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Molecular orbital theory uses the methods of group theory to describe the bonding in
molecules and complements and extends the simple pictares of bonding introduced in
Chapter 3. The symmetry properties and relative energies of atomic orbitals determine
how they interact to form molecular orbitals. These molecular orbitals are then filled
with the available electrons according to the same rules used for atomic orbitals, and the
total energy of the electrons in the molecular orbitals is compared with the initial total
energy of electrons in the atomic orbitals. If the total energy of the electrons in the mol-
ecular orbitals is less than in the atomic orbitals, the molecule is stable compared with
the atoms; if not, the molecule is unstable and the compound does not form. We will
first describe the bonding (or lack of it) in the first ten homonuclear diatornic molecules
{H; through Ne,) and then expand the treatment to heteronuclear diatomic molecules
and to molecules having more than two atoms.

A simple pictorial approach is adequate to describe bonding in many cases and
can provide cloes to more complete descriptions in more difficult cases. On the other
hand, it is helpful to know how a more elaborate group theoretical approach can be
used, both to provide background for the simpler approach and to have it available in
cases in which it is needed. In this chapter, we will describe both approaches, showing
the simpler pictorial approach and developing the symmetry arguments required for
some of the more complex cases,

As in the case of atomic orbitals, Schriddinger equations can be written for electrons in
molecules. Approximate solutions to these molecular Schridinger equations can be
constructed from linear combinations of the atomic orbitals (1.CAQ), the sums and
differences of the atomic wave functions, For diatomic molecules such as Hs, such
wave functions have the form

Y = cob, + eply,

where ¥ is the molecular wave function, i, and s, are atoric wave functions, and ¢,
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and ¢;, are adjustable coefficients. The coefficients can be equal or unequal, positive or
negative, depending on the individual orbitals and their energies. As the distance be-
tween two atoms is decreased, their orbitals overlap, with significant probability for
electrons from both atoms in the region of overlap, As a resull, melecular orbitals
form. Electrons i bonding molecular orbitals occupy the space between the nuclei,
and the electrostatic forces between the electrons and the two positive nuclel hold the
atoms together.

Three conditions are essential for overlap to lead to bonding. First, the symmeiry
of the orbitals must be such that regions with the same sign of & overlap. Second, the en-
ergics of the atomic orbitals must be similar. When the energies differ by a large amount,
the change in energy on formation of the molecular orbitals is small and the net reduc-
fion in energy of the elecirons is too small for significant bonding. Third, the distance
between the atoms must be short enough to provide good overlap of the orbitals, bui not
so short that repulsive forces of other electrons or the nuclei interfere. When these con-
ditions are met, the overall energy of the electrons in the occupied molecular orbitals
will be lower in energy than the overafl energy of the electrons in the original atomic
orbitals, and the resulting rnolecule has a lower total energy than the separated atoms.

5-1-1 MOLECULAR ORBITALS FROM
s ORBITALS

‘We will consider first the combination of two s orbitals, as in H,. For convenience, we
label the atoms of a diatomic molecule ¢ and b, so the atomic orbital wave functions are
U(1s,) and §(1s,). We can visualize the two atoms moving closer to each other until
the electron clouds overlap and merge into larger molecular electron clouds. The result-
ing molecular orbitals are linear combinations of the atomic orbitals, the sum of the two
orbitals and the difference between them:

In general terms For H,

V(o) = Nicah(lsy) + cpd(lsy)] = '\1—[2[‘1’(1501) +¥(lsp)]  (Hg + Hp)
and

W (o*) = N[c,l(1s,) — cpb(lsy)] = \—1/5[11;(15&) — e Isp) ] (H, — Hp)

N is the normalizing factor (s0 f W gr = 1), and ¢, and ¢, are adjustable co-
efficients. In this case, the two atomic orbitals are identical and the coefficients are
nearly identical as well.! These orbitals are depicted in Figure 5-1. In this diagram, as in
all the orbital diagrams in this book {such as Table 2-3 and Figure 2-6), the signs of or-
bital lobes are indicated by shading. Light and dark lobes indicate opposite signs of ¥,
The choice of positive and negative for specific atomic orbitals is arbitrary; what is im-
poriant is how they fit together to form molecular orbitals, In the diagrains on the right
side in the figure, light and dark shading show opposite signs of the wave function.

"More precise calculations show that the coefficients of the o* orbital are slightly larger than for the o
orbital, but this difference is ysually ignored in the simple approach we use. For identical atoms, we will use
¢, =y = 1and N = 1/%/2. The difference in coefficients for the o and o* orbitals also results in a larger
energy change (increase) from atomic to the o* molecular orbitals than for the o orbitals {(decrease).
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FIGURE 5-1 Motecular Orbitals
from Hydrogen 1s Otbitals.
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Because the o molecular orbital is the sum of the two atomic orbitals,

1 . .
— = [W(1s,) + Y(1s,)], and results in an increased concentration of electrons between

V2

the two nuclei where both atomic wave functions contribute, it is a bonding molecular
orbital and has a lower energy than the starting atomic orbitals. The o* molecular

1
orbital is the difference of the two atomic orbitals,'~\7:[ﬂ,r(lsa) = Ys(1sp)]. It has a
2

node with zero electron density between the nuclei caused by cancellation of the two
wave functions and has a higher energy; it is therefore called an antibonding orbital.
Electrons in bonding orbitals are concentrated between the nuclei and attract the nuciei
and hold them together. Antibonding orbitals have one or more nodes between the nu-
clei; electrons in these orbitals cause a mutual repulsion between the atoms. The differ-
ence in energy between an antibonding orbital and the initial atomic orbitals is slightty
larger than the same difference between a bonding orbital and the initial atomic orbitals,
Nonbonding orbitals are also possible. The energy of a nonbonding orbital is essen-
tially that of an atomic orbital, either because the orbital on one atom has a symmetry
that does not match any orbitals on the other atom, or the energy of the molecular
orbital matches that of the atomic orbital by coincidence.

The & (sigma) notation indicates orbitals that are symmetric to rotation about the

line connecting the nuclei:

o™ from s orbital o™ from p, orbital

An asterisk is frequently used to indicate antibonding orbitals, the orbitals of higher
energy. Because the bonding, nonbonding, or antibonding nature of a molecular orbital
is sometimes utcertain, the asterisk notation will be used only in the simpler cases in
which the bonding and antibonding characters are clear.

The pattern described for H, is the usual model for combining two orbitals: two
atomic orbitals combine to form two molecular orbitals, one bonding orbital with a
lower energy and one antibonding orbitaj with a higher energy. Regardless of the num-
ber of orbitals, the unvarying rule is that the number of resulting molecular orbitals 1s
the same as the initial number of atomic orbitals in the atoms.
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5-1-2 MOLECULAR ORBITALS FROM
p ORBITALS

Molecular orbitals formed from p orbitals are more complex because of the symmetry
of the orbitals. The algebraic sign of the wave function must be included when inter-
actions between the orbitals are considered. When two orbitals overlap and the over-
lapping regions have the same sign, the sum of the two orbitals has an increased
electron probability in the overlap region. When two regions of opposite sign overlap,
the combination has a decreased electron probability in the overlap region. Figure 5-1
shows this effect for the sum and difference of the 1s orbitals of Ha; similar effects
result from overlapping lobes of p orbitals with their alternating signs. The interac-
tions of p orbitals are shown in Figure 5-2, For convenience, we will choose a com-
mon z axis connecting the nuclei. Once the axes are set for a particular molecule, they
do not change.
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FIGURE 5-2 Interactions of p Orbitals, {a} Formation of molecular orbitals. {%) Orlitals that do
not form molecular orbitals. (¢) Energy fevel diagram.
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When we draw the z axes for the two atoms pointing in the same direction,” the p,
orbitals subtract to form o and add to form o* orbitals, both of which are symmetric to
rotation about the 7 axis and with nodes perpendicular to the line that connects the nu-
clei. Interactions between p, and p,, orbitals lead to 7 and w* orbitals, as shown. The 7
(pi) notation indicates a change in sign with C; rotation about the bond axis:

As in the case of the s orbitals, the overlap of two regions with the same sign [eads to an
increased concentration of electrons, and the overlap of two regions of opposite sign
leads to a node of zero electron density. In addition, the nodes of the atomic orbitals be-
come the nodes of the resulting molecular orbitals. In the w* antibonding case, four
lobes result that are similar in appearance to an expanded d orbital (Figure 5-2(c)).

The p,, py, and p, orbital pairs need to be considered separately. Because the z
axis was chosen as the internuclear axis, the orbitals derived from the p, orbitals are
symmetric to rotation around the bond axis and are labeled o and o* for the bonding
and antibonding orbitals, respectively. Similar combinations of the p, orbitals form or-
bitals whose wave functions change sign with C, rotation about the bond axis; they are
labeled w and w* for the bonding and antibonding orbitals, respectively. In the same
way, the p, orbitals also form w and =¥ orbitals.

When orbitals overlap equally with both the same and opposite signs, as in the
5 + p, example in Figure 5-2(b), the bonding and antibonding effects cancel and no
molecular orbital results. Another way to describe this is that the symmetry proper-
ties of the orbitals do not match and no combination is possible. If the symmetry of
an atomic orbital does not match gny orbital of the other atom, it is called a non-
bonding orbital. Homonuclear diatomic molecules have only bonding and antibond-
ing molecular orbitals; nonbonding orbitals are described further in Sections 5-1-4,
5-2-2, and 5-4-3.

5-1-3 MOLECULAR ORBITALS FROM
d ORBITALS

In the heavier elements, particularly the transition metals,  orbitals can be involved in
bonding in a similar way. Figure 5-3 shows the possible combinations. When the 7 axes
are collinear, two ;2 orbitals can combine end on for o bonding. The d,; and d,, or-
bitals form 7 orbitals. When atomic orbitals meet from two parailel planes and combine
side to side, as do the d,2_,? and d,, orbitals with collinear z axes, they form & (delta)
orbitals. (The 8 notaiion indicates sign changes on Cy rotation about the bond axis.}
Sigma orbitals have no nodes that include the line of centers of the atoms, pi orbitals
have one node that includes the line of centers, and delta orbitals have two nodes that in-
clude the line of centers. Combinations of orbitals involving overlapping regions with
opposite signs canmot form molecular orbitals; for example, p, and d,, have zero net
overlap (one region with overlapping regions of the same sign and ancther with oppo-
site signs).

YThe choice of direction of the z axes is arbitrary. When both are positive in the same direction,
B> €8> the difference between the P orbitals is the bonding combination. When the

positive z axes are chosen o point toward each other, - , the sum of the p, orbitals is
the bonding combination. We have chosen to have them positive in the same direction for consistency with
our treatment of triatomic and larger molecules.
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FIGURE 5-3 Interactions of & Orbitals. (a) Formation of molecular orbitals, (b) Orbitals that do
not form molecular orbitals,

Classify the interactions,
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EXERCISE 5-1

using collinear z axes.

pyand d,. p, and d 2

p,andd,, sand d,2?

ne interaction C interaction

Repeat the process for the preceding example for the following orbital combinations

121

Sketch the overlap regions of the following combination of orbitals, all with collinear z axes.

. again
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FIGURE 5-4 Energy Maich and
Molecular Orbital Formation.
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5-1-4 NONBONDING ORBITALS AND
OTHER FACTORS

As mentioned previously, there can also be nonbonding molecular orbitals, whose ener-
gy is essentially that of the original atomic orbitals. These can form when there are three
atomic orbitals of the same symmetry and similar energies, a situation that requires the
formation of three molecular orbitals. One is a low-energy bonding orbital, one is a
high-energy antibonding orbital, and one is of intermediate energy and is a nonbonding
orbital. Examples will be considered in Section 5-4. Sometimes, atomic orbitals whose
symmetries do not match and therefore remain unchanged in the molecule are also
called nonbonding. For example, the s and d,, orbitals of the preceding example are
nonbonding with respect to each other. There are examples of both types of nonbonding
orbitals later in this chapter.

In addition to symmetry, the second major factor that must be considered in form-
ing molecular orbitals is the relative energy of the atomic orbitals. As shown in Figure
5-4, when the two atomic orbitals have the same energy, the resulting interaction is
strong and the resulting molecular orbitals have energies well below (bonding) and
above (antibonding) that of the original atomic orbitals, When the two atomic orbitals
have quite different energies, the interaction is weak, and the resulting molecular or-
bitals have nearly the same energies and shapes as the original atomic orbitals. For ex-
ample, although they have the same symmetry, 1s and 25 orbitals do not combine
significantly in diatomic molecules such as Ny because their energies are too far apart.
As we will see, there is some interaction between 25 and 2p, but it is relatively small.
The general rule is that the closer the energy match, the sironger the interaction.

5-2-1 MOLECULAR ORBITALS

Although apparently satisfactory Lewis electron-dot diagrams of N3, O, and F, can be
drawn, the same is not true of Li,, Bes, B,, and C,, which cannot show the usual octet
structure. In addition, the Lewis diagram of O, shows a simple double-bonded mole-
cule, but experiment has shown it to have two unpaired electrons, making it paramag-
netic (in fact, liquid oxygen poured between the poles of a large horseshoe magnet is
attracted into the field and held there). As we will see, the molecular orbital description
is more in agreement with experiment. Figure 5-3 shows the full set of molecular or-
bitals for the homonuclear diatomic molecules of the first 10 elements, with the ener-
gies appropriate for O, The diagram shows the order of energy levels for the molecular
orbitals assuming interactions only between atomic orbitals of identical energy. The en-
ergies of the molecular orbitals change with increasing atomic number but the general
pattern remains similar (with some subtle changes, as described in several examples that
follow), even for heavier atoms lower in the periodic table. Electrons fill the molecular
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FIGURE 5-5 Molecular Orhitals
for the First 10 Elements, with no
-0 Interaction.
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orbitals according to the same rules that govern the filling of atomic orbitals (filling
from lowest to highest energy [aufbau], maximom spin multiplicity consistent with the
lowest net energy [Hund's rules], and no two electrons with identical guantam numbers
[Pauli exclusion principle]).

The overall number of bonding and antibonding electrons determines the number
of bonds (bond order):

Bond order — l[(number of e]ectrons) _ ( number of electrons )}
2 |\ in bonding orbitals in antibonding orbitals

For example, O,, with 10 electrons in bonding orbitals and 6 electrons in antibonding
orbitals, has a bond order of 2, a double bond. Counting only valence electrons (8 bond-
ing and 4 antibonding) gives the same result. Becanse the molecular orbitals derived
from the 1s orbitals have the same number of bonding and antibonding electrons, they
have no net effect on the bonding.

Additional labels are helpful in describing the orbitals and have been added to
Figure 5-5. We have added g and # subscripts. which are used as described at the end of
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FIGURE 5-6 Interaction between
Molecular Orbitals. Mixing moleco-
lar orbitals of the same symmetry
results in a greater energy difference
between the orbitals, The o orbitals
mix strongly; the o* orbitals differ
more in energy and mix weakly,

Section 4-3-3: g for gerade, crbitals symmetric to inversion, and u for ungerade, orbitals
antisymmetric to inversion (those whose signs change on inversion). The g or u notation
describes the symmetry of the orbitals without a judgment as to their relative energies.

EXAMPLE

Add a g or u label to each of the molecular orbitals in the energy level diagram in Figure 3-2.
From top to bottom, the orbitals are o, *, 7", o, and O

EXERCISE 5-2

Add a g or u label to each of the molecular orbitals in Figure 5-3{a).

5-2-2 ORBITAL MIXING

So far, we have considered primarily interactions between orbitals of identical energy.
However, orbitals with similar, but not equal, energies interact if they have appropriate
symmetries. We will outline two approaches to analyzing this interaction, one in which
the molecular orbitals interact and one in which the atomic orbitals interact directly.
When two molecular orbitals of the same symmetry have similar energies, they in-
teract to lower the energy of the lower orbital and raise the energy of the higher. For ex-
ample, in the homonuclear diatomics, the ,(2s) and a,(2p) orbitals both have o,
symmetry {symmetric to infinite rotation and inversion); these orbitals interact to lower
the energy of the (2s) and to raise the energy of the a(2p), as shown in Figure 5-6(b).
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Similarly, the o, (25) and o, (2p) orbitals interact to lower the energy of the o, (25)
and to raise the energy of the Uu*(Z p). This phenomenon is called mixing. Mixing takes
into account that molecular orbitals with similar energies interact if they have appropriate
syminetry, a factor that has been ignored in Figure 5-5. When two molecular orbitals of
the same symmetry mix, the one with higher energy moves still higher and the one with
lower energy moves lower in energy.

Alternatively, we can consider that the four molecular orbitals (MOs) result from
combining the four atomic orbitals (two 2s and two 2p,) that have similar energies. The
resulting molecular orbitals have the following general form (where a and b identify the
two atoms):

T = cphb(2s,) + cli(25) + ealr(2p,) £ cqb(2p;)

For homonuclear molecules, ¢; = ¢, and ¢3 = ¢4 in each of the four MOs. The
lowest energy MO has larger values of ¢; and ¢,, the highest has larger values of c3 and
¢4, and the two intermediate MOs have intermediate values for all four coefficients. The
symmetry of these four orbitals is the same as those without mixing, but their shapes are
changed somewhat by having the mixture of s and p character, In addition, the energies
are shifted, higher for the upper two and lower for the two lower energy orbitals.

As we will see, s-p mixing can have an important influence on the energy of mol-
ecular orbitals. For example, in the early part of the second period (Li; to Ny), the O, Or-
bital formed from 2p orbitals is higher in energy than the 1r, osbitals formed from the
other 2p orbitals. This is an inverted order from that expected without mixing
(Figure 5-0). For B, and C,, this affects the magnetic properties of the molecules. In
addition, mixing changes the bonding-antibonding nature of some of the orbitals. The
orbitals with intermediate energies may have either slightly bonding or slightly anti-
bonding character and contribute in minor ways to the bonding, but in some cases may
be considered essentially nonbonding orbitals because of their small contribution and
intermediate energy. Each orbital must be considered separately on the basis of the
actual energies and electron distributions,

5-2-3 FIRST AND SECOND ROW MOLECULES

Before proceeding with examples of homonuclear diatomic molecules, it is necessary to
define two types of magnetic behavior, paramagnetic and diamagnetic. Paramagnetic
compounds are attracted by an external magnetic field. This attraction is a consequence
of one or more unpaired electrons behaving as tiny magnets. Diamagnetic compounds,
on the other hand, have no unpaired electrons and are repelled slightly by magnetic
fields, (An experimental measure of the magnetism of compounds is the magnetic
moment, a term that will be described further in Chapter 10 in the discussion of the
magnetic properties of coordination compounds.)

H, He, and the homonuclear diatomic species shown in Figure 3-7 will be dis-
cussed in the following pages. In the progression across the periodic table, the energy of
all the orbitals decreases as the increased nuclear charge attracts the electrons more
strongly. As shown in Figure 5-7, the change is larger for o orbitals than for w orbitals,
resulting from the larger overlap of the atotnic orbitals that participate in o interactions.
As shown in Figure 2-7, the atomic orbitals from which the « orbitals are derived have
higher electron densities near the nucleus.

Hz [o%(15)]

This the simplest of the diatomic molecules. The MO description (see Figure 5-1)
shows a single o bond containing one electron pair. The ionic species H,", having a
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FIGURE 5-7 Energy Levels of
the Homonuclear Diatomics of the
Secend Period.
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bond order of % has been detected in low-pressure gas discharge systems. As expected,
it is less stable than H, and has a considerably fonger bond distance (106 pm) than H,
(74.2 pm}.

He, [ngau*z(ls)}

The molecular orbital description of He; predicts two electrons in a bonding orbital and
two electrons in an antibonding orbital, with a bond order of zero—in other words, no
bond. This is what is observed experimentally. The noble gas He has no significant
tendency to form diatomic molecules and, like the other noble gases, exists in the form
of free atoms. He, has been detected only in very low pressure and low temperature
molecular beams. It has a very low binding energy,’ approximately 0.01 J/mol; for
comparison, H; has a bond energy of 436 kJ/mol.

3F. Luo, G. C. McBane, G. Kim, C. F. Giese, and W. R. Gentry, J. Chem. Phys., 1993, 98, 3564
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Liz [04%(25)]

As shown in Figure 5-7, the MO model predicts a single Li—Li bond in Li,, in agree-
ment with gas phase observations of the molecule.

Be; [0,20,%%(29)]

Be; has the same number of antibonding and bonding electrons and consequently a
bond order of zero. Hence, like He;, Bes is not a stable chemical species.

By [m,w,'(2p)]

Here is an example in which the MO model has a distinct advantage over the Lewis dot
picture. B, is found only in the gas phase; solid boron is found in several very hard
forms with complex bonding, primarily involving B, icosahedra. B, is paramagnetic.
This behavior can be explained if its two highest energy electrons occupy separate w or-
bitals as shown. The Lewis dot model cannot account for the paramagnetic behavior of
this molecule.

B, is also a good example of the energy level shift caused by the mixing of s and
p orbitals. In the absence of mixing, the 54(2p) orbital is expected to be lower in ener-
gy than the m,(2p) orbitals and the resutting molecule would be diamagnetic. Howev-
er, mixing of the o,(2s) orbital with the ao(2p) orbital (see Figure 5-6) lowers the
energy of the o, (2s) orbital and increases the energy of the o,(2p) orbital to a higher
level than the  orbitals, giving the order of energies shown in Figure 5-7. As a result,
the last two electrons are unpaired in the degenerate (having the same energy) 7 or-
bitals, and the molecule is paramagnetic. Overall, the bond order is 1, even though the
two 7 electrons are in different orbitals,

G ['“'uz'“'uz(zp)]

The simple MO picture of C, predicts a doubly bonded molecule with all electrons
paired, but with both highest occupied molecular orbitals (HOMOs) having & sym-
metry, [t is unusuval becanse it has two w bonds and no o bond. The bond dissociation
energies of B,, C,. and Nj increase steadily, indicating single, double, and triple bonds
with increasing atomic number. Although C; is not a commonly encountered chemical
species (carbon is more stable as diamond, graphite, and the fullerenes described in
Chapter 8), the acetylide ion, C,2~, is well known, particularly in compounds with al-
kali metals, alkaline earths, and lanthanides. According to the molecular orbital model,
C,”" should have a bond order of 3 (configuration ﬁuzwuzagz). This is supported by
the similar C—C distances in acetylene and calcium carbide (acetylide)‘g’sz

C—C Distance {pm)

C=C (gas phase) 132
H—C=C—H 120.5
CaC, 19.1

Y Atoji, J. Chem. Phys., 1961, 35, 1950.
57, Overend and 1. W. Thompson, Proc. R. Soe. London, 1954, A234, 306,
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N2 [“uzﬂuzﬂgz(zp)]

N, has a triple bond according to both the Lewis and the molecular orbital models. This
is in agreement with its very short N —N distance (109.8 pm) and extremely high bond
dissociation energy (942 kJ/mol). Atomic orbitals decrease in energy with increasing
nuclear charge Z as shown in Figure 5-7; as the effective nuclear charge increases, all
orbitals are pulled to lower energies. The shielding effect and electron-electron interac-
tions described in Section 2-2-4 cause an increase in the difference between the 25 and
2p orbital energies as 7 increases, from 5.7 ¢V for boron to 8.8 &V for carbon and
12.4 eV for nitrogen. (A table of these energies is given in Table 5-1 in Section 5-3-1.)
As a result, the o,(2s) and ¢ 4(2p) levels of N interact (mix) less than the By and C,
levels, and the o,(2p) and ,(2p) are very close in energy. The order of energies of
these orbitals has been a matter of controversy and will be discussed in more detail in
Section 5-2-4 on photoelectron spectroscopy.6

0; [("gz‘“' r,ivz"'*'uz""‘g=ng ‘“'g*] (2p)]

0, is paramagnetic. This property, as for By, cannot be explained by the traditional
Lewis dot structure ((O0==0.}, but is evident from the MO picture, which assigns two
electrons to the degenerate wg* orbitals. The paramagnetism can be demonstrated by
pouring liquid O, between the poles of a strong magnet; some of the O, will be held be-
tween the pole faces until it evaporates. Several ionic forms of diatomic oxygen are
known, including O, ", O, ", and O,> . The internuclear O— O distance can be conve-
niently correlated with the bond order predicted by the molecular orbital model, as
shown in the following table.

Internuclear
Bond Order Distance (pm}
O, (dioxygenyl)? 2.5 112.3
0, (dioxygen)® 2.0 120,07
0,” (superm(ide)9 1.5 128
0, (peroxide)® 1.0 149

Note: Oxygen-oxygen distances in Oy~ and 0,7 are inﬂl},enced by the
cation. This influence is especially strong in the case of O,~ and is one
factor in its unusually long bond distance.

The extent of mixing is not sufficient in O; to push the o,(2p) orbital to higher
energy than the w,(2p) orbitals. The order of molecular orbitals shown is consistent
with the photoelectron spectrum discussed in Section 3-2-4.

Fa [ng'ﬂuz’“' uzﬂg*zﬂg*z(zp)]

The MO picture of F, shows a diamagnetic molecule having a single fluorine-fluorine
bond, in agreement with experimental data on this very reactive molecule.

The net bond order in N,, 05, and F; is the same whether or not mixing is taken into
account, but the order of the filled orbitals is different. The switching of the order of the

5n the first and second editions of this text, the order of the g and mm, orbitals in Ny was reversed
from the order in Figure 5-7. We have since become persuaded that the 4 orbital has the higher energy.

7(G. Herzberg, Molecular Spectra and Molecular Structure I The Spectra of Diatoric Molecules, Van
Nostrand-Reinhold, New York, 1950, p. 366.

8§, L. Miller and C. H. Townes, Phys. Rew, 1953, 95, 537.

IN.-G. Vannerberg, Prog. Inorg. Chem., 1963, 4, 123,

S




FIGURE 5-8 Bond Distances of
Homonuclear Diatomic Molecules
and Ions.
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o,(2p) and 7, (2p) orbitals can occur because these orbitals are so close in energy; minor
changes in either orbital can switch their order. The energy difference between the 25 and
2p orbitals of the atoms increases with increasing nuclear charge, from 5.7 ¢V in boron to
27.7 eV in fluorine (details are in Section 5-3-1). Because the difference becomes greater,
the s-p interaction decreases and the “normal” order of molecular orbitals returns in
O, and F,. The higher o, orbital is seen again in CO, described later in Section 5-3-1.

Nez

All the molecular orbitals are filled, there are equal numbers of bonding and antibond-
ing electrons, and the bond order is therefore zero. The Ne, molecule is a transient
species, if it exists at all.

One triumph of molecular orbital theory is its prediction of two unpaired elec-
trons for O,. It had long been known that ordinary oxygen is paramagnetic, but the ear-
lier bonding theories required use of a special “three-electron bond™' to explain this
phenomenon. On the other hand, the molecular orbital description provides for the un-
paired electrons directly. In the other cases described previously, the experimental facts
(paramagnetic B;, diamagnetic C;) require a shift of orbilal energies, raising o, above
T, but they do not require addition of any different type of orbitals or bonding. Once
the order has been determined experimentally, molecular calculations can be tested
against the experimental resulfs to compiete the picture.

Bond lengths in homonuclear diatomic
molecules

Figure 5-8 shows the variation of bond distance with the number of valence electrons in
second-period p block homonuclear diatomic molecules. As the number of electrons in-
creases, the number in bonding orbitals also increases, the bond strength becomes greater,
and the bond length becomes shorter. This continues up to 10 valence electrons in N» and
then the trend reverses because the additional electrons occupy antibonding orbitals. The
tons No*, 0,7, 0,7, and 022_ are also shown in the figure and follow a similar trend.

160 B,

Bond distance (pm)

100 7 T T T T T T
6 7 8 9 10 11 12 13 14

Valence electrons

YL, Pauling, The Nature of the Chemical Bond, 3rd ed., Cornell University Press, lthaca, NY, 1960,
pp- 340-354.
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spectrum (about 3 eV between the first and third major peaks in N5, about 6 eV for the
corresponding difference in O,), and some theoretical calculations have disagreed
about the order of the highest occupied orbitals. A recent papf:r12 compared different
calculation methods and showed that the different order of energy levels was simply a
consequence of the method of calculation used; the methods favored by the authors
agree with the experimental results, with o, above =,

The photoelectron spectrum shows the 1, lower {(Figure 5-10). In addition to the
ionization energies of the orbitals, the spectrum shows the interaction of the electronic
energy with the vibrational energy of the molecule. Because vibrational energy levels
are much closer in energy than electronic levels, any collection of molecules has an en-
ergy distribution through many different vibrational levels. Because of this, transitions
between electronic levels also include transitions between different vibrational levels,
resulting in multiple peaks for a single electronic transition. Orbitals that are strongly
involved in bonding have vibrational fine structure (multiple peaks); orbitals that are
Iess involved in bonding have only a few individual peaks at each energy level.l* The
N; spectrum indicates that the 7, orbitals are more involved in the bonding than either
of the o orbitals. The CO photoelectron spectrum (Figure 5-14) has a similar pattern.
The O photoelectren spectrum (Figare 5-11) has moch more vibrational fine structure
for all the energy levels, with the 7, fevels again more involved in bonding than the
other orbitals.

The photoelectron spectra of O, (Figure 5-11) and of CO (Figure 5-14) show the
expected order of energy levels. The vibrational fine structure indicates that all the
orbitals are important to bonding in the molecules.

5-2-5 CORRELATION DIAGRAMS

Mixing of orbitals of the same symmetry, as in the examples of Section 5-2-3, is seen in
many other molecules. A correlation diagram'* for this phenomenon is shown in
Figure 5-12. This diagram shows the calculated effect of moving two atoms together,
from a large interatomic distance on the right, with no interatomic interaction, to zero
mnteratomic distance on the left, where the two nuclei become, in effect, a single nucle-
us. The simplest example has two hydrogen atoms on the right and a helium atom on the
left. Naturally, such merging of two atoms into one never happens outside the realm of
high-energy physics, but we consider the orbital changes as if it could. The diagram
shows how the energies of the orbitals change with the internuclear distance and change
from the order of atomic orbitals on the left to the order of molecular orbitals of similar
symuetry on the right.

On the right are the usual atomic orbitals—1s, 25, and 2p for each of the two sep-
arated atoms. As the atoms approach each other, their atomic orbitals interact to form
molecular orbitals.'® The 1s orbitals form lo, and 1o,, 25 form 20, and 20", and 2p
form 3o, 1m,, lwg*, and 3o, *. As the atoms move closer together (toward the left in
the diagram), the bonding MOs decrease in energy, while the antibonding MOs increase
in energy. At the far left, the MOs become the atomic orbitals of a united atom with
twice the nuclear charge.

2R, Stowasser and R. Hoffmann, J. Am. Chem. Soc., 1999, 121, 3414.

R. S. Drago, Physical Methods in Chemistry, 2nd ed., Saunders College Publishing, Philadelphia,
1992, pp. 671-677.

MR, McWeeny, Coulson’s Vidence, 3rd Ed., Oxford University Press, Oxford, 1979, pp. 97-103.

BMolecular orditals are labeled in many different ways. Most in this book are mumbered within each
set of the same symmetry (Lo, 26, and 1o, 20,™). In some figures, log and 1or,™ MOs from 1s atomic
orbitals are understood to be at lower energies than the MOs shown and are omitted.
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FIGURE 5-12 Correlation Dia-
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Symmetry is used to connect the molecular orbitals with the atomic orbitals of
the united atom. Consider the 1o,* orbital as an example. Itis formed as the antibond-
ing orbital from two 1s orbitals, as shown on the right side of the diagram. It has the
same symmetry as a 2p, atomic orbital (where z is the axis through both nuclei), which
is the limit on the left side of the diagram. The degenerate 1w, MOs are also connected
to the 2p orbitals of the united atom, because they have the same symmetry as a 2p, or
2p, orbital (see Figure 5-2).

As another example, the degenerate pair of lfrrg* MOs, formed by the differ-
ence of the 2p, or 2p, orbitals of the separate atoms, is connected to the 3d orbitals on
the left side because the l’l'rg* orbitals have the same symmetry as the d,, or d,, orbitals
(see Figure 5-2). The = orbitals formed from p, and p, orbitals are degenerate (have the
same energy), as are the p orbitals of the merged atom, and the 7* orbitals from the
same atomic orbitals are degenerate, as are the d orbitals of the merged atom.

Another consequence of this phenomenon is called the noncrossing rule, which
states that orbitals of the same symimetry interact so that their energies never cross.'®
This rule helps in assigning correlations. If two sets of orbitals of the same symmetry
seem to result in crossing in the correlation diagram, the matchups must be changed to
prevent it.

'8C. 1. Ballhausen and H. B. Gray, Molecular Orbital Theory, W. A. Benjamin, New York, 1965,
Pp. 36-38.
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5-3
HETERONUCLEAR
DIATOMIC
MOLECULES

The actual energies of molecular orbitals for diatomic molecules are intermediate
between the extremes of this diagram, approximately in the region set off by the verti-
cal lines. Toward the right within this region, closer to the separated atoms, the energy
sequence is the “normal” one of O and Fy; further to the left, the order of molecular or-
bitals is that of By, C; and Ny, with 54(2p) above m,(2p).

5-3-1 POLAR BONDS

Heteronuclear diatomic molecules follow the same general bonding pattern as the
homonuclear molecules described previously, but a greater nuclear charge on one of
the atoms lowers its atomic energy levels and shifts the resulting molecular orbital lev-
els. In dealing with heteronuclear molecules, it is necessary to have a way to estimate
the energies of the atomic orbitals that may interact. For this purpose, the orbital poten-
tial energies, given in Table 3-1 and Figure 5-13, are useful. These potential energies are
negative, because they represent attraction between valence electrons and atomic nu-
clei. The values are the average energies for all electrons in the same level (for example,
all 3p electrons), and are weighted averages of all the energy states possible. These

TABLE 5-1 -
Orbital Potential Energies

Orbital Potential Energy (eV)

Atomic
Number Element  Is 25 2p 3s 3p 4s 4p
1 H —-13.61
2 He —24.59
3 Li =539
4 Be —~%.32
5 B —14.05 —8.30
6 C —19.43 —10.66
7 N —25.56 —13.18
8 0 —32.38 —15.85
g F —40.17 —18.65
10 Ne —48.47 —21.59
11 Na —5.14
12 Mg ~7.65
13 Al —-11.32 —5.98
14 Si -15.89 ~7.78
15 P —18.84 —9.65
16 S 2271 —-11.62
17 Cl —2523 —13.67
18 Ar —29.24 ~15.82"
19 K —4.34
20 Ca -6.11
30 Zn —9.39
31 Ga —12.61 —3.93
32 Ge —16.05 —7.54
33 As —18.94 ~G.17
M Se -21.37 —10.82
35 Br —24.37 —12.49
36 Kr —271.51 —14.22

Source: J. B. Mann, T. L. Meek, and L. C. Allen, J. Ase. Chem. Soc., 2000, 122, 2730.

NoTE: All energies are negative, representing average attractive potentials between the electrons and the
nucleus for ali terms of the specified orbitals.
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states are called terms and are explained in Chapter 11. For this reason, the values do
not show the variations of the ionization energies seen in Figure 2-10, but steadily be-
coine more negative from left (o right within a period, as the increasing nuclear charge
attracts all the electrons more strongly.

The atomic orbitals of homonuclear diatomic molecules have identical energies,
and both atoms contribute equally to a given MO. Therefore, in the equations for the
molecular orbitals, the coefficients for the two atomic orbitals are identical. In het-
eronuclear diatomic molecules such as CO and HF, the atomic orbitals have different
energies and a given MO receives unequal contributions from the atomic orbitals; the
equation for that MO has a different coefficient for each of the atomic orbitals that com-
pose it. As the energies of the atomic orbitals get farther apart, the magnitude of the in-
teraction decreases. The atomic orbitat closer in energy to an MO contributes more to
the MO, and its coefficient is larger in the wave equation,

The molecutar orbitals of CO are shown in Figure 5-14. CO has C,,, symmetry,
but the p, and p, orbitals have C,, symmetry if the signs of the orbital lobes are ignored
as in the diagram (the signs are ignored only for the purpose of choosing a point group,
but must be included for the rest of the process). Using the Cp, point group rather than
Coop simplifies the orbital analysis by avoiding the infinite rotation axis of C,,,. The s
and p, group orbitals have A; symmetry and form molecular orbitals with o symmetry;
the p, and py group orbitals have B; and B, symmetry, respectively (the p, and p, or-
bitals change sign on C; rotation and change sign on one o, reflection, but not on the
other), and form 7 orbitals, When combined to form molecular orbitals, the B and B,
orbitals have the same energy, behaving like the £ representation of the C,, group.

C O

Diagram of C,,, symmetry of p orbitals
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FIGURE 5-14 Molecular Orbitals and Photoelectron Spectrum of CO. Molecular orbitals 1or and
1o* are from the 1s orbitals and are not shown, The e; and ¢, labels in the left-hand column are for

the Cinfinityv symmetry labels; the b, and b; labels are for Cy» symmetry. (Photoelectron spectrum
reproduced with permission from J. L. Gardner and J. A. R. Samson, J. Chem. Phys., 1975, 62, 1447.)
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The bonding orbital 2¢ has more contribution from (and is closer in energy to) the
lower energy oxygen 2s atomic orbital; the antibonding 20 * orbital has more contribu-
tion from (and is closer in energy to) the higher energy carbon 2s atomic orbital. In the
simplest case, the bonding orbital is nearly the same in energy and shape as the lower
energy atomic orbital, and the antibonding orbital is nearly the same in energy and
shape as the higher energy atomic orbital. In more complicated cases (such as the 2c*
orbital of CO) other orbitals (the oxygen 2p, orbital) contribute, and the orbital shapes
and energies are not as easily predicted. As a practical matter, atomic orbitals with en-
ergy differences greater than 12 or 13 eV usually do not interact significantly.

Mixing of the two o levels and the two ¢g* levels, like that seen in the homonu-
clear o, and o, orbitals, causes a larger split in energy between them, and the 30 1s
higher than the 7 levels. The p, and py orbitals also form four molecular 7 orbitals, two
bonding and two antibonding. When the electrons are filled in as in Figure 5-14, the va-
lence orbituls form four bonding pairs and one antibonding pair for a net of three bonds.

EXAMPLE

Molecular orbitals for HF can be found by using the techniques just described. The symmetry
of the molecule is C,,,,, which can be simplified to C;,,, just as in the CO case. The 25 orbital
of the F atom has an energy about 27 eV fower than that of the hydrogen 1s, so there is very
little interaction between them. The F orbital retains a pair of electrons. The F 2p, orbital and
the H 1s, on the other hand, have similar energies and matching A; symmetries, allowing
them to combine into bonding o and antibonding o* orbitals. The F 2p, and 2p, orbitals have
B, and B, symmetries and remain nosibonding, each with a pair of electrons. Overall, there is
one bonding pair of electrons and three lone pairs.
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EXERCISE 5-3

Use similar arguments to explain the bonding in the OH™ ion.

The molecular orbitals that will be of greatest interest for reactions between mol-
ecules are the highest occupied molecular orbital (HOMO) and the lowest unoceu-
pied molecular orbital {LUMO), collectively known as frontier orbitals because they
lie at the occupied-unoccupied frontier. The MO diagram of CO helps explain its
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reaction chemistry with transition metals, which is not that predicted by simaple elec-
tronegativity arguments that place more electron density on the oxygen. If this were
true, metal carbonyls should bond as M— O -—C, with the negative oxygen attached to
the positive metal. The actual bonding is in the order M —C—0. The HOMO of CO is
30, with a higher electron density and a larger lobe on the carbon. The lone pair in this
orbita] forms a bond with a vacant orbital on the metal. The interaction between CO and
metal orbitals is enormously important in the field of organometallic chemistry and will
be discussed in detail in Chapter 13.

In sirople cases, bonding MOs have a greater contribution from the lower energy
atomic orbital, and their electron density is concentrated on the atom with the lower
energy levels or higher electronegativity (see Figure 5-14). If this is so, why does the
HOMO of CO, a bonding MO, have greater electron density on carbon, which has
the higher energy levels? The answer lies in the way the atoric orbital contributions are
divided. The p, of oxygen has an energy that enables it to contribute to the 20°*, the 3o
{the HOMO), and the 3o* MOs. The higher energy carbon p_, however, only contributes
significantly to the latter two. Because the p, of the oxygen atom is divided among three
MOs, it has a relatively weaker contribution 1o each one, and the p, of the carbon atom
has a relatively stronger contribution to each of the two orbitals to which it contributes.

The LUMOs are the 2+* orbitals and are concentrated on carbon, as expected. The
frontier orbitals can contribute electrons (HOMO) or accept electrons (LUMO) in reactions.
Both are iroportant in roetal carbonyl bonding, which will be discussed in Chapter 13.

5-3-2 IONIC COMPOUNDS AND 3
MOLECULAR ORBITALS

Tonic compounds can be considered the limating form of polarity in heteronuclear
diatomic molecules. As the atoms differ more in electronegativity, the difference in energy
of the orbitals also increases, and the concentration of electrons shifts toward the more
electronegative alom. At this limit, the electron is transferted completely to the more elec- ¢
tronegative atom to form a negative ion, leaving a positive ion with a high-energy vacant '

orbital. When two elements with a large difference in their electronegativities {such as Li :
and ¥y combine, the result is an ionic compound. However, in molecular orbital terms, we ' ?
can also consider an ion pair as if it were a covalent compound. In Figure 5-15, the atom- £
ic orbitals and an approximate indication of molecular orbitals for such a diatomic mole- B
cule are given. On formation of the compound LiF, the electron from the Li 25 orbital is 3

transferred to the F 2p orbital, and the energy level of the 2p arbital is lowered.

In a more accurate picture of ionic crystals, the ions are held together in a three-
dimensional lattice by a combination of electrostatic attraction and covalent bonding. 3
Although there is a small amount of covalent character in even the most ionic com- ‘
pounds, there are no directional bonds, and each Li* ion is surrounded by six F™ ions,
each of which in turn is surrounded by six Li™ ions. The crystal molecular orbitals form
energy bands, described in Chapter 7.

Formation of the ions can be described as a sequence of elementary steps, begin-
ning with solid Li and gaseous F,:

Li(s) — Li(g) 161 kI/mol  (subliration)
Licg) — Li'(g) + ¢~ 531 kJ/mol  (ionization, IE)
%Fg(g) — F(g) 79kI/mol  (dissociation) i
F(g) + e~ — F(g) ~328 kJ/mol (ionization, —~EA) L
Li¢s) + 3Fy(g) — Li*(g) + F(g) 443 kJ/mole 2
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In order for a reaction to proceed spontanecusly, the free energy change
{AG = AH — TAS) must be negative. Although the entropy change for this reaction
is positive, the very large positive AH results in a positive AG. If this were the final re-
sult, Li* and F~ would not react. However, the large attraction between the ions results
in the release of 709 kJ/mol on formation of a single Li'F ion pair, and 1239 kI/mol
on formation of a crystal:

Li*(g) + F(g) — LiF(g) —709 kI/mole (ion pairs)
Li+(g) + F {g) — LiF(s) —1239 kJ/mole {lattice enthalpy)

The lattice enthalpy for crystal formation is large enough to overcome all the en-
dothermic processes (and the negative entropy change) and to make formation of LiF
from the elements a very favorable reaction.

The methods described previously for diatomic molecules can be extended to obtain
molecular orbitals for molecules consisting of three or more atoms, but more complex
cases benefit from the use of formal methods of group theory. The process uses the
following steps:

1. Determine the peint group of the molecule, If it is a linear molecule, substituting
astmpler peint group that retains the symmetry of the orbitals (ignoring the signs)
makes the process easier. Substitute Dy, for D, Cs,, for C.,,. This substitution
retains the symmetry of the orbitals without the infinite-fold rotation axis.

2. Assigny,y, and 7 coordinates to the atoms, chosen for convenience. Experience is
the best guide here. The general rule in all the examples in this book is that the
highest order rotation axis of the molecule is chosen as the 7 axis of the cen-
tral atom. In nonlinear molecules, the v axes of the outer atoms are chosen to
point toward the central atom.

3. Find the characters of the representation for the combination of the 2s orbitals on

the outer atoms and then repeat the process, finding the representations for each
of the other sets of orbitals (p,, p,, and p,). Later, these will be combined with
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the appropriate orbitals of the central atom. As in the case of the vectors described
in Chapter 4, any orbital that changes position during a symmetry operation con-
tributes zero to the character of the resulting representation, any orbital that re-
mains in its original position contributes 1, and any orbital that remains in the
original position with the signs of its lobes reversed contributes —1.

4. Reduce each representation from Step 3 1o its irreducible representations. This is
equivalent to finding the symmetry of the group orbitals or the symmetry-
adapted linear combinations (SALCs) of the orbitals. The group orbitals are
then the combinations of atomic orbitals that match the symmetry of the irre-
ducible representations.

5. Find the atomic orbitals of the central atom with the same symmetries (irre-
ducible representations) as those found in Step 4.

6. Combine the atomic orbitals of the central atom and those of the group orbitals
with the same symimetry and similar energy to form melecular orbitals. The total
number of molecular orbitals formed equals the number of atomic orbitals used
from all the aroms.'”

In summary, the process used in creating molecular orbitals is to match the
symmetries of the group orbitals (using their irreducible representations} with the
symmetries of the central atom orbitals. If the symmetries match and the energies are
not too different, there is an interaction (both bonding and aniibonding); if not, there
1s 0 interaction.

The process can be carried further to obtain numerical values of the coefficients
of the atomic orbitals used in the molecular orbitals.'® For the qualitative pictures we
will describe, it is sufficient to say that a given orbital is primarily composed of one
of the atomic orbitals or that it is composed of roughly equal contributions from each
of several atomic orbitals. The coefficients may be small or large, positive or nega-
tive, similar or quite different, depending on the characteristics of the orbital under
consideration. Several computer software packages are available that will calculate
these coefficients and generate the pictorial diagrams that describe the molecular
orbitals.

5-4-1 FHF™

FHF", an example of very strong hydrogen bonding,'” is a linear ion. FHF ™ has D,
symiuetry, but the infinite rotation axis of the D, point group is difficult to work with.
In cases like this, it is possible to use a simpler point group that still retains the symme-
try of the orbitals. D, works well in this case, so it will be used for the rest of this sec-
tion (see Section 5-3-1 for a similar choice for CO). The character table of this group
shows the symmetry of the orbitals as well as the coordinate axes. For example, B, has
the symmetry of the z axis and of the p, orbitals on the fluorines; they are unchanged by
the E, C»{2), a(xz), and a(yz) operations, and the C3(v), Ca(x), i, and o(xy} opera-
tions change their signs.

YWe use lower case labels on the molecuiar orbitals, with upper case for the atomic orbitals and for
represettations in general. This practice is common, but not uaiversal,

¥R A. Cotton, Chemical Applications of Group Theory, 3rd ed., John Wiley & Sons, New York, 1990,
pp. 133-188.

5. H. Clark, J. Emsley, D. F. Jones, and R. 5. Overill, J. Chem. Soc., 198%, 1219; J. Emsley, N. M.
Reza, H. M, Dawes, and M. B. Hursthouse, J. Chem. Soc. Daltown Trans., 1986, 313,
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Dy, E Ciz) Cy) Cix) i ofxy) o(xz) ofyz)

Ag 1 1 I 1 1 1 1 1 %2 ¥,
B, 1 1 -1 -1 1 1 -1 -1 R, | &

By, 1 -1 1 ~1 1 -1 1 ~1 R, | x

Ba, 1 -1 -1 1 1 -1 -1 1 R, ¥z

A, 1 1 1 i -1 -1 -1 -1

- 1 1 -1 -1 -1 -1 1 1 z

By, 1 1 —1 -1 1 -1 1 y

By, 1 -1 -1 1 -1 1 1 ~1 x

The axes used and the fluorine atom group orbitals are given in Figure 5-16; they
are the 25 and 2p orbitals of the fluorine atoms, considered as pairs. These are the same
combinations that formed bonding and antibonding orbitals in diatomic molecules (e.g.,
Pra T Pxp» Pra — Pxp)s but they are now separated by the central H atom. As usual, we
need to consider only the valence atomic orbitals (25 and 2p). The orbitals are num-
bered 1 through 8 for easier reference. The symmetry of each group orbital (SALC) can
be found by comparing its behavior with each symmetry operation with the irreducible
representations of the character table. The symmetry labels in Figure 5-16 show the
results. For example, the 25 orbitals on the fluorine atoms give the two group orbitals 1
and 2. The designation “group orbital” does not imply direct bonding between the two
fluorine atoms. Instead, group orbitals should be viewed merely as sets of similar or-
bitals. As before, the number of orbitals is always conserved, so the number of group
orbitals is the same as the number of atomic orbitals combined to form them. We will
now consider how these group orbitals may interact with atomic orbitals on the central
atom, with each group orbital being treated in the same manner as an atomic orbital.

Atomic orbitals and group orbitals of the same symmetry can combine to form
molecular orbitals, just as atomic orbitals of the same symmetry can combine to form

Atomic Orbitals Tlsed Group Orbitals

2p,

211:5r

2pz

2s
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group orbitals. Interaction of the A 1s orbital of hydrogen with the A orbitals of the
fluorine atoms (group orbitals 1 and 3) forms bonding and antibonding orbitals, as
shown in Figure 5-17. The overall set of molecular orbitals is shown in Figure 5-18.

Fluorine Orbitals Used Bonding Antibonding

2pz

FIGURE 5-17 Intcraction of 2s @ ® @

Fluorine Group Orbitals with the
Hydrogen 1s Orbital. E H

& | 0 0
\\ --\"~~. ‘\. . "
\\\ﬁﬂ.ﬂﬂ,_:::f::ﬁ 0603079
N R el te s N gg
\\\ ’,’//’ ‘ZP
\\ﬂ’z//
ag
N 0-0 0-@
_'_N:_ ____________ 2s
FHE~ F-F Group Orbitals

FIGURE 5-18 Molecular Orbital Diagram of FHF ™,

T L




5-4 Molecular Orbitals for Larger Molecules 143

Both sets of interactions are permitted by the symmetry of the orbitals involved.
However, the energy match of the ls orbital of hydrogen (orbital potential
epergy = —13.6 eV) is much better with the 2p_ of fluorine (—18.7 eV) than with the
25 of fluorine (—40.2 eV). Consequently, the 1s orbital of hydrogen interacts much
more strongly with group orbital 3 than with group orbital I (Figure 5-18). Although the
orbital potential energies of the H 15 and F 25 orbitals differ by almost 30 eV, some cal-
culations show a small interaction between them.

In sketching the molecular orbital energy diagrams of polyatomic species, we will
show the orbitals of the central atom on the far left, the group orbitals of the surround-
ing atoms on the far right, and the resulting molecular orbitals in the middle.

Five of the six group orbitals derived from the 2p orbitals of the fluorines do not
interact with the central atom; these orbitals remain essentially nonbonding and contain
lone pairs of electrons. There is a slight interaction between orbitals on non-neighboring
atomns, but not enough to change their energies significantly. The sixth 2p group orbital,
the 2p, group orbital (number 3), interacts with the 1s orbital of hydrogen to give two
molecular orbitals, one bonding and one antibonding. An electron pair occupies the
bonding orbital. The group orbitals from the 25 orbitals of the fluorine atoms are much
lower in energy than the 1s orbital of the hydrogen atom and are essentially nonbonding.

The Lewis approach to bonding requires two electrons to represent a single bond
between two atoms and would result in four electrons around the hydrogen atom of
FHF . The molecular orbital picture is more successful, with a 2-electron bond delocal-
ized over three atoms (a 3-center, 2-electron bond). The bonding MO in Figures 5-17
and 5-18 shows how the molecular orbitul approach represents such a bond; two elec-
trons occupy a low-energy orbital formed by the interaction of all three atoms (a central
atom and a two-atom group orbital). The remaining electrons are in the group orbitals
derived from the p, and p, orbitals of the fluorine, at essentially the same energy as that
of the atomic orbitals.

in general, larger molecular orbitals (extending over more atoms) have lower en-
ergies, Bonding molecular orbitals derived from three or more atoms, like the one in
Figure 5-18, usually have lower energies than those that include molecular orbitals from
only two atoms, but the total energy of a molecule is the sum of the energies of all of the
electrons in all the orbitals. FHF ™ has a bond energy of 212 kI/mol and F~—H dis-
tances of 114.5 pm. HF has a bond energy of 574 kJ/mol and an F—H bond distance
of 91.7 pm. %

EXERCISE 5-4

Sketch the energy levels and the molecular orbitals for the Hs " ion, using linear geometry.
Include the symmetry labels for the orbitals.

5.4-2 CO;,

Carbon dioxide, another linear molecule, has a more complicated molecular orbital
description than FHF . Although the group orbitals for the oxygen atoms are identical
to the group orbitals for the fluorine atoms in FHF, the central carbon atom in COy has
both s and p orbitals capable of interacting with the 2p group orbitals on the oxygen
atoms. As in the case of FHF~, CO; has D, symmetry, but the simpler Dy, point group
will be used.

200, Mautner, J. Am. Chem, Soc., 1984, 106, 1257.
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Oxvgen Orbitals Used Group Orbitals
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FIGURE 5-19 Group Orbital Symmetry in CQ;.

The group orbitals of the oxygen atoms are the same as those for the fluorine
atoms shown in Figure 5-16. To determine which atomic orbitals of carbon are of cor-
rect symmetry to interact with the group orbitals, we will consider each of the group or-
bitals in turn. The combinations are shown again in Figure 5-19 and the carbon atomic
orbitals are shown in Figure 5-20 with their symmetry labels for the D5y, point group.

FIGURE 5-20 Symmetry of the O Ay O
25 p,

Carbon Atomic Orbitals in the Dy,
Point Group.

Group orbitals 1 and 2 in Figure 5-21, formed by adding and subtracting the oxy-
gen 25 orbitals, have A, and By, symmetry, respectively. Group orbital 1 is of appropri-
ate symmetry to interact with the 2s orbital of carbon (both have A, symmetry), and
group orbital 2 is of appropriate symmetry to interact with the 2p, orbital of carbon
(both have B, symmetry).

25 group orbitals _-hee e L, el
N _,-"” AN A zpz A \ B
_— N ¢ N \ lee
25 . N s, AN
b ~ A A
AN b \\ s
NoNG 2 O .
\\ \\ \\ N
“oog _--mmTT s Qeme . 10:0
” 28
0OCO Ce 0CO 0-0 oCCO «C- 0oCoO 0-0

FIGURE 5-21 Group Orbitals | and 2 for CO,.

Group orbitals 3 and 4 in Figure 5-22, formed by adding and subtracting the oxy-
gen 2p, orbitals, have the same A, and By, symmetries. As in the first two, group
orbital 3 can interact with the 2s of carbon and group orbital 4 can interact with the
carbon 2p,.
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FIGURE 5-22 Group Orbitals 3 and 4 for CO,.

FIGURE 5-23 Orbital Potential
Energies of Carbon and Oxygen.

The 25 and 2p, orbitals of carbon, therefore, have two possible sets of group or-
bitals with which they may interact. In other words, all four interactions in Figures 5-21
and 5-22 occur, and all four are symmelry allowed. It is then necessary Lo estimate
which interactions can be expected to be the strongest from the potential energies of the
2s and 2p orbitals of carbon and oxygen given in Figure 5-23.

Interactions are strongest for orbitals having similar energies. Both group orbital
1, from the 2s orbitals of the oxygen, and group orbital 3, from the 2p, orbitals, have the
proper symmetry to interact with the 2s orbital of carbon. However, the energy match
between group orbital 3 and the 2s orbital of carbon is much better (a difference of
3.6 eV) than the energy match between group orbital 1 and the 2s of carbon (a difference
of 12.9 eV); therefore, the primary interaction is between the 2p, orbitals of oxygen and

or
-10 - 2p
Orbital s 2p Zp
Carbon ~19.4 eV -10.7 e¥
E 20 K
Oxygen —-32.4eV -159eV 20 &
~30 25
C 0
Orbital

potential energies
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FIGURE 5-24 Group Orbitals 5 and 6 for CQ,.

2p  group orbitals
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the 25 orbital of carbon. Group orbital 2 also has epergy too low for strong interaction
with the carbon p, (a difference of 21.7 eV), so the final molecular orbital diagram
(Figure 5-26) shows no interaction with carbon orbitals for group orbitals 1 and 2.

EXERCISE 5-5

Using orbital potential energies, show that group orbital 4 is more likely than group orbital 2
to interact strongly with the 2p, orbital of carbon.

The 2p, orbital of carbon has B, symmetry and interacts with group orbital 5
(Figure 5-24). The result is the formation of two w molecular orbitals, one bonding and
one antibonding. However, there is no orbital on carbon with Bs, symmetry to interact
with group orbital 6, formed by combining 2p, orbitals of oxygen. Therefore, group or-
bital 6 is nonbonding.

Interactions of the 2p, orbitals are similar to those of the 2p, orbitals. Group or-
bital 7, with B,, symmetry, interacts with the 2p, orbital of carbon to form  bonding
and antibonding orbitals, whereas gronp orbital 8 is nonbonding (Figure 5-25).

The overall molecular orbital diagram of C(), is shown in Figure 5-26. The 16 va-
lence electrons occupy, from the bottom, two essentially nonbonding o orbitals, two
bonding & orbitals, two bonding + orbitals, and two nonbonding % orbitals. Tn other
words, two of the bonding electron pairs are in o orbitals and two are in r orbitals, and
there are four bonds in the molecule, as expected. As in the FHF ™~ case, all the occupied
molecular orbitals are 3-center, 2-electron orbitals and all are more stable thave lower
energy) than 2-center orbitals.

The molecular orbital picture of other linear triatomic species, such as N3, CS,,
and OCN™, can be determined similarly. Likewise, the molecular orbitals of longer

\\\ BBu B?.g
Ay
A
- 88 : &8 88
,"// 2p,i 2Px

e C QCO 00

888 -
oCco 0-0

FIGURE 5-25 Group Orbitals 7 and 8 for CO,.
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C Co, 20

Molecular orbitals Group orbitals

FGURE 5-26 Molecular Orbitals of CO,.

polyatomic species can be described by a similar method. Examples of bonding in
linear 1 systems will be considered in Chapter 13,

EXERCISE 5-6

Prepare a molecular orbital diagram for the azide ion, N4y,

EXERCISE 5-7

Prepare a molecular orbital diagram for the BeH, molecule.
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FIGURE 5-27 Symmetry of the
Waier Molecule.

5-4-3 H,0

Molecular orbitals of nonlinear molecules can be determined by the same procedures.
Water will be used as an example, and the steps of the previous section will be used.

l.

Water is a simple triatomic bent molecale with a C; axis through the oxygen and
two mitror planes that intersect in this axis, as shown in Figure 5-27. The pomt
group 1s therefore Co,,.

The C; axis is chosen as the z axis and the xz plane as the plane of the molecule.?!
Because the hydrogen Ls orbitals have no directionality, it is not necessary to as-
sign axes to the hydrogens.

Because the hydrogen atoms determine the symmetry of the molecule, we will
use their orbitals as a starting point. The characters for each operation for the 1s
orbitals of the hydrogen atoms can be obtained easily. The sum of the contribu-
tions to the character (1, 0, or — 1, as described previously) for each symmetry op-
eration is the character for that operation, and the complete list for all operations
of the group is the reducible representation for the atomic orbitals. The identity
operation leaves both hydrogen orbitals unchanged, with a character of 2.
Twofold rotation interchanges the orbitals, so each contributes 0, for a total char-
acter of . Reflection in the plane of the molecule (o} leaves both hydrogens un-
changed, for a character of 2; reflection perpendicular to the plane of the

molecule (a,,”)

TABLE 5-2

Representations for C3, Symmetry Operations for Hydrogen Atoms. in Water

Ca, Character Tuble

switches the two orbitals, for a character of 0, as in Table 5-2.

Cay l E CZ

o,{xz) o, (vz) l

Ay 1 1
As 1 1
B 1 -1
B, 1 ~1

1"
2=
tr‘_t)__
\ )
I
1
— O

T T

LB

! L |
Il

far R

—_

Faas T

=)

|
|
I

F

1
G

1
-1
1
-1

H,
| Hy

]
4
}

z:

a

IE

b

1
!
-1

i

z
R

2

X, R},
¥ Ry

for the identity operation

for the €5, operation

for the o, reflection (xz plane}

The reducible representation I = A; + By:

Cxn I Cy

ou(xz)  o,/()

:H:g“} for the ¢, reflection {yz plane}
b

r

A
B

N PN
—

2
Xs)’zsl

Az
¥z

21§4me sources use the yz plane as the plane of the molecule, This convention resufts in " = A, + B,

and switches the b; and b, labels of the molecular orbitals,
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FIGURE 5-28 Symmetry of
Atomic and Group Orbitals in the
Water Molecule,

Characters
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Oxygen orbitals E c, o, o,
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" O 0
Characters 1 1 1 i

O O
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1

1

s A O O

The representation I can be reduced to the irreducible representations A; + B;,
representing the symmetries of the group orbitals, These group orbitals can now
be matched with orbitals of matching symmetries on oxygen. Both 2s and 2p,
orbitals have A; symmetry, and the 2p, orbital has B; symmetry. In finding
molecular orbitals, the first step is to combine the two hydrogen Is orbitals.
L (W(H,) + ¥(H,;)}, has symmetry A; and the difference,

V2

1
7_2—[\?(1{@) — W(Hj,)], has symmetry B;, as can be seen by examining Figure

The sum of the two,

5-28. These group orbitals, or symmetry-adapted linear combinations, are each
then treated as if they were atomic orbitals. In this case, the atomic orbitals are
identical and have equal coefficients, so they contribnte equally to the group

1
orbitals. The normalizing factor is —=. In general, the normalizing factor for a
group orbital is V2

1

W 26’,’2

where ¢; = the coefficients on the atomic orbitals. Again, each group orbital is
treated as a single orbital in combining with the oxygen orbitals.

N =

The same type of analysis can be applied to the oxygen orbitals, This requires
only the addition of ~1 as a possible character when a p orbital changes sign.
Each orbital can be treated independently.
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TABLE 53 . Rt
Molecular Orbitals for Water ..~ .. =~ = . S »
Molecular Oxygen Afomic Group Orbitals
Symmeiry Orbitals Orbitals [from Hvdrogen Atoms Description
B P cg b py) + cyp [W(Hg) — w({Hy)] antibonding (c1g is negative)
Ay Ty = e7U{s) + cg [W(H,) + W{Hz)] antibonding (cg is negative)
By r, = U py) nonbonding
Ay L) = es Ul p,) + eg [W(Hy) + Y(Hg)) nearly nonbonding (slightly
bonding; ¢, is very small)
B W, = c3 U{py) + og [w(H,) — $({Hg)] bonding (¢4 is positive)
A4 T, e ) + o7 [U(Hg) + U{Hg)) bonding (c; is positive)

The s arbital is unchanged by all the operations, so it has A, symmeiry.
The p, orbital has the B} symmetry of the x axis.
The py orbital has the B, symmetry of the y axis.
The p, orbital has the A; symmetry of the z axis.

The x, ¥, and z variables and the more complex functions in the character tables
assist in assigning representations to the atomic orbitals.

6. The atomic and group orbitals with the same symmetry are combined into molec-
ular orbitals, as listed in Table 5-3 and shown in Figure 5-29. They are numbered
¥, through Wy in order of their energy, with 1 the lowest and 6 the highest.

The A, group orbital combines with the s and p, orbitals of the oxygen to form
three molecular orbitals: one bonding, one nearly nonbending (slightly bonding), and
one antibonding (three atomic or group orbitals forming three molecular orbitals, ¥+,
¥4, and ¥5). The oxygen p, has only minor contributions from the other orbitals in the
weakly bonding W5 orbital, and the oxygen s and the hydrogen group orbitals combine
weakly to form bonding and antibonding ¥, and ¥ orbitals that are changed only
slightly from the atomic orbital energies.

The hydrogen By group orbital combines with the oxygen p, orbital to form two
MOs, one bonding and one antibonding (W, and W¢). The oxygen p, (W4, with B,
symmetry) does not have the same symmetry as any of the hydrogen 1s group orbitals,
and is a nonbonding orbital. Overall, there are {wo bonding orbitals, two nonbonding or
nearly nonbonding orbitals, and two antibonding orbitals. The oxygen 2s orbital is near-
ly 20 eV below the hydrogen orbitals in energy, so it has very little interaction with
them. The oxygen 2p orbitals are a good match for the hydrogen ls energy, allowing
formation of the bonding by and g; molecular orbitals.

‘When the eight valence electrons available are added, there are two pairs in bond-
ing orbitals and two pairs in nonbonding orbitals, which are equivalent to the two bonds
and two lone pairs of the Lewis electron-dot structure. The lone paits ate in molecular
orbitals, one b, from the p, of the oxygen, the other @ from a combination of s and p,
of the oxygen and the two hydrogen 15 orbitals. The resulting molecular orbital diagram
is shown in Figure 5-29.

The molecular orbital picture differs from the common conception of the water
molecule as having two equivalent lone electron pairs and two equivalent O — H bonds.
In the MO pictore, the highest energy electron pair is truly nonbonding, occupying the
2p, orbital perpendicular to the plane of the molecule. The next two pairs are bonding
pairs, resulting from overlap of the 2p, and 2p, orbital with the 1s orbitals of the hy-
drogens. The lowest energy pair is a lone pair in the essentially unchanged 2s orbital of
the oxygen. Here, all four occupied molecular orbitals are different.

s At 1t s
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FIGURE 5-29 Molecular Orbitals

of Hzo.

5-4 Molecular Orbitals for Larger Molecules 151

!
A1 4
rogy ) \
[ \ \
i ! A
i \
i i \
[ [
i \ 3
oy \
I \ X
[ .“ \\ \
[
[V vy
A
[ MR
[ *
v VIR
'/ ! LA T
2 b y —_——
1t ' nooor 1s
i ' h
1 ] A
it I3 "HAI
l" t ,"ft
i ’N /1
.__—Z....._J______. !
i (A
5 [
Ip oW 18, 4 (¥
RN ’
(LT ! s !
'y \( S
1 '
Yy Fop
[ L) ’
L% [
v \ ;
1
1A N P
Py N ; 1 !

i ‘\ v h J
fo \( [ !
i / ! i
1 ' \
Y ' '
’ \ s 1 !
] ],1 “ f !
J 4 \ ! !
1 /f \ ! i
'i‘ FA \ ‘N/ ? i
i ]
/ P pLe 1
7 f
A T
’ 1
1oy “ i
i/ !
P ! H
I ! '
14 [ !
" ! ;
— \ i
25 s 1 !
N \ !
~ \ i
~ v !
hY
~ 1 i
~ 1 !
A i
Ay 1
N L 1
. 1
[ ;
~ 1
f
~o
2a, (%)
0 H,0 H
5-4-4 NHj

Valence shell electron pair repulsion (VSEPR) arguments describe ammonia as a pyra-
midal molecule with a lone pair of electrons and Cs, symmetry. For the purpose of ob-
taining a molecular orbital picture of NHj3, it is convenient to view this molecule
looking down on the lone pair (down the C;, or z, axis) and with the the vz plane pass-
ing through one of the hydrogens. The reducible representation for the three H atom s
orbitals is given in Table 5-4. It can be reduced by the methods given in Chapter 4 to the
Ay and E irreducible representations, with the orbital combinations in Figure 5-30. Be-
cause three hydrogen 1s orbitals are to be considered, there must be three group orbitals
formed from them, one with A; symmetry and-two with E symmetry.
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2

¥ Atomic Qrbitals inAmmonia, /1 5

Cy, Character Table

CTABLES

5

Cop | £ 2GC 3o,

Ay 1 1 1 z 2+

Az 1 1 -1

E 2 -1 0 (x.9). (R;, R)) (xF = 3% xy) (52, 32)

The reducible representation [' = A| + E:

C_gv E 2 C3 3 o,
r 3 0 1
Ay 1 1 1 z 2+ yz, 7~
E 2 -1 0 (x3), (R Ry) | (2% = % ay) (az.yz)
Hydrogen orbitals E 20, 3o,
A
H + Hb +H,
Characters
E
2H -H,~-H,
Hy-H,

Characters

Nitrogen orbitals
E
Py

Py

Characters

4

?;

k)

FIGURE 5-30 Group Orbitals of
NH;. Characters

0 ¢
O ®

The s and p, orbitals of nitrogen both have A symmetry, and the pair p,, py has
E symmetry, exactly the same as the representations of the hydrogen 1s orbitals. There-
fore, all orbitals of nitrogen are capable of combining with the hydrogen orbitals. As in
water, the orbitals are grouped by symmetry and then combined.

Up to this point, it has been a simple matter to obtain a description of the group
orbitals, Each polyatomic example considered (FHF , CO;, H»0) has had two atoms
attached to a central atom and the group orbitals could be obtained by matching atomic
orbitals on the terminal atoms in both a bonding and antibonding sense. In NH;, this 15
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no loager possible. The A symmetry of the sum of the three hydrogen 1s orbitals is
easily seen, but the two group orbitals of £ symmetry are more difficult to see. (The ma-
trix description of €5 rotation for the x and y axes in Section 4-3-3 may also be helptul.)
One condition of the equations describing the molecular orbitals is that the sum of the
squares of the coefficients of each of the atomic orbitals in the LCAOs equals 1 for each
atomic orbital. A second condition is that the symmetry of the central atom orbitals
maiches the symmetry of the group orbitals with which they are combined. In this case,
the £ symmetry of the SALCs must match the £ symmetry of the nitrogen p,, p, group
orbitals that are being combined. This condition requires one node for each of the F
group orbitals, With three atomic orbitals, the appropriate combinations are then

_2W(H,) - V(H,) - W(H)] and —=[W(H,) ~ ¥(H,)]

V6 V2

The coefficients in these group orbitals result in equal contribution by each atom-
ic orbital when each term is squared (as 1s done in calculating probabilities) and the
terms for each orbital summed.

L2V
For H,, the contributionis { —= | = —

N

o f 1N 1\ 2
For Hy and H,., the contributionis { —= ) + | —= ] =~

V6 v2/ 3

H,. H;, and H, each also have a contribution of /3 in the A; group orbital,

1 2
‘@[‘P(Ha) + W(H,) + ¥(H.)], (“ﬁ) =3

giving a total contribution of 1 by each of the atomic orbitals.

Again, each group orbital is treated as a single orbital, as shown in Figures 5-30
and 5-31, in combining with the nitrogen orbitals. The nitrogen s and p, orbitals com-
bine with the hydrogen A group orbital to give three a; orbitals, one bonding, one non-
bonding, and one antibonding. The nonbonding orbital is almost entirely nitrogen p,,
with the mitrogen s orbital combining effectively with the hydrogen group orbital for the
bonding and antibonding orbitals.

The nitrogen p, and p, orbitals combine with the E group orbitals

L [2w(n,) - W(H,) - Y(H)] amd —=[W(H;) - V(H,)]

Ve V2

to form four e orbitals, two bonding and two antibonding (e has a dimension of 2, which
requires a pair of degenerate orbitals). When eight electrons are put into the lowest en-
ergy levels, three bonds and one nonbonded lone pair are obtained, as suggested by the
Lewis electron-dot structure. The 15 orbital energies of the hydrogen atoms match well
with the energies of the nitrogen 2p orbitals, resulting in large differences between the
bonding and antibonding orbital energies. The nitrogen 2s has an eneigy low enough
that its interaction with the hydrogen orbitals is quite small and the molecular orbital
has nearly the same energy as the nitrogen 2s orbital.

The HOMO of NH; is slightly bonding, becanse it contains an electron pair in an
orbital resulting from interaction of the 2p, orbital of nitrogen with the Ls orbitals of the
hydrogens (from the zero-node group orbital). This is the lone pair of the electron-dot
and VSEPR models. It is also the pair donated by ammonia when it functions as a Lewis
base (discussed in Chapter 6}.
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FIGURE 5-31 Molecular Orbitals of NH3. All are shown with the orientation of the molecule at

the bottom.

5-4-5 BF;
Boron trifluoride is a classic Lewis acid. Therefore, an accurate molecular orbital

picture of BF, should show, among other things, an orbital capable of acting as an
electron pair acceptor. The VSEPR shape is a planar triangle, consistent with experi-

mental observations.
molecular orbitals of BF; differs from NH3, because the fluorine atoms surrounding the
central boron atom have 2p as well as 25 electrons to be considered. In this case, the p,
axes of the fluorine atoms are chosen so that they are pointing toward the boron atom
and the p,, axes are in the plane of the molecule. The group orbitals and their symmetry

in the Dy point group are shown in Figure 5-32. The molecular orbitals are shown in

Although both molecules have threefold symmetry, the procedure for describing



FIGURE 5-32 Group Orbitals for
BE;.
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Figure 5-33 (omitting sketches of the five nonbonding 2p group orbitals of the fluorine
atoms for clarity).

As discussed in Chapter 3, resonance structures may be drawn for BF; showing
this molecule to have some double-bond character in the B—F bonds. The molecular
orbital view of BF; has an electron pair in a bonding w orbital with a,” symmetry delo-
calized over all four atoms (this is the orbital slightly below the five nonbonding elec-
tron pairs in energy). Overall, BF; has three bonding o orbitals (a;” and ¢’) and one
slightly bonding 7 orbital (a,”) occupied by electron pairs, together with eight non-
bonding pairs on the fluorine atoms. The greater than 10 eV difference between the B
and F p orbital energies means that this 7 orbital is only slightly bonding.

The LUMO of BF; is an empty 7 orbital (a,"}, which has antibonding interac-
tions between the 2p, orbital on boron and the 2p, orbitals of the surrounding fluorines.
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FIGURE 5-33 Molecular Orbitals of BF;.

This orbital can act as an electron-pair acceptor (for example, from the HOMO of NH3)
in Lewis acid-base interactions.
The molecular orbitals of other trigonal species can be treated by similar proce-

dures. The planar trigenal molecules SOz, NO; ™, and C032“ are isoelectronic with

BF;, with three o bonds and one # bond, as expected. Group orbitals can also be used
to derive molecular orbital descriptions of more complicated molecules. The simple
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approach described in these past few pages with minimal use of group theory can lead
conveniently 1o a qualitatively useful description of bonding in simple molecules.
More advanced methods based on computer calculations are necessary to deal with
more complex molecules and to obtain wave equations for the molecular orbitals.
These more advanced methods often use molecular symmetry and group theory.

The qualitative methods described do not allow us to determine the energies of
the molecular orbitals, but we can place them in approximate order from their shapes
and the expected overlap. The intermediate energy levels in particular are difficult to
place in order. Whether an individual orbital is precisely nonbonding, slightly bonding,
or slightly antibonding is likely to make little difference in the overall energy of the
molecule. Such intermediate orbitals can he described as essentially nonbonding.

Differences in energy between two clearly bonding orbitals are likely to be more sig-
nificant in the overall energy of a molecule. The T interactions are generally weaker than o
interactions, so a double bond made up of one « orbital and one & orbital is not twice as
strong as a single bond. In addition, single bonds between the same atoms may have widely
different energies. For example, the C— C bond is usually described as having an energy
near 345 kJ/mol, a value averaged from a large number of different molecules. These indi-
vidual values may vary tremendously, with some as low as 63 and others as high as
628 kJ/mol.?? The low value is for hexapheny! ethane ((CgHs)3C— C(CgHs)s) and the
high is for diacetylene (H—C=C—C==C—H), which are examples of extremes in
steric crowding and bonding, respectively, on either side of the C— C bond.

5-4-6 MOLECULAR SHAPES

We used simple electron repulsion argaments to determine the shapes of molecules in
Chapter 3, and assumed that we knew the shapes of the molecules described in this
chapter. How can we determine the shapes of molecules from a molecular orbital ap-
proach? The method is simple in concept, but requires the use of molecular modeling
software on a computer to make it a practical exercise,

There are several approaches to the calculation of molecular orbitals. Frequently,
the actual calculation is preceded by a simple determination of the shape based on semi-
empirical arguments similar to those used in Chapter 3. With the shape determined, the
calculations can proceed to determine the energies and compositions of the molecular
orbitals. In other cases, an initial estimate of the shape is made and then the two calcu-
lations are combined. By calculating the overall energy at different bond distances and
angles, the minimum energy is found. One of the principles of quantum mechanics is
that any energy calculated will be equal to or greater than the true energy, so we can be
confident that the energy calculated is not below the true value.

5-4-7 HYBRID ORBITALS

It is sometimes convenient to label the atomic orbitals that combine to form molecular
orbitals as hybrid orbitals, or hybrids. In this method, the orbitals of the central atom
are combined into equivalent hybrids. These hybrid orbitals are then used to form bonds
with other atoms whose orbitals overlap properly. This approach is not essential in de-
scribing bonding, but was developed as part of the valence bond approach to bonding to
describe equivalent bonds in a molecule. Its use is less common today, but it is included
here because it has been used so much in the past and still appears in the literature. It
has the advantage of emphasizing the overall symmetry of molecules, but is not com-
monly used in calculating molecular orbitals today.

223 W. Benson, J. Chem. Educ., 1968, 42, 502.
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Hybrid orbitals are localized in space and are directional, pointing in a specific di-
rection. In general, these hybrids point from a central atom toward surrounding atoms
or lone pairs. Therefore, the symmetry properties of a set of hybrid orbitals will be iden-
tical to the properties of a set of vectors with origins at the nucleus of the centra] atom
of the molecule and pointing toward the surrounding atoms.

For methane, the vectors point at the corners of a tetrahedron or at alternate cor-
ners of a cube. Using the T; point group, we can usc these four vectors as the basis of a
reducible representation. As usual, the character for each vector is 1 if it remains un-
changed by the symmetry operation, and 0 if it changes position in any other way (re-
versing direction is not an option for hybrids). The reducible representation for these
four vectorsisthen ' = A} + T».

Td E 8C3 3C2 654 60’d I

r 4 1 0 0 2

A 1 1 1 1 1 P
¥ 3 0 -1 -1 1 (x, %) (xy, xz, ¥z)

Ay, the totally symmetric representation, has the same symmetry as the 2s orbital
of carbon, and T5 has the same symmetry as the three 2p orbitals taken together or the
dyy, dy;, and dy, orbitals taken together. Because the d orbitals of carbon are at much
higher energy and are therefore a poor match for the energies of the 1s orbitals of the
hydrogens, the hybridization for methane must be spe, combining all four atomic or-
bitals {one § and three p) into four equivalent hybrid orbitals, one directed toward each
hydrogen atom.

Ammonia fits the same pattern. Bonding in NH; uses all the nitrogen valence or-
bitals, so the hybrids are sp®, including one s orbital and all three p orbitals, with over-
all tetrahedral symmetry. The predicted HNH angle is 109.5°, narrowed to the actual
106.6° by repulsion from the lone pair, which also occupies an sp® orbital.

There are two alternative approaches to hybridization for the water molecule. For
example, the electron pairs around the oxygen atom in water can be considered as hav-
ing nearly tetrahedral symmetry (counting the two lone pairs and the two bonds equal-
ly). All four valence orbitals of oxygen are used, and the hybrid orbitals are sp*. The
predicted bond angle is then the tetrahedral angle of 109.5° compared with the experi-
mental value of 104,5°. Repulsion by the lone pairs, as described in the VSEPR section
of Chapter 3, is one explanation for this smaller angle.

In the other approach, which is closer to the molecular orbital description of
Section 5-4-3, the bent planar shape indicates that the oxygen orbitals used in mol-
ecular orbital bonding in water are the 2s, 2p,, and 2p, (in the plane of the mole-
cule). As a result, the hybrids could be described as spz, a combination of one s
orbital and two p orbitals. Three sp” orbitals have trigonal symmetry and a predict-
ed HOH angle of 120°, considerably larger than the experimental value. Repulsion
by the lone pairs on the oxygen (one in an sp? orbital, one in the remaining p, or-
bital) forces the angle to be smaller.

Similatly, CO; uses sp hybrids and SO; uses sp? hybrids. Only the o bonding is
considered when determining the orbitals used in hybridization; p orbitals not used in
the hybrids are available for 7 interactions. The number of atomic orbitals used in the
hybrids is frequently the same as the number of directions counted in the VSEPR
method. All these hybrids are summarized in Figure 5-34, along with others that use d
orbitals.

Both the simpte descriptive approach and the group theory appreach te hybridiza-
tion are used in the following example.
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Geometry Atomic orbitals used Hybrid orbitals

Linear $ Ce D
p Two sp hybrid orbitals
Trigonal 5
P C%
P Three sp? hybrid orbitals
Tetrahedral s
P L
P
P Four sp> hybrid orbitals
Trigonal 5
bipyramidal
P
P
r
d Five dsp® hybrid orbitals
Octahedral s O
o P
‘HGURE 5-34 Hybrid Orbitals. P
Fach single hybrid has the general r r
-shape ’Q The figures here d
show all the resulting hybrids com- PR ; ;
biried, omitting the smaller lobe in d Six d'sp” hybrid orbitals

the sp° and higher orbitals.

EXAMPLE

Determine the types of hybrid orbitals for boron in BF3.

For a trigonal planar molecule such as BF;, the orbitals likely to be involved in bond-
ing are the 2s, 2p,, and 2p, orbitals. This can be contirmed by finding the reducible represen-
tation in the Dy point group of vectors pointing at the three fluorines and reducing it to the
irreducible representations. The procedure for doing this is outlined below.

1. Determine the shape of the molecule by VSEPR techniques and consider each sigma
bond to the central atom and each lone pair on the central atom to be a vector pointing out
from the center.

2. Find the reducible representation for the vectors, using the appropriate group and char-
acter table, and find the irreducible representations that combine to form the reducible
representation.

3. The atomic orbitals that fit the irreducible representations are those used in the hybrid orbitals.

Using the symmetry operations of the Dj;, group, we find that the reducible representation
T = A]f + E'.
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Dy | E 20, 3¢, oy 28, 3o, l

r 3 0 i 3 0 1

A 1 1 1 1 1 1 224yt 2
E’ 2 -1 0 2 -1 0 {x,¥) (x* — ¥% xv)

This means that the atomic orbitals in the hybrids must have the same symmetry prop-
erties as A’ and E'. More specifically, it means that one orbital must have the same symme-
try as A;' (which is one-dimensional) and two orbitals must have the same symmetry,
collectively, as E' (which is two-dimensional). This means that we must select one orbital
with A; symmetry and one pair of orbitals that collectively have £’ symmetry. Looking at the
functions listed for each in the right-hand colummn of the character table, we see that the 5 or-
bital (not listed, but understaad to be present for the totally symmetric representation) and the
d.2 orbitals match the A;” symmetry. However, the 3d orbitals, the lowest possible d orbitals,
are too high in energy for bonding in BF; compared with the 25 and 2p. Therefore, the 25 or-
bital is the contributor, with A’ symmetry.

The functions listed for E’ symmetry match the (p,, p,) set or the (d,2 2, d,,) set.
The d orbitals are too high in energy for effective bonding, so the 2p, and 2p, orbitals are used
by the central afom. A combination of one p orbital and one « orbital cannot be chosen be-
cause orbitals in parentheses must always be taken together,

Overall, the orbitals used in the hybridization are the 25, 2p,, and 2p, orbitals of horon,
comprising the familiar s,u2 hybrids. The difference between this approach and the molecviar
orbital approach is that these orbitals are combined to form the hybrids before considering
their interactions with the fluorine orbitals. Because the overall symmetry is frigonal planar,
the resulting hybrids must have that same symmetry, so the three spz orbitals point at the three
commers of a planar triangle, and each inferacts with a fluorine p orbital to form the three o
bonds. The energy level diagram is similar to the diagram in Figure 5-33, but the three o or-
bitals and the three o orbitals each form degenerate sets. The 2p, orbital is not involved in
the bonding and serves as an acceptor in acid-base reactions,

EXERCISE 5-8

Determine the types of hybrid orbitals that are consistent with the symmetry of the central
atom in

a. PF;

b. [PtCls)>, a square planar ion

The procedure just described for determining hybrids is very similar to thatused in
finding the molecular orbitals. Hybridization uses vectors pointing toward the outlying
atoms and usually deals only with o bonding. Once the o hybrids are known, 7 bonding
is easily added. It is also possible to use hybridization techniques for 1 bonding, but that
approach will not be discussed here.”* Hyhridization may be quicker than the molecular
osbital approach because the molecular orbital approach uses all the atomic orbitals of
the atoms and includes both ¢ and 7 bonding directly. Both methoeds are useful and the
choice of method depends on the particutar problem and personal preference.

EXERCISE 5-9

Find the reducible representation for all the ¢ bonds, reduce it to its irreducible representa-
tions, and determing the sulfur orbitals used in bonding for SOCI,.

BE A. Cotton, Chemical Applications of Group Theory, 3rd ed., John Wiley & Sons, New York, 1990,
pp. 227-230.
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A few molecules described in Chapter 3 required expanded shells in order to have two
electrons in each bond (sometimes called hypervalent or hypercoordinate molecules).
In addition, formal charge arguments lead to bonding descriptions that involve more
than eight electrons around the central atom, even when there are only three or four
outer atoms (see Figure 3-6). For example, we have also described SO, as having two
double bonds and two single bonds, with 12 electrons around the sulfur. This has been
disputed by theoreticians who use the natural bond orbital or the natural resonance the-
ory method. Their results indicate that the bonding in sulfate is more accurately de-
scribed as a mixture of a simple tetrahedral ion with all single bonds to all the oxygen
atoms (66.2%) and structures with one double bond, two single bonds, and one ijonic
bond (23.1% total, from 12 possible structures), as in Figure 5-35.2% Some texts have
described SO, and SO5 as having two and three double bonds, respectively, which fit
the bond distances (143 pm in each) reported for them. However, the octet structures
with only one double bond in each molecule fit the calculations of the natural resonance
theory method better.

Molecules such as SFg, which seems to require the use of d orbitals to provide
room for 12 electrons around the sulfur atom, are described instead as having four sin-
gle S—F bonds and two icnic bonds, or as (SF42+)(F")2, also shown in Figure 5-35.%5
This conclusion is based on calculation of the atomic charges and electron densities for
the atoms. The low reactivity of SF; is aftributed to steric crowding by the six fluorine
atoms that prevents attack by other molecules or ions, rather than to strong covalent
bonds. These results de not mean that we should completely abandon the descriptions
presented previously, but that we should be cautious about using oversimplified de-
scriptions. They may be easier to describe and understand, but they are frequently less
accurate than the more complete descriptions of molecular orbital theory, and there is
still discussion about the best model to use for the calculations. In spite of the remark-
able advances in calculation of moelecular structures, there is still much to be done.

GENERAL
REFERENCES

There are many books describing bonding and molecular orbitals, with levels ranging
from those even more descriptive and qualitative than the treatment in this chapter to
those designed for the theoretician interested in the latest methods. A classic that starts at
the level of this chapter and includes many more details is R. McWeeny’s revision of
Coulson’s Valence, 3rd ed., Oxford University Press, Oxford, 1979. A different approach
that uses the concept of generator orbitals is that of I. G. Verkade, in A Pictorial

24, Suidan, I K. Badenhoop, E. D. Glendening, and E. Weinhold, J. Chem. Educ., 1995, 72, 583.

3. Cioslowski and S. T. Mixon, Jnorg. Chem., 1993, 32, 3209; E. Magnusson, J. Am. Chem. Soc.,
1990, 172, 7940
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Approach to Molecular Bonding and Vibrations, 2nd ed., Springer-Verlag, New York,
1997. The group theory approach in this chapter is similar to that of F. A. Cotton,
Chemical Applications of Group Theory, 3rd ed., John Wiley & Sons, New York, 1990. A
more recent book that extends the description is Y. Jean and F. Volatron, Ar Infroduction
to Molecular Orbitals, translated and edited by J. K. Burdett, Oxford University Press,
Oxford, 1993, 1. K. Burdett, Molecular Shapes, John Wiley & Sons, New York, 1980,
and B. M. Gimarc, Molecular Structure and Bonding, Academic Press, New York, 1979,
are both good introductions to the qualitative molecular orbital description of bonding.

PROBLEMS

5-1

5-3

5-4

5-7

Expand the list of orbitals considered in Figures 5-2 and 5-3 by using all three p
orbitals of atom A and all five d orbitals of atom B. Which of these have the necessary
match of symmetry for bonding and antibonding orbitals? These combinations are
rarely seen in simple molecules, but can be important in transition metal complexes.

Compare the bonding in (0,2, O,, and ;. Include Lewis structures, molecular or-
bitat structures, bond lengths, and bond strengths in your discussion.

Although the peroxide ion, Q,>", and the acetylide iom, C,*, have long been
known, the diazenide ion (N%7) has only recently been prepared. By comparison
with the other diatomic species, predict the bond order, bond distance, and number
of unpaired electrons for le’. (Reference: G. Auffermann, Y. Prots, and R. Kniep,
Angew. Chem., Int. Ed., 2001, 40, 547)

a. Prepare a molecular orbital energy level diagram for NO, showing clearty how the
atomic orbitals interact to form MOs.

b. How does your diagram iltustrate the difference in electronegativity between N and O7

Predict the bond order and the number of unpaired electrons.

d. NO™' and NO ™ are also known. Compare the bond orders of these ions with the bond
order of NO. Which of the three would you predict to have the shortest bond? Why?

&

g

8. Prepare a molecular orbital energy level diagram for the cyanide ion. Use sketches
to show clearly how the atomic orbitals interact to form MOs,

b. What is the bond order, and how many unpaired electrons does cyanide have?

¢. Which molecular orbital of CN™ would you predict to interact most strongly with a
hydrogen 15 orbital to form an H—C bond in the reaction CN~ + HY —— HCN?
Explain.

The hypofluorite ion, OF ", can be observed only with difficulty.

a. Prepare a molecular orbital energy level diagram for this jon.

b. What is the bond order and how many unpaired electrons are in this ion?

¢. What is the most likely position for adding H* to the OF ™ ion? Explain your choice,

Although KrF™ and XeF " have been studied, KrBr ¥ has not yet been prepared, For KrBr*:

a. Propose a molecular orbital diagram, showing the interactions of the valence shell s
and p orhitals to form molecular orbitals.

h. Toward which atom would the HOMO be polarized? Why?

¢. Predict the bond order.

d. Which is more electronegative, Kr or Br? Explain your reasoning.

Prepare a molecular orbital energy level diagram for SH™, including sketches of the or-
bital shapes and the nunber of electrons in each of the orbitals. If a program for calcu-
lating molecular orbitals is available, use it to confirm your predictions or o explain
why they differ.

Methylene, CH,, plays an important role in many reactions. One possible structure of
methylene is linear.

a. Construct a molecular orbital energy level diagram for this species. Include
sketches of the group orbitals, and indicate how they interact with the appropriate
orbitals of carbon.

b. Would you expect linear methylene to be diamagnetic or paramagnetic?

Iy




