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INTRODUCTION TO MOLECULAR ORBITAL THEORY

In class, we have used the Valence Bond (VB) approach to understand chemical bonding.  At the qualitative level, VB is relatively easy to use and does not require a deep knowledge of quantum mechanics and group theory.    The electron-dot formalism of G. N. Lewis is a pre-quantum version of VB.   In effect, VB is the electron-dot approach in quantum-mechanical dress.  Recall that the VB theory proposes that electrons belong to bonds.  Pauling's resonance theory is a straightforward extension to VB for the treatment of delocalized electrons.


The Molecular Orbital (MO) approach is an alternate approach that proposes that electrons belong to the entire molecule.  Except for some very simple cases, a correct application of MO to even simple molecules such as water does require considerable knowledge of the techniques of quantum mechanics.  Therefore, we shall not pursue an examination of the principles of MO and their consequences in any detail.  However, it turns out that the MO approach, while difficult to use at the qualitative level, is more manageable at the quantitative level.  Most modeling programs such as Spartan and Gaussian employ the MO approach.  Behind the deceptively simple interface lie many layers of very sophisticated mathematics developed over a 70 years by the best minds in the world.  In using the program Spartan, we are using the results of an enormous intellectual effort which has been recognized by several Nobel Prizes. 

Introduction to Fundamental Principles.  We wish first to consider the fundamental principles of MO theory and their application to very simple systems, e.g. H2.  This examination will provide insights into the nature of chemical bonding and into the workings of modeling programs such as Spartan.  Our intent is not to develop proficiency in MO theory; that step is a goal in a course in Physical Chemistry.


As a first step, we invoke the Hartree-Fock or central-field approximation in which the potential energy of each electron is an average over the motion of the other electrons.  This approximation has several consequences.  As in the case of atoms, we can construct the wave function Ψ as a superposition of orbitals, φ.  In specifying the quantum numbers of the constituent orbitals, we define the configuration of the system.  For example, in constructing the wave function for the ground state of atomic lithium, one uses 1s and 2s lithium orbitals and the configuration is (1s)2(2s).  We are using a single configuration to describe the properties of the atom.  This approach does not work for excited states!

This superposition approach is used in the treatment of both atoms and molecules.  We superimpose atomic orbitals to construct the wave function for an atom and molecular orbitals to construct the wave function for a molecule.  The identity of the molecular orbitals is the next issue.  We now invoke a second level of superposition for their construction.  Each molecular orbital in a molecule is a superposition of the atomic orbitals from the constituent atoms.  This is the LCAO principle (LCAO for for Linear Combination of Atomic Orbitals).  In the case of hydrogen, each hydrogen atom contributes one 1s atomic orbital.  From these two atomic orbitals, one can construct exactly two molecular orbitals.  .  If we label the two hydrogen atoms A and B, these two molecular orbitals, φb and φa, are
φb = Nb[φ1sA + φ1sB] 

φa = Na[φ1sA - φ1sB]
where Na and Nb are scaling factors that guarantee that the probability of finding an electron over all space is one.  The first combination φb, often designated as σ(1s), is called the bonding combination and has the property of increased electron density in the space between the two hydrogen atoms (Figure 1).  This corresponds to constructive interference of the two 1s waves.  As a result, the energy of an electron in this bonding orbital decreases as the two atoms are brought together from infinite separation (Figure 2).  Eventually, the energy will increase if the two atoms are two close.  However, the plot of energy versus separation has a well defined minimum so that bringing the two atoms together results in a lowering in the energy of an electron in the bonding orbitals.  In contrast, the other combination φb, the antibonding combination, corresponds to a decrease in electron density in the space between the two atoms (Figure 1).  This corresponds to destructive interference.  The energy of an electron in this orbital increases monotonically with a decrease in the interatomic distance.
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Figure 1. Molecular orbitals of hydrogen.  left: bonding MO,

right: antibonding MO
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In the step following construction of the molecular orbitals, we place the electrons into the molecular orbitals.  The configuration [σ(1s)]2 follows.  Molecular hydrogen has two electrons so the Pauli principle permits us to place both in the bonding molecular orbital but requires pairing of the electrons.  We conclude therefore that dihydrogen is a stable, diamagnetic species.  Stable here means that the energy of the system of two hydrogen atoms decreases to a minimum as the two atoms are brought together.  The energy minimum corresponds to an attraction between the two atoms that we describe as a chemical bond.


It is worth summarizing our qualitative program at this point before we move on the modeling programs such as Spartan.  We shall necessarily side step a large number of mathematical details.
1) From the molecular formula and the net charge, determine the number of atoms of each type and the total number of electrons.

2) Assemble a set of atomic orbitals from the set of constituent atoms.  This set can be very large.

3) Construct the molecular orbitals from the atomic orbitals and order them according to increasing energy. 

In the case of hydrogen, this process is deceptively simple.  The two hydrogen atoms are identical and the two 1s atomic orbitals have exactly the same energy.  The construction of the molecular orbitals is straightforward.  More care has to be taken in all other cases.  The standard textbook application of MO to diatomic molecules theory leads the student down the primrose path.  It is too simple and obscures some fundamental features of MO theory.

a) In MO theory electrons belong to the entire molecule.  This is not obvious if the examination of MO theory is restricted to diatomic molecules!
b) Symmetry places rigorous restrictions on the construction of the molecular orbitals.  One may only combine atomic orbitals of the same symmetry.  MO theory takes a global perspective and the symmetry of the entire molecule is used.  We shall see an application of this principle in our discussion of transition-metal complexes.  At this point, a simple example will suffice.  Consider the molecule HF in which the H-F bond defines a unique direction, the z direction, and an axis of symmetry.  The "single" bond in HF receives its dominant contribution from one bonding molecular orbital which is the sum of a hydrogen 1s atomic orbital and a fluorine 2pz atomic orbital.  Note that none of these orbitals possess a nodal plane containing the z axis define by the H-F axis.  In contrast, the fluorine 2px and 2py atomic orbitals do possess a nodal plane containing the z axis and are not combined with H 1s and F 2pz atomic orbitals.
c) In the case of dihydrogen, the two atoms are identical so the contribution of the atomic orbitals from each atom to the molecular orbitals must be identical.  In heteronuclear cases, the relative weights of the atomic orbitals in the molecular orbitals are not equal.  These weights are determined by two factors: i) the relative energies of the atomic orbitals and ii) the overlap of the atomic orbitals.

4) In the last step, load the electrons into the molecular orbitals.  As in the case of atoms, apply the Pauli principle.  In our back-of-the-envelope treatment, we determine the energy of the entire molecule by adding up the orbital energies of the occupied orbitals.  In a quantitative treatment, this approach is a good first step but leads to double counting of some terms.  Corrections are required in a full treatment.  Furthermore, a full calculation also requires inclusion of interelectron and internuclear repulsion. 

MO Theory and Spartan.  We shall now proceed and continue our discussion of elements of MO theory tied to an intelligent use of Spartan and other serious modeling programs.  We wish to emphasize that the physics and mathematics behind Spartan is sound.  The kernel of the program was developed in collaboration with Wave Function by Q Chem, a company established by Nobel Laureate Sir John Pople.  In its Hartree-Fock modules, Spartan takes an ab initio approach.  That is, the Schrödinger equation is solved from first principles with no parameters and prior information about the nature of the molecule.  One only requires the charge and the molecular formula.  We shall invoke the Hartree-Fock approximation which results in large errors in the energy.  Fortunately, most of the error cancels when one calculates energy changes involving a reaction or the formation of a molecule.  However, the cancellation is not complete and advanced methods such as Møler-Plesset pertubation theory are required to reduce the error.  We shall now use these methods and shall be satisfied with the results from Hartree-Fock calculations.

A second, very good approximation, the celebrated Born-Oppenheimer approximation, is implied by our treatment.  We freeze the comparatively massive nuclei and calculate the electronic energy for each fixed arrangement of the nuclei.  The potential energy function discussed in class is a graph of the electronic energy versus geometry.  In order to find the structure with the minimum electronic energy, the so-called global minimum, Spartan applies sophisticated techniques from multivariate calculus.  To this end, the program calculates energy as a function of geometry as well as the derivatives of the energy with respect to each coordinate.  This search is non-trivial with polyatomic molecules as the dimensionality of the search increases with the number of atoms.

The numerical calculations required for a numerical solution of the Schrödinger equation are daunting and increase as the fourth power of the number of electrons!  A host of mathematical tricks have been developed and carefully tested to make the calculations tractable.  First, if we use the full hydrogen atom wavefunction as the mathematical form for our atomic orbitals, we have to deal with intractable integrals.  John Slater made a major contribution in showing that discarding the most troublesome term greatly simplified the calculation without significantly increasing the error.  His orbitals called STO's have the form φ = Nrlexp[-Zer/na0]Y(Θ,Φ).  These terms should be familiar from our treatment of the hydrogen atom.  John Pople made a second, crucial contribution by replacing the exponential term, Nrlexp[-Zer/na0], with a Gaussian term, Nrlexp[-Zer2/na0].  This substitution greatly simplified the calculation of integrals but unfortunately lead to an increase in the error as the Gaussian term does not describe the dependence on electron density with distance from the nucleus.  However, he observed that one could do quite well by describing the correct exponential term by a sum of Gaussian functions.  Typically, 3 to 6 Gaussian-like functions are required to approximate the exponential term in a STO.  The resulting substitute is called a GTO.

The Pople group discovered that other adjustments in the Hartree-Fock methodology were required to yield useful energies.  Although atoms are spherically symmetric, molecules are not.  The consequences of asymmetry are particularly pronounced for the valence electrons.  The core electrons are for the most part localized on the nuclei and retain spherical symmetry in molecules. The atomic orbitals, often called a basis set, must be sufficiently diverse to handle asymmetric charge distributions in molecules.  Pople discovered that the use of two sets of atomic orbitals, each with its own set of effective nuclear charges handled the asymmetry.  Finally, the electrons in a molecule are polarizable.  The fix in this case is the addition of d-like orbitals to the basis set.  The simplest set of atomic orbitals, i.,e. the minimum basis set, that meet these goals-tractable integrals, reasonably accurate energy, and proper handling of asymmetric charge distributions-is 3-21G*, the default choice with Spartan.  The 3 indicates that 3 Gaussian orbitals are used to describe each STO for core electron. The 21 indicates that the combination of two Gaussian orbitals with one set of effective nuclear charges and one Gaussian orbital with its own set of effective nuclear charges handles the asymmetry. The * indicates the inclusion of d orbitals.  More complicated schemes, i.e. a broader palette of atomic orbitals, are possible.  Although the use may yield improved energies, the improvement is often marginal.  Furthermore, a larger basis set necessarily entails an increase in computation time.


Another device to speed up computation is the use of atomic units where the values of many fundamental quantities such as the mass and charge of the electron are set to one.  In general, make the conversion from atomic to SI units as the last step in the exercise.  You will find in calculating energy changes for reactions that a very small part of the total energy is associated with molecular bonding and chemistry.  Most of the total energy cancels when a difference is taken.  The following table of conversion factors may be useful.

Table 1.  Atomic Units and Conversion Factors
I) atomic unit of distance


1 Bohr (aÅ) = 0.529177249 Å

II) atomic unit of charge


1 electron = 1.602188 x 10-19 C = F/NA 

III) atomic unit of mass


1 atomic mass unit (amu) = 1.6605402 x 10-27 Kg = 0.012/(12NA)

IV) atomic unit of energy


1 Hartree = 627.5095 kcal/mol = 2625.550 kJ/mol


With a 3-21G* basis set, reasonable results can be obtained for the compounds of C, H, N, O, S, P, F, and Cl.  That is, the default approach in Spartan yields excellent structures and reasonable energies for the compounds encountered in organic chemistry and biochemistry.  That is, bond lengths are accurate to within 0.02 Å and bond angles to within 1-2(.  This accuracy rivals experimental accuracy.  The best results for energy changes are obtained for reactions in which the total number of bonds and lone pairs is conserved.  The errors in this case are in the kJ range.  A full discussion can be found in W. J. Hehre, A Guide to Molecular Mechanics and Quantum Chemical Calculations, Wavefunction, Irvine, CA, 2003.  Special basis functions not included with Spartan but available in Gaussian are required for the handling of transition metals.  Spartan uses a shortcut for the transition metals.  It employs so-called semi-empirical methods in which the properties of the core electrons are obtained from parameters and only the valence electrons are handled in an ab initio manner.  Somewhat reduced accuracy results but this simplification allows one to handle the entire periodic table.  Great effort is required for the proper handling of elements with high atomic number.  In these cases, the innermost core electrons have speeds approaching the speed of light and relativistic quantum mechanics must be used.  These calculations are still a task for the specialist.  
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Figure 2.  Energy of bonding MO in hydrogen








