
Chemical Bonds
Up until this time, we have used a very simple model for bonding where lines represent a pair of shared 
electrons in a chemical bond and dots represent unshared electrons. You've seen how two orbitals from 
different atoms that point directly at each other can overlap in in a sigma bond and orbitals that are 
parallel can overlap to make a pi bond. In this unit we will extend ideas about bonding in diatomic 
molecules.
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• Homework

Bonding in Hydrogen

Linear Combination of Atomic Orbitals (LCAO)
The orbitals from atoms in a molecule combine to make molecular orbitals. There are several rules for the 
construction of molecular orbitals from atomic orbitals.

1. Only orbitals that have the same symmetry can combine.

2. The number of orbitals can't change, so the number of atomic orbitals must equal the number of 
molecular orbitals.

3. The average energy of the orbitals can't change, so the average energy of molecular orbitals must 
equal the average energy of the atomic orbitals that made them up.

Hydrogen Molecular Orbital Diagram
Atomic hydrogen has 1 electron in a 1s orbital. Of course, there are 2s, 2p, 3s, 3p, etc. empty orbitals at 
higher energy. Let's just consider the 1s orbitals.

Remember that an orbital is a mathematical function that describes the probability of finding an electron 
in space. Like all mathematical functions, it can have positive values and negative values. The figure on 
the left represents the function corresponding to +1s on the x,y,z coordinates while the figure on the right 
represents -1s function.
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In H2, we have 2 hydrogen atoms, each with a 1s orbital. These orbitals are pointing at each other along 
the z axis, so they will make sigma orbitals. We can make molecular orbitals by combining these 2 atomic 
orbital to obtain 2 molecular orbitals. One orbital comes from addition, {H11s + H21s}, and the other 
comes from subtraction, {H11s - H21s}. 

The hydrogen nuclei are located at the origin of each x,y,x axis. The combination {H11s + H21s} has most 
of the orbital between the two nuclei. This allows both nuclei to share the electrons. In a sense, any 
electron density in this orbital would act as a glue to hold the two nuclei together. The {H11s + H21s} 
combination represents the sigma bonding molecular orbital.
In the combination {H11s - H21s}, the subtraction of the wavefunctions cancels out the region in the 
center. There are two parts to the orbital outside the H-H bond with different mathematical signs. Any 
electron density in this orbital would cause the hydrogen nuclei to fly apart due to the repulsion between 
their positive charges. There is no electron "glue" between the nuclei. This orbital represents the sigma 
antibonding molecular orbital.

The average energy of the molecular orbitals must be the same as the energy of the atomic orbitals. We 
can draw an energy diagram to show this: 

Now we can add electrons to the diagram. Each hydrogen atom has 1 electron. These 2 electrons go to fill 
the lowest energy molecular orbital, the sigma bonding orbital. The electrons are more stable, lower 
energy, in the molecular orbital than they were in the separated atomic orbitals. In other words, when the 
H-H bond forms, each atom loses heat energy equal to 2 x E. 
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Excited State
The hydrogen molecule can absorb electromagnetic energy or heat energy equal to the energy difference 
between the sigma bonding and sigma antibonding molecular orbitals. This forms an excited state 
molecule. When the molecule absorbs this energy, an electron in the lower energy orbital is promoted to 
the upper level orbital. 

There is no net energy stabilization because the lower energy of the electron in the sigma bonding orbital 
(-ΔE) is equal to the destabilization of the electron in the sigma antibonding orbital (+ΔE). There is no 
longer a chemical bond and the molecule will come apart into atoms. Can you relate ΔE and ΔE' to the 
bond energy?

The bond order indicates the strength of the interaction. A bond order of 2 is stronger (but not necessarily 
twice as strong) as a bond order of 1. When the bond order is 0, there is no bonding interaction between 
the atoms. Bond order is the number of electrons in bonding molecular orbitals minus the number of 
electrons in antibonding molecular orbitals divided by 2.
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Bonding in Nitrogen and Related Molecules

Lewis Structure
Let's look at the Lewis structure of and N2. 

Atomic nitrogen has 5 valence electrons and 4 valence orbitals 
(2s, 2px, 2py, and 2pz). In the Lewis structure there is a triple bond between the nitrogen atoms and a non-
bonding pair of electrons on each. This is consistent with the physical properties of N2.

Molecular Orbitals
Because there are 4 different valence orbitals on each nitrogen atom, need to see which orbitals have the 
same symmetry to overlap in a sigma sense. 

Consider the two atoms along the z axis. The 2s orbital on one atom has the symmetry to overlap with the 
2s orbital and with the 2pz orbital on the other atom. The 2pz orbital on the first atom also has the 
symmetry to overlap with the 2s and the 2pz orbtial on the second atom.

There are 4 atomic orbitals with the correct symmetry to overlap. These must make 4 sigma symmetry 
molecular orbitals with an average energy equal to the average energy of the 4 atomic orbitals.

In N2 and in most other diatomic molecules (NO, NS, CO, CS) there are 4 sigma symmetry molecular 
orbitals made from a mixing of the 2s and 2pz atomic orbitals on each atom.
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In both molecules the pi symmetry molecular orbitals are the same. The 2px orbitals on each atom 
combine to make a pi bonding and a pi antibonding molecular orbital in the xz plane.

Perpendicular to these in the yz plane, the 2py orbitals on each atom combine to make a pi bonding and a 
pi antibonding molecular orbital.

Here is the full molecular orbital diagram for N2.
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Now we add the 10 electrons, 5 from each nitrogen atom. Note that the bottom sigma symmetry orbital is 
strongly bonding, the top one is strongly antibonding, and the 2 in the middle are only weakly bonding 
and antibonding, respectively. The σ2 and σ3 orbitals correspond to the non-bonding electron pairs in the 
Lewis structure. There is one sigma bond and 2 pi bonds when the 10 electrons are added to the lowest 
energy molecular orbitals.

Molecules with Similar Molecular Orbital Diagrams
Molecules and ions formed from 2 boron atoms or from 2 carbon atoms have molecular orbitals diagrams 
of the same sort as N2.

Diatomic molecules made up of two different atoms also have molecular orbital diagrams very similar to 
that of N2. When the electronegativity of one atom is lower than the other, the more electronegative 
atom's orbitals are lower in energy.

The molecular orbital diagram of carbon monoxide, CO, is show below. On the left you can see all of the 
orbitals. On the right, the total valence electrons (4 from C, 6 from O) have been added to the orbitals.
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Electronegativity Effects

Electronegativity
Electronegativity is the tendency of the nucleus of an atom to pull bonding electrons towards itself. The 
electrons are closer to the more electronegative atom in a bond because the orbitals associated with the 
atom are lower in energy than orbitals associated with the other atom.

Electronegativity of the Elements
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The s orbitals, because they form a spherical shell around the nucleus, are more influenced by the nature 
of the nucleus than are the p orbitals that project away from the nucleus. 

For the two most electronegative elements, O and F, the 2s orbitals are especially low in energy. Their 2p 
orbitals are stabilized as well but to a much lower extent. The result is an especially large energy gap 
between the 2s and 2p atomic orbitals of oxygen and fluorine. 

Lewis Structures
Atomic oxygen has 6 valence electrons and 4 valence orbitals 
(2s, 2px, 2py,  and 2pz). We can draw a Lewis structure of 
molecular oxygen with a double bond between the oxygen 
atoms and 2 non-bonding pairs of electrons on each atom. 

However, experimentally we can determine that O2 has 2 unpaired electrons. The Lewis structure seems 
to be inaccurate in this case.

Fluorine has the same valence orbitals as oxygen but has 7 
valence electrons. In the Lewis structure there is a single 
bond between the fluorine atoms and three pairs of non-
bonding electrons on each. The weak F-F bonding we 
would predict from a single bond and electron-electron 
repulsion among the non-bonding electrons is consistent with the physical properties of F2.

Molecular Orbitals Oxygen
In O2 and in F2, the 2s orbital is too far down in energy to combine with the 2pz orbital. Orbitals combine 
when they have the same symmetry and when the energy gap is small.
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The 2s orbital combines only with the other atom's 2s orbital and the 2pz orbital combines only with the 
other atom's 2pz orbital.

Just as with N2, the 2px on one atom 
combines with the 2px on the other to make 
two molecular orbitals, pi bonding and pi 
antibonding.

The 2py on one atom combines with the 2py 
on the other to make another two molecular 
orbitals, pi bonding and pi antibonding.

Here is the full molecular orbital diagram for O2.

Now we add the 12 electrons, 6 from each oxygen atom. There is one electron each in the 2 pi 
antibonding orbitals. This means that there is only 1 net pi bond. Also, the molecules has 2 unpaired 
electrons and therefore has magnetic properties. Molecules with half-filled orbitals are called radicals. 
The bulk material is paramagnetic, that is, it is attracted to a magnetic field.
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Complete a molecular orbital diagram of F2. How does the bonding predicted from the MO diagram 
compare to the bonding predicted from the Lewis structure?
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