA , -
(a) H——Q—C\ «— (b) H——Q—C\ «— (c) CH;—O.—C\ S
(o o o

(@) O=C=0 &= (@) 5500 —— f) H—HO—N=0 <«—

‘0.8 H (0
) N N
(g) :O—+N «—> (h) C=0 «<— (i) Hm C=GCgH s>
ST\ /e [
-0, H H H
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(o
) |
(j) H—(|3=(|3—C—H —
H H
1.34 In the previous problem you were given one contributing structure and asked to draw another.
Label pairs of contributing structures that are equivalent. For pairs of contributing structures

that are not equivalent. label the more important contributing structure and explain your rea-
soning.

1.35 Are the structures in each set valid contributing structures? Explain

H H
(@ C=0:<— :c=0' (b) H—=N=N=N «— H—N—N=N
H/ H/
H O: H 20 H O—H H 0]
(©) H—C|—|CI—H<—>H—CIZ—CII—H () o <—>H—C|—C//
g g TR [

1.36 Following is the structural formula of an ester. It is one contributing structure. Draw two more
contributing structures for this hybrid and show by the use of curved arrows how the first is
converted to the second and the second to the third. Be certain to assign all formal charges as
appropriate.

|
CH;—C—O0—CH;

Valence Bond Theory

1.37 Following are Lewis structures for several molecules. State the orbital hybridization of each
circled atom.

H H H H H
) H (lj c| H (b Ne=c” (¢) H=C=C—H () Ne=o0
(a R LU N ¢ o
0 N H H
:("): l|{ lil
() H=C—O—H  (f) H— l—f):—H (®) H—Cl——IiI—H
H H H
(.
(h) H—CI-—(:):—C—H (i) H—O—N=0  (j) CH,=C=CH,
H
i
(k) H—?—C|=I'\3-—O—H
H H
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Chapter 1: Covalent Bonds and Shapes of Molecules

1.38 Following are Lewis structures for several molecules. Describe each circled bond in terms of
the overlap of atomic orbitals.

H H H H H
) H cl C| H (b Ne=c" (c) H—C==xue (d) Ne=o
(a (e — = © —C=C— -
R TR J—
" oH H H H
b | |
() H—C—O0—H (f) H—cl—o—H (g) H— l—lT—H
H H H
0
(h) H—CI—O—C—H (i) H—O—N=0  (j) CH,=C=CH,
H
H

|
(k) H—(IT—C|=N—0—H
H H

= 1.39 Following is the structural formula of the prescription drug famotidine, which is manufactured

by Merck Sharpe & Dohme under the name Pepcid. The primary clinical use of Pepcid is in the
treatment of active duodenal ulcers and benign gastric ulcers. Pepcid is a competitive inhibitor
of histamine H, receptors and reduces both gastric acid concentration and the volume of gastric

secretions.
(0]
o
H,N N—S—NH,
A — v /]
/C—N\ /N\ /CH:—S—CH:—CHz—C 0
H,N ¢ ¢ NH
[ o
2¢

(a) Complete the Lewis structure of famotidine showing all valence electrons and any formal
positive or negative charges.

(b) Describe each circled bond in terms of the overlap of atomic orbitals.

Molecular Orbital Theory
1.40 Figure 1.29 in Section 1.9 shows a molecular orbital energy-level diagram for the ground state
of the oxygen molecule. O,.
(a) Complete a similar molecular orbital energy diagram for the ground state of the nitrogen
molecule, N.
(b) Do you predict N, to be diamagnetic or paramagnetic?
(¢) Determine the bond order in N, and compare this with the number of bonds in N, accord-
ing to valence bond theory.

1.41 The molecule C, exists in the vapor state at high temperature and has been shown to have a
bond dissociation energy of 144 kcal/mol (602kJ/mol). For comparison. the bond dissociation
energy of O, is 118 keal/mol (494 kJ/mol) and that of N5 1s 225 kcal/mol (942 kJ/mol).
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ALKANES AND
CYCLOALKANES

hydrocarbon is a compound that contains only carbon and hydrogen. A saturated

hydrocarbon, or alkane, contains only single bonds. An unsaturated hydrocar-

bon contains one or more double or triple bonds. In this chapter we discuss the
structure and reactivity of saturated hydrocarbons—the simplest class of organic com-
pounds. We end the chapter with a discussion of sources of alkanes: natural gas. petroleum,
and coal

2.1 Structure of Alkanes

Methane. CH,. and ethane. C,H, are the first two members of the alkane family. Shown in
Figure 2.1 are Lewis structures and stereorepresentations for these molecules. The shape of
methane is tetrahedral and all H—C—H bond angles are 109.5°. Each of the carbon atoms
in ethane is also tetrahedral and all bond angles are approximately 109.5°.




2.1 Structure of Alkanes

II'I = 1095° 1? ll'l
H—(|3—H v H-—(II—?—H
{ ) &
H o O H H
Methane Ethane
Figure 2.1

Methane and ethane.

Although the three-dimensional shapes of larger alkanes are more complex than those
of methane and ethane, each carbon atom is still tetrahedral, and all bond angles are
approximately 109.5°.

The next members of the series are propane, butane, and pentane.

CH;CH,CH;  CH,;CH,CH,CH;  CH,CH,CH,CH,CH,

Propane Butane Pentane

Note that we have omitted the single bonds between successive carbon atoms for the sake
of brevity. Consider them to be understood. Henceforward, we provide only double or
triple bonds and all bonds in branching structures. Condensed structural formulas for
alkanes can be written in an even more abbreviated form. For example, the structural
formula of pentane contains three —CH,— (methylene) groups in the middle of the
chain. They can be grouped together and the structural formula written CH4(CH,),CH;.
Names, molecular formulas, and condensed structural formulas of the first 20 alkanes are
given in Table 2.1.

Alkanes have the general formula C,H,, , ,. Thus, given the number of carbon atoms
in an alkane. it is easy to determine the number of hydrogens in the molecule and also its
molecular formula. For example, decane with ten carbon atoms must have (2 X 10) +
2 = 22 hydrogens and a molecular formula of C,oH,,.
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Table 2.1 Names, molecular formulas, and condensed structural formulas for the first 20 unbranched
alkanes
Condensed Condensed
Molecular Structural Molecular Structural
Name Formula Formula Name Formula Formula

methane CH, CH, undecane C 1 Hyy CH3(CH,)oCH;3
ethane C,H¢ CH;CH; dodecane C2Hag CH3(CH,);,CH;
propane C;3Hyg CH;CH,CH; tridecane C3Hag CH3(CH,);;CH;
butane CsHyp CH;(CH,),CH; tetradecane C4H3g CH3(CH,);,CH;
pentane CsH)» CH3(CH,);CHj; pentadecane C,sHss CH;(CH>»),3CH3
hexane CeHyy CH;(CH,),CH; hexadecane Ci6Hsay CH;(CH,»),4CH;
heptane C;H 4 CH;(CH,)sCH; heptadecane C7H3¢ CH3(CH,),sCH;3
octane CgHg CH;(CH,)¢CH; octadecane CgHzg CH;(CH,),CH3
nonane CoHyg CH3(CH,),CH; nonadecane CioHyg CH;(CH,),7,CH;
decane CioH22 CH,;(CH,)3sCH; eicosane CyoHyo CH;(CH,),sCH;3
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Chapter 2: Alkanes and Cycloalkanes

2.2 Constitutional Isomerism in Alkanes

For the molecular formulas CH,. C,Hg. and CsH;. only one order of attachment of atoms is
possible. and. therefore, methane, ethane. and propane have no constitutional isomers. For
the molecular formula C,H ;. two orders of attachment of atoms are possible. In one of
these. the four carbon atoms are attached in a chain: in the other. they are attached three in a
chain with the fourth carbon as a branch on the three-carbon chain. These isomeric alkanes
are named butane and 2-methylpropane. We discuss how to name alkanes in the following
section.

I
CH4CH,CH,CH, CH,CHCH,
Butane 2-Methylpropane
(bp —0.5°C) (bp — 10.2°C)

Butane and 2-methylpropane are constitutional isomers and have different physical and
chemical properties. Notice that their boiling points differ by more than 9°C.

There are 3 constitutional isomers of molecular formula CsH,,. 5 constitutional
isomers of C;H ;. 18 of CgH 5. and 75 of C,(H,,. It should be obvious that for even a
relatively small number of carbon and hydrogen atoms. a very large number of constitu-
tional isomers is possible. In fact, the potential for structural and functional group individ-
uality among organic molecules from just the basic building blocks of carbon, hydrogen,
nitrogen. and oxygen is practically limitless.

EXAMPLE 2.1

Identify the members of each pair as formulas of the same compound or as formulas of
constitutional isomers.

(a) CH;CH,CH.CH,CH,CH;  and  CH;CH,CH,
CH,CH,CHj
(b) CH;CH,CHCH,CH,CH;  and  CH,CH,CH,CHCH,
o S,
CH, CH,
(¢) CH;CHCH,CH  and  CH;CH,CHCHCH;
by i, i,

Solution

To determine whether these formulas are identical or represent constitutional isomers. find
the longest chain of carbon atoms and number it from the end nearest the first branch. Note
that in finding the longest chain, it makes no difference if the chain is drawn straight or
bent. As structural formulas are drawn in this problem, there is no attempt to show three-
dimensional shapes. After you find the longest carbon chain, number it from the correct
end, then compare the lengths of each chain and the size and locations of any branches.

(a) Each formula has an unbranched chain of six carbons: they are identical and
represent the same compound.
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1 2 3 4 5 6 1 2 3

CH;CH,CH,CH,CH,CH;  and CH3CH2$H2
175 6
CH,CH,CH,

(b) Each has a chain of six carbons with a CH;— group on the third carbon atom of
the chain; they are identical and represent the same compound.

1 2 34 5 6 6 5 4 3
CH3CHZ?HCH2CH2CH3 and CH;CH2CH2$HCH3
21
CH, CH,CH,

(¢) Each has a chain of five carbons with two CH;— branches. Although the
branches are identical, they are at different locations on the chains. Therefore.
these formulas represent constitutional isomers.

5

CH, CH,
1 23 |4 504 321
CH3$HCH2(|ZH and CH3CH2CH$HCH3

CH, CH, CH,

PROBLEM 2.1

Identify the members of each pair as formulas of identical compounds or as formulas of
constitutional isomers.

CH,CH, CH; CH,
(a) CH3(|2HCHCH3 and CH3CH3éHCH3CHCH3
CITHZCH3
CH; CH,
(b) CH3(IIHCHCH3 and CH3CHCI:HCH2CH3
CH,CH, ém

EXAMPLE 2.2

Draw structural formulas for the five constitutional isomers of molecular formula CH 5.

Solution

In doing problems of this type, you should devise a strategy and then follow it. One such
method for solving this example is the following. First. draw the constitutional isomer with
all six carbons in an unbranched chain. Then, draw all constitutional isomers with five
carbons in a chain and one carbon as a branch on the chain. Finally, draw all constitutional
isomers with four carbons in a chain and two carbons as branches.

Six carbons in an 1 2 3 4 5 6
unbranched chain: CH5CH,CH,CH,CH,CH;
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Five carbons in a I Math ol S
chain: one carbon CH3(|:HCH2CH :CH
as a branch: CH,

CH;
Four carbons in a I 2l3e

chain; two carbons CH;?CHZCH_;

as branches: CH,

PROBLEM 2.2

1

2 3 4

h)

,  and CH;CH1(|3HCH2CH3

)
and CH_;CT.H
H,C

CH,

3
?{CH3

Draw structural formulas for the three constitutional isomers of molecular formula CsH;5.

2.3 Nomenclature of Alkanes

Alkanes are named using a systematic set of rules. Many also have common names that are
still in use.

A. The IUPAC System

Ideally every organic compound should have a name that clearly describes its structure and
trom which a structural formula can be drawn. For this purpose, chemists throughout the
world have accepted a set of rules established by the International Union of Pure and
Applied Chemistry (IUPAC). IUPAC names of alkanes with an unbranched chain of
carbon atoms consist of two parts: (1) a prefix that indicates the number of carbon atoms in
the chain and (2) the suffix -ane to show that the compound is a saturated hydrocarbon.

Table 2.2 Prefixes used in the IUPAC system to show the presence of from 1

to 20 carbon atoms in a chain

Number of Number of
Prefix Carbon Atoms Prefix Carbon Atoms
meth- 1 undec- I
eth- 2 dodec- 12
prop- 3 tridec- 13
but- 4 tetradec- 14
pent- 5 pentadec- 15
hex- 6 hexadec- 16
hept- 7 heptadec- 17
oct- 8 octadec- 18
non- 9 nonadec- 19
dec- 10 eicos- 20
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2.3 Nomenclature of Alkanes

Counting the Number of Constitutional Isomers

The ability of carbon atoms to form strong. stable bonds
to other carbon atoms results in a staggering number of
constitutional isomers. As shown in the following table,
there are three constitutional isomers of molecular for-
mula CsH,,. For molecular formula C,sH;, there are
4,347 constitutional isomers, and for C,sHs, there are
almost 37 million constitutional isomers possible.

Number of
Constitutional Isomers

Number of
Carbon Atoms

1 1

5 3
10 75
15 4.347
20 366.319
25 36,797.588
30 4,111,846,763
40 62.419,178.,805.831

The number of constitutional isomers becomes
even larger for organic compounds with a functional
group. For example, although 75 alkanes exist of mo-
lecular formula C,(H.,. there are 507 alcohols of mo-
lecular formula C,H,0.

Obviously, these numbers cannot be obtained by
drawing and counting all the possible constitutional
isomers. Instead. they are counted using a type of math-
ematics called graph theory.* Mathematically. a graph
is a set of points connected by lines. In graph theory, a
structure is represented as a graph wherein each carbon
is a point and each bond is a line. In addition. for al-

Kanes. no more than four lines can come from a point (a
carbon atom). all points must be connected, and there
can be no rings. Each constitutional isomer of molecular
formula C4H,,. then. is represented as a graph in the
following way:

To count the number of constitutional isomers hav-
ing n carbons. you count the number of graphs with n
points. Mathematicians accomplish the counting by
constructing something called a generating function.
For alkanes. the generating function is

x + x2 + a3 + 2x% + 3x5 + 5x6
+ 9x7 + |8x8 + 35x9 + 75x10 4 - - .

The exponent represents the number of carbons. and the
coefficient is the number of isomers. Thus, for four
carbons, there are two constitutional isomers, and for
ten carbons there are 75 constitutional isomers. The En-
glish mathematician, Arthur Cayley, was the first per-
son to use these ideas for organic molecules, and his
paper of 1874 entitled ~"On the Mathematical Theory of
Isomers™ predates many fundamental organic concepts.
including the idea that alkane carbons are tetrahedral.

* To read further about the concept of graph theory for counting the
number of constitutional isomers, see P. J. Hansen and P. C. Jurs, J.
Chem. Ed., 65, 661, 1988.
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Prefixes used to show the presence of from 1 to 20 carbon atoms are given in Table 2.2.
The first four prefixes listed in Table 2.2 were chosen by IUPAC because they were well
established in the language of organic chemistry. In fact, they were well established even
before there were hints of the structural theory underlying the discipline. For example, the
prefix but- appears in the name butyric acid. a compound of four carbon atoms present in
butter fat (Latin: butyrum, butter). Roots to show five or more carbons are derived from
Greek or Latin roots. Names, molecular formulas, and condensed structural formulas for
the first 20 alkanes are given in Table 2.1.
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IUPAC names of substituted alkanes consist of a parent or root name that indicates the
longest chain of carbon atoms in the compound and substituent names that indicate the
groups attached to the parent chain.

parent chain of eight
carbon atoms
CH3—CH3—CH3—CIH—CHI—CHZ—CHQ—CH3
CH;

N

A substituent group derived from an alkane by removal of a H atom is called an alkyl
group. The symbol R- is commonly used to represent an alkyl group. Alkyl groups are
named by dropping the -ane from the name of the parent alkane and adding the suffix -yl.
For example, the alkyl substituent CH;CH,— is named ethyl.

substituent

CH,;CH,4 CH,CH,—
Ethane Ethyl group
(an alkane) (an alkyl group)

Names and structural formulas for 11 of the most common alkyl groups are given in Table
2.3. Following are the rules of the IUPAC system for naming alkanes:

1. The general name of a saturated hydrocarbon is alkane.
2. For branched-chain alkanes, the hydrocarbon derived from the longest chain of carbon
atoms is taken as the parent chain and the root or stem name is that of the parent alkane.

Table 2.3 Names of common alkyl groups

Condensed Condensed
IUPAC Structural IUPAC Structural
Name Formula Name Formula
methyl —CH; C|H3
ethyl —CH,CH, rert-butyl —CCIL,
ropyl —CH,CH,CH |
p 3 CH
isopropyl —CHCH 2
o pentyl —CH,CH,CH,CH,CH;
CH, isopentyl —CH,CH,CHCH,
butyl —CH,CH,CH,CH, éH
isobutyl —CH,CHCH;, ?
3
1 —CH,CCH
sec-butyl —(IIHCHQCH3 neopenty CH,CCH,
CH
CH; ?
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3. Groups attached to the parent chain are called substituents. Each substituent is given a
name and a number. The number shows the carbon atom of the parent chain to which the
substituent is attached.

4. If the same substituent occurs more than once. the number of each carbon of the parent
chain on which the substituent occurs is given. In addition, the number of times the
substituent group occurs is indicated by a prefix di-, tri-, tetra-, penta-, hexa-, hepta.
octa-, nona-, deca-, and so on.

S. If there is one substituent. number the parent chain from the end that gives it the lower

number.

If there are two or more identical substituents, number the parent chain from the end that

gives the lower number to the substituent encountered first.

7. If there are two or more different substituents, list them in alphabetical order and
number the chain from the end that gives the lower number to the substituent encoun-
tered first. If there are different substituents in equivalent positions on the parent chain,
the substituent of lower alphabetical order is given the lower number.

8. Hyphenated prefixes, such as sec- and zerz-, are not considered when alphabetizing. The
prefix iso is not a hyphenated prefix and. therefore. is included when alphabetizing.

=

EXAMPLE 2.3

Give IUPAC names for the following alkanes:
(a) CH3(|ZHCH2CH3 (b) CH;CHCH,CHCH,CH;  (¢) CH3CH,CHCHCH,CH;
CH, CH, CH,CH, H;C CH,CH,

Solution

(a) There are four carbon atoms in the longest chain, and, therefore, the name of the
parent chain 1s butane (rule 2). The butane chain must be numbered so that the
single methyl group is on carbon 2 of the chain (rule 5). The correct name of this
alkane is 2-methylbutane.

1 23 4
CH_;CIHCHZCH3
CH,

2-Methylbutane

(b) The longest chain contains six carbons, and. therefore. the parent chain is a
hexane (rule 2). There are two alkyl substituents: a methyl group and an ethyl
group. The hexane chain must be numbered so that the substituent encountered
first (the methyl group) is on carbon 2 of the chain (rule 5). The ethyl and methyl
substituents are listed in alphabetical order (rule 7) to give the name 4-ethyl-2-

methylhexane.
1 23 45 6
CH,CHCH,CHCH,CH,4
CH, CH,CH;

4-Ethyl-2-methylhexane
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(c) The longest chain contains six carbon atoms. and. therefore. the parent chain is a
hexane (rule 2). The two different substituents are in equivalent locations on the
parent chain: numbering from the left gives methyl on carbon 3: numbering from
the right gives ethyl on carbon 3. When listed in alphabetical order. ethyl comes
before methyl. Therefore. number the carbon chain in this molecule to give ethyl
the lower number (rule 7).

6 5 o3 2 1
CH_-‘CH:(]IHCIHCHﬂCH
H:C CH.CH;

3-Ethyl-4-methylhexane

PROBLEM 2.3

Write [UPAC names for the following alkanes:
CH; CH; CIH:CH:CH3

|
(a) CH;CHCH,CH,CHCHCH;  (b) CH:CH-CH-CCH,CH:CH;
, [
CH,CH,CH: CHCH:
|
CH,

CH.CH-CH;

(¢) CH.CH.CH,CHCHCH.CH-CH;  (d) CH:CHCH,CHCHCH;
CHCH; CH:H,C CH,
CH;

B. Common Names

In spite of the precision of the [IUPAC system. routine communication in organic chemistry
still relies on a combination of trivial, semisystematic. and systematic names. The reasons
for this are rooted in both convenience and historical development.

In the older system of common nomenclature, the total number of carbon atoms in an
alkane, regardless of their arrangement. determines the name. The first three alkanes are
methane. ethane. and propane. All alkanes of formula C.H ,, are called butanes. all alkanes
of formula C:H;, are called pentanes, and those of formula C.H,. are called hexanes. For
alkanes bevond propane. normal, or -, is used to indicate that all carbons are joined in a
continuous chain, and iso is used to indicate that one end of an otherwise continuous chain
terminates in a (CH).CH — group. The first compounds of molecular formula CsH ;, to be
discovered and named were pentane and its isomer. isopentane. Subsequently. another
compound of molecular formula C;H,, was discovered and because it was a “new™ pen-
tane (at least it was new to those who first discovered it). this 1somer was named neo-
pentane (Greek: neo. new). The prefix neo is used to indicate that one end of an other-
wise continuous chain terminates in (CH;);C—. Following are examples of common
names:




2.3 Nomenclature of Alkanes

CH,CH,CH,CH, ~ CH,CH,CH,CH,CH;  CH,CH,CH,CH,CH,CH,

n-Butane n-Pentane n-Hexane
C|H3 ClH3 CH,
CH,CHCH; CH,CH,CHCH, CH;CH,CH,CHCH,
Isobutane Isopentane Isohexane
(I:Hs CH,
CH3ClCH3 CH3CH2(|ZCH3
CH, C|H3
Neopentane Neohexane

The common names amyl- and isoamyl- are often used in place of the [IUPAC names
pentyl- and isopentyl-.

I
—CH,CH,CH,CH,CH; —CH,CH,CHCH;
IUPAC name: Pentyl Isopentyl
Common name: (Amyl) (Isoamyl)

This system of common names has no good way of handling other branching patterns, and
for more complex alkanes it is necessary to use the more flexible IUPAC system of
nomenclature.

In this text we concentrate on [UPAC names. However, we also use common names,
especially when the common name is used almost exclusively in the everyday discussions
of chemists. When both IUPAC and common names are given in the text, we always give
the IUPAC name first followed by the common name in parentheses. In this way, you
should have no doubt about which name is which.

C. Classification of Carbon and Hydrogen Atoms

A carbon atom is classified as primary (1°), secondary (2°), tertiary (3°), or quaternary
(4°) depending on the number of carbon atoms bonded to it. A carbon bonded to one
carbon atom is a primary carbon; a carbon bonded to two carbon atoms is a secondary
carbon, and so forth. For instance, propane contains two primary carbons and one second-
ary carbon. 2-Methylpropane contains three primary carbons and one tertiary carbon.
2,2,4-Trimethylpentane contains five primary carbons, one secondary carbon, one tertiary
carbon, and one quaternary carbon.

a 2° carbon a 3° carbon
/ / ¢
CH,—CH,—CH, CH3—'(]ZH—CH3 CHS—CI;-CH3~CH—CH3
CH,; /CH3

a 4° carbon
two 1° carbons
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Winters)
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Similarly, hydrogens are also classified as primary, secondary, or tertiary depending on the
type of carbon to which each is bonded. Those attached to primary carbons are classified as
primary hydrogens, those on secondary carbons are secondary hydrogens, and those on
tertiary carbons are tertiary hydrogens.

Hydrogen atoms in a compound can be divided into equivalent sets. Equivalent
hydrogens have the same chemical environment. A direct way to determine which hydro-
gens in a molecule are equivalent is to replace each in turn by a ““test atom,”™ as for example
a halogen atom. If replacement of two different hydrogens by a “test halogen™ gives the
same compound, the hydrogens are equivalent. If replacement gives a different compound,
the hydrogens are nonequivalent. Using this test, we can show that propane contains two
sets of equivalent hydrogens, a set of six equivalent primary hydrogens, and a set of two
equivalent secondary hydrogens.

replacement of any of these
six hydrogens by chlorine

replacement of either of
these hydrogens by chlorine
gives l-chloropropane gives 2-chloropropane

N !

CH;—CH,—CH, CH,—CH,—CH,

Propane

EXAMPLE 2.4

State the number of sets of equivalent hydrogens in each compound and the number of
hydrogens in each set.

Propane

CH; CH;

| I
(a) CH;—CH—CH;  (b) CH;—CH,—CH—CHj

Solution

(a) 2-Methylpropane contains two sets of equivalent hydrogens. Replacement of
any one of the nine equivalent primary hydrogens gives 1-chloro-2-methylpro-
pane. Replacement of the one tertiary hydrogen gives 2-chloro-2-methylpro-
pane.

(b) 2-Methylbutane contains four sets of equivalent hydrogens. Nine primary hy-
drogens are in this molecule: three in one set and six in a second set. Replace-
ment of any hydrogen in the set of three gives 1-chloro-3-methylbutane. Re-
placement of any hydrogen in the set of six gives l-chloro-2-methylbutane.

a set of nine equivalent o _
primary hydrogens et of thr al a set of six equivalent
a set of three equivalent pl’ill‘lill‘)' h} dI’UgCllS

/ primary hydrogens
/ CH; CIHJ
CH3— CEf—CHS CH;—CH,—CH—CHjs

/1 20

. a set of two
a set of one

a set of one
tertiary
hydrogen

equivalent

tertiary
= sccondary hydrogens

hydrogen




2.4 Cycloalkanes

PROBLEM 2.4

State the number <ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>