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To my Students in Chemistry 10

Preface

T

PHIS BOOK ~ 4 PPEVET~OPED
s
from my lectures on chemical
1,onding in Chemistry 4 0 a l Golum1)in in the sprirrg of 1962,
and is mairll) iilter~dedfor Llle ur~dcrgraduatescuden t in chemistry
\\rho desires an iiltroductiorl to the modern tllcories of chcrnical
],onding. The malcrial is designed for a one-serneslcr course in
bonding, hut it may have greater use as a supplemcrltary text in
tlie undergraduate ch cmis try curriculum.
hook starts with a discussiorl of atomic structure a l ~ d
to the principal sul)ject of c1.1ernical I-)olrding. The
material in the first chapter is necessarily q u i k conde~isedand is
lrrterlded as a re vie^. (For rrlore details, the student is referred
to R.&I. Hochstrasser, Behavior of Eleclrons in, Atoms, Belljamin,
Ben Yorli, 1964).
Each chapter in the borlding discussiorr is devoted to an importau t family of molecules. Chapters IT througl.1 T 11 take up, in
order, the prillcipal molecular structures erlcour~teredas one proceeds from hydrogen throng11 tbe secor~droll of the periodic table.
Thus, this par1 of the hooli discusses 1)onding in diatomic, linear
triatomic, trigorla1 planar, tetrahedral, trigonal pyramidal, and
angular triatolnic molecules. Chapters \ 111 arid BX present an
iri troduclion to rnoderr~ideas of' bonding in organic rriolecules and
~rarlsition metal complexes. Throughout, our artist has used
small dots in drawing the bour~dary-surfacepictures of orbitals.
The dots are illterldcd only to give a pleasing three-dime~lsional
effect. Our d r a ~ings
r
are not intended to be charge-cloud pictures,
Clrargc-cloud pictures attempt to shoiv the electrorlic charge
density in an orbital as a fuunction of the dislaiice from the r~ucleus
by varying the "dot concentration."

vi i

Tlre discussion of atomic structure does rrot start with tlie
Sclrriidinger equation, hut with the Bohr Lheory. Ibelieve most
students appreciate the oppor lurr i ly of learning the developmerlt
of alomic tl~eoryi r ~this century arrd can make LEle transition
f'rom orl~itst o orhitals mitlrout niuclr diEcultj. The student can
also calculate several important physical quantities from the
simple Rohr theory. At tlre errd of the first chapter, there is a
discussioil of' atomic-term s ~ m b o l s in the Itussell-Sauoders
L S M L M s approximation.
In this boolt the molecular orbital theory is used to describe
bonding in molecules. \\ llere appropriate, the general molecular
orbitals are compared ith valcr~ce-bondand crystal-field descriptions. I have mritter~ this book for students 13ho have had no
Lrair~ing ill group tlleory. Althougll symmetry priraciples are
used througl.~outin tlrc molecular orhital treatmei~t,the formal
group-theoretical methods are not employed, arrd only irr Chapter
1X are group-theoretical s>mbols used. Professor Carl Ballhauserx
arrd 1 are pu1)lisliiilg an irltroductory lecture-note volume on
molecular orhital tlleorj, \\llich n as nritten a1 a sligl~tlyhigher
level tliarl the preser~t1)ook. The lecture r~otesemphasize tlie
applicalioa o l group theor3 t o clectrol~icstructural problems.
Tlre preserrl matcrial irlcludes problems integrated in the texl;
most of these are acconiparjicd by tlie worked-out solutior~s.
There are also a su1,stantial rrumher of problems and uuestioils
a t tile end of each chapter.
It is a great pleasure t o ackno~~ledge
tlre u~rfailingsupport,
encouragement, and devotion of the seventy-seven fello\rs who
took the Columbia College course called Ctienlistry 10 in the
spring of 1962. I doubt il' H sEiall ever have the privilege of ~vorking
w i t h a filler group. '6hc class notes, written hy Stephen Steinig
and Robert I'rice, nere o l co~rsiderablehelp to me in preparing
the first draft.
I \+auld like t o tlianli Professors Kalpl~6. Pearsorr, J o h ~D.
Roberts, and Arlen T'iste for reading the rnairuscripl arid oflcrirlg
many llelpful suggestio~~s.Parlicularly I nish to thar~lione of my
students, Jarnes Halper, lvho critically read the manuscript in
every draft. Finally, a large vote of tl~arlbsgoes to Diane Celeste,
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= 6.6236 X 10P7 erg-sec
Planck's constant, h
= 2.997923 X 10'" crri sec-I
Velocity of light, c
Electron rest mass, me = 9.1 091 X 1 0 P hg
Electronic charge, e
= t.00298 X 10V1%su (cm i"'ec-l)
Bohr radius, ao
= 0.520167 A
hvogadro's number, V = 6.0247 X 10" mole-' (physical scale)

Convevsion Factors
Energy
I electron volt (eV) = 8066 cmV1= 23.069 lical mole-I
I atomic unit (au) = 27.21 elT = 6.3392 X 10-I' ergs
= 2.1947 X 1 0 cm-l = 627.71 lical moleV1
Length
1 Angstrom (A)

=

loV8cm

Values recon~rnerldedby the rv'ational Bureau of Standards; see J . Chem.
Educ., 40, 642 (1963).

Electrons in Atoms

1-1 INTRODUCTORY REMARKS
he main purpose of this book is the discussion of bonding in
several important classes of molecules. Before starting this discussion, we shall review briefly the pertinent details of atomic structure. Since in our opinion the modern theories of atomic structure
began with the ideas of Niels Bohr, we start with the Bohr theory
of the hydrogen atom.

T

1-2

BOHR THEORY OF THE HYDROGEN ATOM

(1913)

Bohr pictured the electron in a hydrogen atom moving in a circular
orbit about the proton (see Fig. 1-1). Note that in Fig. 1-1, me represents the mass of the electron, m, the mass of the nucleus, r the
radius of the circular orbit, and w the linear velocity of the electron.
For a stable orbit, the followi~lgcondition must be met: the centrifugal force exerted by the moviilg electron must equal the combined forces of attraction between the nucleus and the electron:
centrifugal force

mow2
r

= --

There are two attractive forces tending to keep the electron in orbit:
the electric force of attraction between the proton and the electron,

Electrons and Chemical Bonding

Figure 1-1

Bohr's picture of the hydrogen atom.

and the gravitational force of attraction. Of these, me electric force
greatly predominates and we may neglect the gravitational force:
e2

electric force of attraction = r2

(1-2)

Equating (1-1) and (1-21, we have the condition for a stable orbit,
which is

We are now able to calculate the energy of an electron moving in
one of the Bohr orbits. The total energy is the sum of the kinetic
energy T and the potential energy V; thus

where T is the energy due to motion

Ele~tvonsin Atoms
and V is the energy due to electric attraction.

Thus the total energy is

However, the condition for a stable orbit is

Thus, substituting for mew2in Eq. (1-7), we have

Now we need only specify the orbit radius rand we can calculate the
energy. According to Eq. (1-9), all energies are allowed from zero
(r = a) t o infinity (r = 0).
the angular
At this point Bohr made a novel assumption-that
momentum of the system, equal t o nz,vr, can only have certain discrete values,
or quanta. The result is that only certain electron orbits are allowed.
According to the theory, the quantum unit of angular momentum is
h / 2 a ( h is a constant, named after Max Planck, which-is defined on
page 5). Thus, in mathematical terms, Bohr's assumption was

with n = 1, 2, 3 .
(1-lo), we have

. . (all integers to

a).

Solving for v in Eq.

Substituting the value of v from Eq. (1-11) in the condition for a
stable orbit [Eq. (1-S)], we obtain

4
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Equation (1-13) gives the radius of the allowable electron orbits for
the hydrogen atom in terms of the qzdantzm nztmber, n. The energy
associated with each allowable orbit may now be calculated by substituting the value of r from Eq. (1-13) in the energy expression
[Eq. (1-9)1, giving

PROBLEMS

1-1. Calculate the radius of the first Bohr orbit.
S'olution. The radius of the first Bohr orbit may be obtained directly
from Eq. (1-13)

Substituting n = 1 and the values of the constants, we obtain
(1)2(6.6238 X
=

erg-~ec)~

4(3.1416)2(9.1072 X
g)(4.8022
cm = 0.529 A
0.529 X

X 10-lo abs

The Bohr radius for n = 1 is designated ao.
1-2. Calculate the velocity of an electron in the first Bohr orbit
of the hydrogen atom.
Solution. From Eq. (1-ll),

Substituting n
."

= 1 and

r = as = 0.529 X

(6.6238 X lopz7erg-sec)
2(3.1416)

= (1)

cm, we obtain
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S

The most stable state of an atom has the lowest energy and
state. From E q . (1-14) i t is clear that the
this is called the groand
most stable electronic state of the hydrogen atom occurs when l z = 1.
States that have n > 1 are less stable than the ground state and
nnderstandably are called excited states. The electron in the hydrogen
atom may jump from the n = 1 level to another ?z level if the correct
amount of energy is supplied. If the energy supplied is light energy,
light is absorbed by the atom at the light frequency exactly equivalent to the energy required to perform the quantum jz~nzp. On the
other hand, light
is emitted if an electron falls back from a higher fz
level to the ground-state (?z = 1 ) level.
The light absorbed or emitted at certain characteristic frequencies
as a result of the electron changing orbits may be captured as a series
of lines on a photographic plate. The lines resulting from light absorption constitute an absorption spectram, and the lines resulting from
emission constitute an enzissiotz spectrum. The frequency v of light
absorbed or emitted is related to energy E by the equation deduced
by Planck and Einstein,
E = bv
(1-15)
where b is called Planck's constant and is equal to 6.625 X
erg-sec.
It was known a long time before the Bohr theory that the positions
of the emission lines in the spectrum of the hydrogen atom could be
described by a very simple equatioil

where ?z and m are integers, and where RII is a constant, called the
Rydberg constant after the man who first discovered the empirical correlation.
This equation can be obtained directly from the Dohr theory as
follows: The transition energy ( E H ) of any electron jump in the
hydrogen atom is the energy difference between an initial state I and
a final state II. That is,
(1-17)
E I I = EII - EI

Electrons and Chemical Bonding
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or, from Eq. (1-14),

Replacing EII with its equivalent frequency of light from Eq. (1-15),
we have

Equation (1-20) is equivalent to the experinlental result, Eq. (1-16),
the value of
= m, and RH = ( 2 ~ ~ m , e ~ ) / hUsing
~.
with nI = n,
g for the rest mass of the electron, the Bohr-theory
9.1085 X
value of the Rydberg constant is

It is common practice to express RH in zunvs nz~nzbersv rather than
in frequency. Wave numbers and frequency are related by the equation
v = c5
(1-22)
where c is the velocity of light. Thus

The accurately known experimental value of RK is 109,677.581cm-l.
This remarkable agreement of theory and experiment was a great
triumph for the Bohr theory.
PROBLEMS
1-3. Calculate the ionization potential of the hydrogen atom.
Solution. The ionization potential (IP) of an atom or molecule is the

energy needed to completely remove an electron from the atom or
molecule in its ground state, forming a positive ion. For the hydrogen atom, the process is

Electrons in Atoms
H-+Hf+e

E=IP

We may start with Eq. (1-19),

For the ground state, nr = 1; for the state in which the electron is
completely removed from the atom, nrr = a . Thus,

Recall that

and therefore

Then

1p

e2
2a0

= -- =

(4.8022 X 10-1° abs e ~ u ) ~
= 2.179 X
2(0.529 X
cm)

lo-"

erg

Ionization potentials are usually expressed in electron volts. Since
1 erg = 6.2419 X 10" eV, we calculate

IP

=

2.179 X 10-11 erg = 13.60 eV

The experimental value of the IP of the hydrogen atom is 13.595 eV.
1-4. Calculate the third ionization potential of the lithium atom.
Solution. The lithium atom is composed of a nucleus of charge
+ 3 ( 2 = 3) and three electrons. The first ionization potential IP1
of an atom with more than one electron is the energy required to
remove one electron; for lithium,

The energy needed to remove an electron from the unipositive ion
Li+ is defined as the second ionization potential IP2 of lithium,

and the third ionization potential IP3 of lithium is therefore the
energy required to remove the one remaining electron in Liz+.

Electrons and Chemical Bonding
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The problem of one electron moving around a nucleus of charge
+3 (or +Z) is very similar to the hydrogen atom problem. Since
the attractive force is Ze2/r2, the cotldition for a stable orbit is

Carrying this condition through as in the hydrogen atom case and
again making the quantum assumption

we find
r=

n2h2
4?r2m,Ze2

and

Thus Eq. (1-19) gives, for the general case of nuclear charge Z,

or simply E = Z 2 E ~ .For lithium, Z = 3 and IPP = (3)2(2.179 X
10-I' erg) = 1.961 X 10-lo erg = 122.4 eV.
1-5. The Lyman series of emission spectral lines arises from transitions in which the excited electron falls back into the n = 1 level.
Calculate the quantum number n of the initial state for the Lyman
line that has F = 97,492.208 cm-'.
Solzltion. We use Eq. (1-20)

in which nIr is the quantum number of the initial state for an
emission line, and nr = 1 for the Lyman series. Using the experimental value

Electrons itz Atoms
we have

97,192 208 = 109,677.581(1 -

;$)

ooi

=

3

The idea of an electron circling the nucleus in a well-defined orbit
-just as the moon circles the earth-was easy to grasp, and Bohr's
theory gained wide acceptance. Little by little, however, i t was
realized that this simple theory was not the final answer. One difficulty was the fact that an atom in a magnetic field has a more complicated emission spectrum than the same atom in the absence of a
magnetic field. This phenomenon is known as the Zeeman effectand
is not explicable by the simple Bohr theory. However, the German
physicist Sommerfeld was able to temporarily rescue the simple
theory by suggesting elliptical orbits in addition to circular orbits
for the electron. The combined Bobr-Sommerfeld t6eoy explained the
Zeeman effect very nicely.
More serious was the inability of even the Bohr-Sommerfeld
theory to account for the spectral details of the atoms that have several electrons. But these were the 1920s and theoretical physics was
enjoying its greatest period. Soon the ideas of de Broglie, Schrodinger, and Heisenberg would put atomic theory on a sound foundation.

1-5

ELECTRON WAVES

In 1924, the French physicist Louis de Broglie suggested that electrons travel in waves, analogous to light ~vaves. The smallest units
of light (light qaanta) are called photons. The mass of a photon is
given by the Einstein equation of mass-energy equivalence

Recall from Eq. (1-15) that the energy and frequency of light are related by the expression

Electrorzs and Chemical Bonding
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Combining Eq. (1-24) and Eq. (1-25), we have
m = -hv
c2

The momentum

p

(1-26)

of a photon is
p

=

nzv = mc

(1-27)

Substituting the mass of a photon from Eq. (1-26), we have

Since frequency v, wavelength A , and velocity v are related by tlze
expression

we find

Equation (1-30) gives the wavelength of the light waves or electron waves. For an electron traveling in a circ~llarBohr orbit, there
must be an integral number of wavelengths in order to have a standing wave (see Fig. 1-2), or

nX = 27rr

(1-31)

Substituting for X from Eq. (1-30), we have

n - = rp = angular momentum
(29

Thus de Broglie zuaves can be used to explain Bohr's novel postulate
[Eq. (1-lo)].

Electrons in Atoms

Figure 1-2

A standing electron wave with n = 5.
',""I

1-6

,

THE UNCERTAINTY PRINCIPLE

suggestion that an electron has wave properties such as wavelength,
frequency, phase, and interference. In seemingly direct contradiction, however, certain other experiments, particularly those of
energy, and momentum.
forward the principle of complementarity, in which he postulated that

12
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an electron cannot exhibit both wave and particle properties simultaneously, but that these properties are in fact complementary descriptions of the behavior of electrons.
A consequence of the apparently dual nature of an electron is the
u?zcertuintyprinciple, developed by Werner Heisenberg. The essential
principle is that it is impossible to specify at
idea of the ~~ncertainty
any given moment both the position and the momentum of an electron. The lower limit of this uncertainty is Planck's constant
divided by 47r. In equational form,

Here Ap, is the uncertainty it1 the momentum and Ax is the uncertainty in the position. Thus, at any instant, the more accurately i t
is possible to measure the momentum of an electron, the more uncertain the exact position becomes. The uncertainty principle means
that we cannot think of an electron as traveling around from point
to point, with a certain momentum at each point. Rather we are
forced t o consider the electron as having only a certain probability
of being found at each fixed point in space. We must also realize that
i t is not possible to measure simultaneously, and to any desired accuracy, the physical quantities that would allow us to decide whether
the electron is a particle or a wave. We thus carry forth the idea that
the electron is both a particle and a wave.

Since an electron has wave properties, it is described as a wave function, I)or #(x,y,<)'),the latter meaning that I)is a function of coordinates x,y, and q. The wave function can take on positive, negative,
or imaginary values. The probability of finding an electron in any
volume element in space is proportional to the square of the absolute
value of the wave function, integrated over that: volume of space.
This is the physical significance of the wave function. Measurements
we make of electronic charge density, then, should be related to jI)j2,
not I). Expressed as an equation, we have

I3
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By way of further explanation, it should be noted that the probability of finding an electron in any volume element must be real and
positive, and i $ I 2 always satisfies this requirement.

1-8

THE S C H R ~ D I N G E RWAVE EQUATION

In 1926, the Austrian physicist Erwin Schrodinger presented the
equation relating the energy of a system to the wave motion. The
Schrodin.ger eqz~ationis commonly written in the form
X$

=

E$

(1-35)

where X is an operator called the Wamiltonian operator (after the
English physicist Hamilton) and represents the general form of the
kinetic and potential energies of the system; E is the numerical value
of the energy for any particular $. The wave functions that give
solutions t o Eq. (1-35) are called eigsnfzmctions; the energies E that
result from the solutioils are called eigenvalues.
The Schradinger equation is a complicated differential equation
and is capable of exact solution only for very simple systems. Fortunately, one of these systems is the hydrogen atom.
The solution of the Schrodinger equation for the hydrogen atom
yields wave functions of the general form

We shall now attempt to explain the parts of Eq. (1-36).

1-9 THE NORMALIZATION CONSTANT
In Eq. (1-36), N is a normaliqntion constant, fixed so that

j - 1 i $ 1 2 d d ~ d ~ d i l1
=

(1-37)

That is, the probability of finding the electron somevvhere in space
must be unity.

1-10
X,l(r)
IR,t(r)

l2

T H E RADIAL PART OF T H E W A V E FUNCTION

is the rddial part of the wave function. The value of
gives the probability of finding the electron any distance r

Electrons atzd Clze~nicalBonding
from the nucleus. The two quantum numbers lz and I are associated
with the radial part of the wave function: n is called the principal
guantam ~zzmberand defines the mean radius for the electron; finlm, can
only be an eigenfunction for n = 1 , 2 , 3 . . . integers. I is the qaantzdm
number which specifies the angular momentum of the electron; $nz,,,
can only be an eigenfunction for I = 0, 1, 2, 3, . . . to n - 1.

1-11 THE A N G U L A R PART OF T H E W A V E FUNCTION
alml( x / r , y,lr, 4/r) is the angular part of the wave function. The
quantum numbers I and m2 are associated with the angular part of
the wave function. mi is called the magnetic quantzm nz~mberand defines the possible values for the x-axis component of the angular
momentum of the electron in a magnetic field. rk,lm, can only be
an eigenfunction for ml = +Z, I - 1, I - 2, . . . to -I.

1-12

ORBITALS

The hydrogen eigenfunctioils rl.,~,, are commonly called orbitals.
The orbitals for the hydrogen atom are classified according to their
angular distribution, or I value. Each different I value is assigned a
letter:
1 = 0 is an s orbital.
= 1 is a p orbital.
= 2 is a d orbital.
= 3 is an f orbital.

I
I
I

The letters s, p, d, and f are taken from spectroscopic notation. For
= 4 or more, alphabetical order is followed, omitting only the
letter j. Thus, 1 = 4 is a g orbital, 1 = 5 is an h orbital, etc.
An orbital is completely specified in this shorthand notation by
letter
for
adding the n and nz~values. The n value goes in front of the
.
the 1 value. The mi value IS indicacLdBs a subscript, the total shorthand being nl,,. Now for ml # 0, the nl,, orbitals are imaginary
functions. It is usually more convenient to deal with an equivalent
set of real functions, which are linear combinations of these nl,,
functions. The shorthand for the real hydrogen orbitals is again nl;
the added subscript now gives the angular dependency. The complete set of real orbitals for hydrogen through n = 3 is given in
Table 1-1.

I
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T a b l e 1- 1
Important Orbitals for the Hydrogen Atoma
Orbital quantum
numbers
n
I
ml

Ovbital
desig-

natiolz

Angular f u ~ x 2 i o n , ~

Radial function,b
Rnz(r)

a ~ o t the
h radial and the angular functions a r e normaliz.rd to one; r i s in atomic
units (that i s , in units of a o ; see problem 1-11.
b ~ convert
o
to a general radial function f o r a one-electron atom with any nuclear
charge Z , replace r by Z r and multiply each function by ( z ) ~ / ~ .
'Often expressed in the spherical coordinates B and q5 by replacing x with .p. sin 0 x
cos $,I y with r sin B sin $, and z with r cos 0.
d ~ i ts not correct to assign ml values to the r e a l functions x , y , x 2 - y 2 , x z , y z ,
and x y .

- *&

It is common practice to make drawings of the hydrogen orbitals,
outlining the region within which there is a large probability for
finding the electron. Remember that the electronic density in an
orbital is related to the square of the absolute value of the waw function.
Keep this in mind when you encounter dual-purpose drawings of tha
boundary surfaces of orbitals, which outline 90 per cent, say, of 1+(2,
and also indicate the 4 and - signs on the lobes given by the angular
part of $. The boundary-surface pictures are very useful and should
be memorized. The boundary surfaces for s, p, d, and f orbitals are
given in Figs. 1-3, 1-4, 1-5, and 1-6, along with radial-distribution
graphs for the different orbitals.

j,,
; ,$

.

&*;
-r
+;

!(

1;

s orbital

5

.- , t i

-

-L

- .

.*

.

t_

:

(b)

.

-,

(b) Plots
Is, 28, and 3s orbitals. The
2s radial function changes sign as r increases. Thus there is a
point where R(r) = 0 for the 2s radial function. Such a zero
point is called a node. The 3s radial function has two nodes.

.Figure 1-3

(a) Boundary surface of an s orbital.

' of the radial function R(r) w. r for

.,
*Z

-5

i;2-d.2

- .

=

ps orbital

pS orbital

--:

-

I

(b)
Figure 1-4 (a) Boundary surfaces of the p orbitals. (b) Ploti ?&of the radial function R (r) vs.
orbital has one node, as indicated.

1-13

ELECTRON SPIN

The three quantum numbers n, I , and ml are all associated with t
movement of the electron around the nucleus of the hydrogen atom.
In order to explain certain precise spectral observations, Goudsmit
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d,, orbital

d, orbital
(a)

I

d,, orbital

I

I

d,

d, orbital

-,
orbital

r
(6)
Figure 1-5 (a) Boundary surfaces of the d orbitals. (b) Plot
of R(r) vs. r for a 3d orbital.

Electrons and Chemical Boltding
and Uhlenbeck (1925) introduced the idea of electron spin (this is
analogous to the earth spinning about its own axis while moving in
an orbit around the sun). The spin of an electron is quantized in
half-integer units, and two more quantum numbers, s and nz,, are
added to our collection: s is called the spin quantum number and equals
f ; m, is related to s in the same way that ml is related to I and equals
if.

It has not been possible to solve the Schrodinger equation exactly
for atoms with t w o or more electrons. Although the orbitals for a
many-electron atom are not quite the same as the hydrogen orbitals,
vr7e do expect the number of orbitals and their angular dependencies
to be the same. Thus the hydrogen orbitals are used to describe the
electronic structure of an atom with more than one electron. The
procedure is simply to assign t o each electron in the atom a set of the
four quantum numbers n , 1, ml, ancl m, ( s is always $), remembering
that no two electrons car2 have the same foztr quantztfn nz~mbers. This is a
statement of the Pauli principle.
What we actually do, then, is to fill up the hydrogen orbitals with
the proper number of electrons for the atom under consideration (the
aufbazt, or building up, principle). One electron can be placed in each
orbital. Since an electron can have fn, equal to +for -$, two electrons map have the same orbital quantum numbers. The total number of electrons that the different orbital sets call accommodate is
given in Table 1-2.
The s, p, d, f , etc., orbital sets usually are called subshells. The
group of subshells for any given fz value is called a shell.
The ground-state electronic configuration of a many-electron atom
is of greatest interest. In order to determine the ground state of a
many-electron atom the orbital sets are filled up in order of increasing
energy until all the electrons have been accommodated. We know
from experimental observations that the order of increasing energy
of the orbital sets in many-electron neutral atoms is Is, 2s, 2p, 3s, 3p,
4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7 s , 5f
6d. A diagram showing
the energies of the orbitals in neutral atoms is given in Fig. 1-7.

-

The 8, P , d , and f Orbital S e l ~
Total numbev
Total
of electvons
og~bitals that can be
in set accommodated

TYPe
Orbital
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Figure 1-7
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Relative energies of the orbitals in neutral atoms.
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1-15

RUSSELL-SAUNDERS TERMS

It is convenient to classify an atomic state in terms of total orbital
angular momentum L and total spin S (capital letters always are used
for systems of electrons; small letters are reserved for individual electrons). This Russell-Saunders LSMLMs scheme will now be described in detail.
For a system of n electrons, ure define

We also have these relationships between L and M L , S and Ms:

Let us take the lithium atom as an illustrative example. The
atomic number (the number of protons or electrons in the neutral atom)

of lithium is 3. Therefore the orbital electronic configuration of the
term is found
ground state is (ls)2(2s)1. The ground-state LSML,~?VI~
as follows:
I. Find the possible values of ML.

+ +

M L = mi, mz, ml,
(all are s electrons)
mi, = ml, = ml, = O
ML= O
2. Find the possible values of L.

3. Find the possible values of M s .

+ +

M s = msl m,,
m8,
m,, = ++, m,, = - L 2 ,
or

-+

4. Find the possible values of S

1zs3=rt$
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A XasseII-Saunders term is written in the shorthand notation 2S+X.
The superscript 2S
1gives the number of different Ms values of any

+

state, often referred to as the spin m.altiplzcity. As in the single-electron-orbital shorthand, letters are used for L. (L = 0 is 5; L = 1 is
P; L = 2 is D; L = 3 is F; etc.) For the lithium atom, the groundstate term has L = 0 and S = +,designated 2S. An excited electronic
configuration for lithium would be (1~)~(2p)'. For this configura). Theretion, we find ML = 1, 0, - 1(L = 1) and Ms = f + ( S = i
fore the term designation of this particular excited state is 2P.
Admittedly the lithium atom is a very simple case. To find the
term designations
of the -ground state and excited states for more
complicated electronic structures, it helps to construct a chart of the
possible ML and Ms values. This more general procedure may be
illustrated with the carbon atom. The carbon atom has six electrons. Thus the orbital configuration of the ground state must be
(lsj2(2~)~(2p)2. It remains for us to find the correct ground-state
term.
First a chart is drawn as shown in Fig. 1-8a, placing the possible
values of ML in the left-hand column and the possible values of M s
in the top row. We need consider only the electrons in incompletely
filled subshells. Filled shells or subshells may be ignored in constructing such a chart since they always give a contribution ML =
o(L = 0) and Ms = o(S = 0). (Convince yourself of this before
) ~important. Each
proceeding.) For carbon the configuration ( 2 ~ is
of the two p electrons has I = 1 and can therefore have ml = $1, 0,
or -1. Thus the values possible for ML range from + 2 to -2.
or -+. Thus the
Each of the two p electrons can have m, =
values possible for Ms are 1, 0, and -1.
The next step is to write down all the allowable combinations
(called microstates) of ml and m, values for the two p electrons and to
place these microstates in their proper ML, Ms boxes. The general
form for these microstates is

++

ml,mls . . . mi,&

+ stands for m, = ++
- stands for m, =

-%

The microstate that fits in the ML = 2,2i.ls = 1box is (f, i). However, since for both the 2p electrons under consideration n = 2 and

'

crossing out the six microstates in the

ciple and is crossed out in Fig. 1-8a.

Ms

=

1 and Ms

=

-1

..
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and therefore M L = 2 if their m, values differ. Thus the microstate
(i, i) is allowable and fits in the M L = 2, M S = 0 box. This procedure is followed until the chart is completed.
From the completed chart the 2S+1Lterms may be written down.
Start at top left on the chart. There is a microstate with M L = 1,
M s = 1. This microstate may be considered the parent of a state
that has L = 1, S = 1, or 3P. From Eqs. (1-40) and (1-41), we see
that a term with L = 1 and S = 1 has all possible combinations of
M L = 1,0,- 1 and M s = 1,0,- 1. Therefore, a 3P state q u s t have,
in addition to the M L = 1, M s = 1 microstate, microstates with
M L = 0 , M s = 1; M L = -1, M s = 1; Mr, = 1, M s = O ; M L = 0 ,
M s = O ; M L = -1, Ms = O ; M L = 1, M s = -1. M L -O,MS=
- 1; M L = - 1, M s = -1. Thus a total of nine microstates are accounted for by the 3P term. Subtracting these nine microstates from
the chart, we are left with a new puzzle, as shown in Fig. 1-8b.
Moving across the top row, there is a microstate with M L = 2,
M s = 0 , which may be considered the parent of a state that has
L = 2, S = 0 , or ID. The ' D state also must have microstates M L =
1 , M s = O;ML= O,Ms= O;ML= -1,Ms= O;ML= -2,Ms=
0. Subtracting these five combinations of the
state, we are left
with a single microstate in the M L = 0 , M S = 0 box. This microstate indicates that there is a term h a v ~ n gL = 0 , S = 0 , or IS.

We now have the three terms, 3P, ID, and IS, which account for all
the allowable microstates arising from the ( 2 ~electronic
) ~
configuration. The ground-state term always has maximum spin multiplicity. Thls is Hand's first rule. Therefore, for the carbon atom,
the 3P term 1s1the ground state.
) ~
The
and IS terms are excited states having the ( 2 ~ orbital
electronic configuration. Hand's second vale says that, when comparing two states of the same spln multiplicity, the state with the
higher value of L is usually more stable. This is the case with the
' D and terms for the carbon atom, since the lD state is more stable
than the lS state.
PROBLEMS

1-6. Work out the ground-state and excited-state terms for the
most stable orbital electronic configuration of the titanium atom.
Solution. The atomic number of titanium is 22. Thus the most
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stable orbital electronic configuration is (ls)2(2s)2(2p)6(3s)Z(3p)6
( 4 ~ ) 2 ( 3 d ) ~The
.
only incompletely filled subshell is 3d.
Examine Table 1-3, the M L , M S chart for the (3dY configuration.
The
i) microstate is the parent of a 3F term. The 3F term

(i,

Table 1-3
Values of M A , MS for (3d)2Configuration

Electrons in Atoms
accounts for 21 microstates. Starting at the MI. = 1, M S = 1 box,
there are two microstates. Thus there also must be a 3P term. The
2) microstate is the parent of a term. The terms ' D and ' S
account for the remaining microstates in the M s = 0 column.
The ground-state term has maximum spin multiplicity and must
be either 3F or 3P. The 3F state has the higher angular momentum
(L = 3 ) and is predicted to be the ground state. The 3F term is the
experimentally observed ground state for the titanium atom. The
3P state is the first excited state, with the '6, ' D , and lS states more
unstable.
1-7. Using Table 1-4, work out the terms arising from the orbital
electronic configuration (3d)l(4d)', and designate the most stable
state.
Solution. The (3d)l(4d)' problem is slightly different from the (3d)Z
problem. Both electrons are d electrons with 1 = 2, but one has
+ +
n = 3 and one has n = 4. Thus, for example, the (2, 2 ) microstate does not violate the Pauli principle, since the n quantum numbers differ. The bookkeeping is simplified by adding a subscript
4 to the rnl value for the 4d electron.
The terms deduced from the chart for the (3d)'(4d)l configuration
are 3G, 3F, 3D, 3P, 3S, lG, IF, ID, lP, and IS. Following the spinmultiplicity and angular-momentum rules, the 3G state should be
most stable.

(i,

1-16 I O N I Z A T I O N POTENTIALS
The ionization potential (abbreviated IP) of an atom is the minimum energy required to completely remove an electron from the
atom. This process may be written
atom

+ IP(energy) + unipositive ion + electron

(1-42)

Further ionizations -are possible for all atoms but hydrogen. In
general, the ionization energy required to detach the first electron is
called IP1, and subsequent ionizations require IP2, IP3, IP*, etc.
Quite obviously, for any atom there are exactly as many IP's as
electrons.
The first ionization potentials for most of the atoms are given in
Table 1-5. For any atom, the IP1 is always the smallest IP. This
is understandable since removal of a negatively charged particle

Table 1-4

Values of ML,M S for (3d)' (44' Cs&iguration

--

(I,l4 I
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T a b l e 1-5

The Electronic Configurations and Ionization Potentials o f Atoms

Z

Atom (A)

Ovbital electvonic
configuvation

Gvound
state
tevm

I&, e v a

1s
1 s2
[He]2 s
[ n e ]2 s"
[He]2s22p
[He12s22p2
[He]2s22p3
[ ~ e ] 22p4
s~
[ ~ e ] 2 s2p5
'
[ ~ e2 s2
] 2p6
[Ne]3 s
[Ne]3 s2
[ ~ e3 sZ
] 315
[IVe]3s23p2
[Ne]3s23p3
[IVe]3s23p4
[Ne]3s23p5
[Ne]3s23p6
[Ar]4 s
[Ar]4s2
[Ar]4s23 d
[Ar]4 s23 d2
[Ar]4s23d3
[ A r ] 4 s3d5
[Ar]4s23d5
[Ar]4s23 d6
[Ar]4s2 3 d7
[Ar]4s23d8
[ A r ] 4 s 3dL0
[fkr]4s2
3 dl0
[Ar]4s23d1°4p
[ ~ r ] 4 s ~40'
3 d ~ ~

[ ~ r ] 4 s3dl04p4
'
[Ar]4s23d'04p5
(continued)
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T a b 1e 1 - 5 (continued)

Z

Atom (A)

Orbital electvonic
configuvation

Ground
state
tevm

ZP,, eV

[ ~ r ] 4 s ~ 3 d4p6
'O
W-15~
[Kr]5 s2
[Kr]5sz4d
[&]5s24d2
[Kr]5s 4d4
[Kr]5s 4d5
[Kr]5s2
4d5
[Kr]5s4a7
[KrJ5s4d8
[~r]4d''
[ K r ]5 s 4 d"
[Kr]5~~4d~~
[Kr]5sz4dl0 5p
[Kr]5s24d1° 5 p 3
[~r]5s~4d~'5p~
[Kr]5 s24 dl0 5 p6
[Xe]6s
[Xe]6 s2
[Xe]6 s25 d
[Xe]6sZ4f5d
[Xe]6 sz 4f
[Xe]6s24 y 4
[Xe]6 s24/
[ ~ e ]s264f"
[Xe]6s24f
[ x e ] 6 s 2 4 75d
f
[Xe]6sz4f' ?
[Xe]6sZ4
f lo
[Xe]6s24f
[Xe]6s24f l Z
[ ~ e ]sz64f l 3
[xe]6s24f l 4
[Xe]6sZ4f145d
[Xe]6sZ4f145d2
(continued)
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T a bl e 1 - 5

Z

A t o m (A)

73
74
75
76
77
78
79
80
81
82
83
84
85
86
87
88
89
90
91
92
93
94
95
96
97
98
99
100
101
102
103

Ta
W
Re
0s

Ir

Pt
Au
Hg
TI
Pb
Bi
Po
At
Rn
Fr
Ra
Ac
Th
Pa
U
NP

Pu
Am
Cm
Bk
Cf

Es
Fm
Md
No

-

Lw

(continued)

Oybital electvonic
configuvation

Gvound
state
tevrn

IPl, eV

[ X e ] 6 s 2 4 j145d3
4i7
7.88
[~e]6s~4j'~5d~
5~
7.98
[ x e ] 6 s 2 4 f145d5
s
7.87
[ X e ]6 s2 4f l 4 5 d6
5~
8.7
[ X e ] 6s2 4f l 4 5 d7
4~
9
[ x e ] 6 s 2 4 f145d9
3~
9.0
[ X e ]6 s 4 f l 4 5 dl0
s
9.22
[ x e ] 6 s 2 4 f145d10
I s
10.43
[ x e ] 6 s 2 4 f145d106p
2~
6.106
[ x e ] 6 s 2 4 f1 4 5 d 1 0 6 f i 2
3~
7.415
[ x e ] 6 s 2 4 f145d106p3
s
7.287
[ ~ e ] 6 s ~ 4 j ~ ~ 5 d ~ ~P 6 f i ~ 8.43
[ ~ e ]s264j14 5 dl0 6 f i 5
2P
[ X e ] 6s 2 4f l 4 5d10 5p6
'S
10.746
[Rn]7s
S
[ Rn]7 s2
'S
5.277
[ R n ]7 s2 6 d
2~
[Rn]7s26 d 2
3~
6.95e
[ R n ] 7 s 2 5 f' 6 d
¶I<
[ ~ n ] 7 s ' 5 3f 6 d
5~
6.le
[ R n ] 7 s 2 5 f4 6 d
6~
[Rn]7s2 5f "
7P
5. l f
[Rn]7s25f
8S
6.0g
[ R n ] 7 s 2 5 f7 6 d
'D
[Rn]7s25f 9
[ R n ]7 s2 5 f
1
[Rn]7s25f "
4~
[Rn]7s25f12
3~
[Rn]7s25f l 3
2~
[ R n ] 7 s 25 f l 4
'S
[ R n ] 7 s 2 5 f146d
2~

a~rom
C . E. Moore, "Atomic Energy Levels," NBS Czrcular 467, 1949,
1952, and 1958, except a s indicated.
b ~ Moeller,
.
The Chemzstry of the Lanthanzdes, Reinhold, New York,
1963, p. 37.
'N. I. Ionov and M. A. Mitsev, Zhur. Eksptl. z Theoret. Fzz., 40, 741 (1961).
d ~ Blaise
.
and R . Vetter, Compt. Rend., 256, 630 (1963).
e ~ F .. Zmbov, Bull. Borzs Kzdrzch Inst. Nucl. Scz., 13, 17 (1962).
' R . H . U . M . Dawton and K. L. Wilklnson, Atomzc Energy Research Estab.
(Gt. Brzt.), GR/R, 1906 (1956).
g M . F r e d and F . S. T o m p ~ i n s ,J. Opt. Soc. Am., 47, 1076 (1957).

,

and O([He]2s22p4)has IPl = 13.614 eV. The steady if slightly ir- ,,'
regular increase in IP' s from Li (IPI = 5.390 eV) to Ne (IP1 = 21.559-11:'
eV) is due to the steady increase in Zeffobserved between Li and ~e.::.'!
The electrons added from Li to Ne all enter 2s and 2p orbitals and are"!:
The variation of the ionization potential of ato
number is shown in Fig. 1-10.
I

.
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ELECTRON AFFINITIES
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adds an extra electron to give a negative ion. Thus we have the
equation
atom $- electron -+ uninegative ion

+ EA(energy)

(1-43)

Table 1 - 6
Atomic Electron Affinities

Atwm (A)

Ovbital electvonic
configuration
1s

[ ~ e2 s2] 2 p5
[ N e ]3 s2 3 p5
[ A r ] 4 s 23d1°4p5
[ ~ r ] 5 s4' d L 05 h 5
[He]2s22p4
[ N e ] 3s2 3 p 4
[ A r ]4 s2 3 dl0 4p4
[ K r ] 5 ~ ~ 45p4
d'~
[He]2s22p3
[ ~ e ] 33 ps 3~
[Ar]4s23dL04p3
[He]2 s2 2 p 2
[ N e ]3 s2 3 p2
[Ar]14s23d1° 4 p 2
[ H e ] 2 s 22 p
[Ne]3?3p
[ A r ] 4 s 23d104p
[~r]5s~4d'~5p
[ H e ]2 s2
[ N e ] 3sZ
[He]2 s
[ N e ]3 s
[ A r ] 4 s 23d10
[ K r ]5 s2 4 dl0

EA, eV

Ovbital electvonic
configuvation of AHe
Ne
Ar
Kr
Xe
[He]2s22 p 5
[ N e ]3 s2 3 p5
[ A r ] 4 s 23 d L 0 4 p 5

[He]2? 2 ~ "
[ ~ e ] 3 ?3 p 4
[ ~ r ] 4 s ~ 3 d ~ ~ 4 ~ ~
[ H e 1 2 32 p 3
[ N e ]3 3 p3
[Ar]4s23d104p3
[He]2 ? 2 p 2
[ N e ] 3 s 23 p 2
[ A r ] 4 s 23d1°4p2
[ ~ r5 s2
] 4 dl0 5 p2
[He]2s22@
[Ne]3s23p
[He]2 s2
[ N e ]3 s2
[Ar]4~'3d'~4p
[~r]5?4d'~50
-

-

aH. A . Skinner and H. 0. Pritchard, Trans. Faraday Soc., 49, 1254 (1953).
b ~ S.. Berry and C. W. Riemann, J. Chenz. Phys., 38, 1540 (1963).
'L. M. Branscomb, Nature, 182, 248 (1958).
d ~ M.. Branscomb and S. J. Smith, J. Chenz. Phys., 25, 598 (1956).
eH. 0 . Pritchard, Chem. Revs., 52, 529 (1953).
'A. P . Ginsburg and J. M. Miller, J . Inorg. Nucl. Chem., 7, 351 (1958).
g M . L. Seman and L. M . Branscomb, Phys. Rev., 125, 1602 (1962).
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Unfortunately, as a result of certain experimental difficulties, very
few EA values are precisely known. A representative list is given in
Table 1-6.
The halogen atoms have relatively large EA's, since the resulting
halide ions have a stable filled-shell electronic configuration. Atoms
with filled subshells often have negative EA values. Good examples
are Be, Mg, and Zn.
I t is interesting to note that the atoms in the nitrogen family, with
the electronic configuration J ~ ~ ~ ( have
~ S )very
,
small EA's. Thus we
have additional evidence for the greater stability of a half-filled subshell.

SUPPLEMENTARY PROBLEMS

I(a). Compare the velocity and radius of an electron in the fourth
Bohr orbit with the velocity and radius of an electron in the first
Bohr orbit; ( 6 ) Derive the expression, dependent only on the variable
n , for the velocity of an electron in a Bohr orbit.
2. Calculate the energy of an electron in the Bohr orbit with n = 3.
3. Calcnlate the second ionization potential of He.
4. Calculate the frequencies of the first three lines in the Lyman
series (the lowest-frequency lines).
j. The Balmer series in the spectrum of the hydrogen atom arises
from transitions from higher levels to n = 2. Find which of the
Balmer lines fall in the visible region of the spectrum (visible light
wavelengths are between 4000 and 7000 A).
6. Following the Pauli principle and Hund's first rule, give the
orbital configuration and the nnmber of unpaired electrons in the
ground state for the following atoms: (a) N; (b) S; (c) Ca; (d) Fe;
(e) Br.
7. Find the terms for the following orbital configurations, and
in each case designate the term of lowest energy: (a) 2s; (b) 2p3;
(c) 2p23s; (d) 2p3p; (e) 2p3d; (f) 3d3; (g) 3d5; (h) 3d9;(i) 2s4f; (j) 2pj;
(k) 3dq4s.
8. Find the ground-state term for the following atoms: (a) Si;
(b) Mn; (c) Rb; (d) Ni.

Diatomic Molecules

2-1 COVALENT BONDING
molecule is any stable combination of more than one atom.
The simplest neutral molecule is a combination of two hydrogen atoms, which we call the hydrogen molecule or Hz. The Hz
molecule is homonuclear, since both atomic nuclei used in forming the
molecule are the same.
The forces that hold two hydrogen atoms together in the H2
molecule are described collectively by the word bond. We know this
bond to be quite strong, since at ordinary temperatures hydrogen
exists in the form Hz,not H atoms. Only at very high temperatures is H2 broken up into its H atom components. Let us try t o
visualize the bonding in Hz by allowing two hydrogen atoms to approach each other, as illustrated in Fig. 2-1. When the atoms are at
close range, two electrostatic forces become important: first, the
attraction between the nucleus Ha and the electron associated with
Isb, as well as that between the nucleus Hband the electron associated
with Is,; and second, the repulsion between Ma and HI,as well as that
between Is, and Is&
The attractive term is more important at large H,-Hb distances,
but the situation changes as the two atoms come closer together, the
importance of the Ha-Hb repulsion increasing as internuclear distances become very short. This state of affairs is described by an

A
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Figure 2-1 Schematic drawing of two hydrogen atoms ap.
proaching each other.
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energy curve such as that shown in Fig. 2-2. The energy of the
system falls until the H a b repulsion at very short ranges forces
the energy back up again. The minimum in the curve gives both
the most stable internzlclear separation in the Hz moleczlle and its gain
in stability over two isolated H atoms.
One of the early successful pictures of a chemical bond involving
electrons and nuclei resulted from the work of the American physical
chemist, G. N. Lewis. Lewis formulated the electron-pair bond, in
which the combining atoms tend to associate themselves with just
enough electrons to achieve an inert-gas electronic configuration.
The hydrogen molecule is, in the Lewis theory, held together by an
electron-pair bond (Fig. 2-3). Each hydrogen has the same partial
claim to the electron pair and thus achieves the stable ls2 helium
configuration. A bond in which the electrons are equally shared by
the participating nuclei is called a cova'lent bond.
ti The remainder of this book will be devoted to the modern ideas
of bonding in several important classes of molecules. The emphasis
will be on the molecular-orbital theory, with comparisons made
from time t o time to the valence-bond theory. Of the many scientists
involved in the development of these theories, the names of R. S.
Mulliken (molecular-orbital theory) and Linus Pauling (valencebond theory) are particularly outstandin
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2-2

MOLECULAR-ORBITAL THEORY

to molecular-orbital theorv. electrons in molecules are
.that may be associated with several nuclei. Molec
or&tals in their simplest approximate form are considered to be linear
combinations o f atomic orbitals. We assume that when an electron in a
near one 1)articular nucleus, th.e molecular wa
is approximately an atomic orbital centered at that nucleus. This
means that we can form molecular orbitals bv s i m ~ l vadding and
appropria.te atomic orbitals. The method is usually abbreviated LCAO-MO, which stands for linear combination of atomic
V

d

,

I

a

V

Diatomic Molecules

electron-pair bond

Figure 2-3

Electron-pair bond in the hydrogen molecule.

orbitals-moleczclar orbitals. We shall use the abbreviation MO in this
text for a molecular orbital.
Atomic orbitals that are in the proper stability range to be used in
bonding are called valence orbitals. The valence orbitals of an atom
are those that have accepted electrons since the last inert gas and, in
addition, any others in the stability range of the orbitals that will
be encountered before the next inert gas. For example, the valence
orbital of the hydrogen atom is 1s. The 2s and 2p orbitals of hydrogen are too high in energy to be used in strong bonding.

Let us consider now the MO bonding scheme for the simplest
imaginable molecule, one with two protons and one electron. This
combination
- - is H2+, the hydrogen molecule-ion. Each hydrogen in
.

d

I

-

-.,

1-'

no change after rotation
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Figure 2-7 Schematic drawing of the formation of the antibonding MO of Hz+.

2-4

i

MOLECULAR-ORBITAL ENERGY LEVELS

PI!

l n e approximate wave functions for the ab and a* moleculai
orbitals are:

~ i & i i b n i (2-1) and (2-2) are simply the analytical expressions for
the molecular orbitals shown in Figs. 2-5 and 2-7, respectively.
The values of the constants Nb and N* in Eqs. (2-1) and (2-2) are
fixed by the normalization condition,
Let us proceed to evaluate Nb. First we substitute KC+)
in Eq. (2-3),
%
giving
f[$(ab)I2 dr = 1 = f [ N b ( l s a
= (Nb)2[J

+ 1sb)I2d~
d~ + f ( 1 ~ b )d~
~

+ 2 f ( l ~ a ) ( l s b ) TI

4.

(2-4)

Provided the atomic orbitals I s , and Isb are already normalized,

The integral involving both Isa and isb is called the overlap integral
and is denoted by the letter S:

S = overlap integral = f (ls,)(lsb) d7

(2-6)

"
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Thus, Eq. (2-4) reduces t o

and

In our approximate scheme we shall neglect the overlap integral
in determining the normalization c0nstant.l Therefore, arbitrarily
picking the positive sign in Eq. (2-8), we have

The value of N" is obtained in the same fashion, by substituting Eq.
(2-2) in Eq. (2--3) and solving for N*. The result is

or, with the S = 0 approximation,

N* = ,/;
The approximate molecular orbitals for Ha+ are therefore
1

+(ob) = 72(1~a

+la)

(2-12)

The energies of these molecular orbitals are obtained from the
Schrodinger equation,
x* = Efi
(2-1 4 )

+

Multiplying both sides of Eq. (2-14) by and then integrating, we
have
~ + n c +d~ = E J d7
~
(2-1 5 )
This approximation involves a fairly substantial error in the case of H2+. The
"
0.560, as compared to
overlap of Is, and l s b in Haf is 0.590. Thus we calculate N
Nb = 0.707 for the S = 0 approximation. In most other cases, however, the overlaps
are smaller (usually between 0.2 and 0.3) and the approximation involves only a small
error.
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Since $$VT
= I , Eq. (2-15) reduces to

Substituting Eq. (2-12) in Eq. (2-IG), we have

We shall not attempt to evaluate the various integrals in Eq. (2-17),
but instead shall replace them using the following shorthand:

In this case, since Is, and lsb are equivalent atomic orbitals,

We shall call q, and gb coulomb integrals. The coulomb integral represents the energy required t o remove an electron from the valence
orbital in question, in the field of the nuclei and other electrons in
the molecule. Thus it is sometimes referred to as a valence ionization
potential.
We shall call P the exchange integral in this text. In other sources,
however, you may find 0 referred to as a resonance or covalent integral.
We have seen that an electron in the ab molecular orbital spends most
of its time in the overlap region common to both nuclei. Thus the
electron is stabilized in this favorable position for nucleus a-electronnucleus b attractions. The exchange integral P simply represents
this added covalent-bonding stability.
Simplifying Eq. (2-17), we have finally

The energy of the o* molecular orbital is found in the same manner,
substitution in Eq. (2-16) giving
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This result shows that the antibonding molecular orbital is less
stable than the bonding molecular orbital by an amount equal to
- 2P. An electron in the u* molecular orbital has only a small probability of being found in the energetically favored overlap region.
Instead it is confined to the extreme ends of the molecule, which are
positions of high energy relative t o the middle of the molecule.
It is convenient to show the relative molecular-orbital energies in a
is shown in Fig. 2-8. The valelice
diagram. Such a diagram for Hz+
orbitals of the combining atoms are represented in the outside columns and are ordered in terms of their coulomb energy. The most stable
valence orbitals are placed lowest in the diagram. Since Is, and Isb
have the same coulomb energy, these levels are placed directly opposite one another.
The molecular-orbital energies are indicated in the middle column.
The ub orbital is shown to be more stable than the combining 1s
valence orbitals, and the u* orbital is shown to be correspondingly
less stable.
occupies the more stable
The electron in the ground state of Hz+
molecular orbital; that is,
ground state of

13, orbital

Hz+= ab

rnolccular 01-bit&

46

Electrons and Clzemical Bonding

PROBLEM
2-1. Calculate the energies of the d a n d U* orbitals for Hz+, including the overlap integral S. Show that n" is destabilized more

than

uh

is stabilized if the overlap is different from zero.

The orbital electronic structures of molecules with more than one
valence electron are built up by placing the valence electrons in the
most stable molecular orbitals appropriate for the valence orbitals of
the nuclei in the molecule. We have constructed the molecular orbitals for the system of two protons and two Is atomic orbitals. This
set of orbitals is appropriate for Hz+, Hz, Hz-, etc. The hydrogen
molecule, Hz, has two electrons that can be placed in the molecular
orbitals given in the energy-level diagram (Fig. 2-8). Both electrons can be placed in the ub level, provided they have different spin
(m,) quantum numbers (the Pauli principle). Thus we represent the
ground state of H2
ground state of

H2

=

(ab)2

or

[ab(m. =

I)$+

[uh(ms = - $11

which in our shorthand is (ab)(ab).
This picture of the bond in Hz involviilg two electrons, each in a
aborbital but with opposite spins, is analogous to the Lewis electronpair bond in Hz (Fig. 2-3). I t is convenient to carry along the idea
that a full bond between any two atoms involves two electrons.
Thus we define as a useful theoretical quantity the number of bonds
in a molecule as follows:

number of bonds

=

(number of electrons in bonding MO's) (number of electrons in antibollding MO's)

2
(2-24)

One electron in an antibonding M O is considered to cancel out the
bonding stability imparted by one electron in a bonding MO. Using
this formula we see that H2+has half a u bond and H2 has one u bond.

2-6 BOND LENGTHS OF H ~ +AND H2
A useful experimental quantity reflecting electronic structure is
bond kngth. The standard bond length for a bond between any two
atoms is the equilibrium internuclear separation.' We shall express this
distance between nuclei in Angstrom units and refer to it as R. The
respectively, as shown in Fig. 2-9. Thus the H2 molecule, with one
u bond, has a shorter R than does Hz+, with only half a u bond. In
general, when molecules with nuclei of approximately the same
atomic number are compared, the bond length is shortest between
the two atoms with the largest number of bonds.

2-7

BOND ENERGIES OF H ~ +
AND H2

Figure 2-9

Comparison of H2+ and H2.

t

H-H *H-H
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,

contracted
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*H----H
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for a bond between any two atoms is the energy required t o break the
bond, giving isolated ground-state atoms; i.e.,

Hz 4-bond-dissociation energy -+ H

+H

(2-25)

We shall express bond energy in kcal/mole units, and refer to a particular bond energy as DE (atom 1-atom 2). The bond energies of
Hz+ and Hz are 61.06 and 103.24 kcal/mole, respectively. We see
that Hz, with one u bond, has a larger bond energy than Hz+. This
is again a very general result, since bond energies in an analogous
series of molecules increase with an increasing number of bonds.

Most substances can be classified as either paramagnetic or diamagnetic according to their behavior in a magnetic field. A paramagnetic substance is attracted into a magnetic field with a force that is
proportional to the product of the field strength and field gradient.
A diamagnetic substance, on the other hand, is repelled by a magnetic field.
In general, atoms and molecules with unpaired electrons (S # 0 )
are paramagnetic. Since electrons possess spin, an unpaired electron
creates a permanent magnetic moment. There is in many cases a further
contribution to the permanent magnetic moment as a result of the
movement of the electron in its orbital about the nucleus (or nuclei,
in the case of molecules). In addition to the permanent paramagnetic moment, magnetic moments are indued in atoms and molecules
on the application of an external magnetic field. Such induced moments are opposite to the direction of the field; thus repulsion occurs.
The magnitude of this repulsion is a measure of the diamagnetism of
the atom or molecule in question.
The paramagnetism of atoms and small molecules that results from
unpaired electrons is larger than the induced diamagnetism; thus
these substances are attracted into a magnetic field. Atoms and
molecules with no unpaired electrons (S = 0), and therefore no
paramagnetism due to electron spin, are diamagnetic and are repelled
by a magnetic field.
The Hz+ ion, with one unpaired electron (S = i),isparamagnetic.

The He molecule, with its two electrons paired (S = O),
magnetic.

is dia-

Let us proceed now to the atoms in the second row of the periodic
table, namely, Li, Be, B, C, N, 0 ,F, and Ne. These atoms have Is,
2p,, 2p,, and 2p, valence orbitals. W e first need to specify a coordinate system for the general homonuclear diatomic molecule A2, since
the 2p orbitals have directional properties. The q axis is customarily
assigned t o be the unique molecular axis, as shown in Fig. 2-10. The
molecular orbitals are obtained by adding and subtracting those
atomic orbitals that overlap.
a Orbitals

The 2s and 2p, orbitals combine to give a molecular orbitals, as
s
illustrated in Fig. 2-11. The normalized wave f ~ ~ n c t i o nare:

Figure 2-10

coordinate system for an An molecule.

NO$$

that the cz molecular orbitals are symmetric for rotation
about the q axis.
-yam4--=.

*<,:+<:.:-.

.

,

a

s Orbitals

The 29,and 2pv orbitals are not Bymmetric for rotation ab~ut'thbq =
axis. The two 2px orbitals overlap to give the molecular orbital .
shown in Fig. 2-12. This molecular orbital has a plus lobe on one
side of the q axis and a minus lobe on the other side. So if we rotate
the molecular orbital by 180°, it simply changes sign. Multiplication by - 1restores the original orbital. In other words, there is a
node in the yz plane as shown in Fig. 2-13. A molecular orbital of
this type is called a a molecalav orbital. It is clear that the two 2p,
orbitals can also overlap to give a molecular orbitals, which have a
node in the xz plane. There will be a bonding (nb)and a antibond- ing (a*) molecular orbitals; the more stable ab orbitals will have a , .

nodal plane

m!:=
f
.i&~*il,il.',~,,,.~.~.,
7

orlg~nalorbital

Figure 2-13 Rotation of a
the internuclear axis.

T

molecular orbital by 180' about

any given combination. The possible energy-level diagrams
shown in Fig. 2-15.
a level is uncertain. When the
The relative positioning of the :
2s-2p energy difference is large, :
a is probably more stable than
?rz,e,as shown in Fig. 2-154. We should emphasize here that it is a
good approximation to consider the a, molecular orbitals as com-
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Figure 2-14 Boundary surfaces of the c and r molecular
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diatomic molecule.
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the two 2s and the two 2p, orbitals together in an LCAO-MO
scheme. The most stable MO would be the combination

cluded in the :c MO
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Figure 2-15 Molecular-orbital energy-level diagrams for a
homonuelear diatomic molecule (a)with no crsn. interaction;
(b) with appreciable ususinteraction.
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The stabilization of a? and a,* resulting from such s-p hybridization is accompanied by a corresponding destabilization of a> and
as*, these latter orbitals acquiring some 2s character in the process.
This effect is shown schematically in Fig. 2-16.
The final result for any reasonable amount of s-p mixing is that the

,

aa%rbital becomes less stable than ?",r,
as shown in Fig. 2-15b. As
we shall see in the pages to follow, the expdrimental infomarion now
availabla shows ?hat the asb level is haghar energy than the u=,,Vovol in
most, if nof all, diatomic moluculess.
In Fig. 2-15 the ?rzb and u," levels are shown on the same line.
There is no difference in overlap in the ?r, and u, molecular orbitals

and thus they have the same energy, or, in the jargon of the profession, they are degenarato.
Using the molecular-orbital energy levels in Fig. 2-15, we shall
discuss the electronic configurations of the second-row Az molecules.
Liz

k

b

,

The lithium atom has one 2s valence electron. In Li, the 2s-2p
energy difference is small and the cabMO of Li, undoubtedly has
considerable 2p character. The two valence electrons in Liz occupy
the d MO, giving the ground-state configuration (a?)2, Consistent
with the theory, experimental measurements show that the lithium

___-----energy diffcrcncc

---_-------

'

11'1

is larger

Figure 2-16 Schematic drawing of the effect of cso, interac
tion on the energies of o?, o*, o?, and vz*.

q4

'..

6

Electrons and Chemical Bonding

molecule has no unpaired electrons. With two electrons in a bonding MO, there is one net bond. The bond length of Li2 is 2.67 A as
compared with 0.74 A for Hz. The larger R for Liz is partially due t o
the shielding of the two u,b valence electrons by the electrons in the
inner Ps orbitals. This shielding reduces the attractions of the nuclei
and the electrons in the u,b MO. The mutual repulsion of the two 1s
electron pairs, an interaction not present in Hz, is also partly responsible for the large R of Liz. The bond energies of H2 and Liz are 103
and 25 kcal/mole, respectively. The smaller bond energy of Liz is
again undoubtedly due to the presence of the two Is electron pairs,
as discussed above.

The beryllium atom has the valence electronic structure 2s2. The
electronic configuration of Be2would be (U,")'(U,*)~.This configuration gires no net bonds [(I - 2)/2 = 01 and thus is consistent with
the absence of Be2 from the family of A2 molecules.
B2
Boron is 2s22p'. The electronic configuration of B2 depends on the
relative positioning of the u,b and the a,,,b levels. Experimental
measurements indicate that the boron molecule has tzuo unpaired electrons in the .rr,,,b level. Thus the electronic configuration' of B2 is
( ~ s " ) ~ ( u ~ * ) ~ ( . r rgiving
~ ~ ) ( ~ one
~ ) , net a bond. The bond length of
B? is 1.59 A. The bond energy of B2 is 69 kcal/mole.
c
2

Carbon is 2s22p2. In carbon the uZband T,,: levels are so spaced
conthat both the (u,b)2(u,*)2(a,,,b)4 and the (~,")~(u,*)~(a,,~~j.?(u~)
figurations have approximately the same energy. The latest view is
that the coilfiguration (~~,b)~(u,*)~(.rr,,,b)*
is the ground state (by less
than 0.1 eV). In this state there are no unpaired electrons and a total
must be considerably higher
of t w o .rr bonds. This means that
energy than T,,,~ in Cz, since the lowest state in the ( u , ~ ) ~ ( u , * ) ~
( ~ ~ , , ~ ) ~ ( configuration
u,~)
has two unpaired electrons. Electron
pairing requires energy (recall Hund's first rule). The t w o bonds
predicted for C2 may be compared with the experilnentally observed bond energy of 150 kcal/mole and the bond length of 1.31 A.
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N2
Nitrogen is 2s22p3. The electronic configuration of Nz is (~2)2
(~~*)~(a~,2/b)~(a,b)~,
consistent with the observed diamagnetism of this
molecule. The nitrogen molecule has three net bonds (one u and
two T), the maximum for an A2 molecule, thus accounting for its unusual stability, its extraordillarily large bond energy of 225 kcal/
mole, and its very short R of 1.10 A.
We wish to emphasize here that the highest filled orbital in N2 is a,b,
which is contrary t o the popzllar belief that
is the higher level. The
experimental evidence comes from a detailed analysis of the electronic
spectram o f N2, and from spectroscopic and magnetic experiments that
establish that the most stable state for Nz+ arises from the conjigzlration
(asb)2(us*)2(ax,,b)4(aZb).
0 2
2

Oxygen is 2s22p4. The electronic configuration of O2 is (a:)
( U ~ * ) ~ ( U , ~ ) ~ ~ ~ , , ~ ) ~ (The
T ~ *electrons
) ( T , * ) . in a,,,* have the same
spin in the ground state, resulting in a prediction of two unpaired
electrons in 0 2 ; the oxygen molecule is paramagnetic to the extent of
two unpaired spins in agreement with theory. The explanation of
the paramagnetism of Ozgave added impetus to the use of the molecular-orbital theory, since from the simple Lewis picture i t is not at
all clear why O2 should have two unpaired electrons.
Two net bonds (one a, one a) are predicted for 0 2 . The bond
energy of O2is 118 kcal/mole, and R = 1.21 A. The change in bond
length on changing the number of electrons in the T,,," level of the
O2 system is very instructive. The accurate bond length of 0 2 is
1.2074 A. When an electron is removed from a,,,", giving O2+, the
bond length decreases to 1.1227 A. Formally, the number of bonds
has increased from 2 to 23. When an electron is added to the T~,,*
level of Oz,giving Oz-, the bond length increases to 1.26 A; addition of
a second electron to give OZ2-increases the bond length still further
to 1.49 A. This is in agreement with the prediction of 1; bonds for
02-and 1 bond for 02-.
F2
Fluorine is 2s22p5. The electronic configuration of F2 is
leaving no unpaired electrons and one net

(U~*)~U~>"(T~,,~)~(T,,,*)~,
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bond. This electronic structure is consistent with the diamagnetism
of Fz, the 36-kcal/mole F-F bond energy, and the R of 1.42 A.
Nez
Neon has a closed-shell electronic configuration 2s22p6. The hypothetical Nez would have the configuration (a,b)2(a,*)2(a,b)2(n,,,b)4
(~~,~*)4(a,*)~
and zero net bonds. To date there is no experimental
evidence for the existence of a stable neon molecule.

2-10 OTHER A-o MOLECULES
With proper adjustment of the n quantum number of the valence
orbitals, the MO energy-level diagrams shown in Fig. 2-15 for
second-row Az molecules can be used to describe the electronic structures of A2 molecules in general.

The alkali metal diatomic molecules all have the ground-state configuration
with one a bond. They are diamagnetic. The
bond lengths and bond energies of Liz,Nas, K?, Rbs, and Cszare given
in Table 2-I., The bond lengths increase and the bond energies de-

Table 2-1
Bond Lengths and Bond Energies of Alkali Metal Moleculesa
Molecule

Bond length, A

Bond enevgy,
kcal/mole

a ~ a t from
a
T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.

59

Diatomic Molecules

crease, regularly, from Liz to Gsz. These effects presumably are due
to the increased shielding of the u,b electrons by inner-shell electrons in going from Liz to CSS.

The ground-state electronic configuration of the halogen molecules
is (u,b)2(u,*)2(u~)~aZ,IIb)4(as,v*)4,
indicating one net u bond. The
molecules are diamagnetic. Table 2-2 gives bond lengths and bond
energies for Fz,Clz, BrS, and 12. The bond lengths increase predictably from & to IS,but the bond energies are irregular, increasing from
FSto CISand then decreasing from CISto IS. The fact that the bond
energy of Clz is larger than that of Fzis believed to be due to the
smaller repulsioils of electron pairs in the a orbitals of Clz. One explanation which has been advanced is that the reduced repulsions
follow from the interaction of the empty chlorine 3d orbitals in the
n MO system. As a result of such p,-d, interaction, the electron
pairs in CIShave a greater chance to avoid each other. However, it
is not necessary to use the p,-d, explanation, since we know from
atomic spectra that the interelectronic repulsions in the 2p orbitals of
F are considerably larger than the repulsions in the 3p orbitals of C1.

Table 2-2
Bond Lengths and Bond Energiee of Halogen molecule^^
Molecule

Bond length, A

Bond enevgy,
kcal/mole

' ~ a t afrom T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.
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Table 2-3
Quantum Number Assignments for Molecular Orbitals
in Linear Molecules

-

-

Molecular orbitals

2-11

ml

Atomic orbitals

TERM SYMBOLS FOR LINEAR MOLECULES

Electronic states of a linear molecule may be classified conveniently
in terms of angular momentum and spin, analogous to the RussellSaunders term-symbol scheme for atoms. The unique molecular axis
in linear molecules is labeled the q axis. The combining atowic orbitals
in any given molecular orbital have the same mi value. Thus an ml
quantum number is assigned to each different type of M 0 , as indicated in Table 2-3. The term designations are of the form

where S has the same significance as for atoms. The MA-state
abbreviations are given in Table 2-4.
We shall work two examples in order t o illustrate the procedure.

Table 2-4
State Symbols Corresponding to M L Values in
Linear-Molecule Electronic-State Classification
State

ML

Diatomic Molecules
EXAMPLE 2-1

The ground-state term of Hz is found as follows.
1. Find ML; The two electrons are placed in the ub MO shown in
Fig. 2-8, giving the (ubIZ configuration. This is the most stable
state of HZ. The M O is u type, so each electron has rnl = 0.
Then

and the state is 3 .
2. Find Ms: Since both electrons have ml = 0, they must have
different m, values (the Pauli principle). Thus,
~8

=

m,,

+ ma,

=

(++I + (-+I

=0

with Ms = 0, S = 0. Tile correct term symbol1 is therefore '2.
F r o m t h e result i n t h e Hz case, you m a y suspect t h a t filled molecular orbitals a l w a y s give M L = 0 a n d Ms = 0 . Indeed t h i s i s so,
since i n filled orbitals every positive ml value is matched w i t h a
canceling negative nzl value. T h e same is true f o r t h e m, values; t h e y
-% pairs i n filled orbitals. T h i s information eliminates
come i n
considerable w o r k i n arriving a t t h e term symbols f o r states of molecules i n w h i c h there are m a n y electrons, since most of t h e electrons
are paired i n different molecular orbitals.

++,

EXAMPLE 2-2

Let us now find the ground-state term for Op. The electronic
All the orbitconfiguration of 0 2 is (~~)~(F,")~(F,'.)~(T~,$)~(T~,~*)~.
als are filled and give M L = 0 up to T , . ~ * . The two electrons in
T* can be arranged as shown in Table 2-5.
There is a term with M L = +2, -2, and M s = 0 (S = 0); the
term designation is 'A. There is a term with MI, = 0 and Ms =
+1,O, -1(S = 1); the term designation is 3Z. This leaves one
microstate unaccounted for, with MI, = 0 and M s = O(S = 0);
thus there is a '8 term.
The ground state must be either 'A, 3Z, or 'Z. According to
1 There are additional designations possible in certain linear molecules, depending
on the symmetry properties of the molecular wave function. For example, the complete
syinbol for the ground state of Hz is lZg+. A discussion of the complete notation is
given in C. J. Ballhausen and H. B. Gray, Molecular Orbital Theory, Benjamin, New
York, 1964, Chap. 3.
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Table 2-5

NIL, M s

Values for Example 2-2

Hund's first rule the ground state has the highest spin multiplicity;
the ground state is therefore 9.As we discussed earlier, the 32
ground state predicted by the molecular-orbital theory is consistent
with the experimental results, since 0 2 is paramagnetic to the
extent of two unpaired electrons (S = 1). Spectroscopic evidence
also confirms the 32: ground state for 0 2 .

In Table 2-6 are listed the ground-state terms and other pertinent
information for several homonuclear diatomic molecules.

2-12

H E T E R Q N U C L E A R D I A T O M I C MOLECULES

Two different atoms are bonded together in a heteronaclear diatomic
nzolecale. A simple example for a discussion of bonding is lithium
hydride, LiN.
The valence orbitals of Li are I s , 2p,, 2p,, and 2p,. The valence
orbital of H is 1s. Fig. 2-17 shows the overlap of the hydrogen Is
orbital with the 2s, I?,, 2p,, and 2p, lithium orbitals. The first step
is to classify the valence orbitals as a or 71- types. The 1s of H and
the 2s and 2p, of Li are a valence orbitals. Thus, the lithium 2s and
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2p, orbitals can be combined with the 1s orbital of hydrogen. The
29, and 2p, orbitals of Li are a valence orbitals and do not interact
with the o type 1s orbital of H . The overlap of 2p, (or 2p,) with 1s
is zero, as shown in Fig. 2-17.)

,
n.

+

k

L::

We shall now discuss the o-molecular-orbital system in some detail. Since the 2s level of Li is more stable than the 2p level, it is a
good approximation to consider the obmolecularorbital as composed
mainly of the hydrogen 1s and the lithium 2s orbitals.
It is also important to note that the 1s orbital of H is much more
stable than the 2s orbital of Li. We know that in the free atoms this
stability difference is large, since the first ionization potential of
Li (1s22s+ l s 3 is 5.4 eV and the ionization potential of H is 13.6 eV.
As a consequence of the greater stability of the hydrogen 1s orbital,
an electron in the 8 molecular orbital spends most of its time in
the vicinity of the H nucleus.

I

n overlap

equal

/,

t

lP

+ and - give

zero

same

....

for Zp,,lr

. .,,

>

;&,

Figure 2-17 Overlap of the hydrogen Is orbital with the
lithium valence orbitals
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Table 2 - 6
Properties of Homonuclear Diatomic Moleculesa
Molecule

GYOund
state

Bond
length, A

Bond-dissociation
enevgy, kcal/mole

'C?

'C

(continued)
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T a b 1 e 2 - 6 (continued)

Molecule

Ground
state

Bond
length, A

Bond-dissociation
energy, kcal/mole

a ~ a t far o m G. Herzberg, Spectra of Diatomic Molecules, Van Nostrand,
New York, 1950, Table 39; T. L. Cottrell, The Strengths of Chemical Bonds,
Butterworths, London, 1958, Table 11.5.1; L. E . Sutton (ed.), "Interatomic
Distances," Special Publication No. 1 1 , The Chemical Society, London, 1958.
b~ s h o r t discussion of the ground s t a t e of C2 can be found in J. W.
Linnett, Wave Mechanics arzd Valency, Methuen, London, 1960, p. 134.

The ub orbital is showil in Fig. 2-18.
the ub NLO of LiH has tlze form

Tile analytical expression for

+

$ ( g b ) = C12~
f C22pz C31~
(2-34)
In this case, C > CI > Cz and their numerical values are restricted by
the normalization condition [Eq. (2-3)].
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Figure 2-20 shows the MO energy-level scheme for LiH. The
valence orbitals of Li are placed on the left side of the diagram, with
the 2 p level above the 2s level. On the right side, the hydrogen 1s
level is shown. The 1s level of H is placed below the 2s level of Li,
to agree with their known stability difference.
The @and o* MO's are placed in the center. The a W 0 is more
stable than the hydrogen 1s valence orbital, and the diagram clearly
shows that a q s mainly composed of hydrogen 15, with smaller fractions of lithium 2s and 2p,. The aa*MO is less stable than the lithium 2s valence orbital, and the diagram shows that a,* is composed
of lithium 2s and hydrogen i s , with a much greater fraction of lith-

L i orbitals

.

.

.,
'I'

'

LiH orbitals
1

H orbital
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ium 2s. The u,* orbital is shown less stable than 2p,, and it clearly
has considerable 2p, character.
The 2p, and 2p, orbitals of Li are shown in the M O column as
a-type MO's. They are virtually unchanged in energy from the Li
valence-orbital column, since H has no valence orbitals capable of
a-type interaction.

2-14

GROUND STATE OF

LiH

There are two electrons to place in the M O energy-level scheme for
LiH shown in Fig. 2-20. This total is arrived at by adding together
the one valence electron contributed by hydrogen (Is) and the one
valence electron contributed by lithium (2s). Both electrons are accommodated in the obMO, giving a ground-state configuration

Since the electrons in the ob M O spend more time in the vicinity of
the H nucleus than of the Li nucleus, it follows that a separation of
charge is present in the ground state. That is, the Li has a partial
positive charge and the H has a partial negative charge, as shown
below:
Li8+H8-

A limiting situation would exist if both electrons spent all their time
around the H . The LiH molecule in that case would be made up of
a Li+ ion and a H- ion; that is, 6 = 1. A molecule that can be formulated successfully as composed of ions is described as an ionic molecale.
This situation is encountered in a diatomic molecule only if the
valence orbital of one atom is very much more stable than the valence
orbital of the other atom. The LiH molecule is probably not such an
extreme case, and thus we say that LiH has partial ionic character.
A calculation of the coefficients GI, C2, and C3 would be required t o
determine the extent of this partial ionic character. One such calculation ( ~ ~ n f o r t u n a t beyond
el~
the level of our discussion here) gives
a charge distribution
Li0.8+H0.8which means that LiH has 80 per cent ionic character.
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A heteronuclear diatomic molecule such as LiH possesses an electric
dipole moment caused by charge separation in the ground state. This
electric moment is equal to the product of the charge and the distance
of separation,
dipole moment

=p =

eR

(2-37)

Taking R in centimeters and e in electrostatic units, II, is obtained in
electrostatic units (esu). Since the unit of electronic charge is 4.8 X
esu and bond distances are of the order of
cm (1 A), we see
that dipole moments are of the order of 10-Is esu. It is convenient to
esu = 1Debye. If, as a first
express p in Debye units (D), with
approximation, we consider the charges centered at each nucleus, X
in Eq. (2-37) is simply the equilibrium internuclear separation R in
the molecule.
Since i t is possible to measure dipole moments, we have an experimental method of estimating the partial ionic character of heteronuclear diatomic molecules. The dipole moment of LiH is 5.9 Debye
cm), we calculate for
units (5.9 D). For R = 1.60 A (or 1.60 X
an ionic structure Li+H- a dipole moment of 7.7 D. Thus the partial
charge from the dipole moment datum is estimated to be 5.9/7.7 =
0.77, representing a partial ionic character of 77 per cent. This
agrees with the theoretical value of 80 per cent given in the last
section.
Dipole moments for a number of diatomic molecules are given in
Table 2-7.

2-16

ELECTRONEGATIVITY

A particular valence orbital on one atom in a molecule which is
more stable than a particular valence orbital on the other atom in a
molecule is said to be more electronegatsve. A useful treatment of electronegativity was introduced by the American chemist Linus Pauling
in the early 1930s. Electronegativity may be broadly defined as the
ability of an atom in a molecule to attract electrons to itself. It must
be realized, however, that each different atomic orbital in a molecule
has a different electronegativity, and therefore atomic electronega-

Electrons and Chenaical Bonding
Table 2-7
Dipole Moments

Molecule

of Some Diatomic M o f e c u l e ~ ~
Dipole moment, D

LiH
NF
BCl
HBr
Q2

CO
NO
ICl
Br C l
FCl
FBr
KF
KI
a ~ a t from
a
A. L. McClellan, Tables of Experimental Dipole Moments, Freeman, San Francisco,
1963.

tivities vary from situation to situation, depending on the valeilce
orbitals under consideration. Furthermore, the electronegativity of
an atom in a molecule increases with increasing positive charge on
the atom.
The Pauling electronegativity value for any given atom is obtained
by comparillg the bond-dissociation energies of certain molecules
containing that atom, in the following way. The bond-dissociation
energy (DE) of LiH is 58 kcal/mole. The DE's of Liz and Hz are 25
and 103 kcal/mole, respectively. We know that the DE's of Liz and
Hz refer to the breaking of purely covalent bonds-that is, that the
t w o electrons in the uVevels are equally shared between the two
hydrogen and tlie two lithium atoms, respectively. If the two electrons in the ub MO of LiH were equally shared between Li and H, we
might expect to be able to calculate the DE of LiN from tlie geometric mean; thus
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This geometric mean is only 51 kcallmole, 7 kcallmole less than the
observed DE of LiH. It is a very general result that the DE of a molecale AB is almost alzuays greater than the geometric mean of the DE's of A2
and Bz An example more striking than LiH is the system BF. The
DE's of Be, F2, and BF are 69, 36, and 195 kcal/mole, respectively.
The geometric mean gives

This "extra" bond energy in an AB molecule is presumably due to
the electrostatic attraction of A and B in partial ionic form,
AWfD6Pauling calls the extra DE possessed by a molecule with partial ionic
character the ionic resonance energy or A. Thus we have the equation

A

=

D E A~ ~ D AX, D B ~

(2-40)

The electronegativity difference between the two atoms A and B is
then defined as
XA

- XB

=

0.208fi

(2-41)

where X A and XB are electronegativities of atoms A and B and the
factor 0.208 converts from kcallmole to electron-volt units. The
square root of A is used because i t gives a more nearly consistent set
of electronegativity values for the atoms. Since only dz.ffeferzce~are
obtained from the application of Eq. (2-41), one atomic electronegativity value must be arbitrarily agreed upon, and then all the
others are easily obtained. On the Pauling scale, the most electronegative atom, fluorine, is assigned an electronegativity (or EN) of
approximately 4. The most recent E N values, calculated using
the Pauling idea, are given in Table 2-8.
Another method of obtaining E N values was suggested by R. S.
Mulliken, an American physicist. Mnlliken's suggestion is that
atomic electronegativity is the arithmetic mean of the ionization
potential and the electron affinity of an atom; i.e.,

T a b l e 2-8
Atomic Electronegativities

Na

0.93
K

A1
1.61

Mg
1.31
Ca
1.00

Sc

0.82
Rb
0.82

Sr
0.95

Y

Cs
0.79

Ba
0.89

La
1.10

1.36
1.22

Ce

1.12

Ti
1.54

V
1.63

Zr
1.33

P
2.19

S
2.58

Cl
3.16

Se
2.55

Br
2.96

Co
1.88

Ni
1.91

Cu
1.90

Zn
1.65

Ge
Ga
1.81 2.01

As
2.18

Mo
2.16

Rh
2.28

Pd
2.20

Ag
1.93

Cd
1.69

In
1.78

Sn
1.96

Sb
2.05

W

Ir
2.20

Pt
2.28

Au
2.54

Hg
2.00

T1
2.04

Pb
2.33

Bi
2.02

Ho
Dy
1.22 1.23
(111) (111)

Er
1.24

Tm
1.25
(111)

Cr
1.66

Mn
1.55

Fe
1.83

2.36

Pr
1.13
(111)

Si
1.90

Sm
1.17
(111)

Nd
1.14
(111)
U

1.38
(111)

Np
1.36
(111)

Gd
1.20
(111)

I
2.66

Lu
1.27
(111)

Pu
1.28
(111)

a~rom
A. L. Allred, J. Imrg. Nucl. Chem., 17, 215 (1961); roman numerals give the oxidation state of the atom in
the molecules which were used in the calculations.
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Equation (242) averages the ability of an atom to hold its own
valence electron and its ability to acquire an extra electron. Of
course the EN values obtained from Eq. (2-42) differ numerically
from the Pauling values, but if the Mulliken values are adjusted so
that fluorine has an EN of about 4, there is generally good agreement
between the two schemes.'
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IONIC BONDING

The extreme case of unequal sharing of a pair of electrons in an
MO is reached when one of the atoms has a very high electronegativity and the other has a very small ionization potential (thus a
small EN). In this case the electron originally belonging to the
atom with the small IP is effectivelytransferred to the atom with the
high EN,
M. X. + M+ :X(2-43)
The bonding in molecules in which there is an almost complete electron transfer is described as ionic. An example of such an ionic diatomic molecule is lithium fluoride, LiF. To a good approximation,
the bond in LiF is represented as Li+F-. The energy required to
completely separate the ions in a diatomic ionic molecule (Fig. 2-21)
is given by the following expression:

+

potential energy = electrostatic energy

A"

Figure 2-21

+ van der Waals energy

+

B*~

Dissociation of an ionic molecule into ions.

'However, note chat rhe two scales are in different units

Electrons and kmcrfiical Bonding
'

The electrostatic energy is

vhere px and qz are charges on atoms M and X and R is the internuclear separation.
There are two parts to the van der Waals energy. The most important at short range is the repulsion between electrons in the filled
orbitals of the interacting atoms. This electron-pair repulsion is illustrated in Fig. 2-22. We have previously mentioned the mutual repulsion of filled inner orbitals, in comparing the bond energies of Liz
and Hz.
The analytical expression commonly used to describe this interaction is
van der Waals repulsion

=

be"R

(2-45)

where b and a are constants in a given situation. Notice that this
repulsion term becomes very small at large R values.
The other part of the van der Waals energy is the attraction that
results when electrons in the occupied orbitals on the different atoms
correlate their movements in order to avoid each other as much as
possible. For example, as shown in Fig. 2-23, electrons in orbit,aJs
on atoms M and X can correlate their movements so that an instantaneous-dipoleinduced-dipole attraction results. This type of potentip]

Figure 2-22 Repubion of electrons in filled orbitals. This
repulsion is very large when the filled orbitals overlap (recall
the Pauli principle).
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Figure 2-23

Schematic drawing of the insumtaneousinteraction, which gives rise to a weak

dipole-induced-dipole

attraction.

energy is known as the London energy, and is defined by the expression

d
London energy = --

Re

(2-46)

where d is a constant for any particular case. The reciprocal R6 type
of energy term falls off rapidly with increasing R, but not nearly so
rapidly as the becanrepulsion term. Thus the London energy is more
important than the repulsion at longer distances.

2-18 SIMPLE IONIC MODEL FOR THE ALKALI HALIDES
The total potential energy for an ionic alkali halide molecule is
given by the expression

We need only know the values of the constants 6, a, and d inorder
to calculate potential energies from Eq. (2-47). The exact values of
these constants for alkali metal ions and halide ions are not known.
However, the alkali metal ions and the halide ions have inert-gas
electronic configurations. For example, if LiF is formulated as an
ionic molecule, Li+ is isoelectronic with the inert gas He, and F- is
isoelectronic with the inert gas Ne. Thus the van der Waals interaction in Li+FL mav he considered anornximatelv eoual to the van
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der Waals interaction in the inert-gas pair He-Ne. This inert-gaspair approximation is of course applicable to the other alkali halide
molecules as well.
The inert-gas-pair interactions can be measured and values for the
b, a , and d constants are available. These values are given in Table
2-9. Using Eq. (2-47), we are now able to calculate the bond energy
of LiF.
EXAMPLE

To calculate the bond energy of LiF, we first calculate the energy
needed for the process
LiF --t Li+

+ F-

We shall calculate this energy in atomic units (au). The atomic
unit of distance is the Bohr radius, ao,or 0.529 A. The atomic unit
of charge is the electronic charge. The 6 , a , and d constants in

Table 2-9
van der Waals Energy parametersa
Intevaction paiv

a

He - He
He-Ne
He A r
He-Kr
He -Xe
Ne-Ne
Ne -A r
Ne -K r
Ne-Xe
Ar-Ar
Ar-Kr
Ar-Xe
Kr-Kr
Kr-Xe
Xe -Xe

2.10
2.27
2.01
1.85
1.83
2.44
2.18
2.02
2.00
1.92
1.76
1.74
1.61
1.58
1.55

d

b

4

-

6.55
33
47.9
26.1
42.4
167.1
242
132
214
3 50
191
310
104
169
27 4

a ~ lvalues
l
a r e in atomic units. Data from
23, 49 (1955).

E.

A. Mason,

2.39
4.65
15.5
21.85
33.95
9.09
30.6
42.5
66.1
103.0
143.7
222.1
200
3 10
480
J. Chem. Phys.,
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Table 2-9 are given in atomic units. Finally, 1 au of energy is equal
to 27.21 eV. The bond length of LiF is 1.52 A; this is equal to 1.52/
0.529 = 2.88 au. For Li+Fd, ql = qz = 1 au and e2 = 1 au.
Thus, on substitution of the 6 , a , and d parameters for He-Ne, Eq.
(2-47) becomes

Accordingly, the energy required to separate Li+ from F- at a bond
distance of 2.88 au is 8.38 eV. This is called the coordiaate-bond
energy. However, we want to calculate the standard bond-dissociation energy, which refers to the process
DE
LiF ---+ Li

+F

That is, we need to take an electron from F- and transfer it to Li+:
8.38 eV .
LiF ---+ L1+

+ F-

-IPl(Li)
.
+L1+F
+EAF

A

We see that the equation which allows us to calculate the DE of an
alkali halide is

Since IP1(Li)

=

5.39 eV and EAF

=

3.45 eV, we have finally

The calculated 6.45 eV, or 149 kcal/mole, compares favorably with
the experimental DE of 137 kcal/mole.

Experimental bond energies and bond distances for the alkali halide
molecules are given in Table 2-10. The alkali halides provide the best
examples of ionic bonding, since, of all the atoms, the alkali metals
have the smallest IP's; of course the halogens help by having very
high EN'S. The most complete electron transfer would be expected

Electrolls and Chemical Bondin'q
Tablie 2 - 1 0
Bond Properties of the Alkali Halidesa
-

Bond Eength, A

Molecule

-

Bond-dissociation
ene ~ g y ,kcnl/moZe

CsF

escl

CsBr
CsI
KF
KC1
KBr
KI

LiF
LiCl
LiBr
EiI
Na F
NaCl
NaBr
NaI
R bF
RbCl
RbBr
RbI
aGround-state t e r m s a r e I T , . Data from T. L. Cottrell, The Stvengths
of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1
b ~ s t i m a t e dvalues; s e e L. Pauling, The Nature of the Chemical Bond,
Cornell Univ. P r e s s , Ithaca, N.Y., 1960, p. 532.

In CsF and the least complete in LiI. In LiI, covalent bonding may
be of considerable importance.

2-19

GENERAL AB MOLECULES

We shall now describe the bonding in a general diatomic molecule,
AD, in which B has a higher electronegativity than A, and both A
and B have s and p valence orbitals. The molecular-orbital energy
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?;:
-

,,
*

.levels for AB are shown in Fig. 2-24. The J and p orbitals of B are
placed lower than the s and p orbitals of A, in agreement with the
;electronegativity difference between A and B. The a and ?r bonding
and antibonding orbitals are formed for AB in the same manner as for
A%,but with the coefficients of the valence orbitals larger for B in the
bonding orbitals and larger for A in the antibonding orbitals. This
means that the electrons in the bonding orbitals spend more time
near the more electronegative B. In the unstable antibonding orbitals, they spend more time near the less electronegative A. The

'
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A orbitals
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. )-

AB orbitals

B orbitals
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h,,Figure 2-24
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Relative orbital energies in a general AB m o l e
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.xv orbitals are equivalent to rr,

cule, with B more eleetronegative than A.

Dounaary surfaces of the molecular orbitalsfor a general Ka molecule
are given in Fig. 2-25. The following specific cases illustrate the use
of the bonding scheme shown in Fig. 2-24.

BN (8 Valence Electrons)
The ground-state electronic configuration for BN is (u?Y(g**)P
This gives a a~ state and a prediction of two bonds

ub)().

.
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($ a,4a ) . The BN molecule is thus electronically similar to Cz. The
bond lengths of C2 and BN are 1.31 and 1.28 A, respectively. The
BN bond energy is only 92 kcal/mole, as compared to 150 kcal/mole
for Cn.

BO, CN, CO+ (9 Valence Electrons)
The BO, CN, and CO+ molecules all have the ground-state conand thus a
ground state. There
figuration (~,")~(u,*)~(a,,,b)~(u~~),
are 2%bonds predicted, which is $ more than for BN. The bond lengths
are all shorter than that of BN (or Cz), being 1.20 A for BO, 1.17 A
for CN, and 1.115 A for CO+. The bond energies are higher than
that for BN, being 185 kcal/mole for BO and 188 kcal/mole for CN.

CO, NO+, CN- (10 Valence Electrons)
The CO, NO+, and CN- molecules are isoelectronic with Nn,
having a '2 ground state. The configuration (U,")~(U,*)~(T~,~~)~(U:)~
predicts one u and two a bonds. The bond lengths of NO+, CO, and
CN- increase with increasing negative charge, being 1.062 A for
NO+, 1.128 A for CO, and 1.14 A for CN-. Comparing molecules
having the same charge, the bond lengths of NO+, CO, and CN- are
shorter than those of BO, CN, and CO+, as expected. The bond
energy of CO is 255.8 kcal/mole, which is even larger than the bond
energy of 225 kcal/mole for Nn.

NO (11 Vale~zceElectrons)
The electronic configuration of N O is ( u , ~ ) ~ ( u , * ) ~ ( T ~ , , " ) ~ ( G ~ ) ~
giving a 2a ground state. Since the eleventh electron goes
into a a* orbital, the number of bonds is now 2%,or $ less than for
NO+. The bond length of NO is 1.15 A, longer than either the CO or
NO+ distances. The bond energy of N O is 162 kcal/mole, considerably less than the CO value.
The bond properties of a number of representative heteronuclear
diatomic molecules are listed in Table 2-11.
(.rr,,,*),
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Properties of Beteronuclear Diatoaraic Moleculesa

Molecule

G~ound
state

Bond
length, A

Bond dissociation
energy, kcal/mole

AlBr
AlCl

A1F
AlB

ALI
A10
AsN

As O
BBr
BCl
BF
BH
BN
BO
BaO
Be Cl
Be F
BeH
Be0
Br Cl
Br F
BrH
Br H'
CF

(continued)
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T a b l e 2 - 1 1 . (continued)
Molecule

Gvound
state

Bond
length, A

Bond dissociation
enevgy, kcal/mole

CH
CN
C N+
CN-

60

eo+
CP
CS
CSe
CaO
C1F
csn

Gael
GaF

GeO
HCl
HCl+
HD
HF

HI

ns
IBr
IC1

IF
TnBr

(continued)
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T a b 1e 2 - 1 1 (continz~ed)
Molecule

Ground
state

Bond
length, A

Bond dissociation
energy, kcal/mole

InCl
InF
InH
In1
KH
Li H

MgO
NH
NH

+

NO

NO

+

NP
NS
NS'

NaH
Na K
NaRb
OH
OH

+

PH
PN
PO
PbH
PbO
PbS

(continued)
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T a b 1e 2 - 1 1 (continued)
Molecule

Gvouzd
state

Bond
length, A

- Bond dissociation
enevgy, kcal/mole

2.367

39

SO

'C
22

SbO

II

SiS

'C

1.929

148

SnH

11

1.785

74

SnO

'C

1.838

132

SnS

'G

2.06

110

Rb H

1.4933

-

119
74

aData from G. Herzberg, Spectra of Diatomic Molecules, Van Nostrand,
New York, 1950, Table 39; T. L. Cottrell, Tlze Strengths of Chemical Bonds,
Butterworths, London, 1958, Table 11.5.1; L. E. Sutton (ed.), "Interatomic
Distances," Special Publication No. 11, The Chemical Society, London, 1958.

SUPPLEMENTARY PROBLEMS

I . Find the ground-state term for (a) Bn; (b) F2; (c) C2; (d)

S2.

2. Discuss the bond properties of I\Jz, Pe, Asz, Sba, and Bi2 in terms

of their electronic structures.
3. Discuss the bcnd properties of CIS and Clzf using molecularorbital theory.
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4. Calculate the bond energies of (a) GsF; (b) CsBr; (c) NaI;
(d) KCI. Compare your results with the experimental bond energies
given in Table 2-10.
S . Work out the ground-state term for (a) BeF; (b) BeO. Calculate the bond energy of BeO, assuming ionic bonding.
6. Discuss the bond properties of the interhalogen diatomic molecules-ClF, BrC1, ICl, IBr, etc.
7. Discuss the bond properties of NO, PO, AsO, and SbO.
8 . Formulate the bonding in the hydrogen halide molecules (HF,
HG1, HBr, and HI) in terms of MO theory. Discuss the bond properties of these molecules.

Linear Triatomic Molecules

3-1

BeH2

et us investigate the molecular orbitals of BeH2, a very simple
I-4 linear triatomic molecule. As in a diatomic molecule, we tag

the molecular axis the < axis (the H-Be-H line), as shown in Fig.
3-1. Beryllium has 2s and 2p valence orbitals; hydrogen has a 1s
valence orbital. The molecular orbitals for BeHz are formed by using

Figure 3-1

Coordinate system for BeH2.

.
"
I

b

,I

.

-.

-

-,

-

7

-

1

1

1

.\

'I

.

Electrons and Chemical Bonding

88

Figure 3-2 Overlap of the hydrogen 1s orbitals wxth the
beryllium 2s.

the 2s and 2p, beryllium orbitals and the 1s orbitals of H. and Ha.
The proper linear combinations for the bonding molecular orbitals
are obtained by writing the combinations of 1s. and lss that match
the algebraic signs on the lobes of the ceutral-atom (Be) 2s and 2p,
orbitals, respectively. This procedure gives a bonding orbital which
concentrates clcctronic density behueen the nuchi. Since the 2 . ~orbital does
not change sign over the boundary surface, the combination
(Is,
Isa) is appropriate (see Fig. 3-2). The 2p, orbital has a plus
lobe along +q and a minus lobe along -q. Thus the proper combination of H orbitals is (Is, - lss) (Fig. 3-3).
We have now described the two different d molecular orbitale

+

1
.,

+

2p,

-

is,

Figure 3-3 Overlap of the hydrogen 1s orbit& with th
beryllium Zp..

.

,

I'
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which can be written as the following molecular-orbital wave functions:
#(a,?)

=

C12s

+ C2(1sa +

(3-l)

1sb)

The antibonding molecular orbitals correspondiilg to #(a:)
and
#(a2) will have nodes between the Be and the two H nuclei. That
Isb) and the
is, we shall combine the beryllium 2s with -(ls,
beryllium 2p, with -(Is, - Isb). The two a* molecular orbitals are
therefore

+

#(CJ,~*)
= c52s - cc(ls, -k Isr,)

(3-3)

#(az*)

(3-4)

and
=

c72p8 - C8(1sa -

1 ~ b )

In order to describe these a h n d a* orbitals in more detail, we must
find good numerical values for the coefficients of the Be and H valence
orbitals. Though there are reasonably good approximate methods
for doing this, all are beyond the level of this book. However, since
the beryllium 2s and 2p, orbitals are much less stable than the hydrogen Is orbitals (H is more electronegative than Be), we can confidently assume that the electrons in the bonding orbitals spend more
> ? a n d 2C42> C32.
time around the H nuclei-that is, that 2Ci"
In an ailtiboncting orbital, an electron is forced to dwell mostly it1
the vicinity of the Be nucleus-that
is, Ci2 > 2Cc2 and Ci2 > 2CB2.
(For further explanation of the relationships between the coefficients, see Problem 3-1.)
The 2p, and 2p, beryllium orbitals are not used in bonding, since
they are a orbitals in a linear molecule and hydrogen has no a
valence orbitals. These orbitals are therefore nonbondzng in the BeHa
molecule. The bou~ldarysurfaces of the BeH2 molecular orbitals are
given in Fig. 3-4.

3-2

ENERGY LEVELS FOR

BeH2

The molecular-orbital energy-level scheme for BeH2, shown in
Fig. 3-5, is constructed as follows: The valence orbitals of the central atom are ir-dicated on the left-hand side of the diagram, w i t h
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in the most stable molecular orbitals shown in Fig. 3-5. There are
) ~ two from the
four valence electrons, two from beryllium ( 2 ~ and
two hydrogen atoms. The ground-state electronic configuration is
therefore
(~~b)~(ffZb)2

=

PROBLEM

3-1. Assume that the electronic charge density is distributed in
the ubmolecular orbitals as follows:
u,":

Be, 30 per cent; 2H, 70 per cent

o,";Be,

20 per cent; 2H, 80 per cent

Calculate the wave functions for u,"tld
u2, as well as the final
charge distribution in the BeHz molecule.
Solution. Since the normalization condition is f (i1,12d7 = 1, we
have for u,"

If the atomic orbitals
have

Is,

Is,, and Isb are separately normalized, we

f i$(u,")iV~ = C?

+ Cz2+ CZ2+ overlap terms = 1

Making the simplifying assumption t h a ~the overlap terms are zero,
we have finally

Sl$(U.$)I"T

=

c12+ 2Cz2 = 1

The probability for finding an electron in the u," orbital if all space
is examined is of course 1. The equation GI2 2C2 = 1 shows that
this total probability is divided, the term C12representing the probability for finding an electron in usharound Be, and the term 2Cz2the
probability for finding an electron in c," around the H atoms. Since
the distribution of the electronic charge density is assumed to be 30
per cent for Be and 70 per cent for the H atoms in u,", the probabilities must be 0.30 for Be and 0.70 for the H atoms. Solving for the
coefficients C1 and C. in u,< we find

+

CIZ= 0.30

or

2Cz3=0.70

or

=

0.548

and
C2=0.592
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Similarly, w e have the equation Ca2 2C2 = 1for ~ 2 again
;
solving
for coefficients on the basis of our electrotlic-charge-density assumptions,
CS2= 0.20

or

C3 = 0.447

2Ck2= 0.80

or

C4 = 0.632

and

The calculated wave functions are therefore
$(u>) = (0.548)2s

+ 0.592(1s, 4- lsb)

and

The ground-state configuration of BeH? is ( u , ~ ) ~ ( u , " ) The
~ . distribution of these four valence electrons over the Be and H atoms is calculated as follows :
Be

2 electrons X C12 = 2 X 0.30 = 0.60
2 e l e ~ t r o n s X C 3 ~ = 2 X 0 . 2 0 -=- 0 . 4 0
total
1 electron

ebb:

2 :

Ha=Hb

u,"

u,":

2 electrons X C22 = 2 X 0.35 = 0.70
2 electrons X
= 2 X 0.40 = 0.80
.

total

1.5 electrons per H

The BeHp molecule without the four valence electrons is represented

Introducing the electrons as indicated above, we have the final
charge distribution

It is most important to note from these calculations that the electronic charge densities associated with the nz/clei in a normalized molecf~lar
orbital are given by the squares of the coeflcients' of the atomic orbitals ( i n
the zero-overlap approximation).

3-3

VALENCE-BOND THEORY FOR

BeH2

The molecular-orbital description of BeHz has the four electrons
delocalized over all three atoms, it1 orbitals resembling the boundary-

Electrons and Chemical Bondir
We may, howeve
surface pictures shown in Fig. 3-4 (a> and a:).
cling to our belief in the localized two-electron bond and consid~
that thefour valence electrons in BeHa are in two equivalent bondin
orbitals. By mixing together the 2s and 2p, beryllium orbitals, u
form two equivalent sp hybrid orditals, as shown in Fig. 3 4 . The$
two hybrid orbitals, sp, and ~ p b ,overlap nicely with i s , and lss, n
spectively, and the bonding orbitals are (see Fig. 3-7):
$1

= Clsp,

+ Cals,

,

. .

I:

..,,

I.

(3-2

The use of equivalent hybrid a orbitals for the central atom is e
pecially helpful for picturing the a bonding in trigonal-planar an
tetrahedral molecules.

8.

*

sp hybrid orbitals.

Figure 3-7 Valence bonds for Be&, using two equivalent sp
hybrid orbitals centered at the Be nucleus.

,
' + ,

-r

!

.,

I _ r.

.

.
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.
,

.
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'
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PROBLEM
3-2. Show that the general molecular-orbital description of BeHa
is equivalent to the valence-bond description if, in Eqs. (3-1) and
(3-2), CI = CSand Cg = C. (From the MO wave functions, con-

struct the localized functions

3-4

and +*.)

LINEAR TRIATOMIC MOLECULES WITH

T

BONDING

The GOz molecule, in our standard coordinate system, is shown in
Fig. 3 8 . This molecule is an example of a linear triatomic molecule
in which all three atoms have ns and np valence orbitals. The 2s and
2p, carbon orbitals are used for a bonding, along with the 2p, orbitals
on each oxygen? The o orbitals are the same as for BeH2, except
that now the end oxygen atoms use mainly the 29, orbitals instead
of the 1s valence orbitals used by the hydrogen atoms. The u wave
functions are:
., --L
-

+2p3~

$(L(.?)= C12s 4 C2(2pZa

-

hb-,

(3-7)

'The oxygen valence orbirals are Lr and Zp. Thus a much better, approrimare o
MO scheme would include both 2r and 2p, oxygen orbitals. For simplicity, however,
we shall only use the 2p, oxygen orbirals in forming then MO's.

Electvons and Chemical Bonding

The a molecular orbitals are made up of the 2p, and 2p, valence
orbitals of the three atoms. Let us derive the .rr, orbitals for CO2.
There are two different linear combinations of the oxygen 2p,
orbitals:
2Pza 2P%
(3-1 1)

+

2PxY -

(3-12)

2P3j)

+

The combinatioil (2pZa 2p,,) overlaps the carbon 2pz orbital as
shown in Fig. 3-9. Since x and y are equivalent, we have the following ab and a" molecular orbitals:

I'
Figure 3-8

Coordinate system for

6 0 2 .

'

I
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no net overlap

a

no net overlap

Figure 3-9 Overlap of the 2pr orbitals of the carbon amm
and the two oxygen atoms.

The combination (2pZa- 2pZb)has zero overlap with the carbon 2p,
orbital (see Fig. 3-9), and is therefore nonbonding in the molecularorbital scheme. We have, then, the normalized wave functions

11

-'

m

,

.

I=.(*
.

1

= -(2~,,

%4

.

.

- 2P=*)

. .
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KWY)
= z(2~~. - ~ P Y J

(3-18)

The boundary surfaces of the MO's for COzare shown in Fig. 3-10.
The MO energy-level scheme for COzis given in Fig. 3-11. Notice

Electrons and Chemtcal Bond~ng
+

,-

I
digure

3-IZ

I

.

Valence-bond structures for COm.

There are four electrons in abrbitals and four electrons in@ orbitals$'
Thus we have two a bonds and two a bonds for COz, in agreemenE.
':I
with the two valence-bond structures shown in Fig. 3-12.
Y

3-5

BOND PROPERTIES OF

Cox

The C--O bond distance in carbon dioxide is 1.162 A, longe
the C--O bond distance in carbon monoxide. These bond i t

.
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are consistent with the double bond (C=O) between C and 0 in COz
and the triple bond (C-0) in CO.
There are two types of bond energies for COZ. The bond-dissociation energy, which we discussed in Chapter 11, refers to the breaking
of a specific bond. In C02, the process

represents the dissociation of one oxygen from carbon dioxide,
leaving carbon monoxide; this DE is 127 kcal/mole. However, the
average C-0 bond energy in C 0 2is obtained by completely splitting
COz into ground-state atoms, breaking both C-0 bonds:

The average C-0 bond energy (BE) is then one-half the value of E
in Eq. (3-20). Obviously E is the sum of DE(C02) and DE(CO),

We shall use the abbreviations BE and DE in the bond-energy tables
in this book.
The ground states, bond lengths, and bond energies for a number
of linear triatomic molecules are given in Table 3-1.

3-6

IONIC TRIATOMIC MOLECULES: THE ALKALINE EARTH HALIDES

Molecules composed of atoms of the alkaline earth elements (Be,
Mg, Ca, Sr, Ba) and halogen atoms are probably best described with
the ionic model, since the eiectronegativity differences between alkaline earth and halogen atoms are large. Thus we picture the bonding
as X--M++-X-.
Let us illustrate bond-energy calculations for
molecules of this type, using CaClz as an example.

Electrons and Chewtical Bonding
Properties of Linear Triatomic Moleculesa
G~ound
A%Zecule

state

Bond

Bond
length, A

Bond enevgies,
kcal/moke

B r Be- B r
Be- Br
ClBe- Cl
Be- Cl
IBe-I
Be- I
OC-0
C- 0
COS

OC- S

csz
Cl Ca- Cl
Ca- Cl
CdBrz
CdClz
CdI,
HCN

HC- N
N-CN
B r Bg- Br
Bg- B r
B r Bg- I
ClBg- Cl
Bg- Cl

207 (DE)
114(DE)

1°3

Linear Triatomic Molecules
Ta b 1 e 3 - 1 (continued)
Molecule

G~ound
state

Bond

Bond
length, A

Bond enevgies,
kcal/mole

FHg- F
Hg- F

NO,*

'22

MgClz

'C

Si S,

'C

zncl,

'C
'C

ZnI,

IHg- I
Hg- I

2.60

N-C

1.10

ClMg-C1
Mg- C1

2.18

aData from T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.

EXAMPLE

Our purpose is to calculate the average Ca-C1
CaC12:

bond energy in

Cl,--R-Ca++-R-ClbFor CaCln (or any MX2) there are two attractions, Ca++-C1,- and
Ca++-Clb-, each at a distance of R. In addition there is one i-epulsion, Clc-Cia-, at a distance of 2R. The sum of these electrostatic
terms is represented
electrostatic energy

2e2
R

2e2

= -- - -

R

e"
+=
2R

- 3.5e2
R

The energy per bond is one-half -3.5e2/R, or - 1.75e2/R. The van
der Waals energy can be approximated again as an inert-gas-pair
interaction. In this case we have one Ar-Ar interaction for each
bond. The inert-gas-pair approximation of the van der Waals
energy is not expected to be as good for the MX, molecules as for the
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MX molecules, however, owing to the small size of M++ compared
to that of the isoelectronic inert gas atoms (see Fig. 3-13). Thus
the actual Ca++--CI- van der Waals repulsion energy is probably
less than that calculated.
The final expression for the energy of each Ca++-XI- bond is
PE = potential energy

=

-l.7=- + be-&
R

d
--

R0

The Ca--CI bond length in CaClz is 2.54 A, or 4.82 au. On substituting the Ar-Ar parameters from Table 2-9, we have

The 9.17 eV is one-half the energy required to dissociate CaCla into
ions,
0

CaClz-+ Ca++

+ C1- + C1-

E'

=

-2PE

For the average bond energy BE, we have the process
CaCll-+
E

= E'

E

+ ZEA(C1) - IP,(Ca)

Ca

+ C1+

- IPz(Ca)

C1
and

BE

=

E
2

With EA(C1) = 3 61 eV, IPXCa) = 6.11 eV, IPs(Ca) = 11.87 eV,
and E' = 18 34 eV, we obtaln E = 7.58 eV or 175 kcal/mole and

Figure 3-13

Relative effective sizes of Ar, Kf, and Ca".
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BE(Ca-C1) E 88 kcal/mole. This calculated value of 88 kcal/
mole may be compared with the experimental value of 113 kcal/
mole. We see that the ionic model for CaClz is not as good as the
ionic model for the alkali halides. This is evidence that the alkaline earth halides have more "covalent character" than the alkali
halides. Thus, it is likely that there are important covalent-bond
contributions to the bond energy of CaCLz.
Experimental bond energies f o r a number of alkaline earth halides
are given i n Table 3-1.

SUPPLEMENTARY PROBLEMS

1. W o r k o u t t h e ground-state term f o r t h e molecule Na.
2 . Calculate t h e Be-C1 bond energy i n BeC12. T h e value of
IPa(Be) is 18.21 eV.
3. Discuss t h e bonding i n GOz, CS2, and CSea i n terms of MO
theory. Compare t h e bond properties of these molecules.

Trigonal-Planar Molecules

4-1

BF3

B

oron trifluoride has a trigonal-planar structure, with all F-B-F
bond angles1 120'. Boron has 2s and 2p orbitals that bond with
the fluorine 2s and 2p orbitals. A convenient coordinate system for a
discussion of bonding in DFa is shown in Fig. 4-1.
We need only one a valence orbital from each fluorine. We shall
use in the discussion only the 2p orbital, since the molecular orbitals
derived are appropriate for any combination of 2s and 2p. However,
it is probable that the very stable fluorine 2s orbital is not appreciably involved in the a bonding. The ionization potential of an
electron in the 2s orbital of fluorine is over 40 eV.

4-2

a

MOLECULAR ORBITALS

The a molecular orbitals are formed using the 2s, 2p,, and 2p,
boron orbitals, along with the 2pz,, 2pPa,and 2pZcorbitals of the
fluorine atoms. We must find the linear combinations of 2p,,, 2p",
and 2p, that give maximum overlap with 2s, 2pz, and 2p,. The
Bond angle is a commonly used term, meaning the angle between "internuclear
lines."

(b)

Figure 4-1

Coordinate system for BFa.
*

+

boron 2s orbital is shown in Fig. 4-2. The combination (2p,2p, f 2p,.) overlaps the 2s orbital. Thus the molecular
orhirals
-~~.
-- - .--derived from the boron 2s orbital are (using the shorthand za= 2pSa,
zb = =pza,and zo = q.,):
a.

-

-.

The boron 2p, orbital is shown in Fig. 4-3.

The combination
The molec-

(a - 4 3 matches the positive and negative lobes of 2p,.
ular orbitals from 2p, are:

v.

,

The boron 2p, orbital is shown in Fig. 4-4. A combination
- 4s - 4 3 correctly overlaps the lobes of 2pz. There is a minor
complication, however: the overlaps of za, a , and &with 29, are not
the same. Specifically, Z , points directly at the positive lobe of 2p,,
(<a

,
'I

.,1

,'

,. . '

""

.'

1 ,

2P" + z, - 4
Overlap of the boron i p , orbital with the 2p,

Figure 4-3
orbitals of the fluorine atoms.

.,

'

.

.
1

,

.,

.

,.

.
:

,

4-3

.
. . r
.

7r MOLECULAR

ORBITALS

.

3
'.-;J,

The a molecular orbitals are formed using the boron 2p, orbital and
"he 2p, orbitals of the fluorine atoms. The combination Cr. ys
,?)matches the 2p, orbital, as shown in Fig. 4-5. Thus the bonding
:and antibonding a molecular orbitals are:
a .~
.

+ +

$(a>) = C1a2pz
#(?is*)

=

c1s2ps

+ CI&.

+?a

- c 1 6 b a +Ye

+9,)
+Y ~ )

(4-7)

(4-8)

. <'. ,. .

.

, .--,
1
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3
'0

9

-

5
3+
IT
?

I.

'

x

g

8*
.

,,
.

2p,

+ 2. - z, - a.

Overlap of the boron 2ps orbital with the
orbitah of the fluorine atoms.
Figure 4-4
4.

'

>

: '.Since we started with three fluorine Zp, orbitals, there are t w

more independent linear combinations of y,, yb, and y.. One satir
factory pair is Ga- y 3 and (y, - 2yb y3. As shown in Fig. 4-6
these orbital combinations do not overlap the boron 2p, orbital
Thus they are nonbonding in BR,and we have
r * . , . ,

+

P,
b'..
!

.

$(TI)

=

*
1

-9 3

Figure 4-5 Overlap of the boron Zp, orbital with the 2p,
orbitals of the fluorine atoms.

I

I

i
i

4-4 ENERGY LEVELS FOR BFa
The molecular-orbital energy-level scheme for BF3 is shown in
Fig. 4-7. The fluorine valence orbitals are more stable than the
boron valence orbitals, and so electrons in bonding molecular orbitals spend more time in the &omin of the fluorine nuclei. The c,
and uv molecular orbitals are degenerate in trigonal-planar molecules
such as BFg. Since this is by no means obvious from Eqs. (43),
(4-4), (4-51, and (4-61, we shall devote a short section to an expla-

-1

*

'

,

-

overlaps have oppositc

4-5

BQUIVALBNCE OF ur AND uu ORBITALS
The total overlap of the normalized combination 4 ( 4 4 - +zb with 2p, will be called $(us); the total overlap of (l/fi)
, (b - z ~with
)
2p, will be called S(o,). A direct o overlap, such as the
overlap between <a and 2p, (Fig. 4-8), will be called S(p,,p,). To
evaluate S(oJ and S(uv) in terms of S(p,,p,), we use the following

,

S(G) = 3.f (2pZ)(&- +4*=

dr

4 [ s ( p rpv)
, + i cos 60°S(p,, p,)

+

cos 60°S(p,, p,)]

Since the overlaps are the same in a, and uv, and since the com-
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F orbitals

Figure 4-7

Relative orbital energies in BPa.

bining boron and fluorine valence orbitals have the same initial
energies, it follows that a, and uv are degenerate in trigonal-planar
molecules. However, it is worth pointing out that az and av are not
necessarily degenerate if the bond angles deviate from 120'.
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overlap of za with 2ps
S(Pc.Po)

i

I

Figurc 4-8

Standard two-atom s overlap between p orbitals.

I

4-6 GROUND STATE OF BE8
There are 24 valence electrons in BFa [7 from each fluorine (2s22p6),
9from the boron (V2p)l. Placing these electrons in the most stable
.molecular orbitals, we obtain a ground-state configuration:
~ ~ S ~ > " ( ~ ~ ~ ) " ( ~ S ~ > " ~ ~ ~ ~ ) ~ ( ~ ~ ~ ~ ~ ~ ~

'There are six electrons in 8 orbitals to give a total of three u bonds
.for BF8;in addition, the two electrons the sP orbital indicate o n e s

.I'

1
I,,-

'

Trigonal-Planar Molecules
bond. T11e B-F bond length in BFS is 1.291 A; the B-F
energy is 154 kcal/mole.

bond

The valence-bond description of the ground state of BFB is comparable to the molecular-orbital description. Three equivalent .rp2
hybrid orbitals are formed first by mixing together the 2s, 2p,, and
2 p , boron orbitals, as shown in Fig. 4-9. Each sp2 hybrid orbital has
one-third s and two-thirds p character. These three sp2 orbitals are
then used to make three electron-pair u bonds with the 2p, fluorine
orbitals. In addition, the 2p, boron orbital can be used to make a a
bond with any one of the three fluorine 2p, orbitals. Thus there are
three equivalent resonance structures for BF3, as shown in Fig. 4-10.
Notice that tlze three resonance structures move the electron-pair
rr bond around the "ring"; this is analogous to having two electrons
molecular orbital.
in the delocalized aZb
PROBLEM
4-1. Construct the wave functions for the three equivalent sp2
hybrid orbirals.
Solutzon. It is convenient to use the coordinate system shown in
Fig. 4-1, directing the three sp2 hybrid orbitals at atoms a , b, and c.
The s , p,, and p, orbitals are used to form the sp2 orbitals. Each
hybrid orbital has one-third s character. Of the two p orbitals,
only the p, is used to bond with atom a (p, has zero overlap with a).
Since each sp2 orbital has two-thirds p character, the wave function
for spa2 is

The remaining third of the p, orbital is divlded equally between b
and c. Since the p, orbital has not been used as yet, and since it
overlaps equally well with b and c, we split i t up between b and 6
to complete the two-thirds p character in sp$ and rp?. Choosing
the algebraic signs in the functions so that large and equal lobes
are directed a t b and c, we have:

L

I,

.L;.

. .

i~
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C

I

+
2

Figure 4-9

Formation of three sp2hybrid orbitals.

-+

Trigowl-Planar Molecules

Figure 4-10 Valence-bond structures for BEa.

The boundary surfaces of spm2,~p?, and ~ p ?are shown in Fig. 4-9.
Bonding orbitals are combinations of che r g orbitals and appropriate a orbitals of atoms a, b, and c:

we = c,+(JP~) + c2za
*s = c,+(spb=)
.I., = cL*(s~,Z)

+
+

csz*
C2Zr

Elements in the boron family are the central atoms in many trigonal-planar molecules. Also, several important molecules and
complex ions containing oxygen have trigonal-planar structures,
among them SOa, NOs-, and C O P . Bond properties of a number of
trigonal-planar molecuIes are given in Table 4-1. The BHz molecule, which is presumably trigonal planar, is more stable in a dimeric
form,
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Table 4-1
Properties

Molecule
BF3

BC1,
BBr,
BH3

B(c%)3
Al( C% )3
B( OR),b

so3

NO;
C0-:
~0,~-

Bond

-

of Trigonal-Planar

-

-

B-F
B-- C1
B-Br
B-H
B-C
A1- C
B-OR
S- 0
N-0
C-0
B- 0

Moleculesa

Bond
length, A

Bond enevgy ( B E ) ,
kcal/mole

1.291
1.74
1.87

154
109
90
93
89
61
128
104

1.56
1.38
1.43
1.22
1.29
1.38

aData from T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.
b~ = CH, o r C2H5; R = H, 1.36A.

The bonding in diborans BzHG is described in a number of other
sour~es.~
The B(CH& and Al(CH3)3 molecules have trigonal-planar parts.

and

C
C
C
C
The structure around each carbon is tetrahedral, as will be described
in Chapter V.
See, for example, F. A. Cotton and G. Wilkinson, Advanced Inorganic Chemistry,
Wiley-Interscience, New York, 1962, pp. 200-203; W. N.Lipscomb, Boron Hydride~,
Benjamin, New York, 1963, Chap. 2; C. J. Ballhausen and H. B. Gray, Introdtictory
Notes on Molecular-Orbital Theory, Benjamin, New York, 1965, Chap. 7.
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SUPPLEMENTARY PROBLEMS

1. In most cases it is convenient to have a normalized linear combination of orbitals to bond with a central atom. For example, the
combination appropriate for 2s in a trigonal-planar molecule is
1
( q q
q ) . The normalized combination is 7T(qa
Q,
3.

+ +

+ +

Normalize the combinations (qb - q,) and (q, - 4qb - 54J.
2 . Show that the molecular-orbital and valence-bond descriptions
of a bonding in a trigonal-planar molecule are equivalent, if, in Eqs.
( 4 - I ) , (4-3), and (4-5), Cl = C5 = 6 9 and C = f i C 2 = 4% =
d$cIo. In general, do you expect that C1 = C5? 65 = C9? fic2 =
&~6?
fic6 = ~ C I O Explain.
?

Tetrahedral Molecules
5-1

CH4

T

he methane molecule, CH4, has a tetrahedral structure. This
structure is shown in Fig. 5-1. With the carboll in the center of
the cube, the hydrogens are then placed at opposite corners of the
cube, as defined by a regular tetrahedron. The origin of the rectangular coordinate system is chosen at the center of the cube, with
the .x, y, and q axes perpendicular to the faces. All the carbon valence
orbitals, 2s, 2p,, 2pU,and 2p,, must be used to form an adequate set of
a molecular orbitals.
The overlap of the four Is hydrogell orbitals with the carbon 2s
orbital is shown in Fig. 5-2. The linear combination (Is,
lsb
Is,
1sd) is appropriate. The bonding and antibonding molecular
orbitals are:

+ +

+

The overlap of the four 1s orbitals with the carbon 2p, orbital is
shown in Fig. 5-3. Hydrogen orbitals Is, and lsb overlap the
plus lobe, and orbitals Is, and Isd overlap the minus lobe. Thus the
Isb - Is, - lsd).
proper combination is (Is,

+

':,

Tetrahedral Molecules

7

,',,

.

Figure 5-1

Coordinate system for CH4.

The 2p, and 2pv carbon orbitals overlap the four hydrogen orbitals
in the same way as 2p,. This is shown in Fig. 5-4. The linear comlsd - I&- I s 3 with 2pu, and (Is,
1s. binations are (Is,
lss - 1xd) with 2pz The molecular orbitals are given below.

+

+

1

@igure5-2 Overlap of the earbon 2e ofbital with the 1s
prbitals of the hydrogen atoms.

5-2

GROUND STATE OF

CHI

The molecular-orbital energy-level scheme for CHI is shown in
Fig. 5-5. The us, uv,and US orbitals have the same overlap in a tetrahedral molecule atld are degenerate in energy. This is clear from the
overlaps shown in Figs. 5-3 and 5-4.
There are eight valence electrons in CH4 because carbon is lsa2pZ
and each of the four hydrogens contributes a 13 electron. Thus the
ground state is
~~~12(u2~"u~)"(uP12
S= 0
There are four c bonds in CHp. The average C-H bond energy is
99.3 kcal/mole. The C-H bond length in CHa is 1.093 A.

5-3

THE TETRAHEDRAL ANGLE

i

The H A - H bond angle in CH4is 109°28'. We can calculate the
Tetrahedral angle by s~mpletrigonometry. First, we place the CHI

Tetrahedral Mol,,,.,

Figure 5-3 Overlap of the earhon 2pi orbital with the i s
orbitals of the hydrogen atoms.

Figure 5-4 Overlap of the carbon Zp, and Zp, orhitala with
the Is orbitals of the hydrogen atoms.
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Relative orbital energies in CH4.

molecule in a unit cube, as shown in Fig. 5-6. The lengths of the
sides defining the H6C-Hd
angle 0 are obtained by using the
Pythagorean theorem. Thus we have the result
cos -0 = l'3
2
3

or

0 = 109'28'

CS-91

Tetrahedral Molecules

-

H --

,

-- -- - - - -- - - -- -

, j r d

I'

,

1

,'..--

I
I

,
I

I

I

4

i

1

'

I
I

I
I

I

,

I
I
I

I

,'
,
I

,

,
,,

I

,'

;

,

,I'

,' - - -.
H . .- - - - - - _ _ _ - ->
I

' I

2
-.iq
."
-.

Figure 5-6
angle.

Unit-cube model for evaluating the tetrahedral

5-4

I
I

5

I
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VALENCE BONDS FOR CH4

Four equivalent valence orbitals centered on carbon can be constructed by scrambling together the 2s, 2p,, 2p,, and 2p, orbitals.
These equivalent orbitals are called sp3 hybrids, and their constrnction is shown schematically inFig. 5-7. Each spa hybrid orbital has
one-fourth s character and three-fourths p character.
The four sp3 orbitals are directed toward the comers of a regular
tetrahedron, and thus are ideally suited for forming four localized
bonding orbitals with the four hydrogen 1s orbitals. The valencebond structure for CHI is shown in Fig. 3-8.
PROBLEM
5-1. The normalized wave functions for the four equivalent sp
hybrld orbltals are llsted below (coordinate system as shown in
Fig. 5-7):
'C~f2)= +s
pu p 3

+

*(PS

+ +

a

--a
Electrolu and Chemiml Bondir,

:P'.
Figure 5-7

Formation of four spahybrid orbitals.

- py - pi)
*(spd3) = is + 4%-P.
+ py - pJ
'(sp.3)

.

IP hybrid orbitals

= +a+

I

F
1u'

a

Show how these orbitals are obtained by following the procedure
used to solve Problem 4-1.

Figure 5-8

Valence-bond structure for CHI.
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5-5

OTHER TETRAHEDRAL MOLECULES

Members of the carbon family (carbon, silicon, germanium, tin,
and lead) readily form four CJbonds with four adjacent atoms. The
resulting molecules invariably have a tetrahedral structure around

Table 5 - 1
Properties of Tetrahedral Moleculesa

-

C

Molecule
CH4

cF4
CCl,
CBr,
SiEI,
SiF,
SiCl,
SiBr,
SiI,
Si(CH3 1,
Si(C2H5),
GeC1,
GeBr,
Geh
SnC1,
SnBr,
Sn(CH, 1,
Sn(C,H5 1,
Pb(CH3)a
Pb(C,H5 ),
Cl0,NH4*
BH4B F4-

Bond

CK-H
C-H
C-F
C- C1
CBr,-Br
Si- H
Si- F
Si- C1
Si-Br
Si-I
Si- C
Si- C
Ge- C1
Ge-Br
Ge-I
Sn-C1
Sn -B r
Sn-C
~n-C
Pb-C
Pb C
S- 0
C1- 0
N- H
B- H
B- F

-

Bond
length, A

Bond energy (BE),
kcal/mole

1.093

101(DE)
99.3
116
78.2
<50(DE)
76
135
91
74
56
72
60
81
66
51
76
65

1.36
1.761
1.942
1.480
1.54
2.02
2.15
2.43
1.93
2.08
2.3 2
2.48
2.30
2.18

54
2.30
31
1.49
1.44
1.03
1.22
1.43

aData from T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.
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the central atom. The bonding in these molecules involves the use
of one s and three p valence orbitals by the central atom, and of an
appropriate valence orbital by each of the four surrounding atoms.
A number of important oxyanions have a tetrahedral structure,
among them SO%- and C1O4-. Properties of a representative group
of tetrahedral molecules are given in Table 5-1.
SUPPLEMENTARY PROBLEMS

1 . Describe the bonding in CF4 in terms of molecular orbitals, and
construct a molecular-orbital energy-level diagram. Around which
nucleus or nuclei do the electrons spend more time in the ab orbitals?
Do you expect any partial ionic character in the C-F bonds? What
is the dipole moment of CF,? Why?
2. Under what conditions are the molecular-orbital and valencebond descriptions of bonding in CH4 the same? From Eqs. (5-I),
(5-3), (5-5), and (5-79, construct the valence-bond bonding functions that are shown in Fig. 5-8.
3. What is the structure of BH4-? of NH4+? Are the CH, orbitals
appropriate for these molecules? Discuss the partial ionic character
you might expect in the B-H, C-H, and N-H bonds. Make an
estimate of the coefficients in Eqs. (5-1) through (5-8) that might
be expected for the BH4-, CH4, and NH4+ molecules.

Trigonal-Pyramidal Molecules

A

familiar example of a trigonal-pyramidal molecule is ammonia,
NH3. The NH3 molecule is shown in Fig. 6-1. The three hydrogens, which are bent out of the x,y plane, form the base of a trigonal pyramid that has the nitrogen at the apex. Each N-H makes
an angle 0 with q. In addition, N-H, is lined up with the x axis,
and N-Hb and N-H, make 30" angles with +y and -y, respectively. Thus NH, is aligned the same way we aligned a trigonalplanar molecule (Fig. 4-l), but with the three peripheral atoms bent
down.
Bonding in NH3 involves the hydrogen 1s valence orbitals and the
nitrogen 2s and 2p valence orbitals. Let us ignore the 2s nitrogen
orbital for the moment, and consider only the 2p-1s bonding.
The overlap of the three hydrogen 1s orbitals with the nitrogen 2p
orbital is shown in Fig. 6-2. The correct combination of 1s orbitals
is (Is,
1sb IS,). The u, molecular orbitals are:

+ +

The overlap of 2p, with Isb and Is, is shown in Fig. 6-3. The correct combination is IS^ - IS,). The a, molecular orbitals are:

Electrons ur~dC h i c a l Bondi%

Y

I

z

Figure 6-1

Coordinate system for NH,.
I

j

ic<cYb) = c&
ic<ay8)= C2p8

+ cb(lJ3- 1sC)
- Ccs(1sa - IS,)

(6-33

(6-4)
The overlap of 2p. with is., l a , and is, is shown in Pig. 6-4. Since
la and is, make an angle of 60' wlth - x , the overlap of la or Is.
with 2p, is only one-half (cos 60' = +)that of 15. with 2p, (see Section 4-2). Thus the proper i s combination i s [Is. - ) la - ) 1 ~ ~ ) .
The uc molecular orbitals are:

+

*

+ la - Is,)
- 4 lsb - 4 1,)

*(asb) = C92ps C l d l s ~
$(as*) = C1r2pe- Ckls,,

6-2 OVERLAP IN US, a*, AND us
A calculation of the overlap in the un,a#, and a' molecular orbitals
is easily carried out. The direct overlap of a 29 with a 1s valence

2P. + L. + lr,+LC

Figure 6-2 Overlap of the nitrogen 2p, orbital with the 1s
orbitals of the hydrogen atoms.

orbital is shown in Fig. 6-5; this we shall denote as S(ls,2p.).
We
then proceed to express the molecular-orbital overlaps in terms of
S(ls,2p.):

S(uJ

1

+ 1 6 + 1s.)

=

S 2 p s -(Is.

=

I [ c o S 0 S(~J,~P#)

45

fl
= d 3 cos o s(ls,2pC)
S(uJ

=

1
S2pv72(1se

=L
[cos 30'
d-2
=

+

,j

d~

COS 0

$(IS, 2pn)

+

COS 0

S(~J,~PS)]

(6-7)

- 1s.) d7
sin 0 S(ls,2po)

+ cos 30° sin 0 S(ls,2p.)l

sin 0 S(ls,2pn)

(6-8)

r

4.

3
,

.i

+

-

.

3

Electrons and Chemical Bonding

...

.;.:.:;:
..........

. ...:.
.. . ......
.. . .

Figure 6-3 Overlap of the nitrogen Zp, orbital with the i s
orbitals of the hydrogen atoms.

+

$(aa) = J2p .G(ls.- la - I s , )

'

a7

+ cos 60'

+

B ~(1~,2p,) cos mOsinB ~(15,29,)

=

<[sin

=

dg sin e S(ls,2p,)

.It is important to note from Eqs. (&7),

sin B

(&S), and (&9) that a,
and as are equivalent, and therefore their energies will be the same for
, any value of 8. When 0 = 9O0, of course, we obtain the correct overt lap values for a trigonal-planar molecule (see Section 4-5):

$(a,) = $(a=) = v'@(ls,2p..)

.
:
a
d-.

.

.L-

-

&..*

2ps

+ 15"

-

- 13<

Figure 6-4 Overlap of the nitrogen 2p. orhital with the 1s
orbitals of the hydrogen atoms.
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S(~,,~PC)

Figure 6-5

p orbital.

Staxidard twoatom c overlap between an s and a

?

'. .
&
.

!
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Figure 6-6 Bdicive di.tnneu in the NH, molecule for m
H-N-H
bamd angle of 90'.

%'T and sin B = 4% ~
etry. We see that for $ = WO,
cos 0 = 3
Eqs. (6-71, (6-81, and (6-9) reduce to
S(%) = S(U") = S(uJ = S(ls,2p.)

h

(6-10)

other words, the UZ,UU,and U S molecular orbitals are the same for
6 = go0. This is no surprise, since the 2p,, 2p., and 2pGorbitals make
90' angles with each other, and for $ = go0 the L orbitals can be
digned along the x , ~ and
, 2 axes, as shown in Fig. 6-7. Each hydro-

~

e ~ i e o n u l - ~ r r a m i d aMolecules
1

'

'~&-

Figure 6-7 Simple picture of the banding i n NHa, using a d y
the nitrogen 2p orbitals.

gen overlaps one 2p orbital, as in Eq. (6-10).
us, uv, and us is smaller for any other angle.

6-3

The total overlap in

THE INTBRELBCTRONIC REPULSIONS AND
BOND ANGLE IN NHa

H-N-H

The actual H-N-H
bond angle in NHa is 107', or 17' larger than
the angle predicted for pure 2p-1s bonding. It is probable that the
mutual repulsions of the one nonbonding pair (called a lone pair) and
the three bonding pairs of electrons are responsible for the 17' angle
opening. The four electron pairs must therefore be so arranged as to
minimize these interelectronicrepulsions. One way to get the three

Electrons and Chemical Bonding

,
i
-

i

I

1

j

'4
Cj
8 8

onding pairsfarther apart is to involve thenitrogen 2s orbital in the
bonding. In Fig. 6 8 is shown the overlap of the hydrogen 1s orbitals with the nitrogen 2s. Notice that the combination appropriate
for 2s (Is, Isa Is,) is the is combination in fix [Eqs. (6-1) and
(6-2)]. Thus a, "mixes together" with cs*and a,* to give three
molecular orbitals which we shall call a?, as,and a,*. This addition
of 2s "character" to the N-H bonding increases the H-N-H
angle from 90' to 107". You may think of the angle opening by inclusion of 2s in the following way: The best H-N-H
angle for
"pure" 2p bonding is 90". The best H-N-H
angle for "pure" 2s
bonding is 120°, since the symmetrical trigonal planar structure allows thc bcst overlap arrangement for three hydrogen 1s orbitals
with a 21. orbital. (The 1s orbitals are as far from each other as possible and do not compete for overlap of the same portion of the 25.)
Thus inclusion of 2s character in a "pure" 2p-bonding scheme i k
creases the H-N-H
angle from 90'.

+ +

t
Figure 6-8 Overlap of the nitrogen 2s orbital with the 1s
orbitals of the hydrogen atoms.

Trigowl-Pyram~dalMolecule

I37

The similar valence-bond idea, part~cularlyappealing, is that the
bonding pairs and the lone pair are in four tetrahedral spS orbitals.
This structure places the four electron pairs as far away from each
other as possible. The "tetrahedral" structure of N& is shown in
Fig. 6-9. The sllght dev~ationof the H-N-H
bond angle from the
tetrahedra1 angle of 109" is cons~dereda result of the nonequlvalence
of the bonding and non-bonding pairs of electrons.

6-4

BOND ANGLES OF OTHER TRIGONAL-PYRAMIDAL

MOLECULES

The H-P-H
and H - A s H angles in pHa and AsHz are 94' and
9Z0, respectively. This probably indicates a high degree of phosphorus and arsenic p-orbital character in the three bonding orbitals.
We assume that the mutual repulsions of bonding pairs of electrons
are reduced i n going from nitrogen to phosphorus to arsenic. This
is a reasonable assumption, since we know from atomic spectra that
the atomic interelectronic repulsions, in the valence p orbitals, decrease in the order N > P > As. The trihalides of nitrogen, phosphorus, arsenic, antimony, and bismuth are trigonal pyramidal. The
bond angles are all in the 95 to 105' range, as given in Table &1.

Figure 6-9 Valence-bond struchlrc for NH1, using spa
orbitals for nitrogen.

N orbitdr

-,

NH, orbitals

Figure 6-10 Relative orbital energies in NH1.

add bond

dipoles

-

/

total dipole moment

&**

6
Figure 6-11

Contributions to the dipole moment of NHa.
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Table 6-2

Dipole Moments of Some Trigonal-Pyramidal Moleculesa
Molecule

Dipole nzoment, D

N%
NFs
pH,
PF3
PC1,
PBr,
A s H3
A s F3
AsC1,
AsBr,

1.47
0.23
0.55
1.03
0.79
0.61
0.15
2.82
1.99
1.67
0.97
3.93
2.48
1.59

AS&

SbC1,
SbBr,
Sb&3
#

-

-

aData from A . L. McClellan, Tables of Experimental Dipole
Moments, Freeman, San Francisco, 1963.

moment. The total dipole moment, 1.46 D, also includes a contribution from the lone-pair electrons in a,, as indicated in Fig. 6-11.
Dipole moments for a number of trigonal-pyramidal molecules are
given in Table 6-2.
SUPPLEMENTARY PROBLEMS

I . Why is the dipole moment of NH3 larger than the dlpole moment of PHs? Why is the dipole moment of PFd larger than that of

PCI,?
2. What structure would you expect for CHd- and HaO+. Discuss
the bonding in these molecules.

Angular Triatomic Molecules
7-1 Hz0

T

he most familiar angular triatomic molecule is water, H20.
The H-0-H
bond angle in the water molecule'is known to be
105'. We call conveilietltly derive the molecular orbitals for H 2 0
by placing the oxygen atom at the origin of an xyq coordinate system.
The two hydrogens are placed in the x,q plane, as shown in Fig. 7-1.
along the q axis and bendImagine starting with a linear H-0-H
angle 8
ing the two hydrogens toward the x axis, until the H-0-I-I
corresponds to the observed 105'. It is convenient to bend each
hydrogen the same amount from the q axis, so that the x axis bisects
8. We can go through this procedure for any angular triatomic molecule, independent of the value of 8. Thus the a molecular orbitals for
H2O are a representative set.
The valence orbitals iilvolved are 2s and 2p for oxygen and Is for
hydrogen. The overlaps of the 2p orbitals with the two hydrogen
1s orbitals are shown in Fig. 7-2. From these overlaps, we can write
the following set of wave functions:

Llectrons

Figure 7-1

mtd Cnemicul Bonding

Coordinate system for %O.

The 2p, oxygen orbital has no overlap with either ls, or la, and
thus it is nonbonding in our scheme. Notice that Zp, is available for
T bonding, but hydrogens do not have ?r valence orbitals.
The overlap of 2s with is, and 1 ~ is
a shown in Fig. 7-3. The combination (lr.
la), which was used in the a, orbitals, is correct for
2s. This means that as mixes with a=. The result is three molecular
orbitals-a bonding orbital, an orbital that is nearly nonbonding, and
an anfibonding orbital. We shall call these orbitals asb,a*, and a=*,
respectively.
The molecular-orbital energy-level scheme is shown in Fig. 7-4,
with the hydrogen 1s orbital placed above the oxygen 2s and 2p
valence orbitals. The a> molecular orbital is seen to be more stable
than the am,owing to the interaction of a, with cab.

+

Anplap Giatomic Molecules

Zpz

+ 11.

2p=

+ Isa+ 1~~

X

-

lr,

Figure 7-2 Overlap of the oxygen 2prand 2piorbitala with
the 1s orbitals of the hydrogen atoms.

H20
The ground-state electrohic configuration of HzO, with eight
7-2

GROUND STATE OB

valence electrons (two from the hydrogens, Lr22p4or six from
gen), is therefore

OXY-

I44

y my >- -?K-

v
v
I
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I

1

Pigurc 7-3 Overlap of the oxygen 2s orbitaI with the 1s
orbitals of the hydrogen atom.

(~~~)>"(u~"~(u%>'(?r~)~
S= 0

d ~ W note
e that all the electrons must be paired, and Hz0 is diamagThere are four electrons in ua orbitals, giving two a bonds.
We might expect the H--0--H bond angle to be 90" if only the
2p. and 2ps orbitals were used in u bonding. That is, a 0 of 90' makes
2~~m d 2~~epnivalent with respect to overlap with the H valence
orbitals. This is easy to see if we place the two hydrogens along the
x and <axes, as shown in Fig. 7-5. The possibility of the Zr orbital
being involved in bonding is one explanation for the 15" deviation
'of the H--O--H angle from 90'. To demonstrate the angle "opening," it is convenient (as for NH,) to place the eight valence elec,
uons
into four spa hybrid orbitals, as shown in Fig. 7-6. The fact
- .
that
the
H U H angle in water is less than 109' is, according to
,
this view, a result of the different repulsions of electron pairs in
bonding and nonbonding orbitals. The nonbonding pairs would
repel each other more strongly than the bonding pairs, consistent
with a 105" angle between the bonding pairs.
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Relative orbital energies in HnO.

The bond angle in HzS is 92', much closer to the 90' expected for
pore p bonding. In HtS, it 1s probable that there is strong 3 p l s
bonding. This is consistent wlth the fact that the lnterelectron~c
repulsions in 3p orb~talson sulfur are known to be less than the interelectronic repnls~onsin 2p orbltals on oxygen.
The electrons in # orbitals in He0 spend more time near the oxygen
than near the hydrogens, owing to the larger electronegativity of

I4
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Chemical Bonding

I

t
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Y

I

Figure 7-5 Simple pieture of the bonding in H20,using only
the oxygen 2p orbitah
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Figure 7-6 Valence-bond structure for HzO, using spa orbitals for oxygen.
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Angular Triatomic Molecule,

Figure 7-7

Separation of charge i n HpOin the ground state.

oxygen. As a result, the hydrogens carry a small positive charge in
the ground state of HzO, as shown in Fig. 7-7.
The H D molecule has a dipole moment of 1.844 D. The moment is
due to the charge separation described above as well as to lone pairs,
as shown in Fig. 7-8. Each H-0 bond has a small bond dipole moX I

"_

mntresultingfrom the charge separation H--b. Since the HzOmolecule is angdar, these bond moments add together to give a resultant dipole moment.
Table 7-1 gives dipole moments of several angular triatomic molecules.

H

e
bond drpoles

H\

lone pairs

Figure 7-8

Contributions to the dipole moment of HnO.
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Table 7-1
Dipole Moments of Some h p l a r Tridomic Moleeule~i~
Molecule

Dipole moment, D

aData from A . L. McClellan, Tables of Experimental Dipole
Moments, Freeman, San Francisco, 1963.

BONDING: NO2
The NO2 molecule is an example of an angular triatomic molecule
with both a and a bonding. We place the N of NO2 at the origin of
an xyq coordinate system shown in Fig. 7-9. The oxygens are
situated in the x,q plane, bent away from the q axis. The O-N-0
angle is 0. We shall consider the nitrogen 2s and 2p and the oxygen
2p orbitals in constructing the molecular orbitals.

7-3

ANGULAR TRIATOMIC MOLECULES WITH 7T.

7-4

IS ORBITALS

The nitrogen 2 . ~ 2p,,
,
and 2p, valence orbitals are used to form a
molecular orbitals with the 2p,, and 2p,, of the oxygens. The a
molecular orbitals are very similar to those we obtained for HzO.
In order of increasing energy, we have a?, u,b, a,, a,*, and a,* (see
Fig. 7-4).

7-5

7T. ORBITALS

The nitrogen 2p, orbital overlaps the 2p,, and 2p,, on the oxygens,
as shown in Fig. 7-10. The bonding molecular orbital is obtained
by adding the three orbitals together:

...

7

,

-

Angular Triatomic Molecules
x

Figure 7-9

Coordinate system for NO2.

The antibonding orbital has a node between 0, and N and between
Oa and N:

$(%*I

= Ca2pu - CnOio

+YL)

(7-7-6)

The other combination of the 2p, orbitals of 0, and Oa is
(2pv, - 2p,,). This combination has zero net overlap with the
nitrogen 2pv, and is the nonbonding molecular orbital:

We shall also consider the 2ps orbitals of 0, and Oa nonbonding in
NOS. An approximate energy-level scheme for the molecular orbitals
of NOz is given in Fig. 7-11.

Electrons and Chemical Bonding

Pigure 7-10 The mrbital aombiaation6 in NOI.
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7-6 GROUND
STATE OF NOZ
There are 17 valence electrons in NOz (five from nitrogen, six from
each oxygen) to place in the molecular orbitals gi;en in Fig. 7-11.
The ground state is

(2~a>'(hb~(U?~(~(r~)~(~~~>"(~p~~>'(2pn~>'(~y>'(~s)

$= 1
2

Since there is one unpaired electron, the NOr molecule is paramagnetic. Electron-spin resonance measurements have confirmed that
the unpaired electron in the ground state of NO2 is in a u orbital.
The ground-state electronic configuration gives two u bonds and
one n bond. It is instructive to compare the molecular-orbital bonding scheme with two possible equivalent valence-bond structures
that can be written for NO2 (see Fig. 7-12). The resonance between
structures I and I1 spreads out the one n bond over the three atoms,
an analogy to the a bonding molecular orbital (seeFig. 7-10). The
unpaired electron is in an sp2 hybrid orbital, which is similar to a,.
The lone pair in the 2p, system goes from 0. to Oh, an analogy to the
two electrons in the n, molecular orbital (see Fig. 7-10).
The N - 4 bond length in NOz is 1.20 A. This compares with an
N-0 distance of 1.13 A in NO. The molecular-orbital bonding

i

1
. ,

Figure 7-12

Valenee-bond structures for NOr.

Angular Triatomic Molecules
Table 7 - 2

Properties
-

- - AB2

molecule

of

b p l a r Triatomic Moleculesa

-

-

B-A-B
angle, deg
-

-

-

Bond
length, A

Bond
- -

-

---

-

-

Bond energies,
kcal/mole
-

Hz0

105

HO- H
0-H

0.958

117.5(DE)
110.6(BE)

H2S

92

H-SH
H-S

1.334

90(DE)
83(BE)

113

HO- C1

60(DE)

HOBr

NO- Br

56(DE)

HOI

HO-I

56(DE)

HOCl

BrO,

NOCl

116

C1-NO

1.95

37(DE)

NOBr

117

Br-NO

2.14

28(DE)

NO,-

115

N- 0

1.24

aData from T. L. Cottrell, The Strengths ofChemica1 Bonds, Butterworths, London, 1958, Table 11.5.1; L. E. Sutton (ed.), "Interatomic Distances," Special Publication No. 11, The Chemical Society, London, 1958.
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+

scheme predicts 1+a bonds for NO, and only for the NO in NOz;
thus a longer NO bond in NO2 is expected. The 0-NO bond-dissociation energy is 72 kcal/mole.
Bond properties for a number of angular triatomic molecules are
given in Table 7-2.
SUPPLEMENTARY PROBLEMS

1. Describe the electronic structures of the following molecules:
(a) 03; (b) ClOz; (c) ClOz+; (d) OFz.
2. What structure would you expect for the amide ion? for SC12?
XeFZ?

VIII
Bonding in Organic Molecules

8-1 INTRODUCTION
arbon atoms have a remarkable ability to form bonds with
hydrogen atoms and other carbon atoms. Since carbon has one
2.t and three 2p valence orbitals, the structure around carbon for full
a bonding is tetrahedral (sp?. We discussed the bonding in C R ,
a simple tetrahedral molecule, in Chapter V. By replacing one hydrogen in CHI with a - C H 3 group, the CzHs (ethane) molecule is obtained. The C2H6molecule contains one C - C bond, and the structure around each carbon is tetrahedral (sp3), as shown in Fig. 8-1.
By continually replacing hydrogens with --CHI groups, the many
hydrocarbonr with the full spa $-bonding structure at each carbon are
obtained.

C

I

.

\

I
!

Figure 8-1

Valeace-bond slructure for CnHs.

Electrons and Chcmical Bonding
In many organic molecules, carbon uses only three or two of its
four valence orbitals for u bonding. This leaves one or two 29 orbitals for r bonding. The main purpose of this chapter is to describe
bonding in some of the important atomic groupings containing
carbon with 7 valence orbitals.
It is common practice to describe the 0 bonding of carbon in
organic molecules in terms of the hybrid-orbital picture summarized
in Table 8-1. The r bonding will be described in terms of molecular
orbitals, and the energy-level schemes will refer only to the energies.
of the r molecular orbitals. This is a useful way of handling the
electronic energy levels, since the u bonding orbitals are usually considerably more stable than the T bonding orbitals. Thus the chemi-.
cally and spectroscopically "active" electrons reside in the r molec- ular orbitals.

8-2 CzW4
The structure of ethylene, C2H4.
is shown in Fig. 8-2. The molecule is planar, and each carbon is bonded to two hydrogens and to the.
other carbon. With three groups attached to each carbon, we use a
- .
set of spa hybrid orbitals for u bonding.
-

5.: FA,-.

,4

,

C;-*.,.

; I

.

.

- .

,..

... -

-i:

:.

.
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Table 8 - 1
Hybrid-Orbltal Picture for a Bonding of
Carbon in Organic Molecules
Nzmzber of atoms
bound to carbon

4
3
2

n sand
orbitals

tetrahedral
trigonal planar
linear

sPS
sP2
sP

Figure 8-3 Boundary surfaces of
of '%He.

StrucCure
a r o d carbon

the r

molecular orbitals

:.

15s

Electrons and Chemical Bonding

This leaves each carbon with a 2p orbital, which is perpendicular
to the plane of the molecule. We form bonding and antibonding
molecular orbitals with the 2p, valence orbitals, as follows:

The boundary surfaces of the nband a* MO's are shown in Fig. 8-3.

8-3

ENERGY LEVELS I N

C2H4

The energies of thp T~ and a* MO's are obtained just as were the
energies of the ab and a* MO's of Hz (Section 2-4):
E [#(ab)] = J+(7P)X#(ab) d~
=

E[#(T*)] =

qe

+

=

$J(

~ a xb)X(xa

+ ~ b d~)
(8-3)

Pcc

4f (Xa - x b ) X ( ~ a- ~

b d7
)

=

4, - PC,

(8-4)

Thus we have the same type of energy-level scheme for the n molecular orbitals of ethylene as we had for the a molecular orbitals of the
hydrogen molecule. The diagram for C2H4is shown in Fig. 8-4.

8-4

G R O U N D STATE OF

62H4

There are twelve valence electrons in C2H4,eight from the two
carbons (2s22p2)and one from each hydrogen. Ten of these electrons
are used in a bonding, as shown in Fig. 8-5. Two electrons are left

'59
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(e,

to place in the ?r molecular orbitals. The ground state is
which gives one ?r bond. The usual pictures of the bonding in Ce&
are shown in Fig. &6.

carbon.

r orbital

r molecular orbitals

for

carbons r orbital

C,H,

\

\

,

\
\

'

Figure 8-4

'.-

\

,

;

?

+ 0..

Relative r orbital energies i n C&.

5 ~bondrnn~
paws = 10 electrons

Figure 8-5

The o bonding structure of

a.

'

Electrons and

chemical

ond din^.

t-

CzH4
I.
formd,ated as involving- two eauivalent
"bent" bonds, rather than one a and one a bond. One simple way
to construct equivalent bent bonds is to linearly combine the 06 and
'
r molecular orbitals of CZHIas follows:

.

The equivalent orbitals $1 and

T-BOND PICTURB OF
,

%

$2

are shown in Fig. 8-7.

If the 06

Liorbitals used are der~vedfrom carbon rp2 orbitals (Section 52), the
i: H - G H and H-C-$_bond
angles should be 120'.
I

1;
L

t
F.

(61 o - r

Figwe 8-6

bond orb~talpcrurs,

Common representations of the bonding in C,H1.

-.
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Using only valence-bond ideas, we can formulate the bonding in
CeHaas involving four
orbitals on each carbon. Two of the sp3
orbitals are used to attach two hydrogens, and two are used to bond
to the other carbon in the double bond. Thus, G& would be represented as shown in Fig. 8-8. This model predicts an H-4-H angle
of 109"2S1 and an Ha
angle of 125"16'.
The observed H-C-H
angle in GH4 is 1170 Since the molecule
is planar, the H--C.===C angle is 121.5'. These angles are much closer
in size to the 120" angle between equivalent sp2 hybrid orbitals than
they are to the tetrahedral hybrid-orbital predictions. However,
certain other molecules containing the
group have X
a

-

Figure 8-7 Equivalent orbitals in GH4, constructed from the
d and P orbitals.

Electrons and

Chemical Bondijig

..
Figure 8-8 Equivalent orbitals in C1H4,
using sp orbitals on
each carbon.

angles in the neighborhood of 125".
The multiple bonds in molecules such as Nz, HICO, and CzHzcan
be formulated either as equivalent bent bonds or as a combination of
a and u bonds. For a more complete discussion of equivalent orbitals, the reader is referred elsewhere.'

C=C GROUP
There are two kinds of bonds in C f H 4 , C===Cand C-H.
Thus we
&6

BOND PROPBRTIES OF THE

must know the value of BE(C-H)
BE(-)
from the process

in order to obtain the value of

'J. A. Pople,Qwt. Rev., XI, 273 (1957); L. Pauling, N d r w of
Cornell Universiry Press, Ithnce, N.Y.,1960,p. 1386.

the

Cbmic~~I
&nd,
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The value of BE(C-H) used to calculate bond energies such as G=C,
6 0 ,etc., is 98.7 kcal/mole, which is very nearly the BE(C-H) in
CH4. Bond energies and bond lengths for a number of important
groups are given in Table 8-2. The values are averaged from several
compounds unless otherwise indicated.
The average
bond energy is 145.8 kcal/mole, a value almost
twice as large as the C-C bond energy of 82.6 kcal/mole. The
C=C bond length is 1.35 A, which is shorter than-the 1.54 A C-C
bond distance.

=

Table 8-2
Bond Properties of Organic Groupsa
Bond
C-H
C-C
C=C
C=C
C-C (in C,H, )
C=C (in C,H4)
C=C (in C,H2)
C-N
C=N
C=N
C-0
C=O (in aldehydes)
C=O (in ketones)
C=O (in H,CO)
C-F (in CF4)
C-Si[inSi(C&),]
C-S (in C,&SH)
C=S (in CS,)
C- C1
C-Br
C-I (in C q I )

Bond
length, A
1.08
1.54
1.35
1.21
1.543
1.353
1.207
1.47
1.14
1.43
1.22
1.22
1.21
1.36
1.93
1.81
1.55
1.76
1.94 (in C q B r )
2.14

Bond energy,
kcal/mole
98.7
82.6
145.8
199.6
83(DE)
125(DE); 142.9(BE)
23 O(DE); 194.3(BE)
7 2.8
147
212.6
85.5
176
179
166
116
72
65
128
81
68 (in C2H,Br)
51

aData from T. L. Cottrell, The Strengths of Chemical Bonds, Butterworths, London, 1958, Table 11.5.1.
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.-,,.,..,-.8-7 THE VALUE

-,L-"".

OP

p,,

IN

C2H4

The first excited state of CzHa occurs upon excitation of an electron
from # to a*,giving the configuration (#)(a*).
We see that the
difference in energy between a' and T* is -28. Absorption of light
a t the 1650 A wavelength causes the a
"
T* excitation to take place.
Since 1650 A is equal to 60,600 cm-' or 174 kcal/mole, we have
-2Po. = 60,600cm-'

or

174 kcal/mole

PC. = -30,300cm-'

or

- 87 kcaljmole

and
(8-8)

,. , ,

8-8 HzCO : ,q ,
:
,
The simplest molecule containing the C==O group is formaldehyde,
H2CO. The u bonding in HzCO can be represented as involving sp2
orbitals on carbon. This leaves one 2p orbital on carbon for a bond-

Yo

Figvre 8-9

.

!f

-

%. -

Orbitols in the H~COmolecule.

'

1
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ing to the oxygen, as shown in Fig. 8-9. The r molecular orbitals
are:
$(asb) = c,,
cm
Cs-9)

- --

4

.,*

+

.*

$(uL?*) =
- c4xo
(&lo)
Since oxygen is more electronegative than carbon, we expect (Cz)Z >
( C I and
~ (C$ > ( C 2 . Since the oxygen 29, orbital is used in a
bonding, we have the 2pv orbital remaining as a nonbonding MO of
the a type. The energy-level scheme expected for the a molecular
orbitals of HzCO is shown in Fig. 8-10.
IJ ' 1 ,
#.#I I
. .I,-.
+ .&.:=,'
'
,

,(.

-

&9 GROUND STATE OF H&O
There are twelve valence electrons in H2C0, two from the hydrogens, four from carbon, and six from oxygen (2532p4). Six of these
electrons are involved in a bonding, and two are in the oxygen 2r
orbital as a lone pair. This leaves four electrons for the r orbitals
shown in Fig. 8-10. The ground state is (rZb>'(rsy. There is one

carbon

orbital

r-molecular orbiralr
for H,CO

oxygen r-orbitals

,-&,
1
\
\

-&('

\
\
\

h

M

-(yL

\

9

- - - - - - 0?- 9 " ' " 0 0 -

!

..*
. e..'
b.

. . .4

-

Y'

Figure 8-10

'

' ..

1 1
.I

kelative a orbital energies in H&O.

r

3 V

166C

-
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carbon-oxygen ?r bond, along with the u bond, giving an electronic
structure that is commonly represented as shown in Fig. 8-11.
The carbonyl (W)group is present in many classes of organic
compounds, among them aldehydes, ketones, esters, acids, and
amides. The simplest ketone is acetone, (CHa)%CFO. The C===O
bond energy in HzCO is 166 kcal/mole. As C-H bonds are replaced
bond energy increases. The average G O
by C C bonds, thebond energy for aldehydes is 176 kcal/mole; for ketones it is 179
kcal/mole. Each of these average values is more than twice the 85.5
kcal/mole value for the CObond energy. The average C-=
bond
length is 1.22 A, which lies between (343 ( R = 1.13 A) and C--0
( R = 1.43A).

Figure 8-11 Common representations of the bonding in
&CO.
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8-10

THE

n+a*

TRANSITION

EXHIBITED

BY

THE CARBONYL GROUP

The excitation of an electron from T, to T,* occurs with absorption
of light in the 2700-3000 A wavelength region. Thus the carbonyl
group exhibits a very characteristic absorption spectrum. Since the
transition is from a nonbonding n orbital to an antibonding a orbital,
it is commonly called an n + a* transition.

The structure of acetylene, C2H2,is shown in Fig. 8-12. The u
bonding involves sp hybrid orbitals on the carbons, leaving each
carbon with two mutually perpendicular 2p orbitals for a bonding.
The a molecular orbitals are the same as those for a homonuclear
diatomic molecule:

Figure 8-12

Coordinate system for G2H2.

-

Electrons and Chemical Bonding

The energies of the r molecular orbitals are shown in Fig. 8-13.

8-12 OROUND STATE OF C2H2
There are ten valence electrons in C2H2. Six are required for u
bonding, and the othei four give a ground state ( ~ ~ ~ ) ~ ( rThus
:)~.
u
bond,
and
two
r
bonds.
we have three carbon-carbon bonds, one
The common bonding pictures for &H2 are shown in Fig. 8-14.
The bond energy of the
group, 199.6 kcal/mole, is larger than
The C=C
that of (;C or C=C, but smaller than that of -.
bond length is 1.21 A, shorter than either
or M.

- . .l

t.

The nitrile group, *N, is another important functional group
in organic chemistry. The simple compound CHsCN is called acetonitrile; its structure is shown in Fig. 8-15. The 7 bonding in the
C%N group is very similar to the r bonding in (kc. The usual
bonding pictures are also shown in Fig. &IS.
carbon. ~orbirrls

A

r-molecular orbitals for CIHp

-
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(a)
Figure 8-14

Common representationsof the bonding in W8.

(4

-HI...

Figure 8-15 Common representations of the bonding in
CHaCN. I. *,nl.c
.#m suv *..clr~.lh 44-W --bc
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The C+N bond energy, 212.6 kcal/mole, is larger than that of
The C=N bond length is about 1.14 A.

,'I

1-

I

.

.

8-14 CsHs
The planar structure of benzene (GHa) is shown in Fig. 8-16.
Each carbon is bonded to two other carbons and to one hydrogen.
Thus we use JP= hybrid orbitals on the carbons for u bonding. Each
carbon has a 2p orbital for T bonding, also shown in Fig. 8-16. With
six r valence orbitals, we need to construct six u molecular orbitals
for CsHs. The most stable bond~ngorbital concentrates electronic
density between each pair of nuclei:

-

.
The least stable antibonding orbital has nodes between the nuclei:

Pigurc 8-16

Sbuehlle and the r valence orbital6 of CaHs.
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The other molecular orbitals1 have energies between a h n d T*

The molecular orbitals for benzene are shown in Fig. 8-17.

The most stable orbital in benzene is $(.rrlb). The energy of this
MO is calculated below :
EIJl(rib)l = J + ( T P ) X + ( T I ~dr
)
= bf(4a
~b
zc

+ + + + 4e + 4f)X
X (<a + & + 4c + 4d + + 4 f ) dr
6[6qc+ 12Pcc + 2 f ~aX<cdr + 2.f~i3W.d
dr + 2 f ~ a X ~ e
X dr + 2 . f ~ b 3 &dr
. d f 2 . f ~ b X dr
~ ef 2.f 4b:bX~dr
+ 2 S q c X z edr + 2 S q c X a dr + 2.f z~XZ',drl (8-21)
ZA

Ze

=

In other words, on expansion of the integral, we obtain six coulomb integrals (such as f zaXqa dr) and twelve exchange integrals
involving adjacent p orbitals (such as f caX4bdr); the other integrals
are exchange integrals involving nonadjacent p orbitals (such as
f<,XzC dr). We expect these integrals to be much smaller than the
regular 0's. If we adopt the frequently used Huckel approximation
in which such integrals are taken to be zero, we have

+

E [$(TP)I = qc 2Pcc
The energy-level scheme for CGHG is shown in Fig. 8-18.

(8-22)

1 The rules for constructing the benzene molecular orbitals are straightforward, but
require symmetry and orthogonality principles that have not been presented in this
book.

i

i

1

Pf
.

..

top view
nl

a%.

Figure 8-17 Top view of the boundary surfaces of the C6Ha
molecular orbitals.
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r-molecularorbital energies in

CaHs

,
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+ 28..

0Figure 8-18

Relative energies of the r MO's in G a s .

PROBLEM
8-1.

Show that

+

+(rrzb)

and

+(r3b)

are degenerate in energy, with

E = q, 8.. . Show that +(TI*) and +(ril) are degenerate in energy,
with E = 4, - Bee. Show that the energy of +(r$) is 4, - 28. .
-

...

I

I

.I

.

.,

&16

..(

,

<

GROUND STATE OF

' '

CSH6

',,

There are a total of thirty valence electrons in benzene. Twentyfour are used in a bonding (six C-C, six C-H bonds), leaving six
for the a-molecular-orbital levels shown in Fig. 8-18. This gives the
ground state (~p)2(?r~*)~(sP)~,
and a total of three a bonds. Each
carbon-carbon bond consists of one full a bond and half a s bond.
The C C bond length in CsH6, 1.397 A, lies between the C-C and
C=C bond lengths.
The common bonding picfures,pfqbenzeneare shown in Fig. 8-19.
-

\I

.

,

I

'I,,..
4

- .

..

..

Benzene is actually more stable than might be expected for a system
of six C C single bonds and three C-C ?r bonds. This added stability is due to the fact that the electrons in the three ?r bonds are
dulocalix~dover all six carbons. This is evident both from the molec-

Electrons and Chemical Bonding?

nmple M O picture
Figure 8-19 Common representations of the bonding in
C&.

ular orbitals shown in Fig. 8-17 and from the valence-bond structures shown in Fig. 8-19.
In the MO view, the total gain in CsH6stability due to r bonding is
calculated in units of 8, as follows:
2 electrons (in ax6) X Xp,, = 4&,
2 electrons (in n2*) X
= 2&,
2 electrons (in uab) X ,9* = wcG
total
88cc
If we did not allow the delocalization of electrons in C6&, we would
have a system of three rsolated double bonds (only one of the Kekult
structures shown in Fig. 8-19). Let us calculate the n bonding stability of three isolated double bonds.
An electron in the P orbital of
is more stable than an electron
in a carbon 2p atomic orbital by one 8, unit (see Section 8-3). With
six electrons in isolat8d @ orbitals, we have 6 X
= 6&.
The dslocalization of three a bonds in CsHs gives an added stability of
88, - 6 8 , = 28,. This is the calculated resonance energy in benzene.

Bonding in Ovganic Molecules
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The so-called experimental resonance energy of benzene is obtained
by totaling the bond energies of the C-C, C=C, and C-H bonds
present and comparing the total with the experimentally known
value for the heat of formation of C6H6. The difference indicates
that benzene is about 40 kcal/mole more stable than the sum of the
bond energies for a system of six C-H, three C-C, and three isolated
C==C units would suggest.
The value of p,, derived from the experimental resonance energy is
therefore -20 kcal/mole. This value differs substantially from the
value of - 87 kcal/mole obtained from the absorption spectrum of
C2H4. It is a general result that the resonance-energy p's are much
smaller than the spectroscopic P's.
SUPPLEMENTARY PROBLEMS

1. Calculate the energies of the a molecular orbitals for C2H2.
2. Give the "bent-bond" descriptions of
of HaCO; of HCN.

Bonds Involving d

Valence Orbitals

T

here are many structures in which the central atom requires one
or more d valence orbitals to complete a set of a bonding orbitals.
The most importa~ltof these structures are square planar, trigonal
bipyramidal, square pyramidal, and octahedral; examples are shown
in Fig. 9-1, Transition-metal ions have available a very stable set of
d valence orbitals. The bonding in complexes formed between transition-metal ions atld a large number of molecules and other ions undoubtedly involves d orbitals. In this chapter we shall describe the
bonding between metal ions and ligandsl in certain representative
metal complexes.

9-2 THE OCTAHEDRAL COMPLEX Ti(HzO)G3+
The Ti3f ion forms a stable complex ion with six water molecules.
The structure around the Ti$+ion is octahedral, as shown in Fig. 9-2.
1

Groups attached t o metal ions in complexes are called ligands.
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3+
F

F

NH,

octahedral

C
0

square pyramidal

C1

trigonal bipyramidal

square planar

Figure 9-1 Examples of structures in which d orbitals are
used in bonding.
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Z

41
I
I

I
OH,

f

/

A

OH*

I
I
I

.I
Figure 9-2

Coordinate system for Ti(Wz0)6".

The titanium has five 3d, one 4s, and three 4p valence orbitals that
can be used in constructing molecular orbitals. Each water molecule
must furnish one u valence orbital, which, in accord with the discussion in Chapter VIII, is approximately an sp" hybrid orbital. We
shall not specify the exact s and p character of the water u valence
orbital, however, but simply refer to i t as u.
The metal orbitals that can form a molecular orbitals are 3dz2-,2,
3dzz,4s, 4p,, 4pY, and 4p.. Since the sign of the 4s orbital does not
change over the boundary surface, the proper linear combination of
ligand orbitals for 4s is

This is shown in Fig. 9-3. The wave function for the molecular
orbital involving the metal 4s orbital is therefore

We find the other molecular orbitals by matching the metal-orbital

Bonds lnvolvtng d Valence Orbi~ls
0%

0%
(

4s+o1+ra+~1+sr+os+a6

Figurc 9-3 Ovcrlap sf the titanium 45 orbital with the
orbitals of the water molecules.

cr

lobes with llgand a orbitals that have theproper sign and magnitude.
T h i s procedure is shown in Fig. 9-4. The wave functions are:
$(vz) =

c34pz

+ ca(a~-

$ C F ~ = c34py

+ c~(0-1- a41

K c s ) = c34p8

$ C&(CS
-~ 6 )

$ ( ~ 2 4"
) h 3 & 4 f ca(alt ( a 8 ) = 03d2

(9-3)

gas)

62

(9-4)
cg-5)

+ a8 - ad

+ C ~ Z U+S 2as -

$1

-

(9-6)

- aa - a47
(9-7)

9-3 ENERGY LEVELS IN Ti(Hq0)89+
Figure 9-4 shows 4p,, 4&, and 4p, to beequivalent 14 an octahedral
complex; on this basis the c*, a=, and as molecular arbitals are degenerate in energy. Alrhough i t i~
not obv~ousfrom Fig. 9-4, the
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3d,-

+ +
2s.

208

- - co - o

(3d, = 2 9 - P - 4)

Figure 9-4 Overlap of the tttanlum Ad and 41, o orbttals wath
the s orbitals of the water molecules.

m

Bonds Involving d Vale~ceOrbitals
3$2-,2 and 3d,2 orbitals are also equivalent in an octahedral complex,
and a,z-,z and az2 are degenerate in energy. We shall solve a problem
at the end of this chapter to prove the equivalence of 3dX2-,2 and
3dZ2. Finally, we see that, including the a, orbital, there are three
sets of u molecular orbitals in an octahedral complex: a,; a,, a,, a,;
and a,z-,z, a,2.
We have used all but three of the metal valence orbitals in the a
molecular orbitals. We are left with 3d,,, 3d,,, and 3dx, These
orbitals are situated properly for a bonding in an octahedral complex, as will be discussed later. However, since water is not a good
T bonding ligand, we shall consider that the 3dx,, 3d,,, and 3dx, orbitals are essentially nonbonding in Ti(H~t3)~~+.
The three d, orbitals
are clearly equivalent in an octahedral complex,. and we have the
degenerate set: a,,, a,,, a,,.
In order to construct an energy-level diagram for Ti(H20)63+,we
must know something about the relative energies of the starting
orbitals 3d, 4s, 4p, and aE20. In this case, aa20 is more stable than
any of the metal valence orbitals. This is fairly general in metal
complexes, and in energy-level diagrams the ligand a valence orbitals
are shown to be more stable than the corresponding metal valence
orbitals. It is also generally true that the order of increasing energy
for the metal valence orbitals in transition-metal complexes is
nd < (n
1)s < ( n
1)p.
The energy-level diagram for Ti(I-120)83+is shown in Fig. 9-5
There are three sets of bonding orbitals and three sets of antibonding
orbitals. The virtually nonbonding a ( d ) orbitals are less stable than
the bonding a(d) set but more stable than the antibonding a(d) set.
The relative energies of the three bonding a sets are not known. The
order given in Fig. 9-5 was obtained from a calculation that is
beyond the level of our discussion.

+

+

We must count every electron in the valence orbitals used to construct the diagram in Fig. 9-5. The complex is considered to be composed of Ti3+ and six water molecules. Each of the six a valence
orbitals of the water molecules furnishes two electrons, for a total of

Electrons and Chem~calBondtng

182

Ti orbitals

TI(H,O);+ orbitals

H,O orbitals

twelve. S~ncethe electronic structure of Tla+ is (3d)l, we have a
total of thirteen electrons to place in the molecular orbitals shown
. , .,
in Fig. 9-5. The ground state of Ti(H20)ea+is therefore

Bonds Inuolving d Valence Orbitals

1 ~ 3

There is one unpaired electron in the ~ ( d )level. Consistent with
this ground state, Ti(HzO)$f is paramagnetic, with S =
The electrons in o bonding orbitals are mainly localized on the
water molecules, since the u valence orbital of HzO is more stable
than the metal orbitals. The nonbonding and antibonding orbitals,
on the other hand, are mainly located on the metal. We shall focus
our attention in the sections to follow on the molecular orbitals that
are mainly based on the metal and derived from the 3d valence
orbitals.

a.

The difference in energy between 6 ( d ) and a(d) is called A or
10Dq. Excitation of the electron in =(dl to a*(& occurs with absorption of light in the visible region of the spectrum, and Ti(HzO)i+
is therefore colored reddish-violet. The electronic spectrum of
Ti(HzO)sa+ is shown in Fig. 9-6. The maximum absorption occurs
at 4930 A, or 20,300 cm-l. The value of the splitting A is usually expressed in cm-' units; thus we say that Ti(H@)s3+ has a A of 20,300
cm-' .
The colors of many other transition-metal complexes are also due
to such "d-d" transitions.

v, cm - 5
( ll

: i Q'

t

Figure 9-6 The absorption spectrum of Ti(H2O)a3+i n the
visible region.
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9-6 VALENCE-BOND THEORY FOR Ti(K20)63+
The localized bonding scheme for Ti(IJ[20)63+is obtained by first
constructing six equivalent hybrid orbitals that are octahedrally
directed. We use the six a valence orbitals of Ti for this purpose:
3d,2-y2, 3d,2, 4s, 4pZ,4pU,and 4 p . Thus we want to construct six d2sp3
hybrid orbitals, each with one-third d character, one-sixth s character, and one-half p character.
Referring back to Fig. 9-2, let us form linear combinations of
the d, s, and p valence orbitals that direct large lobes at the six
ligands. We first construct the orbitals that are directed toward
ligands @ and @. We shall call these orbitals $5 and $6, respectively. The metal orbitals that can n bond with @ and @ are 3dz2,
4s, and 4p,. Choosing the coefficients of the 3dz2, 4s, and 4p, orbitals
so that $6 and $6 have the desired d , s, and p character, we obtain the
following hybrid-orbital wave functions:

The positive coefficient of 4pz in $5 directs a large lobe toward @,
and the negative coegcient of 4p, in $6 directs a large lobe toward @.
The orbitals directed toward @ and @ are constructed from the
3d&,2,3d22, 4s and 4p2 metal orbitals. The orbitals directed toward @
and @ are constructed from the 3dz2-y2, 3dz2, 4s, and 4py orbitals.
The coefficients of 4s and 4p pose no problem, but we have to divide
the one-third d character in each hybrid orbital between 3d,z and
342-4. We see from Eqs. (9-8) and (9-9) that we have "used up"
two-thirds of the 3d,Z orbital in $S and $6. Thus we must divide the
remaining one-third equally among $1, $2, &, and rl.,. This means
that each of $1, $2, $3, and t,b4 has one-twelfth 3d,2 character and onecharacter. Choosing the signs of the coefficients so
fourth 3d,2,2
that a large lobe is directed toward each ligand in turn, we have:
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$4

=

-% 3daxy2

1
1
1
-3d,3 + -4s - -4pv
.\/iz
4
v5
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(9-13)

These six localized &p3 orbitals are used to form electron-pair bonds
with the six water molecules. The valence-bond description of the
ground state of Ti(HzO)t+ is shown in Fig. 9-7. The unpaired elec-

r'igure 9-7

Valence-bond representations of T ~ ( H S O ) ~ ~ + .
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tron is placed in one of the d orbitals that has not been used to construct hybrid bond orbitals. This simple valence-bond orbital diagram is also shown in Fig. 9-7.

'I

9 7

CRYSTAL-FIELD THEORY FOR

Ti(H20)63+

In the crystal-field-theory formulation of a metal complex, we
consider the ligands as point charges or point dipoles. The crystalfield model is shown in Fig. 9-8. The point charges or point dipoles
constitute an electrostatic field, which has the symmetry of the complex. The effect of this electrostatic field on the ener ies of the
metal d orbitals is the subject of our interest.
Let us examine the energy changes in the 3d orbitals of Tia+ that
result from placement in an octahedral field of point dipoles (the
water molecules). First, all the d orbital energies are raised, owing
to the proximity of the negative charges. More important, however,
the two orbitals (3d,n, 3dn34) that point directly at the negative
charges are raised higher in energy than the three orbitals (3d,,

/"

'I

Figure 9-8

An octahedral field of point charges.
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free ion

mtahcdral crystal ficld

Figure 9-9 Splitting of the metal d orbitala in an octahedral
crystal ficld.

3&, 3dm) that are directed at points between the negative charges.
Thus we have a splitting of the five d orbitals in an octahedral crystal
field as shown in Fig. 9-9. It is convenient to use the grouptheoretical symbols for the split d levels. The 3d2 and 3d.14 orbitals fonn
the degenerate set called 8, and the 3d,, 3&, and 3dw orbitals form
the degenerate set called h. The separation of 8 and h is again designated A or 10Dg.
The one d electron in Tia+is placed in the more stable h orbitals in
the ground state. The excitation of this electron from tz to a is responsible for the spectral band shown in Fig. 9-6.

9-8

RELATIONSHIP

OF

THE

GENERAL

MOLECULAR-ORBITAL

TREATMENT TO THE VALENCE-BOND AND CRYSTAL-FIELD THEORIES

The valencebond and crystal-field theories describe different parts
of the general molecular-orbital diagram shown in Fig. 9-5. The a
bonding molecular orbitals are related to the six $spa bonding orbitals of the valence-bond theory. The valence-bond theory does not
include the antibonding orbitals, and therefore does not provide an
explanation for the spectral bands of metal complexes. The A and
e levels of the crystal-field theory are related to the ~ ( d and
) a*(d)
molecular orbitals. A diagram showing the relationship between
the three theories is given in Fig. 9-10.
,.
. ..I,.c,

:.
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crystal-field splitting related to splitting between @(d) and r ( d ) molecular orbitals

valence bond orbitals related to ir-bonding molecular orbitals

L L

L

L L L

Figure 9-10 Comparison of the three theories used to deaaihe the electronic structures of transition-metal mmplcres.

9-9

TYPES OF a BONDING IN METAL COMPLEXES

The dm, d,,, and d, orbitals may be used for a bonding in octahedral complexes. Consider a complex containing six chloride
ligands. Each of the d, orbitals overlaps with four ligand a orbitals,
as shown in Fig. 9-11. In the bonding orbital, some electronic
charge from the chloride is transferred to the metal. We call this
ligand-tometal (L + M) s bonding. The a orbitals based on the
metal are destabilized in the process and are made antibonding.
If the complex contains a diatomic ligand such as CN-, two types
of s bonding are possible. Recall from Chapter I1 that CN- has
filled 8 and empty a* molecular orbitals, as shown in Fig. 9-12.
The occupied 8 orbitals can enter into L + M s bonding with the
3d,, 3dvs, and 3d, orbitals. In addition, however, electrons in the
metal a(d) level can be delocalized into the available s* (CN-)
orbitals, thus preventing the accumulation of too much negative

Bonds Involmng

d Valence Orbitals

Figure 9-11 Overlap of a 4 orbital with €our l i p n d
orbitals in an octahedral compkx.

r

charge on the metal. This type of bonding removes electronic density from the metal and is called metal-to-ligand (M + L) r bonding.
It is also commonly called back donation or back bonding. Back donation stabilizes the r(d) level and makes it less antibonding. Both
types of r bonding between a d, orbital and CN- are shown in Fig.
9-12.

9-10 SQUARE-PLANAR COMPLEXES
A simple square-planar complex is PtClP. The coordinate system
that we shall use to discuss the bonding in PtCl2- is pictured in
Fig. 9-13.
The metal valence orbitals suitable for u molecular orbitals are
5 d , r ~ 5d2,
,
6s, 6p,, and 6p,. Of the two d u valence orbitals, it is
clear that 5d,a,'
interacts strongly with the four ligand u valence
orbitals and that Sd,"ntetacts weakly (most of the 5d,* orbital is
directed along the 4 axis).
The 5d,, 5d,, and 5d,, orbitals are involved m ?r bonding with the
ligands. The 56, orbital interacts with r valence orbitals on all four

Electrons and Cheinical Bonding

Figure 9-12
d: orbital.

Typis of

T

-

bonding between CN- and a metal

ligands, whereas 5d, and 5 4 are equivalent and interact with only
two ligands. The overlap of the metal 5d orbitalb with the valence
orbitals of the four ligands is shown in Fig. 9-14.
We can now construct an approximate energy-level diagram for
PtCl?. We shall not attempt t o pinpoint all the levels, but instead

Bonds Involving d Valence Orbitals

Figure 9-13

Coordinate system for PtClJZ-.

to recognize a few important regions of energy. A simplified energylevel diagram for StC142- is shown in Fig. 9-15. The most stable
orbitals are a bonding- and are located on the chlorides. Next in
order of stability are the T molecular orbitals, also mainly based on
the four chlorides. The molecular orbitals derived from the 5d
valence orbitals are in the middle of the diagram. They are the antibonding partners of the u and n bonding orbitals just described.
We can confidently place the strongly antibonding u*,z-,z highest.
We can also place T,,* above T*,,,,,, since 3d,, interacts with all four
ligands (see Fig. 9-14). The weakly antibonding aZz*is believed to
lie between n,,* and n*,,,,,. However, regardless of the placement of
az2*, the most important characteristic of the energy levels in a
square-planar complex is that one d level has very high energy
whereas the other four are much more stable and bunched together.
Since St2+ is 5d8 and since the four chlorides furnish eight u and
sixteen n electrons, the ground state of PtC14?- is

The complex is diamagnetic since the eight metal valence electrons

Electrons and Chemical Bonding
d,-

d,

(4 l~gandr orbrtals)

n

- ol - oa -

l-.

d, = d*, (2 ltgand r orbitals)

figure 9-14 overlap' of the metal d valence orbitals with the
Iigand valence orbitals in a aquare-planar mmplcr.
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0,.

I

@

3

.
Figure 9-15

-*

Relative orbital energies in Ptms-.

are paired in the more stable d levels. It is easy to see from the
energy-level diagram that the best electronic situation for a squareplanar complex is ds. This observation is consistent with the fact
that the 3 metal ions, among them NiZ+, Pd2+, Pt2+, and Au~+,
form a great number of square-planar complexes.

Electrons and Chemical Bonding

A good example of a tetrahedral metal complex is VC4, the coordinate system for which is shown in Fig. 9 1 6 . We have already
'discussed the role of s and p valence orbitals in a tetrahedral molecule (Chapter V). The 4s and 4p orbitals of vanadium can be used to
form r molecular orbitals. The 3d,, 3d,, and 3dW orbitals are also
situated properly for such use. In valence-bond language, sd8 and
spa hybrid orbitals are both tetrahedrally directed. The 3 d n * 4 and
3d2 orbitals interact very weakly with the ligands to form ?r molecular orbitals.
The simplified molecular-orbital energy-level diagram for VCll is
shown in Fig. 9-17. Again we place the stable r bonding levels
lowest, with the a levels, localized on the chlorides, next. The antibonding molecular orbitals derived from the 3d valence orbitals are
split into two sets, those based on 3d,, 3 A i , and 3dw being less stable
than those based on 3d2 and 3 d 2 4 . We shall designate At as the
difference in energy between 6(d) and a*(& in a tetrahedral complex.
With eight r and sixteen* valence electronsfrom the four chlorides

Figure 9-16

Coordinate system for VCII.

-
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V orbitah

VCI, orbitals

and with one valence electron from V4+ (3dl), the ground state of
VCla is

[."]"d1"[.*(aI'

J-=

+

The paramagnetism of VC14is consistent with the ground state, there
being one unpaired electron.
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Table 9 - 1
Values of rh for Repreeentuve Metal Complexee
Octahedra1
complexes

A, cm-l

Octahedval
complexes

A, cm-l

Ir(NH,),3+

40,000e

Tetrahedval complexes

A , cm-I

VC1,

9000a

Co(NCS),'-

4700
-

Square -phnav
conzplexesg

A,, cmsl

PdC1,2-

19,150

Ni(CN),'-

24,950

-

-

829

A,, cm-l

'

Total
A, cm-I

6200

1450

26,800

9900

650

35,500

A

(Footnotes appeav on next page)
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Excitation of the electron in n*(d) to a*(d) is accompanied by light
absorption, with a maximum at 9000 cm-l. Thus At for VC14 is
9000 cm-l.
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A
The splitting of the molecular orbitals derived from metal d valence orbitals involves a quantity that is of considerable interest when
discussing the electronic structures of metal complexes. The A values
for a representative selection of octahedral, square-planar, and tetrahedral complexes are given in Table 9-1. The value of A depends on a
number of variables, the most important being the geometry of the
complex, the nature of the ligand, the charge on the central metal
ion, and the principal quantum number n of the d valence orbitals.
We shall discuss these variables individually.
THE VALUE OF

Geometry of the Complex
By extrapolating the data in Table 9-1, we may estimate that,
other things being equal, the total d-orbital splitting decreases as
follows:
square planar > octahedral > tetrahedral
1.3Ao
Ao
0.45Ao

In the molecular-orbital theory, the d-orbital splitting is interpreted
as the difference between the strengths of a and a bonding as measured by the difference in energy between the a* and a (or nr*) molecular orbitals. The tetrahedral splitting is smallest because the d
orbitals are not involved in strong a bonding. In both octahedral
and square-planar complexes, d orbitals are involved in strong a bondaC. J . Ballhausen, Introduction to Ligand Field Theory, McGraw-Hill,
New York, 1962, Chap. 10.
b ~ Bedon,
.
S. M. Horner, and S. Y. Tyree, Imrg. Chem., 3, 647 (1964).
'C. K. Jorgensen, Absorption Spectra and Chemical Bonding, Pergamon,
London, 1962, Table 11.
d ~ B.. Gray and N. A. Beach, J. Am. Chem. Soc., 85, 2922 (1963).
eH. B. Gray, unpublished results.
Averaged from values in Ref. c and in F. A . Cotton, D. M . L. Goodgame, and M. Goodgame, J. Am. Chem. Soc., 83, 4690 (1961).
B. Gray and C. J. Ballhausen, J . Am. Chem. Soc., 85, 260 (1963).
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ing, but the total square-planar splitting (Al
Az f A3) will always
be larger than the octahedral splitting since the d,, and d,, orbitals
interact with only two ligands in a square-planar complex (as opposed to four in an octahedral complex; see Fig. 9-11).

Natnre of the Ligand: the Spectrochemica1 Series
The spectrochemical series represents the ordering of ligands in
)
orbitals.
terms of their ability to split the u*(d) and ~ ( d molecular
Complexes containing ligands such as CN- and CO, which are high
in the spectrochemical series, have A values in the range of 30,000
cm-I. At the other end of the series, Br- and I- cause very small
splittings-in many cases less than 10,000 cm-I. We have already
discussed the important types of metal-ligand bonding in transitionmetal complexes. The manner in which each type affects the value
of A is illustrated in Fig. 9-18. We see that a strong ligand-to-metal
CT interaction destabilizes u*(d), increasing the value of A. A strong
L -+ M T interaction destubili@s a ( d ) , decreasing the value of A. A
strong M -+ L a interaction stabilizes ~ ( d ) increasing
,
the value of A.
It is striking that the spectrochemical series correlates reasonably

metal orbitals

Figure 9-18

molecular orbitals

ligand orbitals

The effect of interaction of the ligand o, x, and

x* orbitals on the value of A.
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well with the a-bonding abilities of the ligands. The good a acceptor ligands (those capable of strong M + L a bonding) cause
large splittings, whereas the good a-donor ligands (those capable of
strong L + M a bonding) cause small splittings. The ligands with
intermediate A values have little or no a-bonding capabilities.
The spectrochemical-series order of some important ligands is
indicated below :
-CO,
I
I
1
I

-CN-

> -NOz-

> o-phenlI > NH3 > OHzI > OH-,
I
I
I
1

a acceptors

I

I
I

> SCN-,

C1-

I

I

non-n-bonding 1 weak a donors

> Br- > I-

I

I
I

I

I
I
I

I

1

F-

I
I

a donors

I
I

Charge on the Central Metal Ion
In complexes containing ligands that are not good n acceptors, A
increases with increasing positive charge on the central metal ion.
A good example is the comparison between V(HaO)?+, with A =
11,800 cm-l, and V(HzO)$+, with A = 17,850 cm-'. The increase in
A in these cases is interpreted as a substantial increase in a bonding on
increasing the positive charge of the central metal ion. This would
result in an increase in the dzfference in energy between cr*(d) and
4d).
In complexes containing good a-acceptor ligands, an increase in
positive charge on the metal does not seem to be accompanied by a
substantial increase in A. For example, both Fe(CN)$- and
Fe(CN) f - have A values of approximately 34,000 cm-l. In the
transition from Fe(CN)$- to Fe(CN)63-, the a(d) level is destabilized
just as much as the cr*(d) level, probably the result of a decrease in
M + L n bonding when the positive charge on the metal ion is increased.
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Principal Qgantzlm Nzlmber of the d Valence Orbitals
In an analogous series of complexes, the value of A varies with n
in the d valence orbitals as follows: 3d < 4d < 5d. For example, the
A values for Co(NW3)G3+, R ~ ( N H ~ ) Gand
~ + , Ir(NW3)2+ are 22,900,
34,100, and 40,000 cm-l, respectively. Presumably the 5d and 4d
valence orbitals are better than the 3d in a bonding with the ligands.

9-13

THE MAGNETIC PROPERTIES OF

COMPLEXES:
WEAK- AND

STRONG-FIELD LIGANDS

We shall now consider in some detail the ground-state electronic
configurations of octahedral complexes containing metal ions with
more than one valence electron. Referring back to Fig. 9-5, we see
that metal ions with one, two, and three valence electrons will have
the respective ground-state configurations ~ ( d ) ,S = +; [a(d)I2, S =
1; and [a(d)I3, S = 4. There are two possibilities for the metal d4
configuration, depending on the value of A in the complex. If A is
less than the energy required to pair two d electrons in the a(d) level,
the fourth electron will go into the u*(d) level, giving the configuration [n(d)]3[u*(d)]' and four unpaired electrons (S = 2). Ligands
that cause such small splittings are caI1ed weak-field ligands.
On the other hand, if A is larger than the required pairing energy,
the fourth electron will prefer to go into the more stable a(d) level
and pair with one of the three electrons already present in this level.
The ground-state configuration of the complex in this situation is
[a(d)14, with only two unpaired electrons (S = 1). Ligands that
cause splittings large enough to allow electrons to preferentially
occupy the more stable ~ ( d )level are called strong-field ligands.
It is clear that, in filling the a(d) and u*(d) levels, the configurations d4, d5, dG,and d7 can have either of two possible values of S,
depending on the value of A in the complex. When there is such a
choice, the complexes with the larger S values are called high-spin
complexes, and those with smaller S values are called low-spin complexes. The paramagnetism of the high-spin complexes is larger
than that of the low-spin complexes. Examples of octahedral complexes with the possible [~(d)]"[u*(d)P configurations are given in
Table 9-2.

Bonds Involving d Valence Orbitals
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Table 9-2
Electromic Gonlligurattone of Octahedral Complexes
Electronic co~zfigumtion

3d1
3d2
3d3
3d4 low-spin
high- spin
3d5 low-spin
high- spin
3d6 low-spin
high- spin
3d7 low-spin
high- spin
3d8
3d9

ElecGronic structure

[n(d)ll
~ i ( H ~ 0 ) ~ ~ '
[n(d)I2
w~~o)~~
[~(d)]~
c~(H,o),~'
[~(d)]~
Mn(CN) 63[u*(~)I
Cr(H20)62'
rn(d)15
Fe(CN)63[n(d)l"o*(d)l2
M~(B~O)F
[n(d)I6
CO(T\TH~),~+
[n(d)~4[u*(d)~2 COF,~[n(d)16[~*(d)l
CO(NOZ)~@
[.@)I5 [0*(d)l2
Co(Hz0),2+
[n(d)16[a*(d)l:
1\Ji(NH3)62+
[.(dl]6 [u*(d)]
Cu(H20),29

The first-row transition-metal ions that form the largest number of
stable octahedral complexes are Cr3+(d3)),Ni2f (d8), and Co3+(d6;lowspin). This observation is consistent with the fact that the MO
configurations [n(d)13 and [x(d)I6 take maximum advantage of the
more stable n(d) level. The [x(d)I6[a*(d)l2 configuration is stable for
relatively small A values.
The splitting for the tetrahedral geometry is always small, and
no low-spin complexes are known for first-row transition-metal
ions. There are many stable tetrahedral complexes of Co2+(3d7),
among them CoC1d2-, CO(NCS)~~-,
and Co(OH)?-. This is consistent
with the fact that the [n*(d)]4[u*(d)]3 configuration makes maximum
use of the more stable n*(d) level.

The Ti(H20)2+ spectrum is simple, since the only d-d transition
possible is ~ ( d )-+ a*(d). We must now consider how many absorp-

+
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tion bands can be expected in complexes containing metal ions with
more than one d electron. One simple and useful method is to calculate the splitting of the free-ion terms in an octahedral crystal field.
As an example, consider the spectrum of V(H20)eZf.
The valence electronic configuration of V2+ is 3d8. The free-ion
terms for d3 are obtained as outlined in Chapter I; they are 4F, 4P,
2G,2D,and 2S, the ground state being 4Faccording to Hund's rules.

I .

.
-

9. orbit81

I"

I.

4,

*.

Figure 9-19 splittin& of the s, p, d, and f orbitals in an
octahedral crystal field.

i,.
' . d l

.

Figure 9-19 (mntireued)

-- -
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Since transitions between states that have different S values are forbidden (referred to as spin-forbidden), we shall consider the splitting
of only the 4Fand *Pterms in the octahedral field. In order to determine this splitting, we make use of the fact that the free-ion terms
and the single-electron orbitals with the same angular momentum
split up into the same number of levels it1 a crystal field. That is, a
D term splits into two levels, which we call T2 and E, just as the d
orbitals split into t2and e levels.
The s, p, d, and f orbitals are shown in an octahedral field in Fig.
9-19. The splittings we deduce from Fig. 9-19 are summarized in
Table 9-3. We see that the 4Fterm splits into three levels, 4A2, 4T2,
and 4T1; the T term does not split, but simply gives a 4T1level.
The energy-level diagram appropriate for a discussion of the spectrum of V(H20)$f is shown in Fig. 9-20. The *P term is placed
higher than 4F,following Hund's second rule. The *Pterm is known
to be 11,500 cm-I above the T term in the V2+ ion. A calculation is
required in order to obtain the relative energies of the three levels
produced from the 4F term. The results are given in Fig. 9-20 in
terms of the octahedral splitting parameter A.
The ground state of V(H20)$+ is *A2. From the diagram, we see
that there are three transitions possible: 4A2+ 4T2;4A2-+ 4T1(F); and
4A2 + 4T1(P). The spectrum of V(H20)lf is shown in Fig. 9-21.
There are three bands, in agreement with the theoretical prediction.

Table 9-3

Splittilags Deduced from Rgure 9-19
Orbital
Set

Number of
levels

Level
notation

Level
degenevac y
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frce ton

\

-
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'4

-$<A

octahedral field

d9

Figure 9-20 Energy-level diagram for a d' metal ion in an
octahedral field.

F, ccm-'

Figure 9-21

-

Electronic absorption spectrum of V(H,O)P.

206

Electrons aud Ghsmical Bonding
Table 8-4

Energy Expreeeions for the Three Possible Transitions 06 V ( H ~ O ] ~ ' +
Trunsitwn

Enevgy

According to the energy-level diagram, the energies of the transitions
are those listed in Table 9-4.
Assigning the first band at 12,300 cm-I to the 4Azi 4 T 2transition, we obtain A = 12,300 cm-l. Using A = 12,300 cm-I and
E(4F = 11,500 cm-I for V(HZO)~~+,
the other two transition
energies can be calculated and compared with experiment as shown
in Table 9-5.
The appropriate energy-level diagrams for several important d
electron configurations are given in Fig. 9-22.

Table 9-5
Comparison b e b e e n Calculated and O b ~ e r v e dTransition Energies
for V(WaO)s2+
Enevgy values, cnzTvansition

Calculated

Observed a

' C . K. Jdrgensen, Absorption Spectra and Chemical Bonding, Pergamon,
London, 1962, p. 290.
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Electrons and Chemical Bonding
PROBLEM
9-1. Show that the d> and d ~ , norbitals are equivalent in an
octahedral complex.
Solution. We shall solve this problem by calculating the total ovetlap of the d,n-,* and d2 orbitals with their respective normalized
ligand-orbital combinations. The total overlap in each case,
S(d.l,%) and S(dsz), will be expressed in terms of the standard twoatom overlap between d2 and a ligand s orbital, as shown in Fig.
9-23. This overlap is called S(a, dm). From Table 1-1, we see that
the angular functions for h~,2 and d2 are
d2 = c(3zZ -- P )

and
~

P

L

~

=S

&(XZ

-

(P-14)
(9-15)

y2)

with c = 4 7 / ( 4 d L r ~ ) ) . The normalized combinations of ligand
orbitals are
1

dfi2:

+ 248 - 41 - 42 +(<I - 42 + zs - a )

--(~zs

243

and

ha-.#:

78.

- 44)

(9-16)
(P-17)

We h s t evaluate S(hs,z):

This integral is transformed into the standard two-atom overlap
integral S(c,d,) by rotating the metal coordinate system t o coincide
in turn with the coordinate systems of ligands @, 0,
0, and 0.

Eigurc 9-23 Standard twc-amm e overlap between a dand a
figand c valence orbital.
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Using the coordinates shown in Fig. 9-24, we obtain the following
transformations :
Mto @
'4
x-+

Y"

Y

-z

x

MtoO
4'x
yi-4

x
Y

Mto @

MtoO

<+-x

-Y
-x
34

x-+
4
Y+-Y

<+

X"

Thus we have:

Figure 9-24

&ordinate system for an octahedral complex.
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Adding the four transformed terms, we have

Next we evaluate S(d2) :
1
S(d,z) = Jc(3x2 - r2)---=(2qs
7-43

+ 246 - 41 - zz - q 3 - 44) d~
(9-24)

The integrals involving qs and 46 are simply two-atom overlaps, as
shown in Fig. 9-23. Thus we have

The integral involving ql, x2, 43, and 44 is transformed into $(u,d,),
using the transformation table that was used for S(d,z-,z).

Thus

Totaling the four transformed terms, we find

=

t S ( u , d o ) (9-30)
4 3

Finally, combining the results of Eqs. (9-25) and (9-30), we obtain
2
S(d2) = -S(u,d,)

4

1
+4
-~(~,d,)

=

2

d)
4

(9-31)

Then
s(dzz) = S(dzz-,z) = 4\/3S(u,d,)

(9-32)
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Thus the total overlap of d,z-,z and d,z with properly normalized
ligand-orbital combinations is the same, and it follows that the
two orbitals are equivalent in an octahedral complex.
SUPPLEMENTARY PROBLEMS

1. Under what conditions are the molecular-orbital and valencebond descriptions of the o bonding in an octahedral complex equivalent? Derive the valence-bond functions shown in Fig. 9-4 from the
general molecular-orbital functions.
2. Construct the molecular-orbital and valence-bond wave functions for the o bonding in a square-planar complex. When are the
molecular-orbital and valence-bond descriptions the same?
3. Which complex has the larger A value, CO(CN)~~-or
Co(NH3)03+? CO(NH&,~+
or &Fa3-? Co(H20)63+ or Rh(H20)63+?
PdC142- or PtC12-? Pt14'- or PtClq2-? VCI4 or CoC1h2-? VClq or
CoF63-? PdC12- or RhGle3-? Co(H2(P)62f or Co(M2<9)~~+?
4. Give the number of unpaired electrons for each of the following
complexes: ( a ) VFd-; (6) FeGlh-; (c) NiC142- (tetrahedral);
(d) PdC12-; (e) Cu(NH3)2+; (f) Fe(CM)$-;
(g) B;e(CN)63-;
( h ) TiW-; (z) Ni(CN)42-; (j) RhC1a3-; (k) TrCI,Z-.
j. Explain why Zn2+ is colorless in aqueous solution. Why is
Mn2+ pale pink?
6. The spectrum of Ni(NH3)62f shows bands at 10,750, 14,500,
and 28,200 cm-I. Calculate the spectrum, using the appropriate diagram in Fig. 9-22 and assuming that L ~ E ( ~ F3P) = 15,800 cm-l for
Ni2+. What are the assignments of the three bands?
7. Plot the energies of the four states arising from 3F and 3P in the
dZoctahedral-field case (see Fig. 9-22) for .& values up to 20,000 cm-l.
Assume a reasonable value iFor AE(3F - 3P). Predict the general features of the absorption spectra expected lor d2 ions in an octahedral
field for A values of 8,000, 12,000, and 18,000 cm-l.
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A Final Message

I t is currently popular in elementary courses to discuss chemical
bonding as if the subject were completely understood. My opinion
is that this approach is very dangerous and should be avoided. In
reality, our knowledge of the chemical bond is still at a primitive
stage of development. It is fair to admit that the approximate
theories at our disposal are able to correlate a large body of experimental information, and that, therefore, we have provided a workable language for the "laws" of chemical bonding. However, the
theovy which gives an exact accounting of the forces that hold atoms
together and allows an accurate prediction of all the properties of
polyatomic molecules is far in the future.

Appendix
Atomic Orbital Ionization
Energies

Throughout the book we have presented molecular orbital energy
level schemes in a take-it-or-leave-it fashion. To better understand
the diagrams in this book, and to construct similar MO energy level
schemes, it is desirable to know the relative energies of the combining valence orbitals. The orbital ionization energies which are
given in Table A-l were calculated at Columbia by Dr. Arlen Viste
and Mr. Harold Basch. They are the one-electron ionization energies
of the valence orbitals in the atoms given, calculated by finding the
average energies of both the ground-state and ionized-state configurations (that is, the average energy of all the terms within a
particular configuration was calculated).

Table A-l follows on page 218.

T a b l e A - 9.
Orbital Ioniration Energiee
Atom configurations s o r s 2 p e ; energies in 1Q3em-'

Atom

A tom

Is

2s

3dn-l4s-3dn-'4s
3d

2p

3s

3dn-14s43dn-l
4s

3p

4s

4P

3dn- 1 4 ~ - 3 d z - 1
4l5

Index

A1(CH3)3, 118
Alkali halides, 75
Alkaline-earth halides, 100
Angular momentum, 3, 14
total, 22
Angular wave function, 14
Atomic number, 22
Atoms, 1
many-electron, 20
Au3+, 193
Aufbau principle, 20

8, 44
in C2H4,164
in C6H6, 175
Bz, 56
Back bonding (donation), 189, 190
Balmer series, 35
B(Cb)s, 118
Be,, 56
Be&, 87
Bent bonds, 160
in C2H2, 160
BF3, 106
BN, 80
BO, 81
Bohr orbits, 22, 34
Bohr-Sommerfeld theory, 9

Bohr theory, 1
Bonds, 36
covalent, 37
electron pair (Lewis), 37, 39
Bond angle (see Bond properties)
Bond energy (see Bond properties)
Bond length (see Bond properties)
Bond properties, table of diatomic
molecules, heteronuclear, 82
homonuclear, 39
organic molecules, 163
tetrahedral molecules, 127
triatomic molecules, angular, 153
linear, 102
trigonal planar molecules, 118
trigonal pyramidal molecules, 138
Brz, 59

Cz, 56
CaClz, 102
Charge densities, 12
BeH2, 93
CH3CN, 168
CHI, 121, 155
GzKz, 167
Cz&, 156
C2&, 155
CsH6, 140

Index

220

Clz, 59
C ~ O I ~ 128
-,
CN, 81
CN-, 81, 188
CO, 81
CO+, 81
c03'-, 117
c03+, 201
C O C ~ ~201
~-,
Complementarity principle, 11
Co(NCS)4'-, 201
Configuration interaction, ~ ( s )~ ( p ) ,54,55,142
Co(OH)d2-, 201
Coordinate bond energy, 77
Coulomb energy, 45
Coulomb integral, 44, 171
Cr3+, 201
Crystal field theory, 186, 188
of effect of octahedral field on orbitals, 202
of octahedral field, 186
cs2, 59

183, 187
effect of, back bonding, 199
charge on metal, 199
geometry, 197
interaction of molecular orbitals,
198
n quantum number, 200
value of, 196
Diatomic molecules, 36
heteronuclear, 62
homonuclear, 36, 49
Diborane, 118
Dipole, 67
bond, 138, 139, 145
table of molecular dipoles for diatomic, 70
A,

triatomic angular, 148
trigonal pyramidal, 140
Dissociation energy, 100

Eigenfunctions, 13, 14
Eigenvalues, 13
Einstein equation, 9
Electron affinity, 33
Electron diffraction, 11
Electronegativity, 69, 71
Electron spin, 17, 20, 48
Electron waves, 9
Electrostatic energy, 73, 74, 103
of CaCl2, 103
Energy levels, 42
BeHz, 91
BF3, 113
CHI, 124
CzHz, 168
CzH4, 165
c6H6, 173
c o z , 99
diatomic molecules, heteronuclear,
79
homonuclear, 54
Hz, 47
Hz+, 45
HzCO, 165
Hz0, 145
NH3, 139
NOz, 151
octahedral field, 203, 206
PtC14,2-, 143
Ti(H~0)6~+,
182
vC1.1, 195
Excited state, atomic, 5

Fz, 57

Index
Ground-state electronic configuration,
atomic, 5, 20, 26
molecular, Bz, 56
Bet, 56
BeH2, 91, 93, 95
BF3, 114
BN, 80
30,81
Brz, 59
Cz, 56
CHI, 122
CzHz, 168
C a d , 159
C6Hs, 173
Clz, 59
CN, 81
CN-, 81
CO, 81
CO+, 81
COz, 99
Csz, 58
Fz, 57
Hz, 46
Hzt, 45
12, 59
Kz, 58
Liz, 55
LiH, 68
Nz, 57
Naz, 58
Nez, 58
NH3, 138
NO, 81
NOt, 81
NOz, 152
02, 57
PtC14'-, 191
Ti(H20)6*, 182
VCl4, 195
Ground-state term, atomic, 25, 27, 35
molecular, 60

221

Hz, 61
02, 61
Group-theoretical symbols, 187

Hz, 36, 46, 47
Hz+, 43, 47
Hamiltonian operator, 13
HzCO, 164
HzO, 142
Hiickel approximation, 171
Hund's rules, 25
Hybridization, d2sp3,184
sd3, 194
sp, 55
in BeHz, 93
in CZHZ,167
sp2, 115, 116
in BF3, 114
in CZHI,157
in CsH6, 170
in HzCO, 164
sp3, 126
bent bonds, 161
in CHI, 125, 155
in CPHE,155
in HZCO, 164
in H20, 146
Hydrocarbons, 155

Iz, 59
Interelectronic repulsion, 59, 135
in HzO, 144
in NH3, 135
Internuclear distance, 37
Ionic bonding, 73
in alkalai halides, 75
in LiH, 68
in triatomic molecules, 100

Tonic resonance energy, 71
Ionization potentials, 6, 7, 27, 32, 44
orbital, 215

Kz, 59
Kekult structure, 174

L - S terms, 22
Liz, 55
Ligands, 176
LiH, 62
Linear combination of atomic orbitals, 38
London energy, 75
Lyman series, 8

Magnetic properties, 200
diamagnetism, 48, 191
high-spin complexes, 200
low-spin complexes, 200
magnetic moment, 48
paramagnetism, 48; 183
strong-field ligands, 200
weak-field ltgands, 200
Microstates, 23
Molecular orbitals, aneibonding, 39
Be&, 90
BF3, 107
bonding, 39
CW4, 121
CzH,, 167
C z h , 157, 159
CGHG,
170
COz, 98
coefficlents, 66
of Be&, 89, 92 '
degenerate, 55

Hz, 45

Hz+,43
HzCO, 164
HzO, 142, 146
LiW, 65
NHs, 129
NOn, 148
octahedral complexes, 178
n-, 50
ligand-to-metal n- bonding, 188,
190
metal-to-ligand T bonding, 189
c orbitals, 49,53
square-planar, 190
tetrahedral, 194
Molecular orbital theory, 38

Nz, 57
Nz', 57
Nan, 59
Nez, 58
NH3, 129
Ni", 193, 201
NO, 81
NO+, 81
NOz, 148
NOS-, 117
Node, 16
Normalization, 13
Nuclear charge, effective, 33

On, 57
Octahedral complexes, 186
Orbitals, 14, 16, 20, 21
d, 14, 18, 176
f, 14, 18
p, 14, 17
s, 14, 16
valence, 39

Organic molecules, 125, 155
Overlap, 40, 42
of orbitals in, Be&, 88
BF3, 108 ff.
CH4, 122, 123
COz, 97
HzO, 143, 144
LiH, 63
NH3, 131 A.
octahedral complexes, 184
square-planar complexes, 192
Ti(Hz0)63+, 179, 180
standard two-atom, d-a, 207
P-P(~>>51
P-P(~),50, 114
s-p, 133
s-s, 50

Pauli principle, 20
Pd2+, 193
Photons, 9, 10
Planck's constant, 5
Pt2+, 193
P C C ~ ~189
~-,

Quantum assumption, 3
Quantum jump, 5
Quantum number, 1, 14, 20, 22
m ~ 14,
, 20, 22
me, 14, 20, 22
n, 4, 14, 20

Term designation, 23
Term symbols, for linear molecules, 60
Tetrahedral metal complexes, 194
Tetrahedral molecules, 121, 137, 155
Ti(HzO)63+,176
Transition metals, 176
Triatomic molecules, angular, 142
linear, 87
Trigonal planar molecules, 106
Trigonal pyramidal molecules, 130

Uncertainty principle, 11, 12

Valence-bond theory, Be&, 93, 95
BF3, 115, 117
CH4, 125, 126
CHaCN, 164
CzHs, 164
c2H4, 159
c2H6, 155
C&s, 174
con, 100
HzCO, 166
HzO, 146
NH3, 137
Nos, 152
octahedral complexes, 187, 182
Ti(H20)63+,184, 185
van der Waals energy, 73, 103
VCla, 194
V(Hzo)~j~+,
202

Radial wave function, 13
Rbs, 59

Wave function, 12, 13
angular, 14
radial, 13

Square-planar complexes, 189

Zeeman effect, 9

