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Although they provide a simple and convenient representation of chemical 
bonding in molecules, the lines for electron-pair bonds in Lewis structures tell us 
nothing about many interesting details of molecular and electronic structure. 
A more comprehensive analysis of electronic structural properties is made 
possible by considering the valence orbitals involved in chemical bonds. In 
this chapter we will introduce a powerful method of analysis known as molecular 
orbital (MO) theory.

3-1  MOLECULES WITH 1s VALENCE ATOMIC ORBITALS

When two hydrogen atoms are separated by relatively large distances (10 Å 
or more), neither atomic electron cloud is influenced significantly by the presence 
of the other atom [Figure 3-1(a)]. However, as the two atoms approach each 
other the orbitals overlap and electron density increases between the nuclei, 
as shown in Figure 3-1(b). At the equilibrium internuclear separation in H2 
the stable molecular orbital has a distribution of electron density throughout 
the two atoms, but the distribution is concentrated between the nuclei [Figure
3-1(c)]. A molecular orbital that concentrates electron density in the region 
between the nuclei, thereby lowering the energy of the system, is called a 
bonding molecular orbital.

It is reasonable to assume that an electron in a molecular orbital is described 
by the appropriate atomic wave function when it is near one particular nucleus 
and consequently largely influenced by that nucleus. Thus the simplest 
mathematical function that approximately describes the molecular orbital 
illustrated in Figure 3-1(c) is 1sa + 1sb; that is, we add the two 1s mathematical 
functions. The square of the 1sa + 1sb function is proportional to the probability 
of finding an electron at a given point. If the square of the assumed molecular 
wave function is evaluated at all points in space, a reasonable approximation of 
the electron-density picture shown in Figure 3-1(c) is obtained. The graphical 
representation of (1sa + 1sb)2 as a function of internuclear distance is shown in 
Figure 3-1(d).

The spatial-boundary picture of a molecular orbital, like that of an atomic 
orbital, outlines the volume that encloses most of the electron density and 
consequently has a shape given by the molecular wave function. In Figure 3-2 
we show schematically the "formation" of the bonding molecular orbital in 
H2 by "adding" two 1s orbitals.

Molecular orbitals are classified according to their shapes or angular 
properties, analogous to the classification of atomic orbitals as s, p, d, and so on. 
The molecular orbital shown in Figure 3-2 is called sigma (σ) because it is 
symmetrical when rotated around a line joining the nuclei. Since the orbital 
is also bonding, its complete shorthand designation is σb (read sigma b), which 
stands for sigma bonding molecular orbital.
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◄ 3-1
Representations of atomic and molecular orbitals. (a) Electron clouds at large separation. 
(b) Interaction of atomic orbitals. The electron clouds become distorted and electron density 
increases in the region between the nuclei. (c) Molecular orbital with increased concentration 
of electron density between the nuclei. The nuclei are shown at their equilibrium internuclear 
separation. (d) Plot of estimated electron densities along the line joining the center of two 
hydrogen atoms. The top curve shows that the electron density between and around the two 
protons is greater in the molecular orbital than in the two atomic orbitals (bottom curves). It is 
especially important to notice that the atomic-orbital overlap produces an increased probability 
of finding the electrons between the two hydrogen atoms.

3-2
Schematic representation of the formation of the sigma bonding (σb) molecular orbital of H2. 
In this combination of the two 1s valence orbitals, electron density increases in the region 
between the two nuclei. The σb molecular orbital is symmetrical around the internuclear line.

3-3
Schematic drawing of the formation of the sigma antibonding (σ*) molecular orbital of H2. 
In this subtractive combination of the two 1s valence orbitals, electron density decreases in the 
region between the nuclei. In the nodal plane there is zero probability of finding an electron. 
The σ* molecular orbital is symmetrical around the internuclear line.

Nodal plane
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Suppose that there are more than two electrons to accommodate in 
molecular orbitals, such as there would be when two helium atoms, which 
contain two 1s electrons each, come together. Since only two of the four 
electrons in He2 can be placed in the σb orbital, the other two electrons must 
occupy a more energetic orbital. This more energetic molecular orbital can 
be formulated as the subtractive combination of the two 1s valence orbitals, 
as shown in Figure 3-3. In the molecular orbital 1sa - 1sb, electron density 
is reduced greatly in the overlap region and is forced away from the region 
between the nuclei. The electron density is zero in a plane (called a nodal plane) 
that is halfway between the nuclei and perpendicular to the internuclear line. 
A molecular orbital with decreased electron density between the nuclei does not 
"cement" the positively charged nuclei because the electron-nucleus attractions 
now are small relative to the nuclear repulsion. Thus this molecular orbital 
is less stable than the isolated atomic orbitals from which it is derived, and for 
this reason it is given the name "antibonding." An antibonding molecular orbital 
is characterized by greatly decreased electron density between the nuclei.

The antibonding orbital shown in Figure 3-3 also is classified as a σ 
molecular orbital. That is, if the orbital is rotated by any arbitrary angle 
around the internuclear line the orbital still looks the same. We abbreviate 
sigma antibonding as σ* (read sigma star). Figure 3-4(a) shows the energies 
of σb and σ* as a function of the internuclear separation.

The relative energies of the molecular orbitals commonly are given at the 
equilibrium internuclear separation. We have shown that from two 1s atomic 
orbitals, which have the same energy, we can construct two molecular orbitals. 
The bonding molecular orbital is lower in energy than the original atomic 
orbitals and the energy of the antibonding orbital is higher [Figure 3-4(b)].

Net bonding

The net number of electron-pair bonds in a molecular system is equal to the 
total number of electron pairs that can be placed in bonding orbitals minus 
the total number that are forced (because of the Pauli principle) into antibonding 
orbitals. An electron in a bonding orbital gives stability to the system, which 
is canceled by an electron in an antibonding orbital. We divide the net number 
of bonding electrons by two to preserve the idea of electron-pair bonds; that is, 
two net bonding electrons equals one "bond line" in a Lewis structure.

3-4►
(a) The energy of a molecule with electrons in the bonding orbital falls to a minimum at the 
equilibrium internuclear separation. The energy of a molecule with electrons in the antibonding 
orbital is always greater than the energy of completely separated atoms; the energy of such a 
molecule increases steadily as the atoms are brought closer together. (b) Relative energies of 
the two molecular orbitals for the hydrogen molecule, and the two atomic 1s orbitals from 
which they came. The bonding MO is lower in energy, and the antibonding higher, than the 
energy of the original atomic orbitals.
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Let us consider in detail the molecular orbital theory for the simple molecules 
H2+, H2, He2+, and He2. Electronic structures are built for molecules in a way 
completely analogous to the Aufbau process for individual atoms. That is, 
the electronic structures of the molecules are built by putting electrons in the 
lowest-energy molecular orbitals first and by observing the Pauli principle. 
The ground state is obtained by following Hund's rule. The energy-level 
scheme for H2+ shown in Figure 3-5 is appropriate for diatomic molecules that 
have 1s valence orbitals.

The hydrogen molecule-ion, H2+, has the electronic structure (σb)1; that is, 
it has one electron in a σ bonding orbital. Because there is one unpaired 
electron H2+ is paramagnetic. Notice that H2+ has one half an electron-pair 
bond, or one half a σ bond. The hydrogen molecule, H2, has two electrons in 
the bonding orbital, thus it has the electronic structure (σb)2. Therefore H2 
has one net bond and is diamagnetic. The helium molecule-ion, He2+, which 
has been detected during electric discharges through helium gas, has three 
electrons in the molecular-orbital system. Two electrons occupy the bonding 
orbital and one electron occupies the high-energy antibonding orbital; thus 
the structure is (σb)2(σ*)1. From this structure we predict one half a bond for 
He2+ For He2 the electronic configuration is (σb)2(σ*)2 from which we predict 
no net bonding for diatomic helium. In general, if the n = 1 shells are filled for 
both atoms of a diatomic molecule, there is no net bonding from the four 1s

3-5
Relative molecular-orbital energies for H2+. This energy scheme also is appropriate for the 
structures of H2, He2+, and He2.
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electrons. Thus bonding (or the lack of bonding) would depend on the electrons 
in higher-energy orbitals.

A comparison of the molecular-orbital structures with bond energies and 
bond lengths is given in Table 3-1. The hydrogen molecule-ion, H2+, has a 
bond length of 1.06 Å, and H2 has a bond length of 0.74 Å. The helium molecule- 
ion, He2+, exists and has a bond length of 1.08 Å. The helium molecule, He2, 
does not exist, which is consistent with MO theory from which we predict no 
net bonds. The bond energies are 61 kcal mole-1 for the hydrogen molecule- 
ion, 103 kcal mole-1 for the hydrogen molecule, and 60 kcal mole-1 for the 
helium molecule-ion. We see from these examples that the molecular-orbital 
electronic configuration is useful for interpreting bond properties in molecules.

Table 3-1. Comparison of some molecular-orbital structures, net bonding 
electrons, bond lengths, and bond energies

Molecule
Bonding 
electrons

Anti- 
bonding 
electrons

Net 
bonding 
electrons

Bond 
length, Å

Experimental 
bond energy, 
kcal mole-1

He2 2 2 0 _ a  _ a
h2+ 1 0 1 1.06 61
He2+ 2 1 1 1.08 60
H2 2 0 2 0.74 103

a Molecule is unstable.

3-2  MOLECULES WITH s AND p VALENCE ATOMIC ORBITALS

Now we will discuss diatomic molecules that have 2s and 2p valence atomic 
orbitals. Our purpose is to analyze carefully which orbitals are involved in 
electron-pair bonds in a molecule such as N2. We will continue to follow the 
method of making linear (i.e., additive and subtractive) combinations of 
appropriate atomic orbitals. We know from atomic structure that 2s orbitals 
have less energy than 2p orbitals have. Thus in Figure 3-6 we see that there 
are three 2p orbitals of equal energy and one 2s orbital of less energy for each 
atom. We want to find the relative energies of the molecular orbitals for this 
system and to show how we build the electronic structures for diatomic molecules 
involving 2s and 2p valence orbitals.

Sigma orbitaIs

First consider the atomic 2s orbitals. The two molecular orbitals derived from 
2s orbitals are similar to the H2 molecular orbitals. The combination 2sa + 2sb 
concentrates electron density between the nuclei and is a σ bonding orbital. 
The combination 2sa - 2sb produces the relatively high-energy orbital that has
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3-6
The relative energies of two sets of the 2s and 2p atomic orbitals of elements in the second row 
of the periodic table.

a nodal plane in which there is no probability of finding the electron. Electron 
density is forced out of the bonding region, thus this orbital is σ antibonding 
or σ*. The σb and σ* molecular orbitals are shown in Figure 3-7.

The three 2p orbitals are directed along the coordinate axes X, Y, and Z. 
The line that connects the nuclei in a diatomic molecule commonly is designated 
the Z axis. The two sets of corresponding X and Y axes are parallel and the 
Z axis is common to both nuclei. As shown in Figure 3-7, there are two different 
types of p orbitals in a diatomic molecule. One p orbital of each atom is aligned 
along the internuclear axis and is called the pz orbital. In other words, the 
two 2pz orbitals are directed toward each other and overlap along the Z axis. 
The other p orbitals are not directed toward each other in this way. The two 
px and the two py orbitals do not overlap along the Z axis, rather they overlap 
above and below it.

3-7►
The six different kinds of molecular orbitals formed from the s, px, py, and pz orbitals of two 
equivalent atoms in a diatomic molecule. The line drawn through the two nuclei is chosen as 
the Z axis. Plus and minus signs represent only the signs of the wave function, not electrical 
charge. The atomic orbitals from which these are obtained are shown, with their appropriate 
signs, at the upper right of each molecular orbital. The atomic orbitals used are s (top row) 
pz (middle row), and px (bottom row), or the equivalent py. Bonding orbitals are in the left 
column; antibonding orbitals are in the right column. Dashed lines with the letter "o" 
represent nodal planes of zero electron density.
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3-8
The overlap of two 2px orbitals gives rise to 
a π molecular orbital. A π molecular 
orbital changes sign when rotated 180° 
around the internuclear axis, but the elec- 
tron distribution remains unchanged.

The combination of za + zb is of the same type as sa + sb; that is, the 
orbital is symmetrical around the Z axis.1 Therefore it is a σ molecular orbital. 
Furthermore, electron density is greater in the overlap region, which means 
that za + zb is a bonding orbital. To distinguish za + zb from sa + sb we add 
the subscript z to σb to indicate that the molecular orbital is made from pz 
valence orbitals. (We add the subscript s to molecular orbitals constructed 
from s valence orbitals.) Thus σbz is the bonding molecular orbital made from 
two 2pz atomic orbitals. The other combination of 2pz orbitals is the minus 
combination, za - zb, which reduces electron density in the overlap region. 
As in sa - sb there is a nodal plane halfway between the nuclei. Thus the 
za - zb orbital is antibonding and is denoted σz*. The σzb and σz* molecular 
orbitals are shown in Figure 3-7.

Pi orbitaIs

Now we investigate the molecular orbitals formed from the 2px and 2py orbitals. 
The combination xa + xb is a new type of molecular orbital. Since p orbitals 
have a node at the nucleus, the molecular orbital xa + xb has a nodal plane 
that contains the internuclear line. Thus if we rotate the molecular orbital 
xa + xb by 180° it changes sign, thereby becoming -xa - xb (Figure 3-8). 
This type of molecular orbital is called a pi or π orbital. Pi molecular orbitals 
originate from combinations of parallel p orbitals that overlap above and below 

1 We will abbreviate as za, as zb, as xa, and so on.

Nodal plane
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the internuclear line. The xa + xb orbital concentrates electron density in the 
bonding region, thus it is a π bonding or πb orbital. To complete the designation 
we say it is πxb, that is, a combination of the two 2px atomic orbitals. It should 
be clear that an equivalent ya + yb orbital exists, which we call πyb. Thus there 
are two bonding π combinations that have the same shape and the same energy, 
and their orientations in space are mutually perpendicular.

Now let us consider the combinations xa - xb and ya - yb, which have 
a nodal plane containing the internuclear axis. They are π antibonding orbitals 
(π*) because they have reduced electron density (and an additional nodal 
plane perpendicular to the internuclear axis) between the nuclei. The πxb and 
πx* molecular orbitals are shown in Figure 3-7.

To summarize, we started with eight valence orbitals (one 2s and three 2p 
orbitals on each atom) and constructed eight molecular orbitals: σsb, σs*, σzb, 
σz*, πxb, πyb, πx*, and πy*. The relative energies of the molecular orbitals can be 
obtained from calculations and from experiments. Experimental data that are 
particularly helpful are obtained from absorption and emission spectroscopic 
measurements. In building the electronic structures of homonuclear (the same 
kind of nuclei) diatomic molecules, we know that the molecular orbitals are 
occupied in the following order of increasing energy:

σsb < σs* < πxb = πyb < σzb < πx* = πy* < σz*

This energy-level scheme is shown in Figure 3-9(a). An alternative energy-level 
ordering, which probably is correct for the homonuclear diatomic molecules 
O2 and F2, is shown in Figure 3-9(b). In each scheme there are six energy levels, 
which can accommodate a total of 16 electrons.

s-p Sigma hybridization

For a small energy separation between 2s and 2p orbitals, such as indicated in 
Figure 3-9(a), the σsb molecular orbital in a diatomic molecule, A2, almost 
certainly will mix, or hybridize, with the two 2pz valence orbitals that are oriented 
along the bond axis. Such a hybridization of 2s and 2p valence orbitals in 
molecular orbital formation is favorable because, as shown in Figures 3-10 
and 3-11, it increases the valence-orbital overlap between the nuclei. As a 
result, the electron density increases in this region and the energy of the σsb molec
ular orbital is decreased. [Compare the MO diagram that includes s-p 
hybridization, Figure 3-9(a), with the diagram that neglects it, Figure 3-9(b).]

The value of λ in the hybrid wave function 2s + λ2pz (Figure 3-10) for 
any particular diatomic molecule is determined by the degree of hybridization 
that gives the largest net increase in the stability (decrease in the energy) of 
the σsb bonding orbital. There are two important factors that determine the 
degree of s-p hybridization. As λ increases from zero to one the total overlap 
continually increases. But remember that the 2p orbital has more energy than
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3-9
Molecular-orbital energy-level diagrams for homonuclear diatomic molecules. (a) Relative 
energies of molecular orbitals in the case of appreciable s-p hybridization. This level scheme 
has been established for most homonuclear diatomic molecules through detailed experiments 
involving magnetic and spectroscopic properties of molecules. The degree of s-p hybridiza
tion becomes smaller as the energy separation of the valence s and p atomic levels becomes 
larger. (b) Suggested relative order of molecular orbitals in systems with negligible s-p
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hybridization. This order of energy levels should be observed when the energy separation of 
the atomic s and p valence levels is relatively large. Referring to Table 3—3 we see that the 
large 2s—2p energy separation in F atoms makes the F2 molecule a likely candidate for this 
scheme of energy levels. Additionally, there is some spectroscopic evidence that the electronic 
energy levels of the O2 molecule are consistent with this diagram.
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3-10
Hybridization of 2s and 2pz valence orbitals. The 2s + 2pz combination has a very large 
overlap, thus this combination makes a bonding molecular orbital of lower energy than the 
combination of two 2s orbitals.

3-11
Comparison of overlap between two 2s orbitals and two sp hybrid orbitals. There is more 
overlap between the hybrid orbitals (2s + λ2pz)a and (2s + λ2pz)b than between the 2s 
orbitals. The overlap is greatly exaggerated for emphasis. 

Hybrid orbitals

2s orbitals
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the 2s, so the energy of the isolated sp hybrid orbital also increases as λ increases 
from zero to one. Calculations can be performed to determine the optimum 
value of λ in a particular case. For example, in the Li2 molecule the calculated λ 
value is approximately 0.2. Even with this relatively small degree of hybridiza
tion the calculated bond energy of Li2 is significantly larger than that calculated 
for pure 2s bonding.

3-3  HOMONUCLEAR DIATOMIC MOLECULES

Now we are able to discuss the electronic structures and bonding properties 
of homonuclear diatomic molecules of elements in the second row of the 
periodic table. The bond lengths and bond energies of some important homo- 
nuclear diatomic molecules and ions are listed in Table 3-2.

Lithium

A lithium atom has one 2s valence electron. In Li the 2s-2p energy difference 
is small and the σsb molecular orbital of Li2 undoubtedly has considerable 2p 
character. The two valence electrons in Li2 occupy the σsb molecular orbital, 
thereby giving the ground-state electronic configuration (σsb)2. In agreement 
with theory, experimental measurements show that a lithium molecule has no 
unpaired electrons. With two electrons in a bonding molecular orbital there 
is one net bond. The bond length of Li2 is 2.67 Å, compared with 0.74 Å for H2. 
The longer bond in Li2 is consistent with the larger effective radius of the 
Li 2s orbital. The mutual repulsion of the two 1s electron pairs, an interaction 
not present in H2, also is partly responsible for the longer bond in Li2.

The bond energies of H2 and Li2 are 103 kcal mole-1 and 26.3 kcal mole-1, 
respectively. The two σsb electrons on the average are much farther from the 
shielded nuclei in Li2 than from the nuclei in H2. At the longer distances the 
potential energy due to electron-nucleus attractions is smaller, thus the two 
σsb (2sa + 2sb) electrons do not bind Li2 as strongly as the two σsb (1sa + 1sb) 
electrons do in H2.

Beryllium

A beryllium atom has the valence electronic structure 2s2. The electronic 
configuration of Be2 would be (σsb)2(σs*)2. This configuration gives no net bonds 
[(2 - 2)/2 = 0], which is consistent with the absence of Be2 from the family of 
stable second-row diatomic molecules.

Boron

Atomic boron has the valence electronic configuration 2s22p1. For B2 there are 
six valence electrons to assign to molecular orbitals. With the ordering of 
levels shown in Figure 3-9(a) the ground-state electronic configuration of B2
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Table 3-2. Bond properties of some homonuclear diatomic 
molecules and ionsa

Molecule Bond length, Å
Bond dissociation 
energy, kcal mole-1

Ag2 ― 38.7 ± 2.2
As2 2.288 91.3
Au2 2.472 53.9 ± 2.2
B2 1.589 65.5 ± 5
Bi2 — 46.6 ± 1.5
Br2 2.2809 45.440 ± 0.003
C2 1.2425 144
Cl2 1.988 57.18 ± 0.006
Cl2+ 1.8917 99.2
Cs2 — 10.4
Cu2 2.2195 47.3 ± 2.2
F2 1.417 33.2 ± 1.6
Ge2 — 65
H2 0.74116 103.24
h2+ 1.06 61.06
He2+ 1.080 77.0
I2 2.6666 35.55
K2 3.923 11.8
Li2 2.672 26.3
N2 1.0976 225.07
N2+ 1.116 201.28
Na2 3.078 17.3
O2 1.20741 117.96
O2+ 1.1227 —
O2- 1.26 93.9
O22- 1.49 —
P2 1.8937 114
Pb2 — 23
Rb2 — 11.3
S2 1.889 100.69
Sb2 2.21 71.3
Se2 2.1663 77.6
Si2 2.246 75
Sn2 — 46
Te2 2.5574 62.3

a The values of bond dissociation energy (DE) given generally refer to the ΔEo for the process 
A2(g) →A(g) + A(g).

is (σsb)2(σs*)2(πxb)1(πyb)1, thereby giving one net bond. Both Li2 and B2 have one 
net bond, but the B-B bond length is 1.59 Å, which is much shorter than the 
Li-Li length of 2.67 Å. The shorter bond length in B2 is a consequence of 
the decrease in effective atomic radius that accompanies the increase in Zeff from 
Li to B (Section 2-2). The proposed electronic configuration of B2 is supported 
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by experimental measurements, which show that B2 has two unpaired electrons 
in π-type orbitals.

The bond energy of B2 is 65 kcal mole-1, which is considerably larger than 
26 kcal mole-1 for Li2. These data also are consistent with the smaller atomic 
size of boron and the fact that its valence electrons are bound more firmly than 
the 2s electron of Li.

Carbon

Atomic carbon has the valence electronic configuration 2s22p2. For C2 there 
are eight valence electrons and the ground-state structure is (σsb)2(σs*)2(πx,yb)4, 
which has no unpaired electrons. However, the σzb orbital energy is greater than 
that of πx,yb, by about the energy required to pair two electrons. Thus the 
structure (σsb)2(σs*)2(πx,yb)3(σzb)1, with two unpaired electrons, does not differ 
significantly in energy from the (σsb)2(σs*)2(πx,yb)4 structure. The two structures 
can be pictured as

The most recent experiments indicate that the (σsb)2(σs*)2(πx,yb)4 structure is 
lower in energy than the electronic state represented by the other configuration. 
The C2 molecule absorbs light in the visible region of the spectrum, with 
maximum absorption at approximately 19,300 cm-1. This absorption has 
been assigned to an electronic transition from the πx,yb orbital to the σzb orbital, 
abbreviated πx,yb → σzb. There are two net bonds predicted for C2, which is 
compatible with the experimentally determined bond energy of 144 kcal mole-1 
and the bond length of 1.24 Å.

Nitrogen

Atomic nitrogen has the valence electronic configuration 2s22p3. The ground- 
state electronic configuration of N2 is (σsb)2(σs*)2(πx,yb)4(σzb)2, which is consistent 
with the observed diamagnetism of this molecule. The nitrogen molecule has 
three net bonds (one σ and two π), which is the maximum for a second-row 
diatomic molecule. The triple bond in N2 accounts for its unusual stability, 
its extraordinarily large bond energy of 225 kcal mole-1, and its very short 
bond length of 1.10 Å. Recall that the Lewis structure of N2 is :N≡N:, with 
three bonds and two lone pairs. The Lewis structure now can be analyzed in 
terms of molecular orbital theory. The two lone pairs correspond to the 
(σsb)2 and (σs*)2 configurations; that is, an equal number of bonding and anti- 
bonding electron pairs results in no net bonds. The three bonds in the Lewis 
structure correspond to the two π bonds, (πx,yb)4, and one σ bond, (σzb)2, proposed 
from MO theory.
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The low-energy electronic transition πx,yb → σzb, which is observed for the 
C2 molecule, is not possible in N2 because σzb is occupied fully in the ground 
state. As a result N2 does not absorb light in the visible region. The lowest 
electronic transition in N2, σzb → πx,y*, occurs at very high energy (approximately 
70,000 cm-1).

Oxygen

Atomic oxygen has the valence electronic configuration 2s22p4. The electronic 
configuration of O2 is (σsb)2(σs*)2(σzb)2(πx,yb)4(πx*)1(πy*)1. Following Hund's rule 
the electrons in πx,y* have the same spin in the ground state, thereby giving two 
unpaired electrons in O2. The oxygen molecule is paramagnetic, which is in 
agreement with this electronic structural model. In this respect the molecular 
orbital theory is superior to the simple Lewis picture which does not 
show that O2 has two unpaired electrons.

Two net bonds (one σ and one π) are predicted for O2. The bond energy 
of O2 is 118 kcal mole-1 and the bond length is 1.21 Å. The change in bond 
length caused by changing the number of electrons in the πx,y* level of the O2 
system is instructive. The precise bond length of O2 is 1.2074 Å. When an 
electron is added to the πx,y* level of O2, thereby forming O2-, the bond length 
increases to 1.26 Å. Addition of a second electron to form O22- increases the 
bond length to 1.49 Å. This is in agreement with the prediction of 1 1/2 bonds 
for O2- and 1 bond for O22-.

Fluorine

Atomic fluorine has the valence electronic configuration 2s22p5. The electronic 
configuration of F2 is (σsb)2(σs*)2(σzb)2(πx,yb)4(πx,y*)4, with no unpaired electrons 
and one net bond. This electronic structure is consistent with the diamagnetism 
of F2, its 33 kcal mole-1 bond energy, and the F-F bond length of 1.42 Å.

Neon

A neon atom has the closed-shell electronic configuration 2s22p6. The hypothet
ical Ne2 molecule would have the configuration (σsb)2(σs*)2(σzb)2(πx,yb)4(πx,y*)4(σz*)2 
and zero net bonds. To date there is no experimental evidence for the existence 
of a stable diatomic neon molecule.

In summary, the MO theory provides an excellent framework for the 
correlation of bond lengths and bond energies of diatomic molecules. We 
already have shown for the series H2+, H2, He2+, and He2, that as the bond order 
increases, the bond length decreases and the bond energy increases. This 
relationship holds for comparisons of the bonds between atoms of approximately 
the same effective size. The quantitative correlations for B2, C2, N2, O2, 
and F2 are:

Bond orders (number)

B2 (1) < C2 (2) < N2 (3) > O2 (2) > F2 (1)
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Bond energies (kcal mole-1)

B2 (65) < C2 (144) < N2 (225) > O2 (118) > F2 (33)

Bond lengths (Å)

B2 (1.59) > C2 (1.24) > N2 (1.10) < O2 (1.21) < F2 (1.42)

3-4 HOMONUCLEAR DIATOMIC MOLECULES WITH
n > 2 VALENCE ORBITALS

With proper adjustment of the principal quantum number of the valence orbitals, 
the molecular-orbital energy-level diagrams shown in Figure 3-9 for second-row 
diatomic molecules can be used to describe the electronic structures of homo- 
nuclear diatomic molecules of elements of the third row and higher.
Na2, K2, Rb2, and Cs2

The alkali-metal diatomic molecules all have the ground-state configuration 
(σsb)2 and one bond, and all are diamagnetic. The bond lengths and bond energies 
of Li2, Na2, K2, Rb2, and Cs2 are given in Table 3-2. The bond lengths increase 
and the bond energies decrease regularly from Li2 to Cs2. The increase in 
bond lengths (consequently the decrease in bond energies) corresponds to the 
increase in the effective size of the atoms from Li to Cs.

Cl2, Br2, AND I2

The ground-state electronic configuration of the halogen molecules is 
(σsb)2(σs*)2(πx,yb)4(σzb)2(πx,y*)4, thereby indicating one net bond. The molecules 
are diamagnetic. Table 3-2 gives bond lengths and bond energies for F2, Cl2, 
Br2, and I2. The bond lengths increase predictably from F2 to I2, but the bond 
energies are irregular, increasing from F2 to Cl2 then decreasing from Cl2 
to I2. We can explain the irregularity in bond energies for the halogens as follows. 
The molecular orbital structure (πx,yb)4(πx,y*)4 is equivalent to four 2p(π) lone pairs :

Repulsion of the electrons in 2p(π) orbitals on adjacent halogen atoms is a 
factor that is not present in the alkali-metal diatomic molecules. Due to the 
very small size of F, this interelectronic repulsion is unusually large in F2, 
thereby giving rise to an anomalously small bond energy.

four π antibonding

four π bonding

no 
net π 
bonds

four 2p(π)
lone pairs
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3-5  HYDROGEN FLUORIDE MOLECULE

We use hydrogen fluoride, HF, as an example of a heteronuclear diatomic 
molecule for a detailed molecular orbital treatment. When combining valence 
orbitals of different atoms it is helpful to know the relative energies of the 
orbitals. Table 3-3 gives valence-orbital ionization energies for the atoms 
hydrogen through krypton. The corresponding energies of the valence-electron 
orbitals, which we use to construct MO diagrams, are obtained simply by 
taking the negative of the IE's.

A hydrogen atom has a 1s valence orbital and a fluorine atom has 2s and 2p 
valence orbitals. The orbital energies are

hydrogen: 1s, -110,000 cm-1
fluorine: 2s, -374,000 cm-1; 2p, -151,000 cm-1

Table 3-3. Valence-orbital ionization energiesa in units of 103 cm-1

Atom 1s 2s 2p 3s 3p 4s 4p

H 110 — — — — — —

He 198 — — — — — —
Li — 44 — — — — —
Be — 75 — — — — —
B — 113 67 — — — —
C — 157 86 — — — —
N — 206 106 — — — —
O — 261 128 — — — —
F — 374 151 — — — —
Ne — 391 174 — — — —
Na — — — 42 — — —
Mg — — — 62 — — —
Al — — — 91 48 — —
Si — — — 121 63 — —
P — — — 151 82 — —
S — — — 167 94 — —
Cl — — — 204 111 — —
Ar — — — 236 128 — —
K — — — — — 35 —
Ca — — — — — 49 —
Zn — — — — — 76 —
Ga — — — — — 102 48
Ge — — — — — 126 61
As — — — — — 142 73
Se — — — — — 168 87
Br — — — — — 194 101
Kr — — — — — 222 115

a The reference zero point is the ionized atom. Thus the corresponding valence-orbital 
energies are obtained simply by changing the sign of the IE. For example, the 1s orbital energy 
of atomic H is -110,000 cm-1.
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3-12
Overlap of the hydrogen 1s orbital 
with the valence orbitals of fluorine. 
The net overlap of a 2px or 2py 
orbital of fluorine with the hydrogen 
1s orbital is zero, and these two p 
orbitals cannot be used in forming 
molecular orbitals.

σ overlap

σ overlap

Equal + and - regions of overlap 
give zero net overlap
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since the 2p orbitals in fluorine are much closer in energy to the 1s orbital in 
hydrogen we will consider, as a first approximation, only the interaction of the 
1s orbital of hydrogen with the 2p orbitals of fluorine in molecular-orbital 
formation. The overlap of the hydrogen 1s orbital with the fluorine 2p orbitals 
is shown in Figure 3-12. The Z axis corresponds to the internuclear line, and 
we see that the 1s(H) and 2pz(F) orbitals overlap. Therefore the bonding orbital 
is represented by the combination of these orbitals:

σb = λ1[1s(H)] + λ2[2pz(F)]

The coefficients λ1 and λ2 give the relative weights of the hydrogen 1s and the 
fluorine 2pz orbitals in the σb molecular orbital. In this case the combining 
valence orbitals have different weights in the molecular orbital because they 
have different energies. As we discussed in Chapter 2, electrons naturally will be 
"pulled" toward the atom that has the larger electronegativity, which therefore 
furnishes the lower-energy valence orbital. In the molecular-orbital formulation 
for HF λ2 is much greater than λ1 in the bonding orbital, thereby giving signifi
cantly more weight to the lower-energy fluorine 2pz orbital. Thus there are 
virtually two electrons in the fluorine 2pz orbital in the ground state.

The antibonding orbital in HF can be written

σ* = γ1[1s(H)] - γ2[2pz(F)]

The antibonding molecular orbital is not occupied by electrons in HF in the 
ground state, but it could be occupied in certain excited electronic states. The 
coefficient γ2 gives the relative weight of the fluorine 2pz orbital in the anti- 
bonding molecular orbital. Electron density in σ* will be reduced between the 
nuclei. Furthermore, since the bonding orbital has "used" most of the fluorine 
2pz orbital, electron density will be forced mainly into the domain of the 
hydrogen nucleus. This means that γ2 will be considerably less than γ1; that is, 
an electron would be associated with the higher-energy 1s(H) orbital if it were 
found in the σ* molecular orbital.

The fluorine 2px and 2py orbitals are suitable for π molecular orbitals. 
However, atomic hydrogen has only a 1s valence orbital, which is involved 
solely in σ bonding. The 1s(H) orbital has zero net overlap with the 2px and 2py 
orbitals (Figure 3-12), thus the fluorine 2px and 2py orbitals are nonbonding 
in HF.

The molecular orbitals for HF and their relative energies are shown in 
Figure 3-13. The valence orbitals of fluorine are on the right in the diagram, 
with the 2p energy level above the 2s level. On the left, the hydrogen 1s energy 
level is placed higher than the fluorine 2p level, in agreement with their known 
relative energies. The σb and σ* molecular orbitals are in the center. The σb 
molecular orbital is lower in energy than the fluorine 2pz orbital, and the diagram 
illustrates that σb has a large component of the fluorine 2pz orbital and a small
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3-13
Relative energies of atomic and molecular orbitals in HF. The energy of an electron in atomic 
hydrogen 1s orbital is -110,000 cm-1 (the first ionization energy of H is +110,000 cm-1), 
and the energy in the 2p orbitals of F is -151,000 cm-1 (first ionization energy of F is 
+151,000 cm-1 ). Not drawn to scale because the 2s orbital actually is much lower in energy 
than shown.

H orbital HF orbitals F orbitals
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component of the hydrogen 1s orbital. The σ* molecular orbital is higher in 
energy than the hydrogen 1s orbital, and the diagram shows that σ* is composed 
mainly of the hydrogen 1s orbital. The fluorine 2px and 2py orbitals are shown 
in the molecular orbital column as π-type molecular orbitals. They are non- 
bonding because hydrogen has no p valence orbitals.

There are eight valence electrons to place in the molecular orbitals for HF 
(Figure 3-13). Seven are from fluorine (2s22p5) and one is from hydrogen (1s). 
Therefore the ground-state electronic structure of HF is (2s)2(σb)2(2px)2(2py)2. 
In addition to the one σ bond there are three lone pairs, which corresponds to 
the Lewis structure

Since the electrons in the σb molecular orbital spend more time in the 
vicinity of the fluorine nucleus than of the hydrogen nucleus, it follows that there 
is a separation of charge in the ground state of HF. Specifically, hydrogen has 
a partial positive charge (δ +) and fluorine has a partial negative charge (δ -): 

Hδ+Fδ-

An extreme situation would exist if both σb electrons spent all their time 
around the fluorine atom. In that case an HF molecule would be composed of 
H+ and F- ions. Recall that a molecule that can be formulated accurately as 
an "ion pair" is described as an ionic molecule. This situation is encountered 
in a diatomic molecule only if the valence orbital of one atom has much less 
energy than has the valence orbital of the other atom. An example is NaF. 
The difference between the ionization energies of the Na 3s orbital and the 
F 2p orbital is 109,000 cm-1. In HF the energy difference between the H 1s 
orbital and the F 2p orbital is 41,000 cm-1. Therefore the HF molecule is not 
as ionic as NaF, but we say that HF has partial ionic character.

Dipole moment of HF

A heteronuclear diatomic molecule such as HF has an electric dipole moment 
caused by a charge separation. This dipole moment is equal to the product of 
the charge and the distance of separation:

dipole moment = μ = (qe)R

If the distance R is in centimeters and the charge qe is in electrostatic units, 
then μ is in esu cm. since the unit of electronic charge (e) is 4.8 × 10-10 esu 
and bond distances are of the order of 10-8 cm (1 Å), dipole moments are of 
the order of 10-18 esu cm. It is convenient to express μ in debye units (D) 
(10-18 esu cm = 1 debye). As a first approximation, if we consider the charges 
to be centered at each nucleus, then R is simply the equilibrium internuclear 
separation in the molecule.

Because it is possible to measure dipole moments we have an experimental 
method of estimating the partial ionic character of heteronuclear diatomic 
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molecules. The observed dipole moment of HF is 1.82 D. For R = 0.92 Å 
(or 0.92 × 10-8 cm) the ionic structure H+F- has a calculated dipole moment 
of 4.4 D (4.8 × 10-10 esu × 0.92 × 10-8 cm). Thus the separated partial 
charge calculated from the dipole moment data is 1.82/4.4 = 0.41, which rep- 
resents a partial ionic character of 41%.

Dipole moments for several diatomic molecules are given in Table 3-4.

Table 3-4. Dipole moments of 
some diatomic molecules

Molecule
Dipole moment, 
D

LiH 5.88
HF 1.82
HCl 1.08
HBr 0.82
Hl 0.44
O2 0
CO 0.112
NO 0.153
ICI 0.65
BrCl 0.57
ClF 0.88
BrF 1.29
KBr 10.41
KCl 10.27
KF 8.60
Kl 11.05

3-6 A GENERAL AB HETERONUCLEAR DIATOMIC MOLECULE

Now we will describe the bonding in a general diatomic molecule AB, in which 
B has a larger electronegativity than A, and both A and B have s and p valence 
orbitals. The molecular-orbital energy levels for AB are illustrated in Figure 
3-14. The s 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 σ 
and π bonding and antibonding orbitals for AB are formed in the same manner 
as for A2, 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 electro- 
negative atom, B. In higher-energy antibonding orbitals the electrons spend 
more time near the less electronegative atom, A. Spatial representations of 
the molecular orbitals for a general AB molecule are given in Figure 3-15.
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The bond properties of several examples of the heteronuclear diatomic molecules 
and ions listed in Table 3-5 are discussed in the following paragraphs.

BN (eight valence electrons)

The ground-state electronic configuration for BN is (σsb)2(σs*)2(πx,yb)3(σzb)1, from 
which we predict two bonds in the molecule. Thus the BN molecule is electroni
cally similar to C2, except that for BN the configuration with two unpaired 
electrons is more stable. The bond lengths of C2 and BN are 1.243 Å and 
1.281 Å, respectively. The BN bond energy of 92 kcal mole-1 is suspiciously 
low compared with 144 kcal mole-1 for C2. Further experimental work is 
necessary to verify the BN bond energy.

3-14
Relative orbital energies in a general AB molecule in which B is more electronegative than A.

A orbitals AB orbitals B orbitals
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3-15
Spatial representation of molecular orbitals for an AB molecule in which B is more electro- 
negative than A. Lines with the letter "o" represent nodal planes of zero electron density.
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Table 3-5. Bond properties of some heteronuclear diatomic 
molecules and ions

Molecule Bond length, Å

Bond dissociation
energy, 
kcal mole-1

AsN 1.620 115
AsO 1.623 113
BF 1.262 131
BH 1.2325 70
BN 1.281 92
BO 1.2043 191.2 ± 2.3
BaO 1.940 130.4 ± 6
BeF 1.3614 135.9 ± 2.3
BeH 1.297 53
BeO 1.3308 106.1 ± 2.3
BrCl 2.138 52.1
BrF 1.7555 55
CF 1.2718 106
CH 1.1202 80
CN 1.1719 188
CN+ 1.1727 —
CN- 1.14 —
CO 1.1283 255.8
CO+ 1.1152 192.4
CP 1.5583 122.1 ± 5
CS 1.5349 173.6 ± 3.5
CSe 1.66 138 ± 5
CaO 1.822 91.32 ± 1.4
ClF 1.6281 60.3
CsBr 3.072 91.5
CsCl 2.9062 101.7
CsF 2.345 122
CsH 2.494 42
Csl 3.315 75.4
GeO 1.650 157
HBr 1.4145 86.5
HBr+ 1.459 —
HCl 1.2744 102.2
HCl+ 1.3153 108.3
HF 0.91680 135.1
Hl 1.6090 70.5
HS 1.3503 81.4
IBr 2.485 41.90
ICI 2.32070 49.63
IF 1.908 45.7
KBr 2.8207 91.4
KCl 2.6666 100.8
KF 2.1715 118.9
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Table 3-5 (Continued)

Molecule Bond length, Å

Bond dissociation 
energy,
kcal mole-1

KH 2.244 43
Kl 3.0478 77.2
LiBr 2.1704 101
LiCl 2.018 113.25
LiF 1.5639 135.8
LiH 1.5953 56
Lil 2.3919 81
MgO 1.749 81
NH 1.045 85
NH+ 1.081 —
NO 1.1508 162
NO+ 1.0619 —
NP 1.4910 —
NS 1.495 115
NS+ 1.25 —
NaBr 2.502 88
NaCl 2.3606 98.5
NaF 1.9260 113.9
NaH 1.8873 47
Nal 2.7115 69
NaK — 14.3
NaRb — 13.8
OH 0.9706 101.5
OH+ 1.0289 101.0
PH 1.4328 —
PN 1.4869 174.6
PO 1.473 124
RbBr 2.9448 90.9
RbCl 2.7868 102.8
RbF 2.2704 119.5
RbH 2.367 39
Rbl 3.1769 77.7
SO 1.4810 123.66
SbO 1.848 74
SiF 1.6008 129.5
SiH 1.5201 74
SiN 1.575 104
SiO 1.5097 182.8
SiS 1.929 148
SnH 1.785 74
SnO 1.838 126.5
SnS 2.209 110.3
SrO 1.9199 99.2
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BO, CN, and CO+ (nine valence electrons)

The BO, CN, and CO+ molecular species all have the ground-state configura
tion (σsb)2(σs*)2(πx,yb)4(σzb)1. For each molecule 21/2 bonds are predicted. The 
bond lengths all are shorter than that of BN (or C2), being 1.204 Å for BO, 
1.172 Å for CN, and 1.115 Å for CO+. The bond energies of the neutral 
molecules are greater than the bond energy of BN, being 191 kcal mole-1 
for BO and 188 kcal mole-1 for CN.

NO+, CO, and CN- (ten valence electrons)

The NO+, CO, and CN- molecular species are isoelectronic with N2. From 
the configuration (σsb)2(σs*)2(πx,yb)4(σzb)2 we predict one σ and two π bonds. 
The bond lengths of NO+, CO, and CN- increase with increasing negative 
charge, being 1.062 Å for NO+, 1.128 Å for CO, and 1.14 Å for CN-. Com
paring CO with BO and NO+ with CO+ (species with like charge), we see 
that the bond length of CO is less than that of BO and that of NO+ is less than 
that of CO+, as we should expect. The bond energy of CO is 255.8 kcal mole-1, 
which is greater than the bond energy of 225 kcal mole-1 for N2.

NO (eIeven valence electrons)

The electronic configuration of NO is (σsb)2(σs*)2(πx,yb)4(σz*)2(πx,y*)1. Since the 
eleventh electron is in a π* orbital the bond order is 2 1/2, which is one half less 
than for NO+. The bond length of NO is 1.151 Å, which is longer than both 
the CO and NO+ bonds. The bond energy of NO is 162 kcal mole-1, which 
is considerably less than the bond energy of CO.
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QUESTIONS AND PROBLEMS

1. Discuss the bond properties of N2, P2, As2, and Bi2 in terms of their electronic 
structures.

2. Consider the molecule NF and the ions NF+ and NF-. Write the Lewis structure 
and the molecular-orbital description of the ground state for each species. Determine 
which of the three species would be paramagnetic and, if so, how many unpaired 
electrons there would be in each. Predict bond orders for all three species.

3. The ground state of H2 has the molecular-orbital configuration (σb)2. In addition 
to the ground state there are excited states possessing the following configurations:

Predict which of these states would be highest in energy and which would be lowest. 
Explain your reasoning. Would you expect the lowest excited state of H2 to be para
magnetic, or diamagnetic?

4. Discuss the bond properties of Cl2 and Cl2+ using molecular orbital theory.
5. Discuss the electronic structure of the SO molecule in terms of the molecular orbital 

theory for AB-type diatomic molecules. How many unpaired electrons do you 
predict for the ground state?

6. Describe the electronic structure of LiH in terms of molecular orbital theory. Estimate 
the partial ionic character in the LiH bond.

7. The OH radical recently has been observed in outer space. Formulate its electronic 
structure in terms of molecular orbital theory using only the 2p oxygen and the 1s 
hydrogen orbitals. What type of molecular orbital contains the unpaired electron? 
Is this orbital associated with both oxygen and hydrogen atoms, or is it localized on a 
single atom? Would you expect the lowest electronic transition of OH to occur at 
lower, or higher, energy than that of OH-? Briefly explain your answer.

8. Discuss the bond properties of NO, PO, AsO, and SbO. In what important ways does 
the molecular-orbital description of the ground state of these molecules differ from the 
Lewis Structural model?

9. Discuss the bond properties of the interhalogen diatomic molecules OF, BrF, BrCl, 
and ICl. Calculate the partial ionic character in each molecule from its calculated 
and observed dipole moments. Discuss the results of your calculation in terms of the 
molecular-orbital model of electronic structure.

10. Formulate the bonding in the hydrogen halide molecules HF, HCl, HBr, and HI 
in terms of molecular orbital theory. Discuss the bond properties of these molecules.

11. Explain why the dissociation energy is greater for B2 than for F2. Can you also ration
alize the fact that the F2 bond distance is shorter than the B2 bond?
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12. The mercurous ion is found as the diatomic species Hg22+. Ignore the filled d orbitals 
and describe the bonding in this ion in terms of molecular orbital theory. The ion 
exhibits strong absorption in the ultraviolet region. To what electronic transition 
can this absorption be attributed?

13. What is the molecular-orbital configuration of the ground state of the CN molecule? 
How many unpaired electrons does CN have? The molecule has an absorption band 
in the near-infrared region (at 9000 cm-1), which is due to an electronic transition. 
Suggest an assignment for this absorption band. The CN- ion does not absorb in 
the near-infrared region. Is this observation consistent with your transition assign- 
ment? If not, it would be a good idea to reconsider!


