
CHM205: Chemical Binding 
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1. Fundamental background: Postulates and theorems of quantum mechanics, 
angular momentum, rigid rotor.  

2. The Schrödinger equation and its exact solutions: The particle-in-a-box, 
Hydrogen atom, the variation theorem–Ritz variation principle.  

3. Atomic structure: many electron wave functions, Pauli exclusion principle, 
Helium atom, atomic term symbols.  

4. Symmetry point groups: Determination of point group of a molecule, 
representations, the great orthogonality theorem, character table, 
construction of character tables for c2v and c3v groups, symmetry adapted 
atomic basis sets, construction of molecular orbitals.  

5. Molecular structure: Born-Oppenheimer approximation, molecular orbital 
treatment for H2+, MO treatment of homo- and hetero nuclear diatomic 
molecules, Hückel MO treatment of simple and conjugated polyenes.  
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Born-Oppenheimer Approximation: (Already done in the class) 

ψ(𝑞$𝑞%) = 𝜓)*(𝑞$; 𝑞%)𝜓,(𝑞%) 

Molecular Orbital Treatment for 𝑯𝟐
/: (Already done in the class) 

Ψ = 𝑐21𝑠2 + 𝑐61𝑠6 

where the c’s are variational parameter and 

   1𝑠2 = 𝑘8 9⁄ 𝜋<=𝑒<?@A  1𝑠6 = 𝑘8 9⁄ 𝜋<=𝑒<?@B 

Finally we get, 

   𝜓= =
=CA/=CB
D9(=/EAB)

   𝜓9 =
=CA<=CB
D9(=<EAB)

  

𝐸=,9 = −
1
2𝑘

9 +
𝑘9 − 𝑘 − 𝑅<= + 𝑅<=(1 + 𝑘𝑅)𝑒<9?K ± 𝑘(𝑘 − 2)(1 + 𝑘𝑅)𝑒<?K

1 ± 𝑒<?K(1 + 𝑘𝑅 + 𝑘9𝑅9 3⁄ )  



Molecular Orbitals of the Homonuclear Diatomic Molecules: 
From the LCAO-MO treatment of H2+ we have seen that, when two similar 

atoms bring together, two molecular orbitals are formed 
ψ± = 1𝑠N + 1𝑠O 

In 𝜓/	electron density concentrates in the region between the two nuclei, whereas 
𝜓<	excludes electron density from the region between the two nuclei and have a 
nodal plane in between the two nuclei. Consequently, 𝜓/ is a bonding orbital and 
𝜓< is an antibonding orbital. Because the electron density is symmetric about the 

internuclear axis, both 𝜓/ and 𝜓< are called s orbitals, similar to spherically 

symmetric atomic orbital is called s orbital. As these s orbitals are made out of 1s 

orbitals, they are denoted by s1s.  
There are two common notations to distinguish a bonding orbital from an 

antibonding orbital. One of these notations is to denote the bonding orbital by s1s 

and to denote the antibonding orbitals by s*1s. The other way is to indicate the 
symmetry of the molecular orbital under an inversion of the wave function through 
the point midway between the two nuclei. If the wave function does not change its 
sign under this inversion, then we label the wave function gerade (after the 
German word for even) and we subscript the molecular orbital with a g. As in 𝜓/  

 
Figure 1: The linear combinations of two 1s atomic orbitals gives the bonding (s1s or sg1s) and 
antibonding (s*1s or su1s) molecular orbitals. 
 

in H2+ does not change its sign under inversion, so we denote 𝜓/ by sg1s. whereas,  

𝜓< changes sign under inversion and we denote 𝜓< by su1s, where u stands for 
ungerade (the German word for odd). 

560 Chapter n I Qualitative Theory of Chemical Bond ing 

11 .1 Molecular Orbitals Can Be Ordered According lo Their Energies 

In this section, we will construct a set of molecular orbitals and assign electrons to 
them in accord with the Pauli exclusion principle. This procedure will generate electron 
configurations for molecules similar to those discussed for atoms in Chapter 9. We will 
illustrate this procedure in some detail for homonuclear diatomic molecules and then 
present some results for heteronuclear diatomic molecules. 

We will use the LCAO- MO approximation and form molecular orbitals as linear 
combinations of atomic orbitals. Starting with the ls orbitals on each atom (as we did 
for a minimal basis set for H2 in the previous chapter), the first two (unnormalized) 
molecular orbitals we will discuss are 

if!±= ls A± l sB (11.1) 

These two molecular orbitals, which we called ab and aa in the previous chapter, are 
a orbitals as shown in Figure 11.1. Recall that a orbitals are symmetric about the 
internuclear axis, or have no nodal planes containing the internuclear (z) axis. 

+ 

o,,ls 

FIGURE 11.1 
The linear combination of two ls orbitals to give the bonding (er Ls or erg Ls) and antibonding 
molecular orbitals (er* ls or er" Is). The bonding orbital, erb, concentrates electron density in the 
region between the two nuclei, whereas the antibonding orbital, era, excludes electron density 
from that region and even has a nodal plane at the midpoint between the two nuclei. 

Because many combinations of atomic orbitals lead to a orbitals, we must identify 
which atomic orbitals constitute a particular a orbital. Molecular orbitals constructed 
from atomic orbitals are denoted by a ls. Because a a ls orbital may be a bonding 
orbital or an antibonding orbital, we need to distinguish between the two possibilities. 



Now we will try to construct molecular orbitals out of other kind atomic 
orbitals in a similar way. In a first approximation of LCAO-MO theory only 
orbitals of close energies combine, so we consider combinations such as 2𝑠N ± 2𝑠O. 
The two molecular orbitals look like the molecular orbitals in Figure 1 but are 
larger in extent and we shall designate the two molecular orbitals  2𝑠N ± 2𝑠O by 
s2s and s*2s or by sg2s and su2s. Because a 2s atomic orbital is associated with a 

higher energy than a 1s orbital, we expect that the energy of the s2s will be higher 

than that of the s1s orbitals. In addition, because bonding orbitals have lower 

energy than antibonding orbitals, we have the energy order s1s < s*1s < s2s < 

s*2s. 
Now let consider linear combinations of p orbitals. Although p orbitals have 

the same energy as s orbitals in the case of H-atom, that is not so for the other 
atoms and so we expect that molecular orbitals built up from p orbitals will have 
a higher energy than s2s orbitals. If we consider z axis to be the internuclear axis, 
then we can see from Figure 2 and 3 that pz orbitals combine to give a different 
molecular orbital than px or py give.  

 
Figure 2: The s2pz and s*2pz molecular orbitals formed from linear combinations of 2pz atomic 
orbitals. Note that the bonding orbital (sg2pz) corresponds to the combination, 2𝑝RN − 2𝑝RO, and that 
the antibonding orbital (su2pz) corresponds to the combination, 2𝑝RN + 2𝑝RO, in contrast to the 
corresponding combinations of s orbitals. The orange regions correspond to positive values, and the 
gray and black regions correspond to negative values of the molecular orbitals, respectively. 
 

The two molecular orbitals 2𝑝RN ± 2𝑝RO are cylindrically symmetric about 

the internuclear axis and therefore are a s orbitals. Once again, both a bonding 
orbital and an antibonding molecular orbital are generated, and the two orbitals 
are designated by s2pz and s*2pz or by sg2pz and su2pz. 
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FIGURE 11 .2 
The <Yg2p, and a,,2p, molecular orbitals formed from linear combinations of the 2p, atomic 
orbitals. Note that the bonding orbital (ag2Pz) corresponds to the combination, 2pzA - 2pz8 , 
and that the antibonding orbital (a,,2pz) corresponds to the combination, 2PzA + 2PzB, in 
contrast to the corresponding combinations of s orbitals. The orange regions correspond to 
positive values, and the gray and black regions correspond to negative values of the molecular 
orbitals, respectively. 

z 

rr.,,2p, 

FIGURE 11.3 
The bonding 1l,.2p x and antibonding 1l g2Px molecular orbitals formed from linear combinations 
of the 2px atomic orbitals. The orange regions correspond to positive values, and the gray and 
black regions correspond to negative values of the molecular orbitals, respectively. 



 
Figure 3: The p2px and p*2px molecular orbitals formed from linear combinations of 2px atomic 
orbitals. Another notation for these molecular orbitals is pu2px and pg2px for the bonding and 
antibonding orbitals respectively. The orange regions correspond to positive values, and the gray 
and black regions correspond to negative values of the molecular orbitals, respectively. 
 

The 2px and 2py orbitals combine to give molecular orbitals that are not 
cylindrically symmetric about the internuclear axis. Figure 3 shows that the y-z 
plane is a nodal plane in both the bonding and antibonding combinations of the 
2px orbitals. As we know, molecular orbitals with one nodal plane that contains 
the internuclear axis are called p orbitals. The bonding and antibonding molecular 

orbitals that arise from a combination of the 2px orbitals are denoted pu2px and 

pg2px respectively. Note that the antibonding orbital  pg2px also has a second nodal 

plane perpendicular to the internuclear axis that is not present in the pu2px 
bonding orbital. The 2py orbitals combine in a similar manner, and the resulting 
molecular orbitals look like those in Figure 3 but are directed along the y axis 
instead of the x axis. The x- z plane is the nodal plane for the pu2py and pg2py 
orbitals. Because the 2px and 2py orbitals have identical energy and the resulting 
molecular orbitals differ only in their spatial orientation, the orbitals pu2px and 

pu2py are degenerate, as are pg2px and pg2py. Note that unlike the bonding s 

orbitals, the bonding  p orbitals have ungerade symmetry and the antibonding p 
orbitals have gerade symmetry. 

So, we have developed a set of molecular orbitals by combining atomic 
orbitals. However, we cannot give a definitive order of these molecular orbitals 
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FIGURE 11 .2 
The <Yg2p, and a,,2p, molecular orbitals formed from linear combinations of the 2p, atomic 
orbitals. Note that the bonding orbital (ag2Pz) corresponds to the combination, 2pzA - 2pz8 , 
and that the antibonding orbital (a,,2pz) corresponds to the combination, 2PzA + 2PzB, in 
contrast to the corresponding combinations of s orbitals. The orange regions correspond to 
positive values, and the gray and black regions correspond to negative values of the molecular 
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FIGURE 11.3 
The bonding 1l,.2p x and antibonding 1l g2Px molecular orbitals formed from linear combinations 
of the 2px atomic orbitals. The orange regions correspond to positive values, and the gray and 
black regions correspond to negative values of the molecular orbitals, respectively. 



with respect to energy. Because the energy difference varies with the atomic 
number of the nuclei in the homonuclear diatomic molecule and with the 
internuclear separation. As the atomic number increases from three for lithium to 
nine for fluorine, the energies of the sg2pz and pu2px, pu2py orbitals approach each 
other and actually interchange order in going from N2 to O2, as shown in Figure 

4. The somewhat complicated ordering shown in Figure 4, which is consistent 
with calculations and experimental spectroscopic observations, is reminiscent of 
the ordering of the energies of atomic orbitals as the atomic number increases. 

 
Figure 5: The relative energies (not to scale) of the molecular orbitals for the homonuclear diatomic 
molecules Li2 through F2 
 

Now we deduce electron configurations of the homonuclear diatomic 
molecules by placing electrons into these orbitals in accord with the Pauli 
exclusion principle and Hund's rules, just as we did or many-electron atoms. 
Fortunately, many of the predictions of the two schemes in Figure 4 are the same 
and are of real chemist interest.  

11.1. Molecular Orbita ls Can Be Ordered According to Their Energies 

molecular orbitals look like those in Figure 11 .3 but are directed along the y axis instead 
ofthex axis. Thex- z plane is the nodal plane for the rru2Py and rrg2 Py orbitals. Because 
the 2px and 2py orbitals have identical energy and the resulting molecular orbitals differ 
only in their spatial orientation, the orbitals .rru2Px and rr,,2py are degenerate, as are 
n:8 2px and n:82py. Note that unlike the bonding a orbitals, the bonding rr orbitals have 
ungerade symmetry and the antibonding rr orbitals have gerade symmetry. 

The set of molecular orbitals that we have developed so far is enough to discuss the 
electron configurations of the homonuclear diatomic molecules H2 through Ne2. First, 
however, we need to know the order of these molecular orbitals with respect to energy. 
The order of the various molecular orbitals depends upon the atomic number (nuclear 
charge) on the nuclei. As the atomic number increases from three for lithium to nine 
for fluorine, the energies of the a82p2 and rru2P.n n:11 2py orbitals approach each other 
and actually interchange order in going from N 2 to 0 2, as shown in Figure 11.4. The 
somewhat complicated ordering shown in Figure 11.4, which is consistent with calcu-
lations and experimental spectroscopic observations, is reminiscent of the ordering of 
the energies of atomic orbitals as the atomic number increases. 

We will now use Figure 11.4 to deduce electron configurations of the homonuclear 
diatomic molecules H2 through Ne2. We shall do this by placing electrons into these 
orbitals in accord with the Pauli exclusion principle and Hund's rules, just as we did 

F I CURE 11.4 

* ++ ** ++ -ftft.* ** * * * 

The relative energies (not to scale) of the molecular orbitals for the homonuclear diatomic 
molecules Li2 through F2 . The rr11 2px and rr,,2py ·Orbitals are degenerate, as are the rr82px and 
rr8 2p" orbitals. 
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Molecular Orbital Theory Predicts that Diatomic Helium does not Exist 
Let us consider H2 first. According to the Pauli exclusion principle, two 

electrons of opposite spin are placed in the sg1s orbital and the electron 

configuration of H2 is (sg1s)2. The two electrons in the bonding orbital constitute a 
bonding pair of electrons and account for the single bond of H2. Now consider He2. 
This molecule has four electrons, and its ground-state electron configuration is 
(sg1s)2(su1s)2. This assignment for He2 gives one pair of bonding electrons and one 
pair of antibonding electrons. Electrons in bonding orbitals tend to draw nuclei 
together, whereas those in antibonding orbitals tend to push them apart. The 
result of these opposing forces is that an electron in an antibonding orbital 
approximately cancels the effect of an electron in a bonding orbital. Thus, in the 
case of He2, there is no net bonding. Thus, simple molecular orbital theory predicts 
that diatomic helium does not exist. 

The above results are formalized by defining a quantity called bond order 
by 

𝐵𝑜𝑛𝑑	𝑜𝑟𝑑𝑒𝑟 =
X𝑛𝑢𝑚𝑏𝑒𝑟	𝑜𝑓	𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑛𝑠	𝑖𝑛	𝑏𝑜𝑛𝑑𝑖𝑛𝑔	𝑜𝑟𝑏𝑖𝑡𝑎𝑙𝑠 b − X

𝑛𝑢𝑚𝑏𝑒𝑟	𝑜𝑓	𝑒𝑙𝑒𝑐𝑡𝑟𝑜𝑛𝑠	
𝑖𝑛	𝑎𝑛𝑡𝑖𝑏𝑜𝑛𝑑𝑖𝑛𝑔	𝑜𝑟𝑏𝑖𝑡𝑎𝑙𝑠b

2  

Single bonds have a bond order of one; double bonds have a bond order of two; and 
so on. The bond order for H2 is one and the bond order in He2 is zero. The bond 
order does not have to be a whole number; it can be a half-integer as shown in the 
following example. 
EXAMPLE 1: Determine the bond order of He2+. 
SOLUTION: The ground-state electron configuration of He2+ is (sg1s)2(su1s)1, and 
so the bond order is 

𝐵𝑜𝑛𝑑	𝑜𝑟𝑑𝑒𝑟 =
2 − 1
2 =

1
2 

Table 1: Molecular properties of H2+, H2, He2+, and He2. 

Species Number of 

electrons 

Ground state 

electron 

configuration 

Bond 

Order 

Bond 

length/pm 

Bond 

energy/kJ×mol-1 

H2+ 1 (sg1s)1 1/2 106 255 

H2 2 (sg1s)2 1 74 431 



He2+ 3 (sg1s)2(su1s)1 1/2 108 251 

He2 4 (sg1s)2(su1s)2 0 Not observed 

 
Molecular Orbital Theory Correctly Predicts that Oxygen Molecules are 
Paramagnetic 

The prediction of the correct electron configuration of an oxygen molecule is 
one of the most impressive successes of qualitative molecular orbital theory. 
Oxygen molecules are paramagnetic; experimental measurements indicate that 
the net spin of the oxygen molecule corresponds to two unpaired electrons of the 
same spin. 

Let's see what molecular orbital theory has to say about this. The predicted 
ground-state electron configuration of O2 is KK(sg2s)2(su2s)2(sg2pz)2(pu2px)2 

(pu2py)2(pg2px)1(pg2py)1. Because then pg2px and pg2py orbitals are degenerate, 
according to Hund's rule, we place one electron in each orbital such that the spins 
of the electrons are parallel. Thus, the molecular orbital configuration correctly 
accounts for the paramagnetic behaviour of the O2 molecule. 

We can use molecular orbital theory to predict relative bond lengths and 
bond energies, as shown in Example 2. 
EXAMPLE 2: Discuss the relative bond lengths and bond energies of O2+, O2, O2- 

and O22-.  
SOLUTION: O2 has 12 valence electrons. The ground-state electron 
configurations and bond orders for these species are as follows: 

 Ground-state configuration Bond order 

O2+ KK(sg2s)2(su2s)2(sg2pz)2(pu2px)2(pu2py)2(pg2px)1 2
1
2
 

O2 KK(sg2s)2(su2s)2(sg2pz)2(pu2px)2(pu2py)2(pg2px)1(pg2py)1 2 

O2- KK(sg2s)2(su2s)2(sg2pz)2(pu2px)2(pu2py)2(pg2px)2(pg2py)1 1
1
2
 

O22- KK(sg2s)2(su2s)2(sg2pz)2(pu2px)2(pu2py)2(pg2px)2(pg2py)2 1 

 
We predict that the bond lengths decrease and the bond energies increase with 
increasing bond order. This prediction is in nice agreement with the experimental 
values, which are as follows:  



 Bond length/pm Bond energy/kJ×mol-1 

O2+ 112 643 

O2 121 494 

O2- 135 395 

O22- 149 --- 

 
Molecular Orbital Theory Also Applies to Heteronuclear Diatomic 
Molecules 

The molecular orbital theory we have developed can be extended to 
heteronuclear diatomic molecules. It is important to realize that the energies of 
the atomic orbitals on the two atoms from which the molecular orbitals are 
constructed will now be different. This difference must be considered in light of 
the approximation made earlier that only orbitals of equal energy combine to give 
molecular orbitals. For small changes in atomic number, the energy difference for 
the same atomic orbital on the two bonded atoms is small (e.g., CO and NO). For 
many heteronuclear diatomic molecules (e.g., HF and HCl), however, the energies 
of the respective atomic orbitals can be significantly different, and we will need to 
rethink which atomic orbitals are involved in constructing the molecular orbitals 
for such molecules 

Let's consider a cyanide ion (CN-) first. The atomic numbers of carbon (6) 
and nitrogen (7) differ by only one unit, so the energy ordering shown in Figure 4 
may still be valid. The total number of valence electrons is 10 (carbon has four 
electrons and nitrogen has five electrons in the n = 2 shell), and the overall charge 
on the ion is -1. Accordingly, the ground-state electron configuration of CN is 
predicted to be KK(sg2s)2(su2s)2(pu2px)2(pu2py)2(sg2pz)2, with a bond order of three. 

 
Photoelectron Spectra Demonstrate the Existence of Molecular Orbitals 

The idea of atomic orbitals and molecular orbitals is rather abstract and 
sometimes appears far removed from reality. It so happens, however, that the 
electron configurations of molecules can be demonstrated experimentally. The 
approach used is very similar to the photoelectric effect. If high-energy 
electromagnetic radiation is directed into a gas, electrons are ejected from the 



molecules in the gas. The energy required to eject an electron from a molecule, 
called the binding energy, is a direct measure of how strongly bound the electron 
is within the molecule. The binding energy of an electron within a molecule 
depends upon the molecular orbital the electron occupies; the lower the energy of 
the molecular orbital, the more energy needed to remove an electron from that 
molecular orbital. 

The measurement of the energies of the electrons ejected by radiation 
incident on gaseous molecules is called photoelectron spectroscopy. A photoelectron 
spectrum of N2 is shown in Figure 5.  

 
Figure 5: The photoelectron spectrum ofN2. The peaks in this plot are caused by electrons being 
ejected from various molecular orbitals. 
 

According to Figure 5, the ground-state configuration of N2 is 

KK(sg2s)2(su2s)2(pu2px)2(pu2py)2(sg2pz)2. The peaks in the photoelectron spectrum 
correspond to the energies of occupied molecular orbitals. Photoelectron spectra 
provide striking experimental support for the molecular orbital picture being 
developed here. 
 
The Electronic States of Molecules Are Designated by Molecular Term 
Symbols 

The electronic states of molecules are designated by term symbols similar 
to atomic term symbols. However, molecular term symbols happen to be easier to 
deduce than atomic term symbols. The primary reason for this is that we deal with 
the z component of the total orbital angular momentum for molecules, whereas we 
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FIGURE 11.7 
The photoelectron spectrum ofN2. The peaks in this plot are caused by electrons being ejected 
from various molecular orbitals. 

11 .3 Molecular Orbital Theory Also Applies to 
Heteronuclear Diatomic Molecules 

The molecular orbital theory we have developed can be extended to heteronuclear 
diatomic molecules. It is important to realize that the energies of the atomic orbitals on 
the two atoms from which the molecular orbitals are constructed will now be different. 
This difference must be considered in light of the approximation made earlier that 
only orbitals of equal energy combine to give molecular orbitals. For small changes 
in atomic number, the energy difference for the same atomic orbital on the two bonded 
atoms is small (e.g., CO and NO). For many heteronucleardiatomicmolecules (e.g., HF 
and HCl), however, the energies of the respective atomic orbitals can be significantly 
different, and we will need to rethink which atomic orbitals are involved in constructing 
the molecular orbitals for such molecules. 

Let's consider a cyanide ion (CN- ) first. The atomic numbers of carbon (6) and 
nitrogen (7) differ by only one unit, so the energy ordering shown in Figure 11.4 may 
still be valid. The total number of valence electrons is 10 (carbon has four electrons 
and nitrogen has five electrons in the n = 2 shell), and the overall charge on the ion 
is -1. Accordingly, the ground-state electron configuration of CN- is predicted to be 
K K (a with a bond order of three. 

EXAMPLE 11- 4 
Discuss the bonding in a carbon monoxide molecule. CO. 

SO LUTION: A CO molecule has a total of LO valence electrons. Note that CO is 
isoelectronic with N2• The ground-state electron configuration of CO is therefore 



deal with the total orbital angular momentum for atoms. In the molecular case, 
we deal with scalar quantities, while in the atomic case, we have to deal with 
vector quantities. 

In order to determine molecular term symbols, we first calculate the 
possible values for the z component of the total orbital angular momentum, ML 
which is the sum of the z components of the orbital angular momenta of the 
electrons occupying the molecular orbitals: 

𝑀d = 𝑚*= + 𝑚*9 +𝑚*8 +	∙	∙	∙	∙ 

where 𝑚* = 0	for a s orbital, 𝑚* = ±1	for a p orbital, and so on. The various values 
of |𝑀d| are associated with capital Greek letters according to the following: 
 

|𝑴𝑳| 0 1 2 3 4 

Letter S P D F G 
 
Once ML has been determined, we then determine the possible values for the total 
z component of the spin angular momentum, MS: 

𝑀E = 𝑚C= + 𝑚C9 + 𝑚C8 +	∙	∙	∙	∙ 

For S = 0, MS = O; for S = 1/2, MS = ± 1/2; for S = 1, MS = ± 1, 0, and so on. For a 
particular set of ML and S, the molecular term symbol is then represented by 
 

|𝑀d|//<	
9E/=  

 
The superscript 2S + 1 is the spin multiplicity and indicates the number of values 
of MS for a particular value of S. 
Besides, the overall symmetry of a state to inversion is obtained by multiplying all 
the symmetries of the individual electrons according to the scheme 

g ´ g = g u ´ u = g g ´ u = u 
In addition to the g/u designation on the term symbols for homonuclear diatomic 
molecules, S electronic states are labelled with a + or - right superscript to indicate 



the behaviour of the molecular wave function when it is reflected through a plane 
containing the nuclei. 
Consider the H2 molecule first. The ground-state electron configuration of H2 is 
(sg1s)2, so ml = 0 for each electron in the occupied s orbitals. Therefore, 

ML = 0 + 0 = 0 
The spins of the two electrons must be paired to satisfy the Pauli exclusion 
principle, 
So 

𝑀E = +
1
2 −

1
2 = 0 

Because the only value of MS is 0, S must equal zero. Therefore, the term symbol 
for the ground-state electron configuration of H2 is Σl/	

= (a singlet sigma state). 

Consider now He2+. The ground-state electron configuration is (sg1s)2(su1s)1. We 
need to consider the values of ml and ms, for all three electrons. The possible values 
are listed below. 

𝑚*= = 0 𝑚C= = +1 2⁄  
𝑚*9 = 0 𝑚C= = −1 2⁄  
𝑚*8 = 0 𝑚C= = ±1 2⁄  
𝑀d = 0 𝑀E = ±1 2⁄  

The fact that ML = 0 says that we have a S state. The MS = ± 1/2 corresponds to 
the two projections of S = 1/2, so the term symbol for the ground state of He2+ is  
Σm/	
=  (a doublet sigma state). 
He2: The ground-state electron configuration is (sg1s)2(su1s)2. In this case, ML = 0 

and MS = 0. Therefore, the term symbol for the ground state of He2 is Σl/	
= . 

 
Table 2: The Ground-State Electron Configuration and Term Symbols for the 
First-Row Homonuclear Diatomic Molecules 
 

Molecules Electronic configuration  Ground state 
term symbols 

H2+ (sg1s)1 Σl/	
9  

H2 (sg1s)2 Σl/	
=  



He2+ (sg1s)2(su1s)1 Σm/	
9  

He2 (sg1s)2(su1s)2 Σl/	
=  

Li2 (sg1s)2(su1s)2(sg2s)2 Σl/	
=  

Be2 (sg1s)2(su1s)2(sg2s)2(su2s)2 Σl/	
=  

B2 (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)1(pu2p)1 Σl<	
8  

C2 (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2 Σl/	
=  

N2+ (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2(sg2p)1 Σl/	
9  

N2 (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2(sg2p)2 Σl/	
=  

O2+ (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2(sg2p)2(pg2p)1 Πl	
9  

O2 (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2(sg2p)2(pg2p)2 Σl/	
8  

F2 (sg1s)2(su1s)2(sg2s)2(su2s)2(pu2p)2(pu2p)2(sg2p)2(pg2p)2(pg2p)2 Σl/	
=  

 
The term symbols for heteronuclear diatomic molecules do not have a g or u 
designation because these molecules do not possess inversion symmetry.  
 

Molecular Orbitals of the Heteronuclear Diatomic Molecules: 
The treatment of heteronuclear diatomic molecule is similar to that of 

homonuclear diatomic molecules. However, in case of homonuclear diatomic 
molecule two similar atomic orbitals (A.O.) is involved in the formation of 
molecular orbitals (M.O.). Whereas, in case of heteronuclear diatomic molecules 
two dissimilar A.O. may involved in the formation of a M.O. For example, 1s 
orbital of H and 2pz orbital of F in HF.  

However, A.O. characterised by same value of ‘m’ can only combine to form 
a M.O. in a heteronuclear diatomic molecule. For example, a 2s orbital on atom A 
can combine with 2pz (m = 0) orbital on B to form a M.O. if z is chosen the direction 
of molecular axis. Thus 

𝜓 = 𝑐=2𝑠N + 𝑐92𝑝R,O 

where c1 and c2 are the LCAO coefficients. A 2px or 2py (m = ±1) orbital cannot 
combine with an s-atomic orbital to form a bond because the overlap between the 
two such orbitals is zero (Figure 6). 



 
Figure 6: The overlap between an s-type orbital and px (or py) orbital. Because of the 
change in sign of the px (or py) orbital, the net overlap between the px (or py) orbital and s 
orbital is zero for all internuclear distances. 
 

Since c1 and c2 cannot be determined by symmetry in a heteronuclear diatomic 
they are to be determined by a method based on the variation method. 

 
Lithium Hydride (LiH): 

Li in the ground state has the electronic configuration 1s2 2s and hydrogen 
has an electron in a 1s orbital. So, we can anticipate that the bond is formed 
between the 2s-orbital of Li and the 1s-orbital of H. LiH has the electronic 
configuration 1s2 2s2, where the 1s-molecular orbital is mainly localised on the 

1s-orbital of the Li-atom and the 2s-orbital is given by 
																																																	Ψ = 𝑐=1𝑠o + 𝑐92𝑠d$                                         (1) 
Thus, we can assume that LiH is a two-electron problem and the 

corresponding secular determinant is  

p𝐻== − 𝐸											𝐻=9 − 𝑆𝐸𝐻=9 − 𝑆𝐸											𝐻99 − 𝐸
p = 0 

where 
𝐻== = ⟨1𝑠o|𝐻)|1𝑠o⟩ 
𝐻99 = ⟨2𝑠d$|𝐻)|2𝑠d$⟩ 
𝐻=9 = ⟨1𝑠o|𝐻)|2𝑠d$⟩ 

																																																													𝑆 = ⟨1𝑠o|2𝑠d$⟩                                          (2) 
and He is the effective electronic Hamiltonian of the molecule. 
 

At the equilibrium bond length of 3 a.u. (1.6 Å) S = 0.5 and from ionisation 
potential value H11 = -13.6 eV = -0.5 a.u.; H22 = -5.44 eV = -0.2 a.u.  
According to Mulliken  
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on fluorine are the closest in energy to the ls orbital on hydrogen, a first approximation 
to the molecular orbital would be to consider linear combinations of these orbitals. But 
which 2p atomic orbital should be used? 

Defining the z axis as the internuclear axis, Figure 11.9 shows the overlap of the 
fluorine 2p2 and 2px orbitals with the hydrogen ls orbital. The fluorine 2py orbital 
overlaps the hydrogen ls orbital in a similar manner as the 2px orbital, except that it 
is directed along the y axis instead of the x axis. The hydrogen ls and fluorine 2p2 

orbitals overlap constructively, so we can use linear combinations of these two orbitals. 
However, because of the change in sign of the 2px (2py) orbital with respect to the 
y-z plane (x- z plane) and the constant sign of the hydrogen ls orbital, the net overlap 
between the 2px (2py) orbital on fluorine and the ls orbital on hydrogen is zero for all 
internuclear distances. Thus, a first approximation to the molecular orbital would be 
the linear combinations of the fluorine 2p2 and hydrogen ls orbitals: 

(11.3) 

The molecular orbitals given by Equation 11.3 describe electron densities that are 
symmetric about the internuclear axis, so both are a molecular orbitals (one bond-
ing, ab, and one antibonding, aa). Figure 11.10 shows the molecular orbital energy-
level diagram for HF. (The lsp and 2sp orbitals are not shown.) The six lsH and 
2pp electrons occupy the three lowest energy orbitals in Figure 11.10 in accord with 
the Pauli exclusion principle, so the ground-state electron configuration of HF is 
(lsp)2(2sp) 2(ab)2(2PxF)2(2PyF)2. The 2sF, 2PxF> and 2PyF orbitals are nonbonding or-
bitals and constitute the lone electron pairs, and ab constitutes the single bond in the 
Lewis formula of HF. 

F I GURE 11.9 
The overlap of the fluorine 2pz and 2px orbitals with a hydrogen ls orbital. Because of the 
change in sign of the 2px orbital, the net overlap between the 2px orbital and hydrogen 'Ls orbital 
is zero for all internuclear distances. A set of two a molecular orbitals results from the overlap 
of the fluorine 2pz orbital and the hydrogen ls orbital. Only the bonding a orbital, ab, is shown. 



𝐻=9 ≈ 𝐾𝑆(𝐻== + 𝐻99)/2 
≈ 2 ∗ 0.5(−0.5 − 0.2)/2 

= −0.35 
[The value of K for the 2s-1s atomic orbital overlap is ~ 2] 

So,    z0.5 + 𝐸													0.35 + 0.5𝐸0.35 + 0.5𝐸													0.2 + 𝐸z = 0 

0.75𝐸9 + 0.35𝐸 − 0.023 = 0 
𝐸 =	−0.526,+0.06 

The lowest root (i.e. -0.526) corresponds to the energy of the lowest 
molecular orbital. 
Substituting the value of E into one of the secular equations, we get 

𝑐=(0.50 − 0.526) + 𝑐9(0.35 + 0.5 × −0.526) = 0 
																																																												𝑐= 𝑐9 = 3.3⁄                                                (3) 

Again, the normalization condition gives, 
⟨𝜓=|𝜓=⟩ = 	 𝑐=9⟨1𝑠o|1𝑠o⟩ + 𝑐99⟨2𝑠d$|2𝑠d$⟩ + 2𝑐=𝑐9⟨1𝑠o|2𝑠d$⟩ = 1 

																																																					𝑐=9 + 𝑐99 + 2𝑐=𝑐9𝑆 = 1                                                 (4) 
Combining Eqs. 3 and 4 and S = 0.5, we get 

𝑐= = 0.8465,						𝑐9 = 0.2565 
So, the lowest molecular orbital is  

𝜓= = 0.84651𝑠o + 0.25652𝑠d$ 
And the electron density in the 2s-molecular orbital of LiH is 

𝜌 = 2𝜓=9 = 2[(0.8465)91𝑠o9 + (0.2565)92𝑠d$9 + 2 × 0.8465× 02565(1𝑠o2𝑠d$)] 
[According to Mulliken the overlap density of two atomic orbitals are equally 
divided between the orbitals according to the following approximate formula 

𝜙2𝜙6 =
1
2 𝑆26

(𝜙29 + 𝜙69) 

where Sab is the overlap integral.] 
𝜌 = 2[(0.8465)91𝑠o9 + (0.2565)92𝑠d$9 + 0.8465 × 0.2565 × 0.5 × (1𝑠o9 + 2𝑠d$9 )] 

= 2 ��0.7166 ∙ 1𝑠o9 + 0.0658 ∙ 2𝑠d$9 + 0.1085(1𝑠o9 + 2𝑠d$9 )�� 

= 2[0.8251 ∙ (1𝑠o9) + 0.1743 ∙ (2𝑠d$9 )] 
= 1.65 ∙ (1𝑠o9) + 0.35 ∙ (2𝑠d$9 ) 



Since the 1s-molecular orbital with its two electrons is localised on the Li atom, 
the net electron populations on the H and Li atoms in the LiH are respectively 
1.65 and 2.35. So LiH is predominantly have ionic character in its ground state as 

𝐿𝑖/�.�� − 𝐻<�.�� 
The molecular orbitals corresponding to the root (+0.06) is 

𝜓9 = −0.769 ∙ (1𝑠o) + 1.131 ∙ (2𝑠d$) 
Therefore 

𝜓99 = (0.7691)9 ∙ (1𝑠o9) + (1.131)9 ∙ (2𝑠d$9 ) − 2 × 0.7691 × 1.131 × (1𝑠o2𝑠d$) 
= 0.5915 ∙ (1𝑠o9) + 1.2792 ∙ (2𝑠d$9 ) − 0.4349 ∙ (1𝑠o9 + 2𝑠d$9 ) 

= 0.16 ∙ (1𝑠o9) + 0.84 ∙ (2𝑠d$9 ) 
The lowest excited state is obtained by prompting an electron from 𝜓=	to 𝜓9		. So 
the net atomic population on the H and Li atoms in the lowest excited state of LiH 
are 

𝜌� = 𝜓=9 + 𝜓99 + 2(1𝜎)9 
= 0.98 ∙ (1𝑠o9) + 3.02 ∙ (2𝑠d$9 ) 

The lowest electronic excited state of LiH may be described as 
𝐿𝑖<�.�9 − 𝐻/�.�9 

Which suggests that the molecule is predominantly covalent in the lowest excited 
state. 

Hückel MO treatment of simple and conjugated polyenes: 
The unsaturated carbon compounds which consist of alternate double and 

single bonds are conventionally called the conjugated molecules. These molecules 
are generally planar and sp2 hybridise. The electrons in sp2 orbitals called s-
electrons, are contained in the molecular plane and do not possess any angular 
momentum. The orbitals formed from the unhybridized 2pz orbitals are called p-
orbitals and electrons in these orbitals lie above and below molecular plane. These 
electrons possess one unit of angular momentum about the carbon-carbon bond. 
Since s- and p-electrons are contained in planes perpendicular to each other, the 
interaction between these two types of electrons is likely to be negligible in the 
planar conjugated molecules. Therefore, the molecular orbitals for p-electrons in a 

conjugated system may be treated independently of s-electrons. This concept 



along with various extensions and modifications is referred as Hückel molecular 

orbital theory.  
Let us consider a system of unsaturated hydrocarbons with alternate single 

and double bonds. If this system has n-carbon atoms each offering one 2pz-orbital 

with one p-electron in it then, according to LCAO approximation, the molecular 
orbital can be written as 

𝜓 =�𝐶$𝜙$
$

 

where fi is 2pz-atomic orbital of atom i and the summation is over all 2pz atomic 
orbitals. The coefficient and energies of these orbitals are obtained by solving 
secular equations obtained according to the variation principle (similar to H2+ 
molecule). 

																																		∑ 𝐶$�𝐻$� − 𝑆$�𝐸� = 0�
$�=       j = 1, 2, 3, ………., n 

where 

𝐻$� = �𝜙$�𝐻�𝜙�� 

𝑆$� = �𝜙$�𝜙�� 

Hückel introduced a set of approximation which are as follows: 
1. The Hamiltonian H is the sum of effective one-electron Hamiltonian where 

the potential of each electron is determined by its own coordinates alone.  

2. The terms 𝐻$$�= �𝜙$�𝐻�𝜙���, called Coulomb integral, represents 

approximately the energy of an electron in a 2p-orbital on the ith carbon 
atom. Since we are dealing with carbon atoms only, all such integrals are 
equal and denoted by the symbol a  

3. The terms 𝐻$��= �𝜙$�𝐻�𝜙���, called resonance integrals, represent the 

energy of interaction of two atomic orbitals. For atoms i and j not being 
directly bonded Hij = 0. When atoms i and j are bonded, Hij is finite. All such 
integrals are assumed equal and they denoted by the symbol b. 

4. The integrals Sii = 1, because they are the normalisation integrals. The 
overlap integrals Sij are neglected. 

Ethylene: Let us consider the simple case of ethylene first. The s framework of 
ethylene is shown in the Figure 7. Each carbon atom contributes a 2pz orbital to 
the  



 
Figure 7: The (planar) s-bond framework of an ethene molecule. 
delocalised p orbital, and we can write (similar to H2+ molecular orbital 
treatment) 

𝜓� = 𝑐=𝜙= + 𝑐9𝜙9 
where f1 and f2 are the carbon 2pz orbitals. 
The corresponding secular determinantal equation is  

p𝐻== − 𝐸𝑆== 𝐻=9 − 𝐸𝑆=9
𝐻=9 − 𝐸𝑆=9 𝐻99 − 𝐸𝑆99

p = 0 

p𝛼 − 𝐸 𝛽
𝛽 𝛼 − 𝐸p = 0 

If we write %<�
�
= 𝑥 then above equation become 

z𝑥 1
1 𝑥z = 0 

𝑥9 − 1 = 0 
𝑥 = ±1 

In other words, 𝐸 = 𝛼 ± 𝛽 

Because b is negative, the lowest energy is E = a + b. There are two p electrons in 
ethylene, so both the electrons occupy the orbital of lowest energy. An energy-level 
diagram showing the ground state of ethylene is 

 
Figure 8: The ground-state electron configuration of the p electrons in ethene. 
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F I GURE 11.15 
The (planar) a-bond framework of an ethene molecule. 

approximation. The Jr-electron approximation can be developed formally by starting 
with the Schrodinger equation, but we will simply accept it here as a physically intuitive 
approach to the bonding in unsaturated hydrocarbons. 

We now turn our attention to describing the delocalized molecular orbitals occupied 
by these rr electrons. Realize that the Hamiltonian operator we are considering contains 
an effective potential due to the electrons in the a framework and that the explicit form 
of this effective Hamiltonian operator has not been specified in our treatment so far, 
nor will we need to. With this in mind, let's return to ethene. Here, each carbon atom 
contributes a 2p2 orbital to the delocalized rr orbital, and using the same approach as 
we used to describe the a bond of the wave function ofH2, we would write the wave 
function of the rr orbital of ethene, 1/t :n:, as 

The secular determinant associated with this wave function is 

I 
H11 - ES11 

H 12 - ES12 

(I 1.6) 

(11.7) 

where the Hi.i are integrals involving the effective Hamiltonian operator and the S;j are 
overlap integrals involving 2p2 atomic orbitals. Because the carbon atoms in ethene 
are equivalent, H 11 = H22. The diagonal matr ix elements of the effective Hamiltonian 
operator in the secular determinant are called Coulomb integrals, and the off-diagonal 
matrix elements of the effective Hamiltonian operator are called resonance integrals 
or exchange integrals. Note that the resonance integral involves two atomic centers 
because it has contributions of atomic orbitals from two different carbon atoms. 

To determine the energies and the associated molecular orbitals, we need to either 
specify the effective Hamiltonian operator or propose approximations for evaluating the 
various entries in the secular determinant. Here, we examine an approximation proposed 
by Erich Ruckel in 1930, which along with various extensions and modifications has 
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H a+f3 F I GU RE 11.1 6 
The ground-state electron configuration of the :n: 
electrons in ethene. 

found wide use in organic chemistry. There are three simple assertions of Huckel 
molecular orbital theory, at least in its simplest form. First, the overlap integrals, Sij, are 
set to zero unless i = j, where S;; = l. Second, all of the Coulomb integrals are assumed 
to be the same for all equivalent carbon atoms and are commonly denoted by a. Third, 
the resonance integrals involving nearest-neighbor carbon atoms are assumed to be the 
same and are denoted by {3; the remaining resonance integrals are set equal to zero. 
Thus, the Ruckel secular determinant for ethene (Equation 11.7) is given by 

l
a - £ f3 1=0 

fJ a - E 
( 11.8) 

where the two roots are E = a ± f3. 
There are two n: electrons in ethene. In the ground state, both electrons occupy 

the orbital of lowest energy. Because f3 is intrins ically negative, the lowest energy is 
E =a + f3, and then: -electronic energy of ethene is En = 2a + 2{3. Figure 11.16 shows 
an energy-level diagram for then: electrons of ethene (cf. F igure 11.13). Because a is 
used to specify the zero of energy, the two energies found from the secular determinant, 
E =a ±  {3, must correspond to bonding and antibonding orbitals. 

EXAMPLE 11- 11 
Find the bonding and antibonding Hiickel molecular orbitals for ethene. 

SOLUTI ON: The equations for c1 and c2 associated with Equation 11.7 are 

and 

For E = a + {3, either equation yields c 1 = c2. Thus, 



The p electronic energy of ethylene is En = 2a + 2b. Because a is essentially 

the energy of an electron in an isolated carbon 2pz orbital, so a  used to specify the 
zero of energy. Therefore, two energies 𝐸 = 𝛼 ± 𝛽  must correspond to bonding and 
antibonding orbitals. 

Now let us determine the Hückel molecular orbitals. 

z𝑥 1
1 𝑥z z

𝑐=
𝑐9z = 0 

𝑐=𝑥 + 𝑐9 = 0 
𝑐= + 𝑐9𝑥 = 0 

For x = 1 
																																										𝑐= + 𝑐9 = 0     or 𝑐= = −𝑐9                           (5) 
Since every molecular orbital is normalised, the normalisation of the 

molecular orbitals gives rise to  
𝑐=9⟨𝜙=|𝜙=⟩ + 𝑐99⟨𝜙9|𝜙9⟩ + 2𝑐=𝑐9⟨𝜙=|𝜙9⟩ = 1 

																																																										𝑐=9 + 𝑐99 = 1                               (6) 
Because we are using S12 = 0 
Combining Equation 5 and 6 we get 

																																																																	𝑐= =
=
√9

      𝑐9 = − =
√9

 

Hence, the molecular orbital corresponds to the energy level E1 = a + b, is  

𝜓= =
1
√2

(𝜙= + 𝜙9) 

and the molecular orbital whose energy is E2 = a - b, is 

𝜓9 =
1
√2

(𝜙= − 𝜙9) 

The two orbitals 𝜓= and 𝜓9 are shown schematically in Figure 9. 

 
Figure 9: the bonding and antibonding orbitals in the simple Hückel molecular orbital treatment 
for ethylene. 
 

Now we shall illustrate a few quantities of chemical interest which can be 
derived from the simple Hückel theory. 



Electron Densities: The total electron density qn, at an atom i is the sum of 
contributions from each electron in each molecular orbital. 

𝑞� =�𝑛$
$

𝑐$�9  

where ni is the number of electrons in the ith molecular orbital.  
Bond Order: The p-bond order between the adjacent carbon atoms r and s by 

𝑃@C� =�𝑛$𝑐$@𝑐$C
$

 

where ni is the number of electrons in the ith molecular orbital. 
So, for ethylene, we have 

𝑞= = 2 ∗ X1
√2¢ b

9
+ 0 ∗ X1

√2¢ b
9
= 1 

𝑞9 = 1 

𝑃=9 = 2 ∗ 1
√2¢ ∗ 1

√2¢ = 1 

Butadiene:  

 
Figure 10: A schematic representation of the 2pz orbitals of each of the carbon atoms in the 
butadiene molecule. 
 
So, the determinantal form of secular equation is  

£

𝑥			1			0			0
1			𝑥			1			0
0			1			𝑥			1
0			0			1			𝑥

£ = 0 

Expansion of this determinant gives the following polynomial 
𝑥¤ − 3𝑥9 + 1 = 0 

with the following roots: 
x = ± 1.618, ± 0.618 

There are four p electrons in butadiene and in the ground state these p electrons 
occupy the two orbitals of lowest energy as in 
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The value of c 1 can be fotmd by requiring that the wave fi.mction be normalized. The 
normalization condition on 1/trr gives I + 2S + I) = l. Using the Hiickel assumption 
that S = 0, we find that c 1 = l/.J2. 

Substituting E = a - fJ into either of the equations for c1 and c2 yields c1 = - c2, 
or 

The normalization condition gives c2 ( 1 - 2S + I) = I, or c 1 = 1/ .J2. 

The case of butadiene is more interesting than that of ethene. Although butadiene 
exists in both the cis and trans configurations, we will ignore that and picture the 
butadiene molecule as simply a linear sequence of four carbon atoms, each of which 
contributes a 2pz orbital to the Jr-electron orbital (Figure 11.17). 

F I GURE 11.17 
A schematic representation of the 2pz orbitals of each of 
the carbon atoms in the butadiene molecule. 

Because we are considering the linear combination of four atomic orbitals, the 
dimension of the secular determinant w ill be 4 x 4 and will give rise to four different 
energies and four different rr molecular orbitals. We can write all of the molecular 
orbitals, 1/t;, by the single expression 

4 

1/t; = L Cj;2Pzj 
J=I 

i = 1, 2, 3, 4 ( 11.9) 

where the c1; are the coefficients of the 2pz atomic orbital on the jth carbon atom (2p2 j) 
in the ith molecular orbital. The secular determinantal equation for the butadiene 
molecule is a 4 x 4 equation of the form IHij - ES;11= 0. Using the Hi.ickel approx-
imations, Hjj =a, Sjj = 1, SiJ = 0 if i i= j and the H;1 = f3 for neighboring carbon 
atoms, and HiJ = 0 for distant carbon atoms,. the secular determinant becomes (Prob-
lem 11- 29) 

a - E f3 0 0 

f3 a - E f3 0 
=0 (11.10) 

0 f3 a - E f3 
0 0 f3 a - E 



 
Figure 11: The ground-state electron configuration of the 7r electrons in butadiene. 
The total p-electronic energy of butadiene is 

Ep = 2 (a + 1.618b ) + 2 (a+ 0.618b) 

= 4a +4.472b 

We can make an interesting comparison of the energy given by above 
Equation with that predicted for a localized structure in which two p-electrons are 
localized between carbon atoms 1 and 2 and between carbon atoms 3 and 4, 
respectively. This localized structure is equivalent to two isolated ethene 
molecules. We found that the energy of the p- electrons in ethene is 2a +2b. If we 
compare the energy of two ethene molecules with that obtained for the delocalized 
orbitals of butadiene, we see there is an energy stabilization that results from 
delocalization, known as delocalization energy (delocalization energy is defined as 
the difference in energy of the p-electrons in a molecule and sum of the energies of 
the isolated double bonds present in the classical structure of the same molecule) 

DE = Ep (butadiene)- 2Ep (ethylene) 

= 0.0472b 

The DE is a measure of the stability of the molecule. The higher the value of DE 
more stable is the molecule. Thus, butadiene is more stable than two ethylene 
molecules by an energy of 0.472b. 
The four molecular orbitals for butadiene are obtained by the usual procedure are 
as follows 

𝜓= = 0.3717𝜙= + 0.6015𝜙9 + 0.6015𝜙8 + 0.3717𝜙¤ 
𝜓9 = 0.6015𝜙= + 0.3717𝜙9 − 0.3717𝜙8 − 0.6015𝜙¤ 
𝜓8 = 0.6015𝜙= − 0.3717𝜙9 − 0.3717𝜙8 + 0.6015𝜙¤ 
𝜓¤ = 0.3717𝜙= − 0.6015𝜙9 + 0.6015𝜙8 − 0.3717𝜙¤ 

These butadiene molecular orbitals are presented schematically in Figure 12.  
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If we factor f3 from each column and let x =(a - E)/{3, then we can rewrite this 
determinantal equation as 

x [ 0 0 1 

{34 1 x l 0 
=0 (11.11) 

0 [ x 
0 0 l x 

If this determinant is expanded, the secular equation (Math Chapter F) is x 4 - 3x 2 + l = 
0, which gives 

2 3 ± ,JS x = ---
2 

(11.12) 

from which we find the four roots x = ± 1. 61804, ± 0. 61804. 
Recalling that x = (a - E)/ f3 and that f3 is a negative quantity, we can construct 

the following Hilckel energy-level diagram for butadiene. There are four rr electrons 
in butadiene and, in the ground state, these electrons occupy the two orbitals of lowest 
energy, as indicated in Figure 11.18. The total rr-electronic energy of butadiene is 

Err = 2(a + 1.618{3) + 2(a + 0.618{3) 

= 4a + 4.472{3 (11.13) 

We can make an interesting comparison of the energy given by Equation 11.13 with 
that predicted for a localized structure in which two rr electrons are localized between 
carbon atoms 1 and 2 and between carbon atoms 3 and 4, respectively. This localized 
structure is equivalent to two isolated ethene molecules. We found that the energy of 
the rr electrons in ethene is 2a + 2{3. Ifwe compare the energy of two ethene molecules 
with that obtained for the delocalized orbitals of butadiene, we see there is an energy 
stabilization that results from delocalization, Edeloc: 

Edeloc = Err(butadiene) - 2Err(ethene) = 0.472{3 < 0 (11.14) 

---- a- 1.618,8 

---- a - 0.618,8 

a 

- -+t-f - a+ 0 .618,8 

- -'lt+-f - a+ l.618,8 

F I GURE ll.18 
The ground-state electron configuration of the 7r 

electrons in butadiene. 



 
Figure 12: A schematic representation of the p- molecular orbitals of butadiene. Note that the 
corresponding energy increases with the number of nodes. 
 
Now for butadiene the p-electronic charge on the carbon atoms are 

𝑞= = 2𝑐==9 + 2𝑐9=9 + 0𝑐8=9 + 0𝑐¤=9  
= 2(0.3717)9 + 2(0.6015)9 

= 1.000 
The other q’s are also unity, indicating that the p-electrons in butadiene are 
uniformly distributed over the molecule. 
Now the bond order  

𝑃=9� = 2𝑐==𝑐=9 + 2𝑐9=𝑐99 + 0𝑐8=𝑐89 + 0𝑐¤=𝑐¤9 
= 2(0.3717)(0.6015) + 2(0.6015)(0.3717) 

= 0.8942 
𝑃98� = 2𝑐=9𝑐=8 + 2𝑐99𝑐98 + 0𝑐89𝑐88 + 0𝑐¤9𝑐¤8 
= 2(0.6015)(0.6015) + 2(0.3717)(−0.3717) 

= 0.4473 
Clearly 𝑃=9�  = 𝑃8¤�  by symmetry. If we recall that there is a s bond between each 
carbon atom, then we can define a total bond order 

𝑃@C¥¦¥2* = 1	(𝑓𝑜𝑟	𝜎	𝑏𝑜𝑛𝑑) + 𝑃@C�  
𝑃=9¥¦¥2* = 𝑃8¤¥¦¥2* = 1.894 

𝑃98¥¦¥2* = 1.447 
Example 3: The Hückel secular determinant for benzene  
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Up to this point, we haven't specified the value of {3. Although Hiickel theory is primarily 
a qualitative theory, it can be used to make semiquantitative predictions if we assign a 
numerical value to f3. Using a variety of experimental data, f3 can be assigned a value 
around - 75 kJ ·mo1- 1. Ifwe use this value for {3, the delocalization energy ofbutadiene 
is on the order of 35 kJ·mo1 - 1 • This is the energy by which butadiene is stabilized 
relative to two isolated double bonds, or the stability that butadiene derives because 
its rr electrons are delocalized over the entire length of the molecule instead of being 
localized to the two end bonds. 

Associated with each of the four molecular orbital energies of butadiene that we 
have found is a molecular orbital. To specify these molecular orbitals, we need to 
determine the coefficients c 1; of Equation 11.9. The approach is the same as that carried 
out in Example 11- 11, but the algebra is quite a bit more lengthy. (If you let a program 
such as MathCad or Mathematica do the work, the algebra is easy.) The resulting 
molecular orbitals are (Problem 11- 31) 

1/11 = 0.3717 · 2p2 I + 0.6015 · 2p22+0.6015 · 2p2 3 + 0.3717 · 2p24 

£ 1=a +1.618{3 

1/r2 = 0.6015 · 2p2 1 + 0.3717 · 2p22 - 0.371 7 · 2p23 - 0.6015 · 2p24 

E2 =a + 0.618{3 
(11.15) 

1/13 = 0.6015 · 2pzl - 0.3717 · 2pz2 - 0.3717 · 2p23 + 0.6015 · 2p24 

£ 3 =a - 0.618.B 

1/14 = 0.3717 · 2pzl -0.6015 · 2Pz2 + 0.6015 · 2p2 3 - 0.371 7 · 2p24 

£4 =a - 1.618{3 

l/JI = 

'ljJ = 2 

FIGURE 11.19 

'ljl3 = 

A schematic representation of the rr molecular orbitals ofbutadiene. Note that the corresponding 
energy increases with the munber of nodes. 
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£

£
= 0 

The resulting determinant can be expanded to give 
𝑥� − 6𝑥¤ + 9𝑥9 − 4 = 0 

The six roots of the polynomial are x = ± 1, ± 1, ± 2, giving the following energies 
for the six molecular orbitals: 

E1 = a + 2b 

E2 = E3 = a + b 

E4 = E5 = a -b 

E6 = a - 2b 

The total p-electron energy in benzene is given by 

Ep = 2(a + 2b) +4(a + b) = 6a + 6b 

 
Figure 13: The ground-state electron configuration of the  p-electrons in benzene. 
The resulting six  p-molecular orbitals of benzene are given by 

𝜓= =
1
√6

(𝜙= + 𝜙9 + 𝜙8 + 𝜙¤ + 𝜙� + 𝜙�) 

𝜓9 =
1
√4

(𝜙9 + 𝜙8 − 𝜙� − 𝜙�) 

𝜓8 =
1
√3

X𝜙= +
1
2𝜙9 −

1
2𝜙8 − 𝜙¤ −

1
2𝜙� +

1
2𝜙�b 

𝜓¤ =
1
√4

(𝜙9 − 𝜙8 + 𝜙� − 𝜙�) 

𝜓� =
1
√3

X𝜙= −
1
2𝜙9 −

1
2𝜙8 + 𝜙¤ −

1
2𝜙� −

1
2𝜙�b 
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a - 2{3 

a - f3 

a 

N a + (3 
F I G U R E 11 .21 

N a+ 2/3 The ground-state electron configuration of the rc 
electrons in benzene. 

Compared with the rr-electron energy of three ethene molecules, the delocalization (or 
resonance) energy in benzene is 2{3. Thus, if we use the value f3 = - 75 kJ·mot- 1, we 
see that Ruckel molecular orbital theory predicts that benzene is stabilized by about 
150 kJ·mo1- 1• 

The resulting six 1T molecular orbitals of benzene are given by 

l 
1/11 = ,/6(2Pz1 + 2Pz2 + 2Pz3 + 2pz4 + 2pz5 + 2Pz6) 

l 
1/12 = ri(2Pz2 + 2pz3 - 2Pz5 - 2p,6) v4 -

l l l 1 1 
1/13 = .j3(2Pz1 + -;j_2Pz2 - 22Pz3 - 2pz4 - 22Pz5 + 22Pz6) 

1 
1/14 = ,J4(2Pz2 - 2Pz3 + 2Pz5 - 2Pz6) 

l l l 1 1 
1/15 = .j3(2Pz l - -:;,2Pz2 - -:;,2Pz3 + 2Pz4 - -:;,2Pz5 - -:;,2Pz6) E5 =a - {3 

(11.32) 

EXAMPLE 11-13 
Draw the rc molecular orbitals for benzene and indicate the nodal planes. 

SOLUTION: The solution is illustrated in Figure 11.22. Note that, as we found for 
ethene and butadiene, the energy increases with the number of nodal planes. 



𝜓� =
1
√6

(𝜙= − 𝜙9 + 𝜙8 − 𝜙¤ + 𝜙� − 𝜙�) 

 
Figure 14: A schematic representation of the p- molecular orbitals of benzene. 

11 .7. Huckel Molecular Orbita l Theory Can Be Used to Ca lcu late Bond Orders 

E = a. - 2{3 

E =a. -{3 

E =a.+ 2(3 

F I G U R E 11 .22 
The solution for Example 11- 13. 

EXAMPLE 11- 14 
Use the Hlickel molecular orbitals of benzene given by Equations 11.32 to calculate 
the rr-electronic charge on each carbon atom and the total bond orders in benzene. 

SO LU TI ON: Using Equation 11.23, we find the total rr -electronic charge on the nth 
carbon atom to be 

q - 2(c2 + c 2 + c2 ) II - Il l 112 113 

Therefore, 
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