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CHEMICAL BONDS AND
LEWIS STRUCTURES

ATOMIC STRUCTURE

The Organic Chemist’s Periodic Table

Carbon is unusual because it provides strong, stable bonds to almost every
atom in the periodic table, including itself. Carbon is the framework atom that
forms linkages to build biological molecules, drugs, synthetic polymers like
polylethylene, and even molecule-sized objects that resemble bowls, windows,
and wires. While professional organic chemists regularly use compounds with
carbon bonded to ruthenium, tin, indium, and many other rare elements, intro-
ductory organic chemistry focuses on the carbon compounds of hydrogen and
on the second-row clements of the periodic table—boron, carbon, nitrogen,
and oxygen. Other elements also play important roles in organic chemistry:
the alkali metals lithium, sodium, and potassium; the halogens fluorine, chlo-
rine, bromine, and iodine; and the third-row clements magnesium, aluminum,
silicon, phosphorus, and sulfur.

The Structure of the Atom

Throughout this chapter, we will assume that the reader has completed a
course in general chemistry, including the material covered in Barron’s College
Review Series Chemistry by Neil Jespersen, so that only a brief overview of
atomic structure is given. Each element has an atomic number, which is the
number of protons in the nucleus or the number of electrons around the
nucleus. The atomic number of carbon is 6. The same element can exist as
different isotopes arising from different numbers of neutrons in the nucleus.
Carbon has three important isotopes: “C, present in approximately 99 percent
natural abundance, with six neutrons and six protons in the nucleus; "C,
present in 1.1 percent natural abundance; and radioactive "C, which has a
half-life of 5730 years. The atomic mass of carbon, taking the isotopic abun-
dances into account, is 12.011. The atomic mass of the '“C isotope is the ref-
erence for all the elements and is defined as 12.0000.

Most of organic chemistry ultimately comes down to the action of the
electromagnetic force. This is the force that causes like charges (positive-
positive or negative-negative) to repel one another and unlike charges
(negative-positive) to attract one another. Quantum mechanics  was
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Atomic Structure 3

triumphantly able to explain why electrons in atoms do not spiral into the
nucleus under the influence of the electromagnetic force. Nevertheless, simple
classical physics concepts of the electromagnetic force explain the basics of
how atoms and molecules are held together.

Electron Energy Levels in Atoms

Quantum mechanics limits the positions of electrons in atoms to certain
quantized positions, termed principal energy levels, around the nucleus.
The first level holds no more than 2 electrons, the second level holds no more
than 8 electrons, and the third level holds up to 18. The maximum number
of electrons a level can hold is found using the formula 2727, where 1 is the
principal quantum number. Electrons in the first principal energy level are,
on average, very close to the positively charged nucleus and are thus in a
most stable environment. It takes a great deal of energy to move an electron
in the first level to a higher level, and if an electron drops from a higher level
into a vacant spot in the first level, energy is released in the form of X rays.

Within each principal energy level are sublevels. These sublevels are called
orbitals. An orbital is a region of space where there is a certain probability of
finding an electron. Each individual orbital can hold no more than two elec-
trons. The first principal energy level contains just one orbital, the 1s orbital.
This orbital, like all orbitals in the s family, has spherical symmetry. An electron
in this orbital in the hydrogen atom has the highest probability of being found
53pm (107”m) from the nucleus. However, there is a lesser probability of
finding the electron 50 or 60 pm from the nucleus. A diagram of an orbital some-
times tries to represent the electron probability distribution by showing the
orbital as a shaded cloud, with the density of the shading meant to represent
the probability of finding the electron at a given spot. More often, orbitals are
drawn as boundary surfaces where the surface encloses a 90 percent or 95
percent probability of finding the electron within this boundary.

Second-row elements like carbon have four orbitals containing up to eight
electrons: a 2s orbital and three 2p orbitals, the 2p,, 2p,, and 2p, orbitals.
Orbitals in the second principal energy level have one node, which is a region
of space where the probability of finding an electron is zero. For the 2s orbital,
the node is a spherical shell, while for the p orbitals the node is a plane,
which includes the nucleus, termed the nodal plane. Electrons in s orbitals
have a greater probability of being found near the nucleus than electrons in
p orbitals, making 2s electrons lower in energy than 2p orbitals.

1s

2s
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sz 2p}' 2pz

Electrons have a property called spin that can take the values +1/2 and
~1/2. According to the Pauli exclusion principle, two clectrons can occupy
the same orbital only if they have opposite spins. Electrons with opposite spins
are said to be paired and are usually written as arrows: T4

The ground state distribution of clectrons in atoms can be summarized by
the ground state electron configuration, which lists the orbitals that are
filled or partly filled. Helium has the configuration 1s%, where the superscript
indicates the number of electrons in the orbital. Carbon’s electron configura-
tion is 1s* 25 2p,'2p.'. The three p orbitals are equal in energy (the technical
term is degenerate). and it is arbitrary which p orbitals are filled and which
are empty. However, Hund’s rule states that for degenerate orbitals, electrons
enter the orbitals singly before they pair up. To give a second example, in
fluorine, the nine electrons give the configuration 1s* 2s* 2p,* 2p, 2p.'. Only
the outermost electrons (for second-row elements, the 2s and 2p electrons)
are involved in bonding. These electrons are the element’s valence electrons.
Carbon has four valence elcctrons. and fluorine has seven.

Example What is the ground state electron configuration of boron and of
sulfur? How many valence electrons does each have?

Solution: Boron is 1s* 2s° 2p,' for a total of three valence
clectrons. Sulfur is 15%25%2p,72p,72p.*3s°3p.73p,'3p." for a total of six
valence clectrons.

COVALENT BONDING AND
MULTIPLE BONDS

The Electron Pair Bond

More than 95 years ago the American chemist Gilbert Newton Lewis first
proposcd that atoms form stable bonds by sharing two electrons. These cova-
lent bonds with a shared e¢lectron pair continue to be formed by an atom
until it attains the closed-shell electron configuration of a noble gas (neon in
the case of second-row elements). Lewis structures are molecular structures

R
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in which valence electrons are represented by dots and bonds in molecules
are represented by pairs of dots.

H
. c + 4 * H = =r @ H «: C < H
H
Carbon, four Four hydrogens, Lewis dot structure
valence electrons each with one for methane, CH,

valence electron

It is easy to make an electrostatic argument for the formation of molecules
from atoms. In a molecule, the electron pairs are close to two positively
charged nucled, instead of just one as in the atom.

A number of atoms have some of their electrons paired in their ground
state electron configuration: nitrogen and oxygen, for example. These elec-
tron pairs are normally maintained when the atoms form compounds and are
called lone pairs or nonbonding pairs.

H

€+ 4-H + O > H:C: O H oxygen lone electron pairs

HoN

The Octet Rule

When writing Lewis structures, one invariant rule is the octet rule, which
states that one can place no more than eight electrons around any second-
row atom. Later, you will see examples of reactive organic molecules with six
or seven electrons around a carbon atom, but never nine or ten electrons. Any
molecule with five bonds to carbon or with four bonds to nitrogen plus a lone
electron pair on nitrogen is an example of a molecule that violates the octet
rule and is an invalid molecular structure. The octet ruie does not hold for
third-row elements, so one can draw valid structures with five or six bonds
to atoms such as phosphorus and sulfur.

Because Lewis dot structures are cumbersome to draw, especially for larger
molecules, it is usual to replace the bonding pair of dots with a line, giving
H—I in place of H:11. The following are examples of structures that obey
and structures that violate the octet rule.
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H
Valid: H—C—H H/-(-)\H H—B|_?I~ g H/ll\l\(IZ——H
H/.r:)\H H H H
H
LN 3 H

H— _H H\ ~
Invalid, 10 electrons: /C\ /O“

H H

Multiple Bonds

When two atoms share more than one pair of clectrons, the result is a
double bond (two clectron pairs) or a triple bond (three clectron pairs).
Second-row elements cannot form quadruple bonds. Double or triple bonds
occur when there are not enough atoms to form single bonds between all the
bonding partners, as shown below for ethane, C,H,, cthene (historical name,
ethylene), C,H,, and ethyne (historical name, acetylene) C,H,.

. H H H H

5.0 + 6-H —= HIC : C:H HC— & H
.o 00 | |

' H H H

5 H.. ._H H H
2 +C: * 4°*H —> .C:: C, >C:C/

- H H H \¥
2 -C* +* 2*'H — H6G 58 5@ 2 5o (C——=C——In

Formal Charges

Some molecules cannot be drawn without the inclusion of charges on indi-
vidual atoms even when the overall molecule is neutral. These formal
charges arise when the assigned number of electrons for an atom in a mol-
ecule differs from the atom’s number of valence electrons. To calculate an
atom’s formal charge, take its number of valence clectrons (its group number
in the periodic table—5 for nitrogen, 6 for oxygen, and so on) and subtract
lh\e sum of the number of electrons that are lone pairs and one-half the number
of electrons in bonding pairs. Since a covalently bound hydrogen does not
have a formal charge, only the heavy atoms in a molecule need to be con-
sidered. For example, consider the solvent and racing fuel nitromethane:

e
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H o . .
| 0. H O
Y, |
H—CI—N\ H—C—N\@
L] L] '
H 0! H :0:0
Without formal charges With formal charges

Carbon has four valence electrons. Here there are four single bonds to carbon,
and the formal charge is 4 — 4, or zero. The upper oxygen atom has two lone
electron pairs and two bonding pairs, so its formal charge is 6 — [4 + 1/2(4)]
= 0. The nitrogen atom has no lone pairs and four bonds. Its formal charge
is 5 — 1/2(8) = +1. The lower oxygen atom’s formal charge is —1 since it has
three lone pairs and one bonding pair of electrons: 6 — [6 + 1/2(2)] = —1. In
general, nitrogen atoms with four bonds have a formal charge of +1. Such
nitrogens cannot have any lone pairs since that would violate the octet rule.
Likewise, oxygen atoms with three lone pairs and a single covalent bond have
a formal charge of —1.

EXERCISES

Assign formal charges to the following molecules.

I
EORE R —IN5—@ : (b) I\Ij ".
L 3 C // s
Pt
H LN J C\
H
Solutions
o
® © l
(1) H—C==N—0 - m O o
- Cer
e AL C\
S H

The normal valences for carbon are four bonds and no lone electron pairs;
for nitrogen, three bonds and one lone pair; and for oxygen, two bonds and
two lone pairs. Therefore only the atoms that deviate from this pattern need
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to be considered. In (a) the nitrogen is 5 — [1/2(8)] = +1 and the O is 6 — [6
+ 1/2(2)] = =1. In (b) the nitrogen is 5 — [1/2(8)] = +1 and the adjacent carbon
is4—[2+ 1/26)] = -1,

ORGANIC IONS AND RADICALS

Reactive Intermediates

Carbon compounds with an octet of electrons are usually stable, whether
they possess single, double, or triple bonds. However, carbon compounds are
also known that have fewer than eight electrons. Carbocations are one such
class of compounds. These carbon species have three bonds to carbon (or
some other atom) and no lone electron pairs, and thus have a charge of +1.

I

H

~C-H
y ®
S B
/C\ H
H H

O—0<

H

A carbocation

A carbocation (pronounced carbo-cat-ion not carbo-ka-shun) is a positively
charged carbon ion, just as Na* is a sodium ion. The central carbon has only
six electrons, not cight, surrounding it. The octet rule gives an upper limit to
the number of electrons around a second-row element, but a fewer number
of electrons is possible. Normally, carbocations are unstable species that have
lifetimes much shorter than seconds.

A carbocation is an example of an organic reactive intermediate, a high-
energy species that is generated and converted during the course of many
organic reactions. Much of organic chemistry is devoted to understanding the
creation, properties. and control of many classes of reactive intermediates.

Organic radicals arc a second common class of reactive intermediates.
These species also have three bonds to carbon, but in addition there is a single
unpaired electron on the central carbon atom. Since three shared bonding
pairs plus one unshared electron give an assignment of four electrons to the
centrat carbon of a carbon radical, these species are uncharged. Nevertheless,
because the central carbon is surrounded by only seven electrons, it is highly
reactive. Since electrons have the property of spin, a single electron is some-
times called an unpaired spin.
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o
T T ®

c. N Li
N\ 7\
H/ H H H
An organic radicai A carbanion as the lithium salt

The third common reactive intermediate in organic chemistry is the car-
banion, which is a carbon anion. These species have three bonds to carbon
(which can include single, double, or triple bonds) and a lone clectron pair
on carbon. Following the formal charge rules, the central carbon is negatively
charged. Tons have to have counterions to baiance the charges, and in the
case of carbanions, we will see that Li* and Mg* are common counterions.
While carbanions have an octet of electrons around the central carbon, it is
more stabilizing to share an electron pair on carbon (thus forming a bond)
than to have the electron pair unshared. Therefore, carbanions are also reac-
tive intermediates.

Organic Compounds with Charged Heteroatoms

In organic chemistry, nonmetallic atoms other than carbon and hydrogen
are termed heteroatoms. Organic ions are often made that have either posi-
tively or negatively charged heteroatoms. As we have seen in our discussion
of formal charges, four single bonds to nitrogen should result in a positively
charged ion. Likewise, an oxygen or sulfur atom with one single bond and
three lone electron pairs is normally an oxygen or sulfur anion. To keep draw-
ings from being overwhelmed by lone pairs, the lone pairs on negatively
charged oxygen and sulfur anions are usually not explicitly drawn in. It is up
to the student to remember their presence and their number.

Heteroatomions:
H ©
H—C S —

H—C—H | & bl e

| " H
H—N—=H

| ®

H

' Explicit lone electron Lone electron pairs

pairs implied by valence

In subsequent chapters, even neutral heteroatom-containing molecules
(such as those with three bonds to nitrogen or two bonds to oxygen) will not
have the lone electron pairs explicitly drawn on the molecule. A common
mistake beginning students make is to forget about the presence of these lone
pairs.
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ELECTRONEGATIVITY AND
BOND POLARITY

Electronegativity

Two extremes exist in chemical bonding. When an electron pair is shared
equally between two atoms, the result is a covalent bond. If the electron pair
is completely transferred to one atom of a pair, the result is an ionic bond,
as in NaCl. Normally, however, the distribution of electrons in a chemical bond
is asymmetric, with the electrons more concentrated near one atom of the
bonding pair. This distribution results in a polar covalent bond.

The concept of electronegativity, introduced into chemistry by Linus
Pauling, is a measure of how strongly different elements attract electrons and
thus lead to polar covalent or even ionic bonds with different atoms. Values
of electronegativity for common elements are tabulated here.

PAULING ELECTRONEGATIVITIES

H

2.1

Li Be B C N O F

1.0 1.5 2.0 2.5 3.0 3.5 4.0

Na Mg Al Si P S Cl

0.9 1.2 1.5 1.8 2.1 2.5 3.0

K Ca Ga Ge As Se Br

0.8 1.0 1.8 2.0 2.2 2.5 2.8
1
2.5

The most electronegative, electron-attracting elements are found in the
upper right hand corner of the periodic table. The least electronegative ele-
ments are the alkali and alkali earth elements. With its intermediate elec-
tronegativity, carbon forms covalent or polar covalent bonds to almost all the
elements except the alkali metals. Even C—Li bonds are not purely ionic.

Dipole Moments

The degree of charge asymmetry in a bond can be quantified by calculat-
ing the bond’s dipole moment [, which is the product of the charge sepa-
ration e and the bond distance d. Large dipole moments arise when the atoms
in a bond have very different electronegativities or when the bond is long.
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Dipole moments are measured in units of debyes (D) (1D = 1 x 107 elec-
trostatic units per meter). A dipole moment is_a vector:

S5+ 0=
C——©O

—|—>

A C—0O bond is polar covalent because of the electronegativity difference
between the two atoms. The carbon is at the positive end of the dipole (3+),
and the oxygen at the negative end (8-). The arrow represents the direction
of the dipole moment, pointing to the negative end of the dipole.

Some dipole moments of common bonds are listed in the accompanying
table. The dipole moment of a molecule is the vector sum of all the mole-
cule’s bond dipole moments. Understanding the electon  distribution  in
organic molecules is central to predicting the reactivity of organic molecules.
Most reactions are explained by the negative region of one molecule inter-
acting with the positive region of another molecule, and it is electronegativ-
ity that largely explains the charge distribution in molecules.

BOND DIPOLE MOMENTS®

Bond Dipole Moment (D) Bond Dipole Moment (D)
C—N IS C=0 3.2
C—F 2.2 C—Br 2%
C—OH 1.5 C—sS 1.6
©C =@l 2.3 C—I 2.05

Taking C—H to be 04D, § C—H§.
From A. J. Gordon and R. A. Ford, Chemist’s Companion, Wiley, New York, 1972, p. 126.

Hydrogen Bonds

A special type of bonding takes place in organic and inorganic molecules
with O—H or N—H bonds. Because of electronegativity differences, the H in
cither bond is the positive end of a dipole. The lone electron pairs of N and
O atoms are the negative ends of dipoles (arising from the positive nucleus
and the negative charge of nonbonding electrons). Each dipole attracts the
other in a dipole-dipole interaction, which in this case is called hydrogen

bonding:
hydrogen bond
Ho .. '/—
AN

N——H mm ;0
H/ 5 & |
C

HT
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A hydrogen bond is much weaker than a covalent bond, by 1/15 to 1/50, but
it is still strong enough to be chemically significant.

REPRESENTING STRUCTURAL FORMULAS

Constitutional Isomers and Condensed
Structural Formulas

Isomers arc molecules with the same molecular formula that differ in some
way. Constitutional isomers differ in the way the atoms are connected.
Because even a simple molecule like CsH;, can have three constitutional
isomers, organic chemists need a convenient notation for representing mole-
cules. The solution that has been adopted uses condensed structures that
leave out most or all of the lines that indicate bonds and uses subscripts to
indicate the number of atoms or groups attached to particular carbons. These
condensed structures are not too difficult to figure out as long as one keeps
in mind the normal valences of carbon (4), nitrogen (3), oxygen (2), hydro-
gen (1), and the halogens (1). Shown below are different ways to draw butane,
used in disposable lighters, and 2-propanol, sold as rubbing alcohol.

H
OH

1y oA
H—C—C—G—H  CH3CHOHCHg or (CHg),CHOH
|

[
H H H

H H H H
|
T CHoCHCH,CH AN
H H H H
All bonds drawn in Condensed formula Line drawing or
carbon skeleton
drawing

Carbon skeleton drawings are the most commonly used depictions of
organic molecules. Each vertex or chain end is a carbon atom, and hydrogens
are added to each carbon to bring it up to a valence of four. Heteroatoms
always have their hydrogen atoms added explicitly.

One way to reconstruct molecules from condensed structural formulas is to
think of each part of the molecule as a piece of a jigsaw puzzle. For example,
CH;CH,OCH; is made up of four pieces, two CHs, one CH,, and one O.
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i i
H H H

Degree of Unsaturation

For a hydrocarbon, a compound containing only carbons and hydrogens,
the molecular formula for a compound with no rings or multiple bonds
(double or triple bonds) in its structure is C,Hs,,. For example, if you look
at the structure of butane shown above, you will see that butane is CHj.
Thus, butane is a saturated hydrocarbon, one with no rings or multiple
bonds. The molecule C;Hg has two fewer hydrogens than butane, and it is
said to be unsaturated. There are numerous possible constitutional isomers
for the formula C,Hg, including

CHj

HoC=CHCH,CH;  H,CHC ==CHCH;,4

All these structures have either one ring or one double bond. Either a ring or
a double bond produces one degree of unsaturation. Some organic mole-
cules have many degrees of unsaturation. For example, benzene, CsH, has
one ring and three double bonds, for a total of four degrees of unsaturation.

X
F

Benzene, CsHq

Degree of _ (no. of H in saturated hydrocarbon) — (no. of H in C,H,,..,)
unsaturation 2

Using this formula, a saturated hydrocarbon with six carbons has the formula
C¢H,,. Benzene has (14 — 6)/2 = 4 degrees of unsaturation. Without more infor-
mation, these four degrees of unsaturation could be four rings, four double
bonds, two triple bonds (a triple bond is two degrees of unsaturation), or
some other combination of rings and multiple bonds that add up to four.
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EXERCISES

Indicate how many degrees of unsaturation the following hydrocarbons
possess and draw two possible constitutional isomers for each.
(a) CiH; (b) CsH (¢) CH,

Solutions

(@) (8—-4)2=2 A HC==C—CHj; (also HLC=C=——=CH)

(b)) (12-10)/2 =1 /\/\

(© (10-6)2=2 /\/

Other answers are also possible.

Unsaturation in Heteroatom-Containing Molecules

In addition to carbon and hydrogen, many organic molecules contain halo-
gens, nitrogen, or oxygen. Since oxygen can form both single and double
bonds and nitrogen can form single, double, and triple bonds, unsaturation
can arise from multiple bonds to these heteroatoms as well as from multiple
bonding among carbon atoms. The molecular formula can be used to deter-
mine the degree of unsaturation if heteroatoms are present by converting it
to its hydrocarbon equivalent formula. For C,H,N.OX., where X is any one
of the halogens F, Cl, Br, or I, (1) add the number of halogens to the number
of hydrogens and cross out the halogens, (2) ignore the number of oxygens,
and (3) for each N, add one C and one H, crossing out the nitrogens. This
results in the hydrocarbon equivalent formula C,,,,H,,.... Finally, use the hydro-
catbon formula to determine the degree of unsaturation. For example,
C-H,NOBr has the equivalent formula Cglg. One possible constitutional isomer
for this formula that has six degrees of unsaturation is

N
Il
C

Br
OH
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Equivalent Structures

Molecules are three-dimensional objects, and this fact has to be recognized
when we draw them. Just as a person can be viewed from the front, the side,
or the back, so can a molecule. It is a common mistake to draw the same
molecule in two different orientations and think that one has drawn two dif-
ferent molecules. If two molecules have the same kinds of atoms and groups
and are connected in exactly the same way, they are the same. For larger mol-
ecules it may be hard at first to see if two structures are the same or are con-
stitutional isomers. In such cases it helps to make an inventory of how many
CH groups, CH, groups, and CH; groups there are and what they are bonded
to. Shown here are some examples of identical molecules in different
orientations.

/\/Y /k A\ HaC
CHj
— (CH3)2CHCHoCH,CI \/i:/\/

= CICH,CH,CH(CH3)o

Recognizing equivalent molecules is complicated by the fact that single
bonds act like molecular axles. Groups can spin around a single bond, point-
ing in any arbitrary direction. As in our analogy with a person, someone is
the same whether she is standing with her arms outstretched or at her sides.
This property of single bonds is discussed in detail in Chapter 6.

EXERCISES

Indicate which of the following molecules are identical and which are con-
stitutional isomers.

CHS CH3
Br AP |- A
(@) | A= R i o]
Br CH; H CH; O
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ORBITALS AND RESONANCE

BONDING THEORIES IN ORGANIC
CHEMISTRY

Three theories are commonly used by organic chemists to explain bonding.
The Lewis electron pair theory was introduced in Chapter 1. The other two
theories are the valence bond (VB) theory and the molecular orbital (MO)
theory. All three theories are based on the idea of sharing electron pairs, but
the VB and MO theories differ in describing what contains the electron pairs.
Valence bond theory places electrons in the hybrid orbitals created by
mixing s and p orbitals on an individual atom. Molecular orbital theory uses
molecular orbitals made up by combining atomic orbitals from some or all
of the atoms in the molecule. MO theory is a much better description of reality.
It is used to explain and predict molecular properties, but advanced mathe-
matics and complex computer programs are required to make these predic-
tions for most molecules. A beginning organic student can understand the
results of MO calculations but cannot be expected to derive them. VB theory
provides a qualitative description of bonding and does a good job of explain-
ing molecular shapes.

VALENCE BOND THEORY
Hybrid Orbitals

Atomic carbon has two clectrons in the 2s orbital and a total of two elec-
trons in the equivalent p,, p,, and p. orbitals. The only way carbon can form
four bonds to other atoms is to promote one of the 2s electrons into a higher-
energy 2p orbital. This produces the electronic state 2s'2p,'2p,'2p.". With four
half-filled orbitals, carbon can form four new bonds, the maximum allowed
by the octet rule. However, an s orbital is spherically symmetric and p orbitals
are mutualty perpendicular. This geometry is not what is found for molecules
such as CH,, which has the four C—H bonds directed toward the corners of
a tetrahedron (Figure 2.1).

In the 1930s Linus Pauling proposed an explanation for the tetrahedral struc-
ture of CH, and similar compounds. He suggested that the 2s and 2p orbitals
on carbon mix to form four equivalent orbitals he termed sp® hybrid orbitals,

19
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Dashed bond point into
the plane of the paper )

109.5° /1
‘ (x lC in CH,4 the H atoms are at the
A H vertices of a tetrahedron. Each H is

equidistant from the other three.

Wedge bond points
out of the paper plane

FIGURE 2.1.  Zetrahedral structure of CHy. Al H1—C—H angles are 109.5°

which are directed toward the comners of a tetrahedron. The nomenclature sp®
is used to indicate that one s orbital and three p orbitals are mixed (or
hybridized). Each sp’ hybrid orbital is 25 percent s and 75 percent p. Bonds
are formed by overlap of the hybrid orbitals on carbon with other orbitals,
which can be the hybrid orbitals of other carbons, or atomic orbitals such as
the hydrogen 1s orbital.

sp’ Hybrid Orbitals

The shape of an individual sp* orbital resembles a p orbital with one large
lobe and one small lobe (the small tobe is sometimes called the tail of the
orbital). The carbon nucleus is located at the intersection of the two lobes.

)

Recall that the shading represents phases since orbitals are like three-dimen-
sional waves:

rotate around + phase
axis /\
o \/ - O Q
- phase
Two-dimensional wave Three-dimensional

orbital

The phases of an orbital on any atom are arbitrary with regard to which
lobe is + and which is — However, according to VB theory, bonds are formed
when orbitals overlap. In this case, the phases of the overlapping orbitals
should be the same. Such overlap corresponds to two waves adding con-
structively rather than destructively:
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\//\ ‘ /\\
o AL

\/ Waves adding consiructively

e *  @co —c O @D <
C—C bond formation by overlap of sp® orbitals

In the case of methane, the four C—H single bonds arise from an overlap
of the four tetrahedral carbon sp* orbitals with the four hydrogen 1s orbitals:

Y,
ap - @ —

Four sp® carbon orbitals  Hydrogen CH,
(tails omitted for clarity)  is orbital

For ethane, H;C—CH;, the central carbon-carbon bond arises from the overlap
of two carbon sp® orbitals:

QO%Q a%g i @@c@cQ@)

Tetrahedral sp® carbon atom Ethane, C,Hg

The single bond formed from the overlap of two sp’ hybridized orbitals, or
an sp® orbital and a hydrogen 1s orbital, is a sigma () bond. Sigma bonds
are cylindrically symmetric, and all single bonds in organic chemistry are 6
bonds. These bonds are relatively strong since the electron pair is located
along the axis joining the two positively charged nuclei that defines the bond.
One can categorize the bonding in ethane as consisting of six Csp'—Hls
bonds and one Csp’—Csp* 6 bond.
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Because of the symmetry properties of a 6 bond, there is free rotation
around it. In ethane, for example. the
the 6-bond axis.

CH; groups spin like windmills around

EXERCISE

What kinds of bonds make up propane, CH;—CH,—CH;, and what are the
approximate bond angles?

Solution

Propane consists of eight Csp'—H1s 6 bonds and two Csp'—Csp® 6 bonds.
All the H—C—H, H—C—C, and C—C—C angles have approximately the
tetrahedral value of 109.5°. The different sizes of H and C atoms lead to small
differences between the experimentally determined bond angles and the
theoretical tetrahedral value.

sp®> Hybridized Carbons

Saturated hydrocarbons are made up entirely of sp* carbons and ¢ bonds.
Unsaturated compounds have carbons with a different sort of hybridization.
For ethylene, H,C=CH,, cach carbon is bonded to only three atoms. Since 6
bonds are strong bonds and s orbitals allow electrons to be closest to the
nucleus, it is reasonable to mix a carbon 2s orbital with two carbon 2p orbitals
to form three equivalent sp? hybrid 6 orbitals. Which p orbitals one uses is
arbitrary, but if the p, and p, orbitals are used, three orbitals in the xy plane,
making an angle of 120° with one another, result. This is called trigonal geom-
etry. Left over is the unhybridized p. orbital, perpendicular to the three o orbitals:

thbridized
sp2 6/\‘ Q . | p orbital
orbital < Rotate 90 gy ¢

I\ ()

When two sp* hybridized carbons come together, they can form a double
bond from the overlap of two sp* hybridized 6 orbitals and the overlap of
adjacent unhybridized p orbitals. In this model, one bond is a Csp*—Csp® ©
bond, and the other bond, arising from the overlap of two p orbitals, is called
a pi (M) bond, in this case a Cp.—Cp.  bond. In H,C=ClI, all the C and 11
atoms associated with ¢ bonds are in the xy plane and the © bond’s electrons
occupy the space above and below the C—C o bond. Because the p orbitals
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that make up the m bond have a node at the nucleus, the resulting © bond
has a nodal plane, the xy plane containing the carbon nuclei, where no -
bond electrons can be found. Therefore, a m bond is expected to be weaker
than a ¢ bond since the 1 electrons cannot be in the region of space enjoy-
ing the best electrostatic interactions.

'/_\ n bond
p orbital/\

SOSUREEN R S
sp oo\rinflz@c — (Dgé:::'-""'-""HO‘::ond

H,C=CH,
2 H2C'

Sigma bonds, being cylindrically symmetric, act as molecular axles allow-
ing free rotation around a ¢ bond. Pi bonds are different. Good overlap
between p orbitals occurs only when they are parallel, or nearly parallel, to
one another. When they are 90°, or orthogonal, to one another, they do not
interact. For this reason, rotation around m bonds does not take place. Twist-
ing a m© bond 90° causes it to break. oF P

o

EXERCISE

What kind of bonds make up propene, CH;—CH=CH,, and what is the
C—C—C bond angle?

Solution

There are two kinds of C—H & bonds: three Csp’—Hl1s ¢ bonds and three
Csp*—H1s ¢ bonds. There are two kinds of C—C ¢ bonds: a Csp’—Csp* &
bond and a Csp’—Csp® 6 bond. In addition, there is one Cp.—Cp. © bond.
The C—C—C Jnglc is 120°, determined by the sp* hybridization of the central
C atom.

sp Hybridized Carbons

Carbons bonded to four other atoms are said to have a coordination
number of 4 and are sp’ hybridized. Carbon atoms with a coordination
number of 3 are usually sp° hybridized. Carbons bonded to only two other
atoms are normally sp hybridized. In this instance the carbon hybridizes
one s and one p orbital to form two sp & orbitals. Two p orbitals are left
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(b) The double-bonded carbons are sp® hybridized, and the triple-bonded
carbons are sp hybridized. There are three Csp’—H1s 6 bonds, one Csp—
Hls ¢ bond, a Csp*—Csp* 6 bond, a Csp—Csp 6 bond, a Csp—Csp* ©
bond, two Cp,—Cp, © bonds, and a Cp.—Cp. © bond. (The directions of
the p orbitals are arbitrary.) There is free rotation around the single bond,
but for simplicity all the atoms are shown in one plane.

H

4

Hybridization of Reactive Intermediates

Because the reactive intermediates introduced in Chapter 1—carbocations,
carbon radicals, and carbanions—are so important in understanding organic
reactivity, one should know: each intermediate’s hybridization and structure.
For a general carbocation, RiC*, the three-coordinate carbon is sp* hybridized.
All three groups and the central carbon atom are in the same plane, and a p
orbital empty of electrons is perpendicular to the molecular plane. The central
carbon of a carbon radical is sp* hybridized also, and thus the structure pos-
sesses a trigonal geometry. For carbanions, the electron pair acts like a fourth
substituent, giving rise to sp’ tetrahedral geometry around the negatively
charged carbon. Nevertheless, carbanions readily undergo a process called
inversion. All the groups on one side of the central carbon move to a cor-
responding position on the other side. The movement of the three R groups
is similar to what happens when an umbrella is blown inside out by a strong
wind. Since carbanions can invert thousands of times a second (or more), the
average structure is planar.

® S R
R’

R---uu C—R Ry CE—PR T

R R any
Rv-n \
R R ©

In a carbocation the In a carbon radical, Carbanions are tetrahedral, but

p orbital has no only a single electron they easily invert their shape.

electrons in it. occupies the p orbital.
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Bond Lengths and Hybridization

Since electrons in s orbitals are on average-closer to the nucleus than elec-
trons in p orbitals, bonds with more s-orbital character are shorter than bonds
with more p-orbital character. Thus, sp 6 bonds (50 percent s) are shorter than
sp* 6 bonds (33 percent §), and sp’ 6 bonds (25 percent s) are the longest 6
bonds. A C—C bond is 1.54A, a C=C bond is 1.314A, and a C=C bond is 1.18
A, while a single bond between two sp® carbons, such as in the molecule
H,C=CH—CH=CH,, is 1.48A (1A = 107""m).

MOLECULAR ORBITAL THEORY OF
BONDING

Molecular orbital (MO) theory is not only the most powerful and quantita-
tive theory of bonding but also the most mathematical and least intuitive. We
can provide only a brief description of MO theory. Molecular orbitals are created
by adding combinations of a molecule’s atomic orbitals. For example, in ethyl-
ene, H,C=CH,, together the two carbons and four hydrogens have a total of 12
valence atomic orbitals. These can be added together to form 12 molecular
orbitals. Six of them will be bonding molecular orbitals. Usually a molecule
has as many bonding MOs as it has bonds in its Lewis structure. An MO can
hold up to two electrons. However, unlike a valence bond hybridized orbital,
an MO is not necessarily localized between two atoms. It can extend over some
or all of the atoms of the molecule. A molecule’s MOs are ordered from low
energy to high energy. For example, in ethylene, the lowest-energy MO allows
two electrons to interact with all six of the molecule’s nuclei, resulting in a very
stabilizing interaction. The highest-energy bonding MO in ethylene looks very
much like the 1 orbital of valence bond theory. The two electrons are localized
between the carbon atoms, above and below the molecular plane.

In addition to bonding molecular orbitals, MO theory introduces the idea of
antibonding molecular orbitals. Molecules normally have equal numbers of
bonding and antibonding orbitals. Ethylene, for example, has six filled bonding
MOs and six empty antibonding MOs. Antibonding orbitals are higher in energy
than bonding MOs. Putting electrons into antibonding MOs destabilizes the
molecule (usually more than putting electrons into bonding orbitals stabilizes
the molecule). Antibonding orbitals have shapes that result in electron-electron
and nucleus-nucleus repulsion and very little electron-nucleus stabilization.
Essentially all stable molecules have just enough electrons so that all their
bonding MOs are filled and all their antibonding MOs are empty of electrons.

The importance of understanding chemical reactivity in terms of the
properties of antibonding MOs was developed by Kenichi Fukui, who was
awarded the Nobel Prize in chemistry in 1981. He found that many reactions
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could be explained by considering just a few molecular orbitals, frontier
orbitals. These are the highest occupied molecular orbital (HOMO) and
the lowest unoccupied molecular orbital (LUMO). The HOMO is the
highest energy bonding orbital, the one whose electrons are most weakly held.
The LUMO is the antibonding orbital of lowest energy. Often when a chemi-
cal reaction takes place, electrons flow from the highest occupied molecular
orbital on one molecule to the lowest unoccupied molecular orbital on the
other molecule. In this process, bonds are broken and new bonds are made.

H-») {-H H-.,O e H

The LUMO of ethylene, an antibonding The HOMO of ethylene, a bonding
n* orbital that is empty n orbital with two electrons

From the shapes of the MOs shown above, it is seen that the bonding MO
has one node—in the molecular plane. The antibonding MO has two nodes—
one in the molecular plane and one passing through the center of the C—C
bond perpendicular to the surface of the paper. In general, antibonding orbitals
have more nodes than bonding orbitals.

RESONANCE STRUCTURES

Not all molecules can be adequately described by a single Lewis structure.
For example, consider the reactive intermediate the allyl radical:

H H

: ! :
~a-H . A
H\CI/// }_/IC H H~C/ \IC,H " H\C/ \/C’H
I

H TR DA HoH

Allyl radical, " Valence bond Contributing structures for the
Lewis structure structure for the resonance hybric model of the allyl
allyl radical radical’s structure. Note the use of

a double-headed arrow.

The Lewis structure for the allyl radical shows one C=C double bond and
one C—C single bond. However, experimental data show that the two C—C
bonds in the allyl radical are of equal length.
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The symmetry in the allyl radical is clear from the valence bond depiction,
showing three p orbitals, each with one electron. Obviously, from the valence
bond picture, it is arbitrary which two carbons are double-bonded and which
carbon possesses the unpaired electron. In order to accurately represent the
bonding in the allyl radical (and in many other structures) using Lewis struc-
tures, the concept of resonance must be introduced.

Resonance theory states that for some molecules, the electron distribution
is a resonance hybrid of two or more contributing structures or resonance
structures. In the case of the allyl radical, two equivalent contributing struc-
tures are necessary to describe the bonding. Individual contributing structures
do not really exist. The molecule does not rapidly change from one structure
to the other but is a blend of both structures at once. For example, in the allyl
radical, the bonds do not oscillate between a short double bond and a long
single bond. The bonds are always equal in length, with a value intermediate
between that of a single bond and double bond. What the contributing struc-
tures represent is the delocalization of electrons among several nuclei.

Notice that contributing structures are always joined by doubled-headed
arrows. Whenever you see such arrows in an organic chemistry text, the struc-
tures are resonance hybrids.

Rules for Drawing Resonance Structures

Drawing resonance structures is one key to understanding organic chem-
istry. The following simple rules will make it.easier to construct proper reso-
nance structures.

L. First-row elements must obey the octet rule. They cannot have more than
_eight electrons in their valence shell although they can bave fewer than
eight.

/ ~ o .o -
Correct: H2C/ CHa ™ HL \CHZ

~N
Incorrect: H>C CH;
%___ tenelectrons

2. Only electrons are moved in drawing resonance structires, 1ot
nuclei. Al atoms must be in the same position in dall resonance
structures.
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H H H H H H
H ®_H H H H-® H
Correct: e R
H H H ® H H H
H H H
H H @H H
H ® H H H
Incorrect:
H H H H
H H

Each resonance structure must have the same net charge as any other.

Note than an uncharged structure and a structure with separated pos-
itive and negative charges both have net zero charge.

. O
0 <0 :
Correct: “ . I
/C\ /C\
H” ~H H® H
s '.- @ :O
@/O 5 @//
Incorrect:  H,C=—=N - HZC_N\
NELE 5 I@
00 et

Resonance structures must all bhave the same number of unpaired elec-
trons and the same total number of electrons. A subtle mistake is to
draw some structures with different numbers of electrons, leaving out
a lone pair for example. Such mistakes are difficult to pick up.

X
‘ Incorrect: >
NS

iN: O N
I i
Incorrect: 'l\: @ > [}j
C
VN, T
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. Resonance structures with no separation of charge are more important

than structures that have charge separation. It is always possible to
draw resonance structures where a double bond is replaced by adja-
cent positive and negative charges. Where the two double-bonded
atoms are the same, as is the case here for a C=C bond, such a reso-
nance structure is usually unimportant and does not really depict the
electron distribution in the molecule.

Correct: O a—
Unimportant: © -~

®

. For resonance structures with formal charges, the negative charge

should reside on the most electronegative atom, and the positive charge
on the most electropositive atom. Sometimes two contributing structures
are of unequal importance. For example, in the ketone structures here,
the uncharged contributing structure is more important than the charge-
separated contributing structure. Nevertheless, because oxygen is so
much more electronegative than carbon, the charge-separated structure

is of some importance. Its existence implies that negatively charged

reagents tend to react at the C of a C=0 double bond, and positively
charged reagents at the O of a C=0 double bond.

©
i ®
5 © ¢ .0 .0
[ - I I
C\ N not /C\
Hac/ CHs HsC ® CHs HsC o CH,

A molecule with several equivalent resonance structures is more stable than

a molecule without the electron delocalization implied by resonance. In other
words, resonance stabilizes molecules. The resonance stabilization (the
energy between the real molecule with resonance and a hypothetical mole-
cule with no resonance) will be low if the resonance structures differ from
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one another, as is the case for the ketone group, and will be substantial if all
the contributing structures are similar, as is the case for the allyl radical.

Resonance, as it has been presented here, is a phenomenon of electrons
in p orbitals and lone pair electrons. The electrons in ¢ orbitals do not par-
ticipate in resonance. In addition, for resonance interactions to take place, the
p orbitals must be parallel to one another. p orbitals that are perpendicular to
one another do not interact, and electrons cannot move between them.

EXERCISES

1. Draw all the important contributing structures for the following molecules.

‘ T
O O
@ . N O
@ | (b) HaC—N<’ © G—cHs (&) HET®™O
HoC— 3
@O/ \O@ 8 2 (H) CH,

2. Seven acceptable contributing structures can be drawn for the following "
molecule. Indicate which structures are the most important contributing
structures and give a reason for your choice.

o
Q_ //
c
\
CHy

3. The molecule phenanthrene has five acceptable resonance restructures.
Based on these structures, which double bond in phenanthrene is most
localized and thus most like an ordinary double bond?

Phenanthrene
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FUNCTIONAL GROUPS AND
NOMENCLATURE

THE CONCEPT OF
A FUNCTIONAL GROUP

The properties and reactivities of organic molecules are largely determined
by the kinds of functional groups a given molecule possesses. Functional
groups are groups of atoms that react in characteristic ways more or less inde-
pendently of their surroundings. For example, a carboxylic acid functional
group consists of a carbon atom double-bonded to an oxygen atom and single-
bonded to an OH group.

0
/
—C
\
O—H
The fourth valence on carbon can be attached anywhere on a carbon frame-
work. Any molecule that has the carboxylic acid functional group is expected
to be an acid, approximately as acidic as vinegar. One can make lists of
reagents that react with this functional group and what the products of these
reactions will be. The functional group concept is the central organizing prin-
ciple in organic chemistry.

Since we are usually concerned with the customary properties of a func-
tional group and not the specific properties of an individual molecule, we
need a symbol to represent a generic carbon framework. The letter R is nor-
mally used for this purpose. Thus, RCO,H represents any molecule with a car-
boxylic acid functional group.

COMMON ORGANIC
FUNCTIONAL GROUPS

Functional groups contain either heteroatoms or carbon-carbon double or
triple bonds. Normally, the heteroatoms are halogens, nitrogen, or oxygen.
Functional groups containing other atoms, especially sulfur or phosphorus, are
also important in organic chemistry but are less common and will be covered
later. A list of important functional groups is given in Table 3.1. Notice that

34
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TABLE 3.1. COMMON FUNCTIONAL GROUP STRUCTURES
Functional Group
Structure Name Example
H
Alkene \C C/CHB
c—C P
H H
CHs
C—— Alkyne H—CeeeC—C
Hz
O O
I Carboxylic acid H3C\ g
O __H CH™ ™\ M
o HsC” o
P 1 TS
C C Carboxylic acid C
- 07 N\ anhydride Hee” N0~ \CH3
0 7
Carboxvylic acid
C C
7~ \O/H ester H3C/ \O/CHQCH:;
) 0]
| Carboxylic acid g
< chloride HC” g
Cl o)
I ’ ¢
Amide H
/C\N/ CH3CHoCHy” SN
|
CH
! CHCHs °
e &—N Nitrile HCII—CEN
CHj
(@) 0)
|C|3 Aldehyd él)
ehyde
At HC” “H
O 0]
: K :
etone
R™ g HeC” “CHy
R—OH Alcohol CH3CH,CH,0H
— CH
R—N Amine HiC—N" =
N \H
R—O—R Ether HsC— O—CHyCH;
R—X, where Alkyl halide CH3CH,Br

X=F,Cl,Br, |
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some functional groups have closely related structures. For example, car-
boxylic acids and carboxylic acid esters differ only in the presence of an OH
or OR group. Aldehydes and ketones differ in having one H and one R or
two R (carbon) groups attached to the C=0. Any organic molecule can contain
one or more than one of these functional groups.

EXERCISES

Fach of the following molecules contains two functional groups. Identify
them.

o)

0 o Ha
, » . . ~C H
©)
Solutions

(a) Ketone, alcohol; (b) carboxylic acid anhydride, alkene; (¢) alkyne,
aldehyde.

ORGANIC CHEMISTRY
NOMENCLATURE

Nomenclature Problems

There are two kinds of nomenclature problems in organic chemistry. One
type involves being given the name of a compound and having to draw
its structure. Alternatively, one may be given a structural drawing and be
expected to provide a correct name for the molecule. A particular teacher or
examination may focus on one or both types of naming exercises. Increas-
ingly, the tendency in organic chemistry is to concentrate on the reactions of
organic molecules and depict molecules graphically, while deemphasizing
nomenclature. However, the emphasis on nomenclature varies greatly from
one course or examination to another. Students should have a clear under-
standing of the level of competence in nomenclature that the circumstances
require. This chapter provides information on naming all the common classes
of molecules. For the beginning student, it may be best to concentrate on the
nomenclature of hydrocarbons. As different functional groups and their redc-

tions are covered in detail, the reader can return to the appropriate section of
this chapter.
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Common and ITUPAC Nomenclature

Some compounds have been known for hundreds or thousands of years.
Grain alcohol, alcohol, ethyl alcohol, and ethanol are all names that have been
used for CH;CH,OH. The names of compounds that have a historical origin
are called common names or trivial names. However, because an unlimited
number of possible organic structures exists, a systematic method of naming
organic compounds has been developed by the International Union of Pure
and Applied Chemistry called IUPAC nomenclature or systematic nomen-
clature. Once the TUPAC rules are understood, any ITUPAC name can be used
to draw a unique molecular structure.

. Nomenclature of Unbranched Alkanes

Saturated hydrocarbons, which were defined in Chapter 1 as having the
empirical formula C,H,,,,, are called alkanes. The names of linear alkanes,
which are straight chains of carbons with no branches, are the basis of all
organic nomenclature (Table 3.2).

TABLE 3.2. NOMENCLATURE OF LINEAR ALKANES

Number of Molecular Condensed
Carbons Formula Name Structure
1 CH, Methane CH;
2 C.Hs Ethane CH,CH,
3 C.Hy Propane CH,CH,CH,
4 CHyo Butane CH;(CH,),CH;
5 CsH,, Pentane CH,(CH,);CH;
6 CeH 4 Hexane CH;(CH,);CH;
7 CHy Heptane CH;(CH,)sCH;
8 @ Cctane CH;(CH,)¢CH;
9 CoH,g Nonane CH;(CH,)-CH;
10 CioHa, Decane CH,(CH,)sCH;
11 (il 5Lz, Undecane CH;(CH,)oCHj;
12 Ciz:Hx Dodecane CH(CH,),,CH;
20 ; CxHs, Icosane CH;(CH,)3CH;
30 C30Hg;, Triacontane CH;(CH,)»xCH;
100 (C ol 2hnm Hectane CH3(CH,)osCH;

The names of the first four alkanes are common names. Subsequent alkanes
have names derived from Greek words. Linear alkanes make up a homo-
logous series of compounds, differing by the successive insertion of a
methylene group (—CH,—) into the chain.

Nomenclature of Branched Alkanes

Branched alkanes have hydrocarbon substituents branching off a linear
chain. Like all IUPAC names, the systematic names for these compounds have
three parts: a number and prefix (designating position and the number of
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carbon atoms in a branch); a root, also called an infix (designating the number
of carbons in the main chain); and a suffix (designating what functional group
or functional groups the molecule contains). The name of the simple hydro-
carbon 4-methyloctane illustrates these parts. The prefix 4-methyl- indicates
that a methyl group is attached at the fourth carbon. The root -oct- designates
the root chain octane, an eight-carbon chain. The suffix -ane indicates that
the molecule is an alkane.

T
2 2
’ Ha Ha Ha

CH3

4-Methyloctane
The names of some common groups are given in Figure 3.1.

Linear alkyl groups:
CH3— CH3CH2 - CH3CH2CH2 - CH30H20H2CH2 —

Methyl Ethyl Propyl Butyl

Branched alkyl groups:

HaC,_ HiC. CHa 77k
?H— _CH—CHp— CH3CH,CH — HaC—(l?—
HiC HsC CHs
Isopropyl Isobutyl sec-Butyl tert-Butyl
(i-Pr) (~-Bu) (sec-Bu) (+-Bu)
?HS H3C\
HSC_?_CHz_ /CH_CHQ_CHQ—
H
CHs s
Neopentyl Isopentyl

Unsaturated alkyl groups:

©/ HoC==CH— H,C==CH—CH,—

Phenyl (Ph) Vinyl Allyl

FIGURE 3.1.  Common substituent groups.
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The general steps taken to name any molecule in the ITUPAC system are,
first, to determine the functional group class to which the molecule belongs.
The functional group determines the suffix. For alkanes, the suffix is -ane.
Second, the principal carbon chain must be identified. For alkanes, this is the
longest chain (but- for four carbons, pent- for five carbons, and so on). Third,
determine what groups (such as those listed in Figure 3.1) are attached to the
principal chain and their numerical position on the chain. Finally, assemble
all the components into a complete name, using alphabetical order for all the

group names.

The process of finding the longest chain in a structure and the numerical
position of groups on the chain is one of the most difficult parts of nomen-
clature. In a complex structure, all the paths should be counted to ensure that
the longest chain is found. The way a molecule is drawn may obscure the

longest chain.

1 2 3
I 2
4
5 7

A dodecane derivative

A heptane derivative

The longest chain is numbered from one end to the other, and the direc-
tion is chosen to give the lowest possible numbers to the side chains. For two
possible directions of chain numbering, when a series of terms is compared
term by term, the lowest is the order that contains the lowest number on the
occasion of the first difference.

CHj
M 1 not

2
CHs CHs

CHs CHjg

1 CH
3
et b
6
CH; CHg
- ———
CH
% 2
5

since 2 is lower than 3

since 2, 3, 5is lowerthan 2, 4, 5
at the first difference
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Figure 3.1 gives the names of the groups most often found branching from
a chain. An unbranched alkyl substituent is named by taking its full name,
removing the suffix -ane and replacing it with the suffix -y/. Thus, a six-carbon
chain branching off a structure is a hexyl group. Sometimes a linear carbon
chain has the prefix n- (for normal). Alkyl and n-alkyl are the same, so the
n- prefix is redundant. When there are two or more substituents of the same
kind, they are given the prefixes di-, tri-, tetra-, penta-, and so on, to indicate
their number. Thus, three methyl (CHs;—) groups are indicated as trimethyl,
and numerical prefixes start the name, separated by commas, to indicate the
positions of the methyl groups on the chain. The two hydrocarbons drawn
above are named 2,3,5-trimethylheptane and 2,4,5-trimethylhexane. There are
no spaces in the name. When different groups are on a chain, they are
arranged in alphabetical order. The numerical prefixes di-, tri-, tetra- (and so
on) and sec- and tert- are ignored in alphabetizing groups. fert-Butyl is alpha-
betized under B and hexamethyl under M, for example. If the chain number-
ing gives identical substituent numbers in both directions, the group that is
alphabetically first is given the lower number.

Examples
5-lsopropyl-2- 6-Methyl-7-propyldodecane, 4-tert-butyl-2-
methylnonane not 6-propyl-7-methyldecane (M before P) methyloctane

Branched groups coming off a primary chain can be named not only as
isopropyl, fert-butyl, and so on, but systematically as well. In some cases the
groups do not have a common name and must be named systematically. The
branched group is assumed to be attached to the longest chain at the C-1 of
branched group. In naming the whole molecule the branched group’s name
is placed in parentheses. Outside the parentheses is placed the numerical
prefix that indicates the position of the group on the longest chain. The name
of the branched group, for purposes of alphabetization, is considered to begin
with the first letter of the complete name. Thus, a branched group (1,2-
dimethylpentyl) is alphabetized under D.
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Examples
6-(2,2-Dimethylpropyl)- 4-(1,1-Dimethylethyl)-
5-(1-methylethyl)dodecane or 5-ethyldecane or 4-tert-butyl-
5-isopropyl-6-neopentyldodecane 5-ethyldecane

In rare cases, chains of equal length may be chosen as the longest chain
in a molecule. To break the tie, the chain with the greatest number of side
chains is chosen as the main chain. Finally, one may have more than one of
the same highly branched group on a chain. Then, instead of using di-, tri-,
and so on, the multiplying prefix is derived from the Greek and is bis-, tris-,
tetrakis-, pentakis-, and so on. Thus, if one had three (1,2-dimethylpentyl)
groups on a chain, the numerical prefix would be tris(1,2-dimethylpentyl).

The above are not the complete rules for naming branched hydrocarbons,
but they should provide the basis for naming any saturated hydrocarbon an
introductory student is likely to encounter. One should also be able to derive
structures of hydrocarbons from lists of their names.

EXERCISES

1. Draw structures for the following hydrocarbons
(a) 2,2-dimethylhexane
(b) 4-ethyl-5-methyloctane g e s
(¢) 6-(1-methylbutyDdodecane ‘

2. Give IUPAC names for the following structures.

(a)

Solutions

2. (a) 2,2,5-Trimethyloctane;
(b) 3,5-diethyl-4-methylundecane;
(0 2,2,3,3-tetramethylbutane
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Note: Make sure that you are comfortable drawing molecules in the carbon
skeleton form used above. The molecular formulas for structures 1(a) through
(c) are CgH;s, Ci1Hag, Ci-Hag.

Cyclic Alkanes
Hydrocarbons can form ring structures, resulting in molecules with the
formula C,H,,. They are named using the prefix cyclo-:

Ay A

Cyclopropane Cyclopentane Cyclohexane Cyclooctane

When the ring is attached to a chain with more carbons than are in the ring
itself, the ring is named as an alkyl substituent, replacing the -ane suffix with
-yl. 2-Cyclopropylhexane and 3-cyclohexyldecane are examples of this rule.
Otherwise, the ring is given the root name. No number is needed if only one
group is on the ring. All positions on a ring are initially equivalent. Two sub-
stituents are listed in alphabetical order with position 1 for the group listed
first. Rings with three or more substituents are numbered in either a clock-
wise or a counterclockwise direction, according to which sense gives the
lowest numbering to the subsequent substituents.

Examples
HaC CHj
\
H2C
CHs
CHs H2,C’
HaC _CH CHa
1-Ethyl-2-methylcyclopentane HsC
/CH\ HaC
HaC CH3 CHoCHa 4
4-|sopropyl-1,2- Ethylcyclobutane 3-sec-Butyl-1,5-
dimethylcyclohexane dimethylcycloheptane

Alkenes and Alkynes
The suffix for compounds with a carbon-carbon double bond is -ene, and
-yne is the suffix for triple bonds. An older name for the alkene functional
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group is olefin. Nomenclature rules for alkenes and alkynes are similar to
those used for saturated hydrocarbons except that the longest carbon chain is
the one that contains both unsaturated carbons. The chain is numbered in
the direction that gives the first unsaturated carbon the lower number. If two
or more double or triple bonds are present, the prefixes di-, tri-, and so on,
are used. A triple bond takes precedence over a double bond for the final
suffix.

When a double bond is present in a ring, the two unsaturated carbons are
always numbered 1 and 2. When one of the unsaturated carbons is bonded
to a group, that carbon becomes C-1, even when it results in higher numbers
for groups elsewhere on the ring.

Examples

CH3CH,CH,CHoCH,CHy =CH,CH,CH; - CHaCHCH=CHCHs  y,c=c-c=c—C=CH,
CHyCH3 H H

3-Nonene 3-Ethyl-2-pentene  1,5-Hexadiene-3-yne

o 9 "

4-Methylcyclohexene 1,3-Cyclopentadiene 1,6-Dimethylcyclohexene,
not 2,3-dimethylcyclohexene

CHj

When a branch off a principal chain contains a double or triple bond, the
position of the double bond in the branch is indicated by a numerical prefix.
The suffix of the group is -eny! for a double bond and -yny! for a triple bond.
C-1 is the carbon bonded to the main chain. A substituent with the structure
CH;CH=CHCH,— is named 2-butenyl.

The most recent revision of IUPAC rules makes a change in the preferred
position of the numerical prefix indicating the position of double or triple
bonds. The new rules prefer that the numbers be placed immediately before
the part of the name to which they relate. Thus, in the examples above, 3-
nonene is named non-3-ene and 1,3-cyclopentadiene is cyclopenta-1,3-diene.
Students may encounter either style in lists of compounds.

Alkyl Halides

Alkyl halides are organic derivatives of F, Cl, Br, and I. Many simple halides
are used in organic chemistry, and their names are based on the organic groups
listed in Figure 2.1 followed by chloride, bromide, and so forth. For example,
CH:I is methyl iodide, and CH,=CHCH,—Br is allyl bromide. For more
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complex structures, the prefix fluoro-, chloro-, bromo-, or iodo- is added to
the name of the parent compound. When there are several groups on the
longest chain, the halogens and alkyl groups are given equivalent priority and
the chain is numbered to give the lowest number to the substituents:

T PO
|
Br Cl

1-Bromo-2-chloroethane 3-Fluorocyclopentene 4-Ethyl-1-iodoheptane

Alcohols

IUPAC rules permit two different strategies for naming alcohols, as well as
molecules with other kinds of functional groups. Functional class nomen-
clature involves naming the alkyl group that contains the HO— group (the
hydroxy substituent) and adding the word alcobol as a second word. This is
usually used for common alcohols of simple structure; for example, CH;OH
is methyl alcohol, and (CH;),CHOH is isopropyl alcohol.

The other type of nomenclature, substitutive nomenclature, adds the
suffix -o/ to the name of the parent hydrocarbon chain with removal of a
terminal -e before the vowel (i.e., ethanol and not ethaneol). The general
procedure of finding the longest chain containing the functional group, num-
bering the chain from the direction that gives the functional group the smaller
number, and adding branching groups in alphabetical order is followed. The
HO— group takes precedence over alkyl, halogen, and double or triple bonds
in determining the direction of chain numbering.

Examples
HO Br
\/\/\ HO\/\/\/OH /‘\'/\/\
OH CHj OH
Cyclohex-3- 4-Methyl-2-hexanol Pentane-1,5-diol 2-Bromoheptan-
en-1-ol or 1,5-pentanediol 3-ol or 2-bromo-
3-heptanol

Priority of Functional Groups

When a molecule has more than one functional group, one of them takes
priority for the last suffix. The order of functional group prioritics is given
in Table 3.2 along with the suffixes used to identify each functional group.
Prefixes are used to denote the presence of functional groups along a chain
when the molecule contains several different functional groups.
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TABLE 3.2. SUFFIXES AND PREFIXES USED IN IUPAC NOMENCLATURE’

Class Prefix Suffix

Carboxylic acid carboxy- -carboxylic acid or
-oic acid

Carboxylic anhydride — -anhydride

Carboxylic ester (R)-oxocarbonyl- (R)-carboxylate or
(R)-oate

Carboxylic acid chloride chlorocarbonyl- -carbonyl chloride or
-oyl chloride

Amide carbamoyl- -carboxamide or -amide

Nitrile cyano- -carbonitrile or -nitrile

Aldehyde Jformyl- or oxo- -carbaldebyde or -al

Ketone 0X0- -one

Alcohol hydroxy- -ol

Amine amino- -amine

Ether (R)-oxy —

“The functional groups are listed in order of decreasing priority.

Ethers

Ethers are normally not very reactive compounds and are usually used as
solvents in organic reactions. Simple ethers such as CH;CH,OCHj; are usually
named by citing the names of the two R groups attached to the oxygen in
alphabetical order followed by the class name ether, in the above case ethyl
methyl ether. Alternatively, eth<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>