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PREFACE

In keeping with a mechanistic emphasis, the book was reorganized. The chapter
on mechanism is now Chapter 5 instead of Chapter 10. Thus the first six chapters
focus on the mechanistic and structural underpinnings of organic chemistry.
Synthetic aspects of organic chemistry are then discussed from a mechanistic
and structural point of view. Several new sections have been added and oth-
ers expanded. An expanded discussion of resonance and aromaticity is found
in Chapter 1. A section on organopalladium chemistry and olefin metathesis has
been added to Chapter 8 as they relate to current methods of carbon–carbon bond
formation. Chapter 9 on free-radical reactions for carbon–carbon bond formation
has been revised. The discussion of Diels–Alder chemistry has been moved to
Chapter 10 and expanded. A number of new problems have been added which
serve to further illustrate the principles developed in each chapter. Finally, thanks
to input from many people who have read this text and taught from it, the dis-
cussion has been further honed and errors corrected.

What has evolved is a greater initial emphasis of the mechanistic and struc-
tural approach to organic chemistry. The application of these principles in a
discussion of modern synthetic methodology (functional group manipulation,
carbon–carbon bond formation, retrosynthetic analysis) provides a new orga-
nizational framework for understanding many of the most common and most
important synthetic reactions.

What has not changed is the premise that this text is meant to provide the tools
students need to master the material in advanced courses or compete successfully
in the workplace.

ROBERT V. HOFFMAN

xiii





PREFACE TO THE
FIRST EDITION

This text was inspired by two observations. The first is that many entering grad-
uate students took organic chemistry as sophomores but since that time have had
little exposure to organic chemistry in a formal sense. Because of this time lapse
in their organic preparation, they often have difficulty performing well when
placed directly into mainstream graduate level organic courses. What is much
more effective is to first place them in a course which will bring them back
up to speed in basic organic chemistry and at the same time introduce many of
the advanced topics which are crucial to understanding current advances in the
field. A course well suited for this purpose is a one-semester, advanced organic
course at the senior undergraduate/beginning graduate level. Most departments,
including ours, have such a course in place. Textbook selection for this course is
problematic, however. If one of the standard advanced texts is used, only a small
part is actually covered and students are not prepared to master the complexities,
whereas if an undergraduate text is used, it often fails to push the students to
the next level. Consequently, there is a real need for a one-semester text which
gives a review of basic principles in addition to an exposure to the ideas which
are currently of great importance in organic chemistry. This text was written to
fill this need.

A second observation instrumental in shaping the approach of this text was
made during group discussions of the organic faculty and students. One common
exercise is to present practice cumulative exam problems to the group and discuss
ways in which they might be solved. It is very common for the students to
analyze the question in terms of reactions and transformations and try to arrive
at a solution based on the question as written. On the other hand, it is very
common for the faculty to ask very simple questions first—for example, “What
is the oxidation change?” “What is the pKa of the acid and what is the base?” and
“What stereochemical changes occur?” It is clear that more experienced organic
chemists begin from a very basic point of view and progress to a more complex
solution, whereas novice organic chemists tend to jump in at a much more difficult
level. It thus appears very important to initially emphasize the basic principles on
which organic chemistry depends and then progress to more specialized topics, all
the while emphasizing their relationship to the basic principles. This text utilizes
this organizational approach.

xv



xvi PREFACE TO THE FIRST EDITION

The result is a textbook designed for a one-semester advanced organic chem-
istry course. First and foremost it is a textbook and not a reference text. There
is plenty of material to fill a semester, but it is not comprehensive in its cov-
erage. Topics were chosen to provide a basic and well-rounded discussion of
ideas important in modern organic chemistry and to provide students with the
necessary tools to succeed in more specialized advanced courses. It is a book
to be taught from; thus instructors should take the opportunity to include spe-
cial or favorite topics at appropriate points. References to alternative textbook
and literature reviews of the subjects are included so that students can go to the
library and get a different explanation. This is important for encouraging students
to do library work as a means to independently gain insight and understanding.
Finally, there are abundant problems included at the end of each chapter so that
students can practice applying what they are learning. Working problems is the
single most effective way to learn and organize the large amount of information
that is encountered in organic chemistry, so there are a large number of practice
problems available at all levels of difficulty.

The goal of this text is to provide senior undergraduate students the organic
background required to move on successfully in their careers. For beginning
graduate students lacking this background, it provides a succinct yet rigorous
preparation for advanced organic courses.

R.V.H.
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FUNCTIONAL GROUPS

There are over 12 million known compounds of which more than 80% are organic
compounds. To make sense out of the nearly 9 million organic compounds and be
able to manipulate them and make new compounds, there must be some system
of organization whereby organic compounds can be categorized by a particular
property or group of properties. A natural method utilized by early practitioners
was to group organic compounds by the reactions that they underwent. Thus there
developed a whole variety of qualitative tests called classification tests which
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2 FUNCTIONAL GROUPS AND CHEMICAL BONDING

could be used to systematically categorize the reactivity of a compound and thus
allow it to be grouped with others of similar chemical reactivity. These tests are
still very useful to practicing organic chemists and collectively are known as
organic qualitative analysis.

Classification tests are used to distinguish organic compounds and segregate
them into different functional classes based on their chemical properties. Orig-
inally a group of compounds that showed similar chemical behavior based on
the classification tests were named for a property or behavior (e.g., acids from
acer meaning “sour,” aromatic compounds from their odors). With the evolu-
tion of the science of chemistry and the development of more modern views
of atoms and molecules, a different definition of functional classes is possi-
ble. The behavior of organic compounds is now organized into patterns that are
based on recurrent groups of atoms—functional groups. The sites in molecules
at which chemical reactions occur are localized at the functional groups in the
molecule; the rest of the molecule is the same after the reaction as before.
Thus, instead of thinking of the whole molecule in terms of its chemical reac-
tivity, it is only necessary to recognize what functional group or groups are
present in the molecule. It is then possible to predict the chemical behavior
of the molecule based on the known chemistry of the functional groups that
it contains.

This turns out to be a huge simplification. Since the numbers of functional
groups are relatively small, it is possible to classify a very large number of
individual compounds by a relatively small number of functional groups. So
the first step to enlightenment in organic chemistry is to realize the key role
that functional groups play in simplifying the subject, and the second step is
to learn the functional groups by name, structure, and formula. While a great
number of them may have already been encountered in the introductory organic
course, it is helpful to review them. Table 1.1 is a list of the most common
functional groups. While there are quite a few other functional groups that are
not shown, those found in Table 1.1 are the most common and are present in
the vast majority of organic compounds. Notice that not all functional groups
contain only carbon atoms (e.g., the nitro group and the carbodiimide groups),
and some functional groups differ at atoms other than carbon (compare the nitro
and nitroso groups and the sulfoxide and sulfone groups). Since functional groups
are reference points for predicting and understanding the reactions of individual
organic molecules, it is very important to be able to recognize these functional
groups (and others that might be encountered in the future). It is also useful to
learn normal structural abbreviations that are used to indicate functional groups
that are present in chemical structures. The abbreviations in Table 1.2 correspond
to the groups that are shown in Table 1.1.

A major reason that the behavior of organic compounds can be generalized
in terms of the functional groups they contain is because the bonds holding a
given functional group together are the same regardless of the compound which
contains that functional group. The four compounds shown below all contain the
carboxylic acid functional group, which is highlighted within the boxes. Thus all
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Table 1.1 Common Functional Groups

nitrile
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C OH

O

C
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O

C N

O

C
Cl

O

sulfonate ester

keteneimine

acid chloride
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carboxylic acid

enol ether
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C S
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O

O R
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O
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S
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RO

C

C NC

N C O
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H

N

carbodiimide

allene

nitro compound
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sulfoxide

sulfide

ketimine

aldimine

ketone

aldehyde

alkene

CC

R
O

O−

+
N

C N

C O
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H

O
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O

CS
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N NC

C OH

C
O

O

C SH

S SC C

ketene

disulfide

mercaptan, thiol

nitroso

acetal

alkyl halide (1°, 2°, 3°)

amine (1°, 2°, 3°)

ether

alcohol (1°, 2°, 3°)

alkane

epoxide

C N

C CO

C X

R N O

C OC

C
O

C



4 FUNCTIONAL GROUPS AND CHEMICAL BONDING

Table 1.2 Common Functional Group Abbreviations

Alkane R
Alkene R2C=CR2

Alkyne RC≡CR
Alcohol ROH
Aldehyde RCHO
Carboxylic acid RCO2H
Ether ROR
Ketone RC(O)R
Ester RCO2R
Amine RNH2, R2NH, R3N
Aldimine RHC=NR
Amide RC(O)NH2, RC(O)NHR, RC(O)NR2

Alkyl halide RX
Ketimine R2C=NR
Nitrile RCN
Nitroso RNO
Nitro RNO2

Acid chloride RC(O)Cl
Mercaptan, thiol RSH
Sulfide RSR
Sulfonate ester RSO3R′
Disulfide RSSR
Sulfoxide RS(O)R
Sulfone RSO2R
Acetal (RO)2CR2

Aromatic Ar–X
Enol ether ROCH=CR2

Allene R2C=C=CR2

Ketene R2C=C=O
Keteneimine R2C=C=NR
Carbodiimide RN=C=NR
Isocyanate RNCO

four contain the bonding pattern characteristic of the –COOH functional group
which is independent of the bonds found in rest of the molecule!

CH3

O OH

O

OH

CO2H

CO2H

Since most organic reactions involve the conversion of one functional group
to another, it follows that most organic reactions quite simply involve bond
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changes involving functional groups. If one knows the bonds found in the reactant
functional group and the bonds found in the product functional group, then one
automatically knows what bonding changes are required to effect the desired
chemical change. Thus, in addition to being able to recognize functional groups,
it is also important to be able to describe the numbers and types of bonds found
in functional groups.

Bonds in functional groups can first be described by Lewis structures, which
are merely formalisms for denoting numbers of shared and unshared electron
pairs, formal charges, and types of bonds (numbers of shared pairs, single, double,
and triple). Chemistry students learn to write Lewis structures in virtually all of
their early chemistry courses. How to write Lewis structures will not be reviewed
here, but knowing the correct Lewis structures for molecules and functional
groups in molecules is an indispensable first step in being able to describe the
structure and bonding of functional groups.

The next level of insight into functional groups comes from the translation
of Lewis structures into more accurate bonding descriptions based on modern
bonding theories. Structural details including geometries also result from the
proper description of the bonding in the functional group. The ideas of structure
and bonding currently in use had their origins in the late 1920s. It is again
beyond the scope of this book to trace the developments which were seminal in
the development of current theories; however, early studies were all rooted in the
quest to understand and be able to describe the behavior of electrons in atoms. The
development of quantum mechanics and the particle–wave duality of the electron
and the uncertainty principle led to mathematical descriptions of the behavior of
electrons in the electric field of the nucleus. The solution of those equations
resulted in a new conceptual framework for understanding chemical bonding.

ORBITALS

The theory suggests that the behavior of each electron in an atom can be described
by a wave function (ψ), which is a function of the space coordinates of the
electron and thus has spatial characteristics. These one electron wave functions
are called atomic orbitals (AOs). Atomic orbitals describe electron densities in
the atom at various distances and directions from the nucleus. By choosing a
low constant absolute value for the wave function, a contour surface can be
constructed. The probability of finding an electron (ψ2) is highest inside the
contour surface.

Thus instead of thinking of where an electron is, it is more correct to think
about where the electron is likely to be. Orbitals are thus regions of space where an
electron is more likely to be found. These regions of space, which have a signif-
icant electron population (orbitals), have shape, size (distance from the nucleus),
and energy. Familiar examples of s, p, and d AOs are shown in Figure 1.1. The
most common elements present in organic compounds are first-row elements (C,
H, N, O); therefore 1s, 2s, and 2p AOs are most commonly encountered. The
concept of AOs was a breakthrough in understanding the properties of atoms.
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Figure 1.1 Depiction of s, p, and d atomic orbitals.

In molecules, the problem of understanding the interactions of electrons with
the nuclei is more complicated because there are more nuclei and more elec-
trons that interact. Imagine, however, the situation that occurs when two nuclei
approach one another. If the two atoms come close enough together, an AO of
one atom which contains a single electron will occupy to some extent the same
region of space as an AO of the second atom which contains a single electron.
When those AOs overlap, an electron from one atom shares a region of space
with the electron from the other atom. When such an event occurs, each electron
is no longer influenced by just one nucleus but by two. This requires a new
mathematical description of the behavior of electrons influenced by two nuclei.
Again the solution to those equations defines a new region of space where there
is a high probability of finding both electrons. Furthermore, only two electrons
can occupy any particular region of space. This new region of space is called a
molecular orbital (MO), the electrons in the MO are of lower energy than when
they were in their separate AOs, and the lowered energy gives rise to a chemical
bond between the atoms. This process is shown in Figure 1.2.

In other words, chemical bonds result from the overlap of singly occupied AOs
to give a doubly occupied MO (called a bonding MO) in which each electron
of the pair interacts with both nuclei. Because each of the electrons interacts

H H

1s 1s

H H

overlap

H H

MO with 2 e−

s bond

Figure 1.2 Cartoon version of the overlap of 1s atomic orbitals to give a new bonding
molecular orbital.



BONDING SCHEMES 7

with two nuclei, they are more tightly bound (i.e., they are of lower energy) than
they were in the separated atoms and are more likely to be found between the
two nuclei.

Because the total number of interacting orbitals is conserved, the interaction
of two AOs gives rise not only to the bonding MO of lower energy but also
to an MO of higher energy called an antibonding MO. This orbital is normally
unfilled by electrons; however, it can play a role in chemical reactions. For now
we will concentrate on bonding MOs formed by the overlap of atomic orbitals.

BONDING SCHEMES

Bond formation between atoms occurs primarily to enable each atom to achieve
an inert gas electron configuration in the valence level (a valence octet for all
elements except hydrogen which requires only two electrons to achieve the elec-
tronic configuration of helium). An atom can achieve an inert-gas electronic
configuration by giving up electrons, accepting electrons, or sharing electrons
with another atom. An ionic bond is formed when one atom gives up one or
more electrons to reach an octet electronic configuration (as a positively charged
ion) and a second atom accepts one or more electrons to reach an octet electronic
configuration (as a negatively charged ion). For example, the reaction of a cesium
atom with a fluorine atom occurs by the transfer of an electron from the cesium
atom to the chlorine atom. By doing so, both cesium and chlorine have reached
a valence octet electron configuration. The cesium atom has been converted to a
positively charged cesium ion with the octet electronic configuration of xenon,
and the chlorine has been converted to a negatively charged chloride ion with the
octet electronic configuration of argon. The “bond” between cesium and chlorine
is due to the electrostatic attraction of the cesium and chloride ions.

Cs+Cs Cl
• •

•
•

•
•

•
•

•
Cl
• •

•
•

•
•

• •

−+

The reaction of potassium metal with tert-butanol gives an ionic bond between
the tert-butoxy anion and a potassium cation by transfer of electrons from potas-
sium to the hydroxyl functional group. Hydrogen is evolved as a by-product. By
losing an electron, potassium gains the octet electronic configuration of argon,
oxygen has an octet structure (three lone pairs and one pair of shared electrons),
and hydrogen has the electronic configuration of helium. (Based on functional
group behavior, any other alcohol is predicted to react with potassium in the
same way—and they do!)

OH +   K O     K +      H–H1
2

− +• •

• •
•

• •
•
•

• •

Most bonds in organic molecules, however, are covalent bonds in which elec-
trons are shared between two atoms. Sharing electrons is a way to enable each
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atom of the bonded pair to reach an octet electronic configuration without having
to give up or gain an electron. Covalent bonds are formed by the overlap of
singly occupied AOs to form new MOs that contain a pair of electrons. Each
atom in essence gains an electron by sharing. The reaction of a chlorine atom
with a fluorine atom occurs by the overlap of a singly occupied 3p orbital of
chlorine with a singly occupied 2p orbital of fluorine to give a bond between
the two atoms that contains two electrons. This is shown both by using Lewis
structures and by using orbital pictures. The type of bond formed is called a σ

bond because the region of greatest electron density falls on the internuclear axis.

F + F F Cl Cl

s bondoverlap

F
• •

•
• •

Cl
• •

•
••

• •
F
• •

• •
Cl
• •

•
•

•
•

•
•

• •

This simple picture is adequate for many diatomic molecules with univa-
lent atoms, but it is not sufficient to describe the bonding in most polyatomic
molecules. In addition to electron sharing to reach octet electronic configura-
tions, other considerations such as the number of bonds to an atom, the number
of electron pairs that are shared between two bonded atoms, and repulsion ener-
gies that are present between electron pairs require some modification of the
picture. These factors can be rationalized by the idea that valence shell atomic
orbitals (2s and 2p’s) can combine to form hybrid AOs. These hybrid AOs over-
lap with AOs of other atoms in the usual fashion to form covalent bonds. Hybrid
AOs have energies, shapes, and geometries which are intermediate between the
atomic orbitals from which they are formed. Hybridization of AOs is an out-
growth of bond formation that enables atoms to derive the greatest amount of
bond energy from electron sharing and to allow bonded atoms to achieve octet
electronic configurations.

If four single bonds and/or electron pairs originate from a single atom, then
the s orbital and the three p orbitals of the valence shell combine to form four
equivalent sp3 hybrid orbitals that are then used in bond formation to other atoms.
Depending on the number of electrons in the valence shell of the atom, these
sp3 hybrid orbitals can contain either a single unpaired electron which can be
shared with another atom by overlap and bond formation or an unshared pair
of electrons which is normally not involved in bond formation. Thus alkanes,
which have all single bonds, have carbon atoms which are sp3 hybridized. For
example, methane has four single C–H bonds originating at carbon, and these
bonds are σ bonds produced by the overlap of four sp3 hybrid orbitals of carbon
with four 1s AOs of four hydrogens to give four sp3 –1s σ bonds from carbon to
hydrogen. The geometry of the four equivalent sp3 hybrid orbitals (and hence the
compound produced by overlap with these orbitals) is tetrahedral. Thus methane
has four equivalent C–H σ bonds which point toward the corners of a regular
tetrahedron and have H–C–H bond angles of 109.5◦:
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x

y

z

2s

2pz

2py

2px

hybridize

four equivalent sp3

hybrid orbitals

H

H

H

H
109.5°

4H •

In a similar fashion each carbon of propane is sp3 hybridized and tetrahedral
since each carbon has four single bonds to other atoms originating from it. For
example, the central carbon of propane has two equivalent sp3 –1s C–H σ bonds
and two equivalent sp3 –sp3 C–C σ bonds. (Note that sp3 orbitals from one carbon
can overlap with sp3 orbitals from another carbon to produce carbon–carbon
bonds.) The geometry is very close to tetrahedral, but the C–C–C bond angle is
slightly larger (111◦) to accommodate the bigger CH3 groups.

105°107°

waterammoniapropane

HH

O
H

H
H

N

111°
H

H

H

H H
H

H H

• • • • • •

Other first-row elements can also be sp3 hybridized. The only requirement is
that they have a combination of four single bonds and/or electron pairs originating
from a single element. Ammonia, which has three N–H bonds and a lone pair
on nitrogen, is thus sp3 hybridized and has three equivalent sp3 –1s N–H σ

bonds and a lone pair which occupies an sp3 hybrid orbital. The geometry is
close to tetrahedral with an H–N–H bond angle of 107◦. Other amines also
have sp3-hybridized nitrogen and are close to a tetrahedral geometry around the
nitrogen atom.

The oxygen atom in the water molecule has two bonds and two lone pairs
so it too is sp3 hybridized. There are two equivalent sp3 –1s O–H σ bonds and
two lone pairs occupying sp3-hybridized orbitals. Electron–electron repulsions
of the lone pairs cause greater distortions from a true tetrahedral geometry so that
the H–O–H bond angle is 105◦. Other singly bonded oxygen functional groups
such as alcohols, ethers, and acetals have sp3-hybridized oxygens and nearly
tetrahedral geometries.

Second-row elements such as silicon, phosphorus, and sulfur can also have sp3

hybridization of the valence shell orbitals, although hybridization is not necessar-
ily required for second-row elements. When second-row elements do hybridize,
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however, the 3s and 3p AOs combine to form the sp3 hybrid orbitals. Tetra-
methylsilane, the standard reference for nuclear magnetic resonance (NMR) spec-
tra, has tetrahedral geometry and thus sp3 hybridization of the 3s and 3p valence
shell orbitals of silicon. Dimethyl sulfone has nearly tetrahedral bond angles, indi-
cating that the sulfur is sp3 hybridized. Although formal charges are present, the
two bonds to oxygen can be thought to arise by the overlap of a filled sp3 orbital
on sulfur with an unfilled sp3 orbital on oxygen. The resulting σ bond is called
a coordinate covalent, or dative, bond because both of the shared electrons in the
bond come from only one of the bonded elements. Hydrogen sulfide has an H–S–H
bond angle of 92◦, which indicates that sulfur is not hybridized in this compound.

dimethylsulfone

CH3

S+2

H3C

−O O−

dimethylsulfide

S

CH3H3C

tetramethylsilane

Si

CH3H3C

H3C CH3
• •• •

When two pairs of electrons are shared between two elements, a different
bonding arrangement is required to enable the atoms to reach valence octet elec-
tron configurations. Because of the Pauli exclusion principle, only one sigma
bond is possible between any two atoms because only one pair of electrons can
occupy the space along the internuclear axis. The second pair of electrons that
is shared by the two atoms must therefore be located in space someplace other
than along the internuclear axis. The second pair of shared electrons is located
in a different type of covalent bond, a π bond, which has electron density found
on either side of the internuclear axis. The π bonding results from the parallel
overlap (or sideways overlap) of atomic p orbitals. To accommodate the need
for a singly occupied atomic p orbital available for the formation of a π bond,
hybridization of the valence AOs takes place between the s orbital and two of
the three p atomic orbitals. Hybridization of one s and two p AOs produces

p bond

s bond
carbon–carbon double bond

1 s bond and 1 p bond 

CC

2p orbitals

sp2 hybrid
orbitals
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three equivalent sp2 hybrid AOs and a p orbital remains unhybridized in order
to produce a π bond.

This bonding scheme permits two pairs of electrons to be shared between
two atoms so that each pair occupies a different region of space and does not
violate the Pauli exclusion principle. Since only two p orbitals are used in the
hybridization and they are orthogonal and define a plane, the sp2-hybridized
carbon is planar with bond angles of 120◦. The remaining p orbital, which is left
unhybridized to form the π bond, is perpendicular to the molecular plane. Once
formed, the π bond keeps the entire system rigid and planar, because rotation
of one end of the π-bonded system relative to the other end requires that the π

bond be broken.
Elements other than carbon are also sp2 hybridized if they share two electron

pairs with another atom. Thus imines have sp2-hybridized nitrogen (and carbon)
to account for formation of the C–N double bond. The lone pair on nitrogen
occupies an sp2 hybrid orbital. The bond angles are all 120◦ around both carbon
and nitrogen since both are sp2 hybridized. Similar considerations hold for the
oxygen atom of carbonyl groups of all kinds. The two unshared pairs of electrons
on oxygen both occupy sp2 orbitals. The interorbital angle is 120◦, as expected
for trigonal hybridization.

sp2 hybridized

120° 120°

N
R2

R1

R3

N
R3

C
R2

R1
•
•

sp2 hybridized

120° 120°

O
R2

R1
OC

R2

R1
•
•

•
•

The sharing of three pairs of electrons between two atoms can be accomplished
by extrapolation of the above considerations. That is, since there can only be one
σ bond connecting the atoms, then the other two pairs of shared electrons must
be in two different π bonds, each of which is formed by the parallel overlap of
a p orbital. Furthermore the π bonds must be mutually orthogonal so as not to
violate the Pauli exclusion principle. Hybridization of one s orbital and one p
orbital gives two equivalent sp hybrid AOs which are linearly opposite to one
another.
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sp AOsp AO 

carbon–carbon triple bond 
1 sp – sp s bond 
2 2p – 2p p bonds 

CC

2p orbitals

sp hybrid
orbitals

The two remaining p atomic orbitals, which are mutually orthogonal, are used to
produce two orthogonal π bonds. The geometry of triply bonded systems is thus
linear about the triple bond.

Similar considerations apply to the triply bonded nitrogen found in nitriles.
The sp-hybridized carbon and nitrogen atoms form an sp–sp σ bond and two
2p–2p π bonds between carbon and nitrogen. The unshared pair on nitrogen
occupies an sp hybrid orbital.

NR CCR N •
• •

•

Another instance where sp hybridization is required occurs in molecules with
cumulated double bonds such as allenes, ketenes, and carbodiimides. The end
atoms of the cumulated units are sp2 hybridized because each shares two electron
pairs with another element (the central carbon) and there is a σ and a π bond.
The structure, however, requires that two π bonds originate from the central
carbon—one π bond going toward one end of the cumulated system, the other π

bond going toward the other end. Thus two 2p AOs are required for π bonding
from the central carbon and sp hybridization is appropriate. Consequently the
geometry is linear at the middle atom and trigonal at the end atoms. A further
consequence of the orthogonal π bonds is that planar bonds originating at the end
carbons lie in two orthogonal planes with a dihedral angle of 90◦. (A dihedral
angle is the angle made by two intersecting planes.)

R1

R1

R2 R2
R2

R2
CCC

R1

R1

R1R1C CR2R2 =C
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Besides providing a theoretical framework by which the structure, geometry,
and octet structure of bonded elements can be explained and understood, the
concept of hybridization also predicts the ordering of stabilities and energies of
bonds and the energy of lone pairs of electrons in hybrid orbitals. Because s
AOs are of lower energy than p AOs, hybrid orbitals with a greater proportion
of s character should be more stable and thus form stronger bonds. Unshared
pairs of electrons in hybrid orbitals with greater s character should also be of
lower energy (more stable). As the percentage of s character of hybrid orbitals
increases in the order sp3 –25% s character < sp2 –33% s character < sp–50%
s character, it is found that the strength of bonds formed by overlap with those
orbitals increases in a parallel fashion. For example, the bond dissociation ener-
gies of primary C–H bonds have been measured and fall in the order that is
predicted by the percentage of s character of the hybrid orbitals on carbon: sp3

C–H, 105 kcal/mol; sp2 C–H, 111 kcal/mol; and sp C–H, 133 kcal/mol. Elec-
tron pairs are more stable in orbitals with more s character; thus the acidities of
primary C–H bonds are found to be sp3 C–H, pKa = 50; sp2 C–H, pKa = 44;
and sp C–H, pKa = 25. This is due to the fact that the anions formed by pro-
ton removal give carbanions that have the negative charge in sp3, sp2, and sp
orbitals, respectively. Because the lone pair is more stable in an orbital of greater
s character, the anion formed by removal of an sp C–H proton is more sta-
ble (and hence the proton is more easily removed) than the anion formed by
removal of an sp2 C–H proton, which in turn is more stable (and hence the
proton is more easily removed) than the anion formed by removal of an sp3

C–H proton. Other examples of the effects of greater s character in orbitals are
encountered routinely.

The concept of hybridization of AOs to give new hybrid AOs involved in
the bonding patterns of atoms is a useful and practical way to describe the
way in which functional groups are constructed. It provides a rationale for the
structure as well as the geometry and electron distribution in functional groups
and molecules in which they are found. It can also be used to predict reactivity
patterns of functional groups based on these considerations.

ANTIBONDING ORBITALS

The overlap of AOs to give a new MO in which an electron pair is shared by
the interacting atoms was illustrated in Figure 1.2. The new MO, which contains
the shared electron pair, is of lower energy than the AOs from which it was
produced by overlap. This energy change (�E) is illustrated in Figure 1.3 (N
represents the nucleus of some element in the bond formation process). The �E

is related closely to the bond energy of the bond produced. The same model
holds irrespective of the type of AOs which overlap (simple AOs or hybrid AOs)
or the type of bond formed (σ or π).

While this model is easy to visualize and understand, it is actually only half
of the story. When AOs interact, the number of new MOs which are produced
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NN

NN
AO AO

∆Es
∆Ep

E

N N
s MO

p MO

AO AO
NN

Figure 1.3 Energy changes that occur during the overlap of AOs to form covalent bonds.

antibonding MO

bonding MO

−∆E

+∆E

AO AO

Figure 1.4 Formation of bonding and antibonding MOs from the overlap of AOs.

from that interaction must equal the number of AOs which initially interact.
Furthermore, for each MO produced which is lower in energy than the energy of
the interacting AOs, there will be one produced which will be higher in energy
by the same amount (Figure 1.4). So when two half-filled AOs interact, there
will be two MOs produced, one of lower energy which will contain the electron
pair and is termed the bonding MO. The second molecular orbital is of higher
energy, is unfilled, and is termed the antibonding MO.

For each bond in a molecule which is described by the overlap of AOs,
there will be a bonding MO which is of lower energy and when filled with
an electron pair gives rise to a stable bond between elements. There will also
be an antibonding MO which is of higher energy and thus unfilled. Antibonding
orbitals correspond to the situation where nuclei are moved to within the bonding
distance of one another but there is no electron sharing; in fact the electrons and
nuclei actually repel one another. This electronic and nuclear repulsion is what
increases the energy of the antibonding level. Because the bonding MO is filled
and the antibonding MO is unfilled, the system is at a lower net energy than
the individual AOs and bond formation takes place. This occurs for both σ and
π bonds as shown in Figure 1.5 (the antibonding orbitals are indicated by the
asterisk). Overlap of an sp3 AO on a carbon with a 1s AO on a hydrogen gives
a σ -bonding MO that is filled with two electrons and an unfilled, higher energy,
antibonding MO termed a σ ∗ MO. Likewise, overlap of two 2p AOs on carbon
gives a π MO which contains a shared pair of e− and a π∗ MO which is of
higher energy and is unfilled.
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Figure 1.5 Formation of σ and π bonding orbitals and σ ∗ and π∗ antibonding orbitals in a
double bond between two atoms (N).
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Thus far it would appear that antibonding orbitals are real orbitals, but they
seem to be merely mathematical artifacts since they are unfilled and thus do
not enter into bonding or energy considerations. For ground-state molecules this
is actually true—all of the electrons are found in bonding orbitals. Why, then,
should we even concern ourselves with their existence?

The answer lies in the realization that antibonding orbitals are still, in fact,
orbitals. They are regions of space where one could have electrons. In ground-
state molecules, electrons fill the lower energy bonding orbitals. Suppose, how-
ever, you wished to take an electron out of a bonding orbital and move it to
a higher level. Where would it go? Or suppose you wished to add electrons
to a molecule which already had its bonding orbitals filled. Where would the
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electrons go? Suppose an electron-rich reagent were to donate electrons to a
molecule. Where would the electrons go?

In these examples the electrons could go into a higher energy, unfilled MO
which could be a nonbonding orbital (when one is present) or an antibonding
orbital (which is always present). Thus it is most common to have the elec-
trons go into an antibonding MO. Although they are of high energy, antibonding
orbitals are usually unfilled and can accept electrons from several sources if
sufficient energy is available to promote electrons into the antibonding energy
level. Absorption of light energy can cause an electron to be promoted from the
highest occupied molecular orbital (HOMO), which is usually a bonding MO,
to the lowest unoccupied molecular orbital (LUMO), which is most often an
antibonding MO. For example, if an olefin which contains a carbon–carbon π

bond is exposed to ultraviolet light of the correct frequency (and hence energy),
the molecule can absorb the energy of the light by promoting a π electron from
the bonding MO into the antibonding MO. This new electronic state is termed
an excited state and is higher in energy than the initial electron-paired state
called the ground state. (The electron spins can be paired in the singlet excited
state or unpaired in the triplet excited state.) Excited states of molecules are
high-energy states which are much more reactive than ground states and can
be described in terms of the population of antibonding orbitals. Consequently,
almost all photochemical reactions which occur by the reactions of excited-state
species are intimately dependent on the existence of and population of antibond-
ing orbitals.

LUMO

HOMO

excited
state

p∗

p

p∗

p

hn

ground
state

E

The reduction of organic molecules by the addition of electrons can take place
by chemical reagents or at the surface of electrodes. In either case electrons are
added to the organic compound, thus reducing it. Now electrons cannot just
go anywhere; they must go into an unfilled orbital. Thus, during a reduction,
electrons are injected into the LUMO of the molecule, which is often an anti-
bonding orbital. Population of the antibonding orbital raises the total energy of
the molecule and subsequent reactions follow. The electrochemical reduction of
alkyl bromides illustrates the process well. An electron is added into the σ ∗
orbital of the carbon–bromine bond, which is the LUMO of a saturated alkyl
bromide. Population of the antibonding orbital raises the energy of the molecule
and weakens the carbon–bromine bond, which then dissociates to give bromide
ion and a carbon-centered free radical which has an unpaired electron in a hybrid
AO (nonbonded energy level).
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Almost all dissolving metal and electrochemical reductions follow this same
general sequence. An electron is donated into an unfilled orbital which is usu-
ally an antibonding MO, the energy of the molecule is raised, and chemical
change ensues.

When a nucleophile attacks an electrophile, it donates a pair of electrons to
the electrophile. Electron donation must take place by an overlap interaction
between a filled orbital on the nucleophile which contains the electron pair to
be donated and an unfilled orbital (LUMO) on the electrophile, which is usually
an antibonding orbital. Population of the LUMO by electron donation raises
the energy of the system leading to bonding change and new bond formation.
Addition of an alkoxide to a ketone is a typical example of the process. The
electron pair to be donated is in a hybrid AO and therefore is at a nonbonding
energy level (n). Overlap with the π∗ orbital of the carbonyl group starts to
populate the π∗ orbital. This weakens the π bond, and the carbon–oxygen π

bond of the carbonyl group is broken and a new lower energy σ bond is formed
between the oxygen of the alkoxide and the carbonyl carbon. The electrons of
the π bond end up in a nonbonding AO on oxygen in the product. This process
is shown schematically.

n

OR
CCRO−

nn

C

donation

RO−

n

O O

p*p*

s*

O−

p p
s s

Nucleophilic additions and substitutions are the most widespread of all organic
reactions, and all have the same general orbital requirements. An orbital contain-
ing an electron pair of the nucleophile overlaps with an antibonding orbital of the
electrophile, which leads to population of the antibonding level (in most cases).
This raises the energy of the system and bond and electron reorganization follows
to give products. The electron pair must be able to be donated (i.e., not tightly
bound or of higher energy) and the antibonding orbital be of sufficiently low
energy to ensure effective overlap.
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Thus it is seen that, although antibonding orbitals are not a major factor in
describing the bonding of ground-state molecules, they can play a pivotal role
in the reactions of molecules. Therefore it is important to keep in mind the
existence of antibonding orbitals and their ability to accept electrons and control
the reactivity of molecules.

RESONANCE

Valence shell electrons of the atoms in a molecule are either shared or unshared.
The shared electrons are found in either σ or π bonds. Unshared electrons
are found in AOs (usually hybrid AOs for first-row elements). Lewis struc-
tures provide a way to indicate the shared and unshared pairs of electrons in
molecules. Sometimes, however, it is possible to indicate the electron distri-
bution in molecules by more than one Lewis structure. For example, a car-
boxylate anion can be represented by two equivalent but different Lewis struc-
tures.

R
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O
R

resonance forms

O

O
R

resonance hybrid

O
• •

• • ••

O ••

••

− •
•

•
•

•
•

•• ••••

• •

•
•• •

−

−

1
2

1
2

These structures are equivalent because they have the same numbers of bonds,
unshared pairs of electrons, and the same charge. They are different because the
negative charge is located on different oxygen atoms. Moreover the bonds from
carbon to a particular oxygen are double in one structure and single in the other.
When more than one correct Lewis structure can be written for a molecule,
each structure is a resonance form of the molecule. The actual molecule is a
resonance hybrid of the contributing resonance forms, and its properties result
from a combination of the properties of the contributing resonance forms. Thus
each oxygen atom carries a − 1

2 charge, and the bonds between carbon and each
oxygen atom have a bond order of 1.5 and are of the same length.

A very good analogy is a mule. A mule is a hybrid of a horse and a donkey.
A mule is neither a horse nor a donkey but it has properties of each. The reso-
nance hybrid of the carboxylate anion is a resonance hybrid of the contributing
resonance forms and has properties of each.

Another classic example of resonance is the benzene molecule. The localized
resonance forms are termed Kekulé forms (after Friedrich August Kekulé, who
first deduced the structure of benzene) and have alternating single and double
bonds between carbon atoms. The actual benzene molecule is a resonance hybrid
of the contributing resonance forms as the bond lengths are equal (single and
double bonds have different lengths).
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Kekulé forms resonance hybrid

The bond order is between one (single) and two (double). The resonance hybrid
is often pictured with a circle in the ring to indicate the delocalized electron
distribution in the molecule.

Double-headed arrows are used to indicate resonance forms. It is important to
note that resonance forms are not in equilibrium, just as a mule is not a horse
part of the time and a donkey the rest of the time.

The presence of resonance forms means that the electrons are not localized
between two nuclei but are delocalized over more than two nuclei. The result
of electron delocalization is that electrons are attracted by a greater number of
nuclei, which leads to a lower energy for the molecule and hence greater stability.
Simply put, resonance delocalization is a stabilizing feature of molecules.

A molecule for which resonance forms can be written is more stable than
any of the contributing resonance forms. Thus the carboxylate ion (a resonance
hybrid) is more stable than either of the contributing resonance forms. The dif-
ference in energy between the energy of the molecule and the energy of the most
stable resonance form is the resonance energy (RE) of the molecule. The reso-
nance energy represents the stabilization of the molecule due to the delocalization
of electrons.
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The amount of resonance energy is related to the relative energies of the con-
tributing resonance forms. The greatest resonance stabilization is found when the
contributing resonance forms are degenerate (equal) in energy. Thus molecules
such as the carboxylate ion, benzene, the allyl anion, and the allyl cation all have
significant resonance stabilization because the main resonance contributors are
of the same energy.
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allyl anion

−−

allyl cation

+ +

In contrast, resonance stabilization is less in an amide because the resonance
forms A1 and A2 given below are very different in energy. Nevertheless, because
an amide is a resonance hybrid of A1 and A2, it is predicted that there should be
some double-bond character in the bond between carbon and nitrogen. This is in
fact the case since many amides show restricted rotation around the C–N bond
(typical of a π bond). Moreover, the nitrogen atom in amides is nearly planar
and not very basic, also indicating that the lone pair is delocalized.
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It is also generally true that the greater the number of contributing resonance
forms, the greater will be the resonance stabilization. For this reason the enolate
of a β-diketone has much more resonance stabilization than the enolate of a
simple ketone (three resonance forms versus two). The electrons are delocalized
over five atoms in the former versus three atoms in the latter. In addition, the
electron density on the carbon atom is less in the diketone enolate than in a
simple methyl ketone enolate.
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Resonance has a significant influence on the electron distributions and energies
of molecules. The delocalization of electrons is described by the contributions of
resonance forms, which are themselves localized structures with discrete bonds.
Such structures are known as valence bond (VB) structures, and this approach
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to the description of bonding in molecules is called the valence bond approach.
As long as one keeps in mind that resonance forms are limiting VB structures
and that the actual molecule is a resonance hybrid of these VB structures, a great
deal of insight into the structure and properties of molecules can be gained.

CONJUGATED π SYSTEMS

Another way to describe delocalized bonding uses the MO approach. The same
principles of overlap of AOs can be applied to systems where more than two
p AOs overlap to form π systems. First, the number of MOs produced by the
overlap will be the same as the number of atomic p orbitals which interact. Thus
for the allyl system where three contiguous p orbitals interact, there will be three
MOs produced from the interaction of three 2p AOs. For the butadienyl system
where there are four contiguous p orbitals interacting, four MOs will result, and
so on.

butadienyl

4 MOs3 MOs

allyl

Second, the energy distribution of the MOs will be disposed symmetrically
about the energy of the AOs before they interact (nonbonded energy level).
This means that the total energy of the bonding MOs is offset by the total
energy of the antibonding MOs. For example, if one MO is of lower energy by
−�E due to overlap, then there must be an antibonding MO raised to higher
energy (+�E). Molecular orbitals which are lower in energy than the nonbonding
energy are bonding MOs, (−�E), those which are higher in energy than the
nonbonding energy are antibonding MOs (+�E), and those at the same energy
as the nonbonding energy are nonbonding MOs (�E = 0).

For the allyl system which has 3 MOs from the overlap of three 2p AOs, one
MO will be lowered in energy (−�E) and so one MO will be raised by the
same amount. The remaining MO must stay at the nonbonding level (�E = 0)
to maintain energy symmetry around the nonbonding level.

+ ∆E

− ∆E

p3  (antibonding MO)

p2  (nonbonding MO)

p1  (bonding MO)

overlap
2p

What is interesting is that this overlap model allows the orbital diagram to be
constructed without concerning itself with electrons. The MOs produced by the
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interaction of AOs can each hold two paired electrons, and these can be filled in
depending on the number of electrons present in the π system. Thus the bonding
diagrams for the allyl cation, allyl radical, and allyl anion can be constructed
by merely filling the orbitals with the number of π electrons present in these
species (two, three, and four π electrons, respectively). This orbital picture also
demonstrates that all three intermediates in the allyl system are stabilized because
each contains two electrons in the π1-bonding MO and any remaining electrons
are in the nonbonding orbital.

allyl anion
4 p electrons

allyl radical
3 p electrons

allyl cation
2 p electrons

p3

p2

p1

p3

p2

p1

p3

p2

p1

−+ •

Two of the four MOs of the butadienyl system are at lower energy than the
nonbonded energy level (−�E1,−�E2), and two are at higher energy than the
nonbonded energy level (+�E1, +�E2). The four π electrons of butadiene fill
the two bonding MOs and give a stable molecule. It should also be obvious
that butadienyl species with less than or more than four π electrons should be
significantly less stable than butadiene itself. Removal of an electron requires
energy because the electron would have to come from a relatively stable bonding
MO. Addition of an electron to the butadienyl π system requires that it be put
into an antibonding MO which is also energetically unfavorable.

s-trans-butadiene

p4
p3

p2
p1

+∆E2+∆E1

−∆E2
−∆E1

overlap

4 × 2p AOs 

A great many π systems have been examined by this approach and the orbital
diagrams understood. As seen before, the antibonding orbitals are often unfilled
in the ground state but play an important part in the excited states and reactions
of these compounds.


