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Preface

I wrote this book for a very simple reason: I love writing. I get great satis-
faction from taking a complicated subject, turning it around until I see it
from a new angle, and then explaining it in simple words. I write to explain
chemistry to students today the way I wish it had been explained to me
years ago.

The enthusiastic response of both students and faculty to the three
previous editions has been very gratifying and suggests that this book
has served students well. I hope you will find that this fourth edition of
Fundamentals of Organic Chemistry builds on the strengths of the first three
and serves students even better. I have made every effort to make this fourth
edition as effective, clear, and readable as possible; to show the beauty and
logic of organic chemistry; and to make the subject enjoyable to learn.

Organization and Teaching Strategies

The primary organization of this book is by functional group, beginning with
the simple (alkanes) and progressing to the more complex. Within this pri-
mary organization, however, there is also an emphasis on explaining the
fundamental mechanistic similarities of reactions. This emphasis is partic-
ularly evident in the chapters on carbonyl-group chemistry (Chapters 9-11),
where mechanistically related reactions like the aldol and Claisen conden-
sations are covered together. Memorization is minimized and understand-
ing maximized with this approach.

Reaction Mechanisms

In the first edition, I introduced an innovative vertical format for explain-
ing reaction mechanisms that met with an enthusiastic response. Now set
off by color panels, mechanisms shown in this format have the reaction steps
printed vertically while the changes taking place in each step are explained
next to the reaction arrow. This format allows the reader to see what is
occurring at each step in a reaction without having to jump back and
forth between structures and text. Pages 115 and 240 show examples.

Basic Learning Aids

Clarity of explanation and smoothness of information flow are crucial re-
quirements for any textbook. In writing and revising this text, I consistently




aim for summary sentences at the beginning of paragraphs, lucid explana-
tions, and smooth transitions between paragraphs and between topics. New
concepts are introduced only when they are needed—not before—and are
immediately illustrated with concrete examples. Frequent cross-references
to earlier material are given, and numerous summaries are provided to
draw information together, both within chapters and at the ends of chap-
ters. In addition, the back of this book contains a wealth of material help-
ful for learning organic chemistry, including a large glossary, an explana-
tion of how to name polyfunctional organic compounds, and answers to most
in-text problems. For still further aid, an accompanying Study Guide and
Solutions Manual gives summaries of reaction mechanisms and of meth-
ods for preparing functional groups, a list of named reactions with exam-
ples, and a list of the uses of important reagents.

Features of the Fourth Edition

Xviii

The primary reason for preparing a new edition is to keep the book up-to-
date, both in its scientific coverage and in its pedagogy. My overall aim has
been to retain and refine the features that made earlier editions so suc-
cessful, while adding new ones.

* Full color has now been added throughout the text, both for its visual
appeal and for its pedagogical value in highlighting the reacting parts
of molecules.

e The writing has again been revised at the sentence level, paying par-
ticular attention to such traditionally difficult subjects as stereochem-
istry and nucleophilic substitution reactions.

¢ The artwork has been redone, and many new computer-generated mod-
els have been added. Figures frequently present structures in several
different formats, side by side, so that students learn structures thor-
oughly and become used to the various ways chemists graphically
represent their work. Look at pages 14 and 63 to see some examples.

e Stereo views of computer-generated ball-and-stick molecular models
have been added as an aid for three-dimensional perception. A stereo
viewer is bound into the back of the book. Even the problems make use
of stereo views. Some examples appear on pages 184 and 230.

* The organic chemistry of metabolic pathways is presented in
Chapter 17. Several of the most important pathways—glycolysis and the
citric acid cycle, for example—are dissected and analyzed according to
the organic reaction mechanisms by which the various steps occur. This
chapter will be of particular interest to the large number of students in
health sciences who traditionally take this organic chemistry course.

¢ Interlude boxes at the end of each chapter present interesting appli-
cations of organic chemistry relevant to the main chapter subject.
Including several topics from science, medicine, and day-to-day life, these



applications enliven and reinforce the material presented in each chap-
ter. Some Interlude topics address environmental concerns and exam-
ine popular assumptions about chlorinated organic compounds or
chemical toxins in our food and water. Other Interludes discuss such
topics as antibiotics and antiinflammatory agents.

Biologically important organic reaction mechanisms are specially
identified by the use of a margin icon. Students often wonder about what
topics are “important,” and this icon helps students in the biological sci-
ences answer that question. See pages 293 and 366, for example.

* Spectra are all new. They have been redrawn for clarity and accuracy.
Some examples appear on pages 420 and 427.

* New problems have been added at the end of each chapter. Some are
a new kind of problem called Visualizing Chemistry, in which stu-
dents are challenged to make the connection between typical line-bond
drawings and computer-generated molecular models. See pages 35 and
215, for example.

To facilitate the changes outlined above, some material from the pre-
vious edition has been compressed, several reactions (such as ozonolysis)
that have little relevance to biological chemistry have been deleted, and
other material has been rearranged.
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A Note for Students

We have similar goals. Yours is to learn organic chemistry; mine is to do
everything possible to help you learn. It’s going to require work on your
part, but the following suggestions should prove helpful:

Don’t read the text immediately. As you begin each new chapter, look it
over first. Read the introductory paragraphs, find out what topics will be
covered, and then turn to the end of the chapter and read the summary.
You'll be in a much better position to understand new material if you first
have a general idea of where you're heading. Once you’ve begun a chapter,
read it several times. First read the chapter rapidly, making checks or com-
ments in the margin next to important or difficult points; then return for
an in-depth study.

Keep up with the material. Who's likely to do a better job—the runner
who trains five miles per day for weeks before a race, or the one who sud-
denly trains twenty miles the day before the race? Organic chemistry is a
subject that builds on previous knowledge. You have to keep up with the
material on a daily basis.

Work the problems. There are no shortcuts here. Working problems is the
only way to learn organic chemistry. The practice problems show you how
to approach the material, the in-text problems provide immediate practice,
and the end-of-chapter problems provide additional drill and some real chal-
lenges. Answers and explanations for all problems are given in the accom-
panying Study Guide and Solutions Manual.

Ask questions. Faculty members and teaching assistants are there to help
you. Most of them will turn out to be extremely helpful and genuinely in-
terested in seeing you learn.

Use molecular models. Organic chemistry is a three-dimensional science.
Although this book uses many careful drawings and stereo views to help
you visualize molecules, there’s no substitute for building a molecular model,
turning it in your hands, and looking at it from different views.

Use the study guide. The Study Guide and Solutions Manual that ac-
companies this text gives complete solutions to all problems and provides
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2-Butene, CH3;CH = CHCHj3, has
both planar and tetrahedral
carbon atoms.

Structure and Bonding;
Acids and Bases

What is organic chemistry, and why should you study it? The answers are
all around you. Every living organism is made of organic chemicals. The
foods you eat; the medicines you take; the wood, paper, plastics, and fibers
that make modern life possible, are all organic chemicals. Anyone with a
curiosity about life and living things must have a fundamental under-
standing of organic chemistry.

The foundations of organic chemistry date from the mid-1700s when
alchemists noticed unexplainable differences between compounds derived
from living sources and those derived from minerals. Compounds from
plants and animals were often difficult to isolate and purify. Even when
pure, they were difficult to work with and tended to decompose more easily
than compounds from minerals. The Swedish chemist Torbern Bergman was
the first person to express this difference between “organic” and “inorganic”
substances in 1770, and the term organic chemistry soon came to mean the
chemistry of compounds from living organisms.

To many chemists of the time, the only explanation for the difference
in behavior between organic and inorganic compounds was that organic

1




2 CHAPTER 1 Structure and Bonding; Acids and Bases

compounds contained an undefinable “vital force” as a result of their origin
in living sources. With time, however, it became clear that organic compounds
could be manipulated in the laboratory just like inorganic compounds.
Friedrich Wohler discovered in 1828, for example, that it was possible to
convert the “inorganic” salt ammonium cyanate into urea, an “organic” com-
pound isolated from urine.

0
+ _( )C Heat g

HNT ) H,

Hy

Ammonium cyanate Urea

By the mid-1800s, the weight of evidence was against the vitalistic
theory, and it had become clear that the same basic scientific principles are
applicable to all compounds. The only distinguishing characteristic of organic
compounds is that all contain the element carbon (Figure 1.1).

©
H He
Li | Be B N | O | F | Ne
Na | Mg Al | Si Cl | Ar

KiCa|{Sc|Ti| V|Cr|{Mn|Fe|Co|Ni|Cu|Zn|Ga|Ge|As|Se| Br| Kr

Rb|[Sr| Y |Zr | Nb|{Mo|Tc|Ru|Rh|{Pd|Ag|(Cd|In|Sn|{Sb|Te| I |Xe

Cs|Ba|La|Hf|{Ta| W |Re|Os| Ir| Pt | Au|Hg| Tl | Pb | Bi | Po | At | Rn

Fr| Ra | Ac

Figure 1.1 The position of carbon in the periodic table. Other
elements commonly found in organic compounds are shown in
yellow.

Organic chemistry, then, is the study of the compounds of carbon.
But why is carbon special? What is it that sets carbon apart from all other
elements in the periodic table? The answers to these questions derive from
the unique ability of carbon atoms to bond together, forming rings and long
chains. Carbon, alone of all elements, is able to form an immense diversity
of compounds, from the simple to the staggeringly complex—from methane,
containing one carbon atom, to DNA, which can contain tens of billions.

Not all organic compounds are derived from living organisms, of course.
Modern chemists are extremely sophisticated in their ability to synthesize
new organic compounds in the laboratory. Medicines, dyes, polymers, plastics,
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pesticides, and a host of other organic substances are all prepared in the
laboratory. Organic chemistry is a subject that touches the lives of every-
one. Its study is a fascinating undertaking.

1.1 Atomic Structure

Before beginning a study of organic chemistry, let’s review some general ideas
about atoms and bonds. Atoms consist of a dense, positively charged nucleus
surrounded at a relatively large distance by negatively charged electrons
(Figure 1.2). The nucleus consists of subatomic particles called neutrons,
which are electrically neutral, and protons, which are positively charged.
Though extremely small—about 107'* to 107'® meter (m) in diameter—the
nucleus nevertheless contains essentially all the mass of the atom. Electrons
have negligible mass and orbit the nucleus at a distance of approximately
1071 m. Thus, the diameter of a typical atom is about 2 X 107° m, or 2
angstroms (A), where 1 A = 107'° m. To give you an idea how small this is,
a thin pencil line is about 3 million carbon atoms wide.

/Z\'nclt-lh«prutmh‘ + neutrons)

°
e

Figure 1.2 A schematic view of an atom. The dense, positively
charged nucleus contains most of the atom’s mass and is sur-
rounded by negatively charged electrons.

An atom is described by its atomic number (Z), which gives the num-
ber of protons in the atom’s nucleus, and its mass number (A), which gives
the total of protons plus neutrons. All the atoms of a given element have
the same atomic number—1 for hydrogen, 6 for carbon, 17 for chlorine, and
so on—but they can have different mass numbers depending on how many
neutrons they contain. The average mass number of a great many atoms of
an element is called the element’s atomic weight—1.008 for hydrogen,
12.011 for carbon, 35.453 for chlorine, and so on.

How are the electrons distributed in an atom? It turns out that electrons
aren’t completely free to move about but are confined to different regions
within the atom according to the amount of energy they have. Electrons can
be thought of as belonging to different layers, or shells, around the nucleus.
Within each shell, electrons are further grouped into subshells, denoted s,
p> d, and £, and within each subshell, electrons are grouped by pairs into
orbitals.

Different shells have different numbers and kinds of subshells, and dif-
ferent subshells have different numbers and kinds of orbitals. As indicated
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3rd shell
(capacity—18 electrons)

2nd shell + %
(capacity—8 electrons) =L

1st shell
(capacity—2 electrons)

Figure 1.3 The distribution of electrons in an atom. The first shell
holds a maximum of 2 electrons in one 1s orbital; the second shell
holds a maximum of 8 electrons in one 2s and three 2p orbitals;
the third shell holds a maximum of 18 electrons in one 3s, three
3p, and five 3d orbitals; and so on. The 2 electrons in each orbital
are represented by up and down arrows, 1. Although not shown,
the 4s orbital has an energy level between 3p and 3d.

in Figure 1.3, the first shell contains 2 electrons, which occupy an s sub-
shell and are paired in an orbital designated 1s. The second shell contains
8 electrons, which occupy an s subshell that contains one orbital (designated
2s) and a p subshell that contains three orbitals (each designated 2p). The
third shell contains 18 electrons, which occupy an s subshell (one 3s orbital),
a p subshell (three 3p orbitals), and a d subshell (five 3d orbitals).

It’s helpful to think of an orbital as a blurry photograph of an electron’s
movement, indicating the region of space surrounding the nucleus where
the electron has been. This electron cloud doesn’t have a sharp boundary,
but for practical purposes we can set the limits by saying that an orbital
represents the space where an electron spends most (95%) of its time.

What do orbitals look like? The shape of an orbital depends on whether
it’'s in an s, p, d, or f subshell. Of the four, we'll be concerned only with s
and p orbitals because most atoms found in living organisms use only these.
The s orbitals have a spherical shape with the nucleus at the center, and
the p orbitals have a dumbbell shape, as shown in Figure 1.4. Note that a
given shell contains three different p orbitals, oriented in space so that each
is perpendicular to the other two. They are arbitrarily denoted p,, p,, and p,.

1.2 Electron Configuration of Atoms

The lowest-energy arrangement, or ground-state electron configuration,
of an atom is a description of the orbitals that the atom’s electrons occupy.
We can predict this arrangement by following three rules:

Rule 1 The orbitals of lowest energy are filled first, according to the
order 1s — 2s — 2p — 3s — 3p — 4s — 3d, as shown in Figure 1.3.
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An s orbital A p orbital Three 2p orbitals

Figure 1.4 Computer-generated shapes of s and p orbitals. The
s orbitals are spherical, and the p orbitals are dumbbell-shaped.
There are three mutually perpendicular p orbitals, denoted p,, p,,
and p,.

Rule 2 Only two electrons can occupy an orbital, and they must be of
opposite spin.?

Rule 3 If two or more empty orbitals of equal energy are available, one
electron is placed in each with their spins parallel until all are half-full.

Some examples of how these rules apply are shown in Table 1.1. Hy-
drogen, for instance, has only one electron, which must occupy the lowest-

Table 1.1 Ground-State Electron Configuration of Some Elements
Atomic Atomic

Element number Configuration Element number Configuration
Hydrogen 1 1s 4+ Lithium 3 2s 4
+ + — R

Carbon 6 H HOH B
1s H- Neon 10 —
35 4 1s 4

Sodium 11 * & 4 "/) —H— *
- 35 4

1s 44 Argon 18 * # ¥
i
_t.,_

!Electrons can be thought of as spinning on an axis in much the same way that the earth
spins. This spin can have two orientations, denoted as up 1 and down | .




y

6 CHAPTER 1 Structure and Bonding; Acids and Bases

energy orbital. Thus, hydrogen has a 1s ground-state electron configura-
tion.? Carbon has six electrons and the ground-state electron configuration
1s22522p2.

PRACTICE PROBLEM 1.1 ... ..

1.1

\

Give the ground-state electron configuration of nitrogen.

Solution As shown by the periodic table on the rear inside cover, nitrogen has
atomic number 7 and thus has seven electrons. Using Figure 1.3 to find the relative
energy levels of orbitals, and applying the three rules to assign the seven electrons,
the first two electrons go into the lowest-energy orbital (1s), the next two go into
the second-lowest-energy orbital (2s%), and the remaining three go into the three
next-lowest-energy orbitals (2p®). Thus, the configuration of nitrogen is 1s*2s*2p°.

How many electrons does each of the following elements have in its outermost elec-
tron shell? 9
(a) Potassium (b) Calcium (¢) Aluminum

Give the ground-state electron configuration of the following elements:
(a) Boron {(b) Phosphorus (c) Oxygen (d) Argon

1.3 Development of Chemical Bonding
Theory

By the mid-1800s, the new science of chemistry was developing rapidly, and
chemists had begun to probe the forces holding molecules together. In 1858,
August Kekulé and Archibald Couper independently proposed that, in all
organic compounds, carbon always has four “affinity units.” That is, carbon
is tetravalent; it always forms four bonds when it joins other elements to
form chemical compounds. Furthermore, said Kekulé, carbon atoms can
bond to one another to form extended chains, and chains can double back
on themselves to form rings.

Although Kekulé was correct in describing the tetravalent nature of
carbon, chemistry was still viewed in a two-dimensional way until 1874. In
that year, Jacobus van’t Hoff and Joseph Le Bel added a third dimension to
our ideas about chemistry. They proposed that the four bonds of carbon are
not randomly oriented but have a specific spatial orientation. Van’t Hoff went
even further and proposed that the four atoms to which a carbon atom is
bonded sit at the corners of a regular tetrahedron, with carbon in the center.

A superscript is used to represent the number of electrons at a particular energy level. For
example, 1s% indicates that there are two electrons in the 1s orbital. No superscript is used
when there is only one electron in an orbital.
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A representation of a tetrahedral carbon atom is shown in Figure 1.5.
Note the conventions used to show three-dimensionality: Solid lines repre-
sent bonds in the plane of the paper, heavy wedged lines represent bonds
coming out of the plane of the paper toward the viewer, and dashed lines
represent bonds receding into the plane away from the viewer. Such repre-
sentations will be used throughout this text.

< P & ;

A tetrahedron Stere:b VieW

Figure 1.5 Van't Hoff's tetrahedral carbon atom. The solid lines
are in the plane of the paper, the heavy wedged line comes out of
the plane of the paper, and the dashed line goes back into the
plane. The three-dimensional stereo view can be seen with the
viewer that comes with this text.

1.3 Draw a molecule of chloromethane, CH5Cl, using solid, wedged, and dashed lines to
show its tetrahedral geometry.

1.4 The Nature of Chemical Bonds:
lonic Bonds

Why do atoms bond together, and how can bonds be described? The why
question is relatively easy to answer: Atoms bond together because the com-
pound that results is more stable (has less energy) than the separate atoms.
Energy always flows out of the chemical system when a chemical bond is
formed. Conversely, energy must be put into the system when a chemical
bond is broken. Put another way, making bonds releases energy, and break-
ing bonds absorbs energy. The how question is more difficult. To answer it,
we need to know more about the properties of atoms.

We know through observation that eight electrons (an electron octet)
in the outermost shell (the valence shell) impart special stability to the
noble-gas elements in group 8A: neon (2 + 8), argon (2 + 8 + 8), krypton
(2 + 8 + 18 + 8). We also know that the chemistry of many main-group
elements is governed by a tendency for them to take on the stable noble-
gas electronic makeup. The alkali metals in group 1A, for example, have a
single s electron in their outer shells. By losing this valence electron, they
can achieve a noble-gas configuration.
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PROBLEM

1.4

PROBLEM ..

1.5

Just as the alkali metals and other reactive elements on the left side
of the periodic table tend to form positive ions by losing one or more elec-
trons, the halogens (group 7A elements) and other reactive nonmetals on
the right side of the periodic table tend to form negative ions by gaining
one or more electrons.

The simplest kind of chemical bonding is that between a reactive metal
on the left of the periodic table and a reactive nonmetal on the right. For
example, when sodium metal reacts with chlorine gas, each sodium atom
gives an electron to a chlorine atom to form Na™ ions and Cl~ ions. The
NaCl product that results is said to have ionic bonding, meaning that
the Na* and Cl~ ions are held together by an electrical attraction between
their unlike charges. Note, though, that there is no such thing as an indi-
vidual NaCl “molecule,” and we can’t speak of specific ionic bonds between
specific pairs of ions. Rather, there are many ionic bonds between a given
ion and its neighbors, and so we speak of the whole crystal as being an
ionic solid.

How many valence electrons does each of the following elements have?
(a) Be (b) S (c) Br

Judging from their positions in the periodic table, which element in each of the fol-
lowing pairs gains an electron more easily?
(a) Potassium or oxygen (b) Calcium or bromine

1.5 The Nature of Chemical Bonds:
Covalent Bonds

We've just seen that elements on the left (sodium) and right (chlorine) of
the periodic table form ionic bonds by losing or gaining electrons. How,
though, do the elements near the middle of the periodic table form bonds?
Look at methane, CH,, the main constituent of natural gas, for example.
The bonding in methane is not ionic because it would be very difficult for
carbon (1s%2s2p?) either to gain or lose four electrons to achieve a noble-
gas configuration. In fact, carbon bonds to other atoms, not by losing or
gaining electrons, but by sharing them. Such shared-electron bonds, first
proposed in 1916 by G. N. Lewis, are called covalent bonds. The neutral
collection of atoms held together by covalent bonds is called a molecule.

A simple shorthand way of indicating covalent bonds in molecules is to
use Lewis structures, or electron-dot structures, in which an atom’s valence
electrons are represented by dots. Thus, hydrogen has one dot (1s), carbon
has four dots (2s?2p?), oxygen has six dots (25?2p™), and so on. A stable mole-
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cule results when a valence octet of electrons has been achieved for all atoms
in the molecule, as in the following examples:

_ H : i
‘C- +4H -+ — H:C:H 3H - + ‘N- — H:N:H
H
Methane (CHy) Ammonia (NHg)
H 3H -+ C I .(;); + H- — H:Q‘(')

HH
Water (H,0)

Methanol (CH3;OH)

The number of covalent bonds an atom forms depends on how many
valence electrons it has and on how many additional valence electrons it
needs to complete an octet. Atoms with one, two, or three valence electrons
form one, two, or three bonds, but atoms with four or more valence elec-
trons form as many bonds as they need electrons to fill the s and p levels
of their valence shells and thereby reach a stable octet. Thus, boron has
three valence electrons (2s?2p!) and forms three bonds as in BH3; carbon
(25%2p?) fills its valence shell by forming four bonds as in CHy; nitrogen
(2s22p?) forms three bonds as in NHg; and oxygen (2s°2p*) forms two bonds,

as in HyO.
H— Cl— . , A |
—0 —N— —B— —=C=
Br=— == |
NES e O uly
One bond Three bonds Four bonds

Valence electrons not used for bonding are called nonbonding elec-
trons, or lone-pair electrons. The nitrogen atom in ammonia, for instance,
shares six of its eight valence electrons in three covalent bonds with hydro-
gens, and has its remaining two valence electrons in a nonbonding lone pair.

H
:N:H or
H

m—%—m
ag|

Ammonia

The Lewis structures we've been using are valuable because they make
electron bookkeeping possible and act as reminders of the number of valence
electrons present. Simpler still is the use of Kekulé structures, or line-
bond structures. In a line-bond structure, the two electrons in a covalent
bond are indicated simply by a line. Lone pairs of nonbonding valence elec-
trons are often ignored when drawing line-bond structures, but it’s still nec-
essary to keep them in mind. Some examples are shown in Table 1.2.
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PRACTICE PROBLEM 1.2

1.6

1.7

1.8

1.9

Table 1.2 Lewis and Kekulé Structures of Some Simple Molecules
Lewis Kekulé Lew:s Kekulé
Name structure structure Name structure structure
Water H:Q:H H—O0—H H
(H,0) H
Methane H:C:H I5[=C ==zl
H (CH,) H
H | H
Ammonia H:N:H H—N—H
(NH,) e H
Methanol H:C:0:H H—C—O0 H
(CH;0H) H H

PROBLEM 1.3

How many hydrogen atoms does phosphorus bond to in forming phosphine, PH,?

Solution Because phosphorus is in group 5A of the periodic table, it has five valence
electrons. It needs to share three more electrons to make an octet, and it therefore
bonds to three hydrogen atoms, giving PH;.

Draw a Lewis structure for chloromethane, CH5Cl.

Solution Hydrogen has one valence electron, carbon has four valence electrons, and
chlorine has seven valence electrons. Thus, chloromethane is represented as

H
H:C :Cl: Chloromethane
H

What are likely formulas for the following molecules?
(a) CCl, (b) AlH, (¢) CH-Cl, (d) SiF,

Write both Lewis and line-bond structures for the following molecules, showing all
nonbonded electrons:

(a) CHClg, chloroform (b) HyS, hydrogen sulfide

(c) CH3NH,, methylamine

Which of the following substances are likely to have covalent bonds and which ionic
bonds?
(a) CH,4 (b) CH,Cl, (c) Lil (d) KBr (e) MgCl, (f) Cly

Write both a Lewis electron-dot structure and a line-bond structure for ethane, CoHe.
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1.6 Formation of Covalent Bonds

The simplest way to picture the formation of a covalent bond is to imagine
an overlapping of two atomic orbitals, each of which contains one electron.
For example, we can picture the hydrogen molecule (H-H) by imagining what
might happen if two hydrogen atoms, each with one electron in an atomic
1s orbital, come together. As the two spherical atomic orbitals approach and
combine, a new, egg-shaped H, orbital results. The new orbital is filled by
two electrons, one donated by each hydrogen:

Hl! + |H — HﬂH

1s 1s H; molecule

During the reaction 2 H- — H,, 436 kJ/mol (104 kcal/mol) of energy is
released.® Because the product Hy molecule has 436 kJ/mol less energy than
the starting 2 H- atoms, we say that the product is more stable than the
reactant and that the new H-H bond has a bond strength of 436 kJ/mol.
In other words, we would have to put 436 kJ/mol of energy into the H-H
bond to break the Hy molecule apart into two H atoms.

436 kd/mol
released

How close are the two nuclei in the hydrogen molecule? If they are too
close, they will repel each other because both are positively charged, yet if
they are too far apart, they won’t be able to share the bonding electrons.
Thus, there is an optimum distance between nuclei that leads to maximum
bond stability, a distance called the bond length (Figure 1.6, p. 12). In the
hydrogen molecule, the bond length is 0.74 A. Every covalent bond has both
a characteristic bond strength and bond length.

The orbital in the hydrogen molecule has the elongated egg shape that
we might get by pressing two spheres together, and the intersection of a
plane cutting through the middle of the H-H bond looks like a circle. In
other words, the H-H bond is cylindrically symmetrical, as shown in Fig-
ure 1.7. Such bonds, in which the shared electrons are symmetrically cen-
tered around an imaginary line drawn between the two nuclei, are called
sigma (o) bonds.

30Organic chemists have been slow to adopt SI units, preferring to use kilocalories (kcal)
rather than kilojoules (kJ) as a measure of energy. This book will generally show values in
both units. The conversion factors are: 1 keal = 4.184 kdJ; 1 kJ = 0.239 kcal.
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What are the four C-H bonds in methane like? Because carbon uses
two kinds of orbitals (2s and 2p) to form bonds, we might expect methane
to have two kinds of C—H bonds. In fact, though, all four C-H bonds in
methane are identical and are spatially oriented toward the four corners of
a tetrahedron. How can we explain this?

The answer was provided in 1931 by Linus Pauling, who showed that
an s orbital and three p orbitals can combine, or hybridize, to form four
equivalent atomic orbitals with tetrahedral orientation. Shown in Figure
1.8, these tetrahedrally oriented orbitals are called sp® hybrids* because
they arise from a combination of one s orbital with three p orbitals.

Figure 1.8 The formation of four sp> hybrid orbitals by combina-
tion of one s orbital with three p orbitals. The orbitals are unsym-
metrical about the nucleus and have their large lobes oriented
toward the corners of a regular tetrahedron.

The concept of hybridization explains how carbon forms four equiva-
lent tetrahedral bonds but doesn’t explain why it does so. Looking at an sp®
hybrid orbital from the side suggests the answer. When an s orbital hybridizes
with three p orbitals, the resultant hybrid orbitals are unsymmetrical about
the nucleus. One of the two lobes of an sp® orbital is much larger than the
other (Figure 1.8) and can therefore overlap better with another orbital
when it forms a bond. As a result, sp® hybrid orbitals form stronger bonds
than do unhybridized s or p orbitals.

When the four identical orbitals of an sp®-hybridized carbon atom over-
lap with four hydrogen atoms, four identical C—H bonds are formed and
methane results. Each C—H bond of methane has a strength of 438 kJ/mol

*Note that the superscript used to identify an sp® hybrid orbital tells how many of each type
of atomic orbital combine in the hybrid, not how many electrons occupy that orbital.
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1.11

(105 kcal/mol) and a length of 1.09 A. Because the four bonds have a specific
geometry, we can also define a property called a bond angle. The angle
formed by each H-C-H is 109.5°, the so-called tetrahedral angle. Methane
thus has the structure shown in Figure 1.9.

Bond —
angle

109.5° / ‘

Stereo View

Figure 1.9 The structure of methane. The drawings are
computer-generated for accuracy.

Draw a tetrahedral representation of tetrachloromethane, CCly, using the standard
convention of solid, dashed, and wedged lines.

Why do you think a C-H bond (1.09 A) is longer than an H-H bond (0.74 A)?

1.8 The Structure of Ethane

The same kind of hybridization that explains the methane structure also
explains how one carbon atom can bond to another to form a chain. Ethane,
C,Hg, is the simplest molecule containing a carbon—carbon bond:
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H H
HH |

H:C:C:H H—C—C—H CH,CH,
HH |
H H

Some representations of ethane

We can picture the ethane molecule by imagining that the two carbon
atoms bond to each other by o overlap of an sp® hybrid orbital from each.
The remaining three sp® hybrid orbitals on each carbon form the six C-H
bonds, as shown in Figure 1.10. The C-H bonds in ethane are similar to
those in methane, though a bit weaker—420 kdJ/mol (100 kcal/mol) for
ethane versus 438 kJ/mol for methane. The C—C bond is 1.54 A long and
has a strength of 376 kJ/mol (90 kcal/mol). All the bond angles of ethane
are near the tetrahedral value of 109.5°.

sp®carbon sp? carbon sp’—sp? sigma bond

—;“iusu;
\C—C/ i

Stereo View

Figure 1.10 The structure of ethane. The carbon-carbon bond is
formed by o overlap of two carbon sp? hybrid orbitals. (For clarity,
the smaller lobes of the hybrid orbitals are not shown.)

PROBLEM

1.12 Draw a line-bond structure for propane, CH;CH,CHj. Predict the value of each bond
angle and indicate the overall shape of the molecule.

PROBLEM ............

1.13 Why can’t an organic molecule have the formula C,H;?
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1.9 Hybridization: sp® Orbitals and the
Structure of Ethylene

Although sp® hybridization is the most common electronic state of carbon,
it’s not the only possibility. Look at ethylene, CoHy, for example. It was rec-
ognized over 100 years ago that the carbon atoms in ethylene can be tetrava-
lent only if they share four electrons and are linked by a double bond. Fur-
thermore, ethylene is planar (flat) rather than tetrahedral and has bond
angles of approximately 120° rather than 109.5°.

H H
i - \c c/ i c=c? "
C::C b g
H H AR - "
H u H H
Top view Side view
Ethylene

When we formed sp® hybrid orbitals to explain the bonding in methane,
we combined all four of carbon’s valence orbitals to construct four equivalent
sp® hybrids. Imagine instead that we combine the carbon 2s orbital with
only two of the three available 2p orbitals. Three hybrid orbitals called sp?
hybrids result, and one unhybridized 2p orbital remains unchanged. The
three sp? orbitals lie in a plane at angles of 120° to one another, with the
remaining p orbital perpendicular to the sp? plane, as shown in Figure 1.11.

Side view Top view

Figure 1.11 An sp*-hybridized carbon atom. The three equivalent
sp® hybrid orbitals (green) lie in a plane at angles of 120° to one
another, with a single unhybridized p orbital {blue) perpendicular
to the sp” plane

F
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When two sp?-hybridized carbon atoms approach each other, they can
form a strong o bond by sp?~sp® overlap. At the same time, the unhybridized
p orbitals on each carbon can interact by sideways rather than head-on
overlap, leading to the formation of what is called a pi (#) bond. The com-
bination of sp®~sp? o overlap and 2p—2p 7 overlap results in the net shar-
ing of four electrons and the formation of a C=C double bond (Figure 1.12).
Note that in the 7 bond, the shared electrons occupy regions on either side
of a line drawn between nuclei rather than the region centered directly on
the internuclear line.

sp? carbon sp?carbon Carbon—carbon double bond

Figure 1.12 Orbital overlap of two sp>-hybridized carbon atoms
in a C=C double bond. One part of the double bond results from
o (head-on) overlap of sp? orbitals (green); the other part results
from 7 (sideways) overlap of unhybridized p orbitals (blue). The 7
bond has regions of electron density on either side of a line drawn
between nuclei.

To complete the structure of ethylene, four hydrogen atoms form o bonds
to the remaining four carbon sp? orbitals. The resultant ethylene molecule has
a planar (flat) structure with H-C-H and H-C=C bond angles of approxi-
mately 120°. Each C-H bond has a length of 1.076 A and a strength of
444 kJ/mol (106 kcal/mol).

As you might expect, the carbon—carbon double bond in ethylene is both
shorter and stronger than the ethane single bond because it results from
the sharing of four electrons rather than two. Ethylene has a C=C bond
length of 1.33 A and a bond strength of 611 kJ/mol (146 kcal/mol), whereas
ethane has values of 1.54 A and 376 kJ/mol. The structure of ethylene is
shown in Figure 1.13 (p. 18).

Formaldehyde, CH50, contains a carbon—oxygen double bond. Draw Lewis and line-
bond structures of formaldehyde, and indicate the hybridization of the carbon atom.
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i /C:C 116.6
1.076 A “1.] - y
H H“
Q QG
o -» Q.Q o k) Q.O

- Stereo View

Figure 1.13 The structure of ethylene. Note that these computer-
generated structures show only the connections between atoms
and do not explicitly indicate the C=C double bond.

Solution There is only one way that two hydrogens, one carbon, and one oxygen
can combine:

H
H. . \
(0930}, C=0
H /
H
Lewis structure Line-bond structure

Like the carbon atoms in ethylene, the carbon atom in formaldehyde is sp*-
hybridized.

1.14 Draw both a Lewis structure and a line-bond structure for acetaldehyde, CH;CHO.

1.15 Draw a line-bond structure for propene, CH;CH=CH,, indicate the hybridization of
each carbon, and predict the value of each bond angle.

1.16 Draw a line-bond structure for 1,3-butadiene, Ho,C=CH-CH=CHy,, indicate the hy-
bridization of each carbon, and predict a value for each bond angle.

1.10 Hybridization: sp Orbitals and the
Structure of Acetylene

In addition to forming single and double bonds by sharing two and four
electrons, respectively, carbon can form ¢riple bonds by sharing six electrons.
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To account for triple bonds, such as that in acetylene, CoH,, we need a third
kind of hybrid orbital, an sp hybrid.

H:C:::C:H H—C=C—H

Acetylene

Imagine that, instead of combining with two or three 2p orbitals, the
carbon 2s orbital hybridizes with only a single 2p orbital. Two sp hybrid
orbitals result, and two p orbitals remain unchanged. The two sp orbitals
are linear, or 180° apart on the x-axis, while the remaining two p orbitals
are perpendicular on the y-axis and the z-axis, as shown in Figure 1.14.

180°

\
A

Figure 1.14 An sp-hybridized carbon atom. The two sp hybrid
orbitals (green) are oriented 180° away from each other,
perpendicular to the remaining two p orbitals {blue).

PROBLEM

1.17

When two sp-hybridized carbon atoms approach each other, sp hybrid
orbitals from each overlap head-on to form a strong sp—sp o bond. In addi-
tion, the p. orbitals from each carbon form a p.—p. 7 bond by sideways over-
lap, and the p, orbitals from each carbon overlap similarly to form a p,—p,
7 bond. The net effect is the formation of one ¢ bond and two 7 bonds—a
carbon—carbon triple bond. The remaining sp hybrid orbitals form ¢ bonds
to hydrogen to complete the acetylene molecule (Figure 1.15, p. 20).

As suggested by sp hybridization, acetylene is a linear molecule with
H-C=C bond angles of 180°. The C—H bond has a length of 1.06 A and a
strength of 552 kJ/mol (132 kcal/mol). The C=C bond length is 1.20 A, and
its strength is 835 kJ/mol (200 kcal/mol), making it the shortest and
strongest of any carbon—carbon bond.

Draw a line-bond structure for propyne, CH;C=CH, indicate the hybridization of
each carbon, and predict a value for each bond angle.
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sp orbital

p orbital / e

R r bond

Carbon—carbon triple bond

“W .

Figure 1.15 The carbon-carbon triple bond in acetylene. There is
one o bond, formed by head-on overlap of sp hybrid orbitals, and
two mutually perpendicular = bonds, formed by sideways overlap

of unhybridized p orbitals.

1.11 Bond Polarity and Electronegativity

Up to this point, we’ve viewed chemical bonding in an either/or manner:
A given bond is either ionic or covalent. It’'s more accurate, though, to look
at bonding as a continuum of possibilities, from a fully covalent bond with
a symmetrical electron distribution on the one hand, to a fully ionic bond
between anions and cations on the other (Figure 1.16).

T T |
AR CIAAL ACLC i

X X X@&Y X" y:

Symmetrical covalent Polar covalent Ionic bond
bond bond

Figure 1.16 The bonding continuum from covalent to ionic is a
result of unsymmetrical electron distribution.The symbol & {lowercase
Greek delta) means partial charge, either positive (6+) or negative (6—).
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The carbon—carbon bond in ethane, for example, is electronically sym-
metrical and therefore fully covalent; the two bonding electrons are equally
shared by the two equivalent carbon atoms. The bond in sodium chloride,
by contrast, is largely ionic.” An electron has been transferred from sodium
to chlorine to give Na* and Cl~ ions. Between these two extremes lie the
majority of chemical bonds, in which the bonding electrons are attracted
somewhat more strongly by one atom than by the other. We call such bonds
with unsymmetrical electron distribution polar covalent bonds.

Bond polarity is due to differences in electronegativity, the intrinsic
ability of an atom to attract electrons in a covalent bond. As shown in Fig-
ure 1.17, metallic elements on the left side of the periodic table attract elec-
trons weakly, whereas the halogens and other reactive nonmetal elements
on the right side of the periodic table attract electrons strongly.

F
O 1140
2H1 N || 35
C | 3.0
Bl 25 Cl
— Be 2.0 = S |30 He
i{1.6 Si 2.5
2.1 B
1.0 - iA‘ls Eh - BriNe
Na| Mg Fe'| Co | Ni| Curmra TGe || As | ') el
09|12 iy cr"T 1.811.9119] 1.9 1’& 12 1.8 | 2.0 =2 Ar
Cal S¢ 1.6 1.6 .12 Ru | Rh | Pd | Ag =2t Te
K |Cal ’gl15 T 19 [Cd [ In | Sn | Sb 2.5
08| 104227 Nb| Mo | fo 1221221222570 | 7 | 15| 1021 Kr
Bo ] Sr 1Y2 14116118 > Os | Ir | Pt |5y Hg [ TI| Pb| Bi | Po 2A1i -
0.8 | 1.0 —ir] Ta 1W7 Lo LR g 19181 19/19]20}= &
Cs|Ba|,;2]13| 15~
07! 0.9 0 iy 3

Figure 1.17 Electronegativity trends in the periodic table. Elements
on the right side of the table are more electronegative than elements
on the left side. The values are on an arbitrary scale, with H = 2.1
and F = 4.0. Carbon has an electronegativity value of 2.5. Any
element more electronegative than carbon has a value greater than
2.5, and any element less electronegative than carbon has a value
less than 2.5.

As a rule, bonds between atoms with similar electronegativities are
covalent, bonds between atoms whose electronegativities (EN) differ by less
than 2 units are polar covalent, and bonds between atoms whose electro-
negativities differ by more than 2 units are largely ionic. Carbon-hydrogen
bonds, for example, are relatively nonpolar because carbon and hydrogen
have similar electronegativities. The bonds between carbon and more elec-
tronegative elements such as oxygen, fluorine, and chlorine, however, are
polar covalent. The electrons in such bonds are drawn away from carbon
toward the more electronegative atom, leaving the carbon with a partial
positive charge, denoted by 8+, and the more electronegative atom with a

*Even in NaCl, the bond is only about 80% ionic rather than 100%.
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partial negative charge, 6— (5 is the lowercase Greek letter delta). For ex-
ample, the C-O bond in methanol (wood alcohol) is polar covalent:

“OH
I ) Oxygen: EN = 3.5
ol Methanol Carbon: EN 3.5

H/ H Difference = 1.0
H

An arrow + is sometimes used to indicate the direction of bond polarity.
By convention, electrons move in the direction of the arrow. The tail of the
arrow is electron-poor (6+), and the head of the arrow is electron-rich (6—).

Bonds between carbon and less electronegative elements are polarized
so that carbon bears a partial negative charge and the other atom bears a
partial positive charge. Organometallic compounds such as tetraethyllead, the
“lead” in gasoline, provide good examples of this kind of polar covalent bond.

CH,CH,
5— | _ Carbon: EN =25
CH;CH,—Pb— CH,CH;, Tetraethyllead Lead EN =19
3 Difference

When speaking of an atom’s ability to polarize a bond, we often use the
term inductive effect. An inductive effect is simply the shifting of electrons
in a bond in response to the electronegativity of nearby atoms. Metals, such
as lithium and magnesium, inductively donate electrons, whereas electro-
negative elements, such as oxygen and chlorine, inductively withdraw elec-
trons. Inductive effects play a major role in understanding chemical reac-
tivity, and we’ll use them many times throughout this text to explain a wide
variety of chemical phenomena.

Predict the amount and direction of polarization of an O-H bond in water.
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