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Role of Electron Dynamics and Energy Degeneracy in
Atomic Reactivity and Chemical Bonding

Sture Nordholm

Department of Chemistry and Molecular Biology, The University of Gothenburg, Medicinaregatan 9C, 413 90
Sweden

Abstract: A perspective is provided which illustrates the central role of quantum mechanics in the
structure and periodically varying properties of atoms and in the formation of molecules. Despite
having only about one hundred basic building blocks for all substances, chemistry is a subtle
discipline due to it's fundamentally quantum mechanical origin. The atoms, and their behavior as
systematized in the Periodic Table, intimately reflect mechanisms natural to quantum mechanics
but foreign to classical mechanics. Given their very small mass, the electrons form atomic structures
only predictable by the use of quantum mechanics. Thereby the foundation of chemistry is totally
dominated by quantum effects which are generally known only empirically, e.g. as in the Periodic
Table. Recently these quantum effects have increasingly become known computationally, but not
necessarily understood physically and therefore still challenge students and users of chemistry. In
order to provide physical insight we extract here, from known facts and relations of quantum
mechanics, but without reliance on detailed mathematics or numerical analysis, a simplest, yet fully
consistent, physical explanation of atomic structure and periodically variable reactivity. Atomic
reactivity is found to arise due to dynamical constraints on electron motion which lead to
degeneracy in the atomic energy spectrum. There is a strong correlation between energy degeneracy
and reactivity with the inert gas atoms found to display no degeneracy. Chemical bonding follows
as a means of atomic reactivity relaxation and reduction of energy degeneracy, achieved by
permanent electron rearrangement (ionic bonding) or by oscillatory electron motion between atoms
(covalent bonding). Ionic bonding is directly related to the variable stability of atomic structures
which extends from neutral atoms to atomic ions. These stable ions then form molecular structures
by electrostatic attraction in neutral ionic clusters. The covalent bonding mechanism is
fundamentally dynamical and interatomic since it depends directly on the facility with which
electrons can move between atomic centers in a molecule. Both the ionic and the covalent
mechanism, interatomic displacement and oscillation of electrons, are active in any bond between
atoms of different species.

Keywords: atom; periodic table; electron dynamics; energy degeneracy; chemical bonding

Introduction

The long history of chemistry clearly shows an early focus on the atoms as independent elements
and building blocks of molecules and substances. With the advent of the Periodic Table about 150
years ago [1], it became possible to understand atomic properties as periodically variable with the
atomic number of the atom [2]. Most atoms are individually reactive and rarely found in nature in
gaseous form but sometimes in the form of pure elementary substances and more often as molecules
in multi-atomic substances stabilized by some form of chemical bonding. There are, however, a small
set of inert (or noble) atoms that are nearly always found in such gaseous form with independently
moving particles. Thus it was clear from the early years of chemistry, after the composition of atoms
of central nuclei and surrounding electrons had been determined [Thomson [4], Rutherford [5]], that
some electronic structures of atoms, those of the inert gas atoms, were exceptionally stable while all
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others were reactive to a generally strong but very variable degree. Before the arrival of quantum
mechanics, atomic structures and their periodically varying properties could not be understood by
first principle, but an empirical rule was deduced and drawn upon in early modelling of chemical
bonding [

e.g. by Lewis [6], Langmuir [7]]: Inert-gas-like electronic structures of atoms are particularly
stable. This rule, and its corollary, electronic structures of atoms which are not inert-gas-like are
reactive, became, in a retrospective view, a form of “empirical quantum mechanics of atoms” that
was extracted from the Periodic Table and used to understand chemical bonding and molecule
formation.

The early models of chemical bonding and molecule formation could be rationalized by the use
of this stability rule which singled out neutral atoms of nuclear charge +Ze with Z = 2 (helium), 10
(neon), 18 (argon), 36 (krypton) ... as particularly stable. One simply noted that the stability must be
related to the number of electrons Ne (=2, 10, 18, 36 ... for the inert gas atoms) more than to the charge
of the nucleus. The special electronic stability applies to atomic ions as well if the number of electrons
is 2, 10, 18 etcetera. Thus one could achieve stability by forming molecules such that, by transfer of
electrons between atoms, a cluster of atomic ions would form where all ions had 2, 10, 18, ... electrons.
Valence numbers, indicating how many electrons an atom would need to gain or lose to reach an
inert gas electronic structure, were found to explain a major part of the specificity of the chemical
bonding in molecule formation. This empirical quantum mechanics of atoms suffices to provide a
fundamental understanding of ionic bonding. This electron transfer mechanism works well to
explain many stable molecules but not for some of the most important, e.g. Hz, N2, Oz In such
molecules the valence numbers are not summing to zero, as +1 and -1 in HF, but are by symmetry the
same, i.e. covalent.

The early notion of covalency was that it reflected, not a transfer of electrons between atomic
centers, but a sharing of electrons [Lewis [8]]. It became popular (and still is) to graphically represent
the two electrons in Hz not to permanently transfer between the protons to form either H*H- or H-H,
but to form H:H, where the two electrons (as dots) are taken to be shared equally between the two
protons. Thus both hydrogen atoms have equal claim to the stable helium electronic structure.
Similarly, the electronic structures of N2 and O: were taken to display 6 and 4 shared electrons,
respectively, allowing these N and O -atoms to take on some of the stability of Ne.

Without the use of any formal quantum mechanics it was in this way possible to develop an
understanding of two mechanisms of chemical bonding, the ionic (electron transfer) and the
covalent (electron sharing), which had great predictive power for molecule formation. The arrival
and rapid development of quantum mechanics in the early 1900’s caused the very simple models
above to be refined and extended with increasing input of quantum mechanics. Lewis [6,8,9]
incorporated the idea of electron pairing which led, with the help of Langmuir [7,10], to the famous
octet rule, Lewis electron dot diagrams and later to geometry prediction by the valence shell electron
pair repulsion (VSEPR) method [11] popularized by Gillespie and Nyholm [12,13]. After the arrival
of quantum mechanics to chemistry, Pauling [14-16] introduced an empirical form of the quantum-
mechanical valence bond (VB) theory, first used by Heitler and London for Hz [17], wherein local
bonds are formed between pairs of atoms. These bonds are represented by small wave functions
involving only the bonding electrons while the other electrons (for molecules larger than Hz) remain
represented by atomic configurations. The interatomic molecular wave functions serve to bridge and
bond atoms while the other nonbonding electrons contribute a repulsion between bonded atoms. The
atomic orbital geometries and the hybridization of them to extend in new directions contributed
greatly to the success of Pauling’s empirical VB theory [18]. To a comforting degree the more
empirical octet rule-VSEPR and the semi-empirical VB models agree, showing that intuitive and
approximate forms of quantum mechanics can be found to help chemists understand fundamental
aspects of chemical bonding and molecule formation. These models remain in general use.

The relatively great success, and corresponding longevity, of these simple intuitive (octet rule,
VSEPR and VB) models of bonding, molecular stability and geometry, has now been complemented
by an even greater success of computational quantum chemistry [19] in providing first principle
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predictions of molecular ground states and properties. It would be reasonable to expect quantum
chemistry to produce better understanding and more refined physical models of bonding but,
unfortunately, this development has lagged behind high expectations. The access to rigorous and
accurate quantum chemical methods has certainly helped understand [20,21], but not greatly
elucidated and improved, the simple models above, nor resolved the historical debate over the best
physical interpretation of the computational results, or overcome the inherent subtlety of the
quantum effects. The Schrodinger equation clearly “knows about” chemical, and in particular
covalent, bonding but its numerical answers rarely come with clear-cut physical explanations. The
old bonding models are still used in essentially unchanged form. There is much discussion and
disagreement over whether energy analysis or dynamical analysis (or both, as we suggest) should be
the chosen way to understand chemical bonding. With rare exceptions energy analysis is chosen,
given its dominant role in main-stream quantum chemistry, but there is still a lingering question
whether the electrostatic interactions [22] or the kinetic energy variations should be regarded as the
key to bonding. The answer must account for the paradoxical role of the virial theorem [23] which at
first inspection seems to clearly favour electrostatics but on closer inspection does not. Further debate
relates to whether electron densities are the natural vehicles [24] for a bonding analysis or wave
functions are essential.

Here we shall try to resolve, or at least mitigate, these uncertainties and difficulties by drawing
on important qualitative features of quantum mechanics while using only simple intuitive arguments
from the full quantum mechanical theory of atoms and molecules. The emphasis will be on atoms,
the periodic table and the origin of the periodicity of atomic reactivity. In our view, understanding
the nature of the strain of the electronic structure of reactive atoms, and the reason why this strain
appears to be absent for inert gas atoms, will help us better understand the mechanisms of both ionic
and covalent bonding. Our reasoning will be qualitative and explanatory rather than numerically
predictive. No deeper mathematical or computational experience with quantum chemistry will be
required. We hope to take the empirical models of atoms and their bonding to molecules into
quantum mechanics by physical reasoning. Clarifying this link between quantum mechanics and
atomic properties and molecule formation should afford the reader a more fundamental
understanding of atomic and molecular chemistry.

Understanding the Quantum-Mechanical Hydrogen Atom

Quantum mechanics applied to the electronic structure, particularly of the ground states, of
atoms and molecules, is a deep and complex subject. Fortunately, there is a helpful ladder of simple
and very useful systems and approximations which take us to the important chemical concepts of
atomic periodicity and to chemical bonding. Much of what we need to know is already illustrated by
the simple hydrogen atom H which is long since solved and understood by analytical mathematics.

The Key Role of Quantum Diffusivity

The hydrogen atom H is composed of a proton and an electron which are charged +e and -e,
respectively. The Coulomb interaction between these particles is V' (r)=—C/r, where ris the
separation between particles and C =1389 kj/molx A . Generally we shall use atomic units au in
which the charge-charge interaction of two particles in vacuum of charge Zeand Z,eis
ZZ,

in A and kJ/mol; = 212 in au (0.529 A and 2625.6 kJ/mol). 1)
r

V(Z,,Z,;r)=Cx

Classically a model of two point charges (they are both small enough that we can neglect any
individual particle size) would have a collapsed ground state - about like a neutron. In reality a
hydrogen atom has a spherical ground state with the radius of the electron distribution around the
nucleus being about half an Angstrom or 0.5x101° m. The existence of a hydrogen atom ground state
of this small but still very considerable size must be understood as a quantum effect. Classically the
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“internal atomic states” would be phase space points of given positions X, ),z of the electron with
respect to the proton at the origin and momenta px, py, pz , but in quantum mechanics states are
described by wave functions (x, ¥, Z) and they are diffuse in both coordinate and momentum.

How diffuse must they be? This can be appreciated from the Heisenberg uncertainty principle for a
one-dimensional particle motion:

AxxAp>h/4rx ()

Here Ax and Ap are uncertainty intervals in the coordinate X and momentum p . This
principle tells us that a quantum state of a one-dimensional particle motion does not correspond to a
classical phase space point Xx,p but to an area in X, p -space roughly proportional to the
minimum uncertainty area, ~ AxxAp,and to / .Similarly the electron moving in three dimensions
has a ground state corresponding to a six-dimensional phase space volume
~ AxAyAz x Ap, Ap Ap_ which is proportional to I’ . Not surprisingly this diffusivity also applies to
excited energy eigenstates so the first lesson of quantum mechanics is that states in general, and our
energy eigenstates in particular, acquire the form of space filling volumes in phase space. In an
everyday metaphor “If classical mechanics builds a system from point-like grains of sand then

quantum mechanics builds it from bricks”. This requirement of state diffusivity in quantum
mechanics is absolutely fundamental in the understanding of atomic structure and chemical bonding.

classica quantum

1 o

TITITIIT)

Figure 1: On the left the classical state is a point in phase space (X, p ) while the quantum state is

covering an area /1 . On the right the quantum ground state is of higher energy when more confined
by “hard walls” in some potential well.

Now we note that the uncertainty in momentum Apis directly related to the kinetic energy
KE as follows:

(Ap)* =(p-<p>) =<p*>, KE=<p®/2m>=<(Ap)*>/2m . ©)

Here m is the mass of the particle (e.g. the electron) and we used the fact that the average
momentum vanishes, < p >=0. It follows that localization of the electron in space forces up the
kinetic energy so the diffusivity of the ground state of hydrogen is a compromise between localization
in X,y,z to minimize electrostatic energy and delocalization in the same variables to minimize
kinetic energy. The condition that quantum states must be diffuse, spread in phase space, explains
why the hydrogen atom, and all other atoms, do not collapse to points. We note that increased
diffusivity in coordinate space tends to lower the kinetic energy while localization tends to raise it.
The rise in kinetic energy as the localization of an electron around the nucleus is increasingly tight
eventually overwhelms the lowering of potential energy achieved. We note also that the cost of
localization in kinetic energy is inversely proportional to the mass of the particle. Thus the light
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electron is far more affected by the “drive to diffuse” than the proton which is 1836 times heavier.
This mass ratio is even greater for heavier atomic nuclei. It is therefore customary in quantum
chemistry to use the “clamped nuclei approximation” (widely known as the Born-Oppenheimer
(BO) approximation) which takes the nuclei in atoms and molecules to be stationary when
determining the ground or excited states of the electron motion [25]. The small mass of the electron
is the most important reason for the “quantum character of chemistry” but it is not the only reason.
As we shall see below the quantum character is of a very particular kind.

The Origin of Periodic Atomic Properties - The Shell Structure of Hydrogenic Atoms

The quantum mechanical requirement of diffusivity prevents electronic structures around atoms
from collapsing. Next we consider the origin of atomic reactivity. Again the simple hydrogen atom
tells the story rather well [26]. According to analytical quantum mechanics the hydrogen atom has a
spectrum of bound energy eigenstates (of energy less than zero) which can be identified by five
quantum numbers n,/,m,s,m_ . The energies &, of the corresponding atomic orbitals (AOs) only

depend on the principal quantum number 7 which goes from 1, 2, ... to infinity:
g, =—1/2n" au 4)

where the atomic unit (au) of energy is the Hartree equal to 2625.6 kJ/mol. The quantum number /
is the total angular momentum number and 7 is the quantum number describing the orientation of
the angular momentum, both of which refer to the rotation of the electron around the proton. Their
ranges are [ =0,1,.n—1, m=-[,—-[+1,....,+/ . Finally, s is the spin angular momentum

quantum, which is Y5, and m_ refers to the two available directions of the electron spin around its

own axis, often called spin up and down (m, ==£)2) , respectively. We note the huge amount of

degeneracy (number of states of the same energy) in the hydrogen spectrum. The degeneracy in
each  shell d, is 2  for n=1 ( m =x1 ) 8 for n=2
[=0, m =%1,[=1, m, =-1,0,1 and m_ = £1) and in general we find d, = 2n*.

Degeneracy is a major feature of the spectrum of the hydrogen atom H. As we shall see below
degeneracy is associated with reactivity and molecule formation is closely associated with
“reduction of degeneracy”. The inert gas atoms are different from other atoms in that they have
nondegenerate ground states and no excited states close in energy to the ground state, i.e. there is no
near-degeneracy. In quantum mechanics energy eigenstates are related directly to particle dynamics
and degeneracy means that the particle dynamics is hindered. Eigenstates of the same energy are
then dynamically separable and decoupled. Eigenstates which are near-degenerate are generally
coupled but motion between them occurs on a timescale proportional to the inverse of the energy
difference between them. If there is no degeneracy and no near-degeneracy then the system is
expected to be dynamically fully connected (ergodic) and stable. See the illustration in Figure 2 below.
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Figure 2: A spectrum of six energy eigenvalues is shown with, on the left, two energy levels of
degeneracy 2 and 4, respectively. In the middle we have added a weak coupling splitting the
degenerate states but leaving a near-degeneracy. On the right we have strengthened the coupling to
produce a fully coupled (ergodic) system with a smooth progression of energy levels showing no
tendency towards degeneracy. Since relaxation rates are proportional to energy eigenvalue spacings
they are maximal on the right, slow in the middle case and absent within the degenerate states on the
left.

Thus degeneracy and reactivity are related to constrained particle dynamics in quantum
mechanics. We shall see below that chemical bonding takes free atoms towards less degeneracy and
more fully coupled and global dynamics.

Hydrogenic Atoms

If we imagine atoms constructed of noninteracting electrons, so-called hydrogenic atoms, then
this great degree of degeneracy for the smallest atom H would persist and may even multiply as we,
by the Aufbau ansatz, can place two or more electrons in the shells defined by 7 and composed of
2n’ degenerate states adhering to the Pauli exclusion principle that each electron shall occupy a
unique one-electron state. The one-electron states obtained for a nucleus of charge +Ze are the

same as those of the hydrogen atom but the energies are scaled by a factor Z *and the physical extent
is decreased by the factor 1/ Z .It can be seen that degeneracy signals reactivity since multiple states
of equal energy can be both filled and unfilled in the same shell of given 7 allowing an external
symmetry breaking perturbation to strongly influence the ground state structure. This
responsiveness to external perturbation can then facilitate interactions with external fields or other
atoms. The structure would thereby be unstable and reactive.

We immediately realize that there are a few nondegenerate ground states among the

“hydrogenic atoms”. For electron numbers N, =2,10,28..., in the notation n"" where 7 denotes
the shell and N" the number of electrons occupying subshells 7,/ =ns,np,... , we have closed

shell structures 17,172% 172%3" ... with d =1, i.e. we get hydrogenic helium and neon but then we
miss argon because the 10 3d-electrons are for hydrogenic atoms of the same energy as the 3s and 3p-

electrons. Nickel (Ni) would in the hydrogenic approximation be inert, 1°2%3"  but is not in reality.

Thus hydrogenic atoms would show “periodicity” similar, but not identical, to our periodic table
for small atoms but increasingly different for higher atomic number. We also note that “inert gas
character” can arise despite the system being decoupled by spin- and angular momentum-
conservation, i.e. ergodic (fully coupled) dynamics is not a prerequisite for stable states to appear.
Such states can appear also due to uniform occupation of degenerate states. Although they are of
interest theoretically, hydrogenic atoms are, for higher atomic number Z , bound unrealistically
strongly. For better understanding of real atoms we need to account for electron-electron repulsion
which introduces a very important “screening mechanism”.

The Aufbau Model - An Empirical Mean-Field Model of Atoms
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What is meant by “the Aufbau model”? - Aufbau means “build-up” and the model retains a
shell structure of states related to, but significantly different from, that of the hydrogenic atoms
discussed above [27,28]. Here we shall extend the model to include the one-electron character of
hydrogenic atoms but predict realistic one-electron structures of many-electron atoms including the
effect of electron screening. The Aufbau model thus accounts empirically and qualitatively for
repulsion among the electrons and tells us which of these spin-orbital states, named by hydrogenic
quantum numbers n,/,m,,s,m_, are occupied by electrons in the ground states of the neutral atoms.

These “Aufbau rules” deviate significantly from the rules of the hydrogenic atoms since the orbital
energies now include an account for the electron-electron repulsion. While these “Aufbau orbital
energies” are not predicted quantitatively, physical reasons are often provided for the order in which
they are filled, i.e., from lowest to higher energies in a given atom. We shall show that these Aufbau
rules will also allow us to determine “Aufbau degeneracy” and sometimes also indicate “near-
degeneracy” which, as noted above, plays an important role in understanding the properties of the
atom. We have recently explored the possibility of obtaining a “measure of atomic reactivity” and
included a measure based on “ground state degeneracy” as estimated by use of the Aufbau model
[29]. It was found to agree well with other measures based on atomic first ionization energies or
hydride atomization energies.

The hydrogenic atoms above are “periodic” with respect to reactivity-stability due to the
variable degeneracy of their ground states. As we now turn to consider real interacting electrons we
may at first expect all of the simplicity and periodicity of the atoms to disappear due to strong and
complex electron-electron repulsion but, remarkably, most of it remains, but in modified form
allowing us to use the strong simplifications of the Aufbau model without encountering disabling
errors. Apparently, the electron-nucleus interaction still dominates and spherical symmetry is still a
good approximation for the motion of individual electrons. In its simplest form, the “mean-field”
approximation replaces the detailed interactions arising with electrons at different specific locations
by an assumption that each electron can be taken to interact with the average electron density (the
mean field) formed by all other electrons. This approximation was brought into quantum chemistry
by Hartree and then refined by Fock to include an exact account of the Pauli principle which forces
the full wave function to be antisymmetric with respect to interchange of two electrons. In this way
a beautiful “Hartree-Fock theory” of electronic structure [19] was formed which has become the
foundation of modern quantum chemistry. In the presence of two or more electrons of the same spin
the form of the Hartree-Fock wave function includes an “exchange correlation effect” which is
fundamentally related to wave functions rather than densities. It leads to significant reductions in
atomic energies and a preference for “high spin Aufbau configurations”. We shall keep this in mind
but leave the treatment of the corresponding “Hund’s rules” out of our simplified Aufbau model.
Similarly, the spin dependence of electron-electron interactions, and the construction of atomic states
of given total spin, is an important topic worthy of further study but not fundamental to our
discussion due to the weakness of the spin-spin interaction, in particular for the lighter atoms. In our
empirical mean-field model of atoms we thus leave aside both the treatment of total spin states and
the treatment of spin dependent “exchange correlation” and use a simpler one-electron
approximation of “electron screening” as follows below. Similarly we do not account for coupling of
orbital angular momentum states into many-electron states of given total angular momentum, nor
for the spin-orbit coupling of such many-electron states. They correspond to small energy splittings
compared to the energies related to atomic reactivity and chemical bonding mechanisms that we are
focusing on here.

Simple Representation of Screening in an Atom

The elaborated Aufbau model of atomic structure that we employ here is inherently of
“qualitative mean-field” type. The key idea is that a given electron experiences the “other electrons”
as a spherically symmetric “shield” around the nucleus effectively reducing the charge of the nucleus.
The “electronic countercharge” inside the radial position r of the given electron can be directly
subtracted from the nuclear charge while the countercharge outside the given electron is much less
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effective in reducing the nuclear charge. Ignoring correlations we assume that the electrons in an
atom move independently as if they were in a potential of the form

v, (Z;r)=-Z

g (Zr)/r inau ,(5)

where the effective atomic number Z ;. is decreased from the atomic number Z by screening

(electron-electron repulsion) so that it goes from the atomic numberZ at ¥ =0 to Z—N,+1 at

r =0, i.e. from unscreened to fully screened nuclear charge with increasing separation. In the case
of a neutral atom the number of electrons Ne is equal to the atomic number, i.e. Ne =7, so the

effective charge approaches the value in the hydrogen atom at large 7,

Z,;(r)—>+1, asr —oo (neutral atom) . (6)

This shows that the orbital energies return towards values for the hydrogen atom for the
outermost electrons in the neutral atom, but never all the way, as we shall see below. One reasonable,

but in no way unique, form of Z o 18 “exponential screening” as follows:

Zoy

(Z,N,;r)=Z—(N,-1)(1—exp(—kr)), (7)
where £ is adjusted to fit data, such as orbital energies and the inverse of the atomic radius. Note
that the second term in the potential accounts for “screening” by the N, —1”other” electrons which

goes between 0 at the center of the atom to —(/N, —1) asymptotically outside the atom. This “single

exponential” representation of screening in atoms can be made more accurate by going to multiple
exponential representations where, for example, each shell of electrons is represented by an
individual exponential with k decreasing as we go from inner towards outer shells. For the helium
atom there is only a single screening electron in the inner most shell so the single exponential
representation should be good. Figure 3 below illustrates the two components of the potential,
Coulomb and screened Coulomb, in this case. The main point is to demonstrate that the screened
component, which increasingly dominates for larger atoms, makes the total potential of shorter range,
thereby increasing the energy of high / orbitals relative to lower [ orbitals. Much of the empirically
known behavior of atoms can be related to this effect of the screened component of the one-electron
potential. The s-orbitals reach in close to the nucleus and get an added attraction from the less
screened nucleus, while p-, d- and higher [ orbitals get increasingly pushed away from this inner
region and attraction from the screened component of the potential is correspondingly diminished.
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Figure 3. The Coulombic potential @.(7)=—1/r (diamonds) and the screened Coulombic

component @.(¥) =—exp(—kr)/r (squares) for the helium atom (assuming K =3 as an

average of 2 for H and 4 for hydrogenic He for simplicity) are shown. The sum of these components
form our one-electron-potential for helium. Note that for 7 <1/k the two components are similar
while for 7 >1/k the Coulomb potential persists while the screened potential rapidly approaches
zero, i.e. the two components are long and short ranged in 7 , respectively. For larger atoms (larger
Z) the screened component is multiplied by Z —1and the total one-electron potential becomes
increasingly dominated by its innermost (small 7) part.

We shall use this “screened atomic potential” for the purpose of understanding the effects of
electron-electron repulsion on the Aufbau orbital energies. This potential has simplified “mean-field
character” but it does exclude “self-interaction” (of an electron with itself) in a global approximate
way. If we don’t specifically say otherwise, we shall take the atom to be neutral in our discussion

below. Recalling the hydrogenic orbital energies &, ,(Z) we assume that the mean-field orbitals in
a real atom are given by an average ( average 4 is <A>) over the corresponding screened energy
expression, i.e.

7> <Zl>
ey (L)=-"Vr—au = ¢ ,(Z)=-Va—F—au.. (8
n n

The precise form of this average will not be specified but we expect it to be an average over
electron-nucleus separation 7 reflecting the distribution of an electron in an orbital of type 7,/ .

For the moment we need not specify the optimal form of the function Z (Z;r)any further.

We expect it to change smoothly in a monotonic fashion between its two limits as related to the
electron density around the nucleus. Its decrease in magnitude with 7 describes the increasing
screening of the nucleus due mainly to inner electrons. The gist of it is that for small 7 the potential
is “hydrogenic” and unscreened while for larger 7 screening sets in and it approaches the potential
in the hydrogen atom. Generally, as we go to heavier atoms, this means that the outermost populated

orbitals have roughly the same energy since Zeﬁ- (r) for the outermost region of the neutral atoms
have approached the limiting value 1 . The reasonable validity of such a simple model as we have

proposed brings with it degeneracy related to the spherical symmetry of the potential and the lack of
dependence on spin (Hund’s rules excepted at the moment). Thus periodicity of properties follows
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from the model. The model is good, but not perfect, so deviations are expected but, as we shall see,
the perfect Aufbau degeneracies turn into “near-degeneracies” in reality, which bring much the same
consequences. In this way the model will be able to explain the periodicity of reactivity displayed in
our celebrated empirical forms of the Periodic Table.

The deviation of the order of the one-electron energies of our mean-field model (M-FM) from
the corresponding hydrogenic energies is due to the screening represented in our effective atomic
potential by the variable atomic number Z (), which in turn depends on how the electron is

positioned with respect to the distance to the nucleus 7. Here it is important to note that since the
energy contribution should go like —Z;f (7), i.e. proportional to the square of the effective charge

number, it is particularly sensitive to electron presence at small 7 where the effective charge number
is largest. This is the reason for an /—dependence of the mean-field energies such that for the same
principal quantum number 71 the energies go like ns < np < nd..... The more rotation (higher /)
we have, the more the electrons are withdrawn from small and large » — values and concentrated at
intermediate distances from the nucleus. For a pure Coulomb potential —Z /7 the interchange of
radial and rotational motion in orbitals of the same principal quantum number 7 allows the total
energy to be the same but with screening the variable effective charge number favors radial motion
over rotation and higher /brings higher orbital energy. For a fixed 7 the orbital energy will grow
with increased [/, since the electron density will increasingly be pushed away from large and small
7 and centered at intermediate separations from the nucleus. In this way we can understand the
empirical population order 1s <25 <2p <35 <3p <4s<3d <4p <5s... of the Autbau model.
The “average” in the average effective atomic number in equation (8) must clearly be dependent on

both mand [, < Zj/f > and decrease with [ for a fixed 7. Moreover, the variation in Zeﬁ (r)

from Zto | increases with the atomic number and the outermost occupied 7 so the /-dependence
of orbital energy increases with the size Z of the atom. This is a key insight with many important
consequences.

Example of Coupling between Degeneracy and Reactivity

It is important to note that the screening mechanism accounted for empirically in the Aufbau
model breaks the full /,m,, s, m_ -degeneracy of the pure Coulomb potential in the hydrogenic model

but retains m,,m_-degeneracy. In doing so it should decrease the atomic reactivity according to our

analysis above. Is there any evidence of this in known behaviors of atoms and molecules? There is, if
we add the effect of “near-degeneracy” and consider the change in character of molecules formed
from first and second row central atoms. It is clear from our effective charge analysis of /-dependent

orbital energies that the variation of the effective charge number Z . (Z;r) for neutral atoms

eff
becomes greater with increasing atomic number Z and the increase in number of screening electrons

N,—-1=Z—1. Thus the [-dependence starts out weak for small atoms and grows as we go to

heavier atoms, e.g. by going from the 2nd row (Li - Ne) to the 3rd row (Na - Ar). Similarly the
reactivity should generally decrease with increasing Z . We can see this in the prevalence of
hybridized molecular structures such as sp, sp? and sp® when the central atom is light and the valence
orbitals nearly degenerate, while with heavier central atoms the structures revert towards pure p-
character since the valence s-orbital is too far below the valence p-orbital in energy. Familiar examples
are H20 with bond angel 105° indicating mainly sp? character (109.5°) while H2S has bond angle 92°
indicating mainly p? character (90°). Similarly NHs with bond angle 97° and PHs with bond angle 94°
indicate a shift from hybridized to unhybridized structures as we go from 2nd to 3rd row central
atoms. The increased splitting between 3s and 3p orbital energies as compared 2s and 2p is a reason
for this reduction in mixing of orbitals to achieve hybridization. This increased splitting of orbitals of
the same principal quantum number 7 but different orbital angular momentum / is also a reason
why d-orbitals play a lesser, but still important, role in molecular structure. They only arise in the
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valence shell for the atoms heavier than neon at Z =10 where the splitting of ns, np and nd -energies
is already relatively large. There are clearly other factors at work, e.g. increasing presence of
nonbonding electrons, but we expect and see evidence of decreased reactivity with increased
principal quantum number of the outer electrons of atoms. This is in accord with our analysis of the
influence of degeneracy on reactivity.

Another related feature is the reactivity bestowed on “low- [ -electrons” due to their presence
at relatively large 7 compared to their energy. Thus the outermost electrons in the inert gas atoms,
except helium (1s), are generally of #s,np -character with the highest populated 7 -value, assuring
low energy and presence at the surface of the atom. When some, or nearly all, such outermost #s,np

-orbitals are unfilled we have an open valence shell ready to receive, or lose, electrons to approach
the nearest inert gas configuration. We conclude that both energies and spatial distributions selects
outermost #s,np -orbitals to be the chemically operative part of the electronic structure of the atom.

The Normal Aufbau Rules for Orbital Population

We recall first that in the hydrogenic atoms (without electron-electron interaction) only the shells
defined by a given principal quantum number 7 are of different one-electron energies rising

uniformly with nas —Z°/ (2n2 ) Accounting for electron-electron repulsion screens the nuclear

potential and yields orbital energies which depend on both 7 and /. We don’t have simple
expression for these realistic orbital energies but we have well known empirical rules allowing us to
order the subshell energies - with one proviso: the rules apply to the valence electrons of neutral
atoms. For positive atomic ions, as we may consider in a process of building up the neutral atom by
adding one electron at a time, we expect the rules to revert back towards the hydrogenic rules, since
the screening mechanism is weaker. The Aufbau rules, first proposed by Madelung [30], for the choice
of outermost occupied 7,/ -subshell can be formulated as follows:

1. Minimize 7+ /among as yet not fully occupied subshells;
2. Minimize 7 among the available subshells 7,/ all of the same minimal #+/- value.

These rules are in full accord with what we have learned about the /-dependence of the Aufbau
orbital energies but we should note that, despite their elegance and utility, they have not been derived
and their status is mostly that of a convenient mnemonic for the observed order of the outermost 7,/

-subshells in the neutral atom ground state (see [3]).

There are a few exceptions to these normal Aufbau rules. The most notable exceptions relate to
the strength of Hund’s rule exchange or a weakened /-dependence and return towards hydrogenic
ordering. They are of interest as illustrations of competing mechanisms at work but the Madelung
rules, or the corresponding graphical version of them, generally apply for the reasons discussed.

We see that, in our mean-field model, the periodicity is to a significant degree retained from the
hydrogenic model of atoms but altered to account for the screening mechanism due to electron-
electron repulsion so that the energies become /-dependent. We can now see that the existence and
periodic variation in reactivity of atoms can be ascribed to two physical facts:

1. The diffusivity of the quantum states of electrons;
2. The good (but not perfect) validity of a mean-field model of the atoms with independent
electrons in a spherically symmetric potential of screened Coulomb type.

Both these facts are of quantum-mechanical nature. The first prevents the collapse of atoms
predicted classically and the second produces the Periodic Table as a consequence of the coupling of
quantization to the dynamics of the electrons. The high symmetry of the model means that not only
energy, but also angular momentum and spin, are exactly conserved quantities for each electron in
the Aufbau model, but only approximately conserved in reality where the total angular momentum
of all electrons is rigorously conserved but not the individual contributions from each electron. Thus
the “Aufbau dynamics” is highly constrained and “nonergodic” in the sense that the quantum motion
of individual electrons is decomposable into subspaces of different angular momentum and spin.
This kind of “dynamical decomposability” is the origin of the reactivity of the model atoms as
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reflected also in the degeneracies of the energy eigenstates. Such decomposability is present in all
atoms, also in the inert gas atoms, but it is associated with an energy strain (reactivity) which is
strongly dependent on the electron population of the different subspaces. If the highest occupied
states in each subspace are of much the same energy, and the gaps to unoccupied states are large,
then the atom will be stable (inert) while if these highest energies in each subspace (subspace Fermi
energies or chemical potentials) are showing large variation then the atom will be correspondingly
reactive. Since the atomic orbital energies in the screened Aufbau model depend on the quantum
numbers 7,/ we expect the atom to be stable if it contains only filled or empty such subshells in its
ground state Aufbau population. Presence of open such subshells indicates degeneracy and atomic
instability which in turn make the atom ready for molecule formation.

The Periodic Table According to Our Quantum Aufbau Model

Given that our Aufbau model and the long established Periodic Table agree in known essential
features it is reasonable to see how our quantum-mechanical mechanisms of the Aufbau model
impact issues of interpretation of the Periodic Table. The connection is broad and some of the impact,
is obvious, so we focus on a single, perhaps most important, issue at present: The role of energy
degeneracy in determining the reactivity of an atom or atomic ion. Our Aufbau analysis above
suggests that the reactivity present is directly related to the degree of degeneracy present in the
ground state structure. Recall that this relationship has recently been explored in connection with a
search for a “measure of atomic reactivity” and found to agree very well with experimental realities
[29].

Here we shall focus on one key aspect of this general reactivity issue, i.e. the least reactive inert
gas structures and their placement in the orderly design of the Periodic Table [2]. From the point of
view of periodicity of properties it would seem logical to have a group (column) with He at the top
followed by Ne, Ar, Kr, Xe, Rn below. This is put in question by the known electronic structures of

the valence shells which are of type ns’np®, n=2,3,4,5,6 for all the heavier inert gas atoms but

1s* for helium. Thus with respect to orbital structure helium is at the top of Group 2 followed below
by the alkaline earth atoms. This may well seem unacceptable to many devotees of the Periodic Table
in its more empirical and “chemical” forms.

The analysis of the quantum origin of atomic structure by the Aufbau model above tells us
unequivocally that structural inertness of atoms is related to “strong non-degeneracy” of the ground
state, i.e. to the uniqueness of the ground state and its separation from any excited states by a
“chemically large” energy not readily recouped in various chemical bonding mechanisms. This is
then the defining criterion of “inert gas” and it happens that different valence shell structures can
produce such inertness, i.e. 1s?> and ns?np¢, n=2,3,4,5,6. The smallest inert gas atom He is different
because it does not have access to p-orbitals in its valence shell. In a sense the property “reactivity”
is thereby not fully periodic. It seems most reasonable to let the two atoms H and He be at top of
Groups 1 and 2 but mark the uniqueness of the K-shell atoms some way, e.g. by lifting this first short
row one empty row above the remaining longer rows. These two first elements are by necessity
different since the valence shell has only two available orbital-states and cannot therefore reproduce
behaviors involving eight outermost 75 and 7p -states as seen for all other elements. In this way
of presenting the Periodic Table the inert gas position is always at the end of the regular row and the
inertness is to be associated with the jump in largest principal quantum number 7 that occurs in the
populated subshells as we go from the inert gas atom at the end of the row and the alkali-atom at the
start of the next row below. It so happens that these inert “end-of-row atoms” do not fall in a single
column due to the oddity of the first row with only two atoms. This seems a small price in graphical
elegance to pay for the closer adherence of the Periodic Table to underlying electronic structure.

Our Aufbau analysis of the Periodic Table leads us to the dominant importance of the nature of
the electronic ground state. Not only the energy is important but also the energy degeneracy, which
can be strongly nondegenerate, near-degenerate or degenerate to variable degree. See a related
discussion by Schwarz and Rich on page 437 in [3]. We conclude that both hydrogen and helium
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should be understood as fundamentally different from all following elements for which normal forms
of the Periodic Table are more consistent with the underlying electronic structures. Hydrogen can be
seen as the first alkali atom as well as the first halogen atom, i.e. one electron less than an inert gas
structure. If it seems odd to see helium placed above beryllium, even with one empty row to the
heavier elements, we must remember that beryllium and other alkaline earths below are much
different from helium since they have six empty spin-orbitals of p -type in the valence shell. They

are higher in energy but not “chemically separated”. Thus bonding mechanisms can draw upon their
presence with the result that alkaline earth atoms are not inert despite their nondegenerate ground
state structures.

Chemical Bonding Mechanisms

The historical development of chemistry, and the central role of the Periodic Table in it, leaves
no doubt that chemical bonding is tightly bound to the properties of the atoms. The explanatory
picture of the atoms presented above suggests that degeneracy or near-degeneracy of atomic ground
states creates reactivity and leads immediately to two mechanisms available for stabilization by
molecule formation:

1. Redistribution of electrons among atoms to form molecules composed of stable (inert gas like)
atomic ions held together by Coulomb attraction between unlike charges. (Ionic bonding)

2. Achieving ground state non-degeneracy by removal of dynamical constraints to relax the
“decomposability” of the electron dynamics and facilitate delocalization of electron motion over
bonded atoms. (Covalent bonding)

These two, purely ionic and purely covalent, mechanisms have strikingly different dynamical
character of permanent electron displacement and oscillatory electron motion between bonded
atoms, respectively. Nevertheless they both reduce degeneracy in the molecular structures formed.
Generally bonds between atoms of different species will show partial presence of both these bonding
mechanisms.

Ionic Bonding

The ionic bonding mechanism is familiar and has long been understood to have a clear atomic
basis. It is entirely dependent on quantum effects but, in its most basic form, only on atomic quantum
mechanics as represented in the Periodic Table and the corresponding variation of atomic properties.
The variation in atomic stability systematically described in the periodic table is simply recognized
to extend to atomic ions of low charge, e.g. H and Li* (He-like), O%, F-, Na* and Mg? (Ne-like). Ionic
bond energies can be estimated reasonably, at least for singly charged ions, by atomic ionization

energies /| (A) and electron affinities £, (A) for relevant atoms A and Coulomb interaction

energies combined with ionic radii 7, and 7, of cations and anions, respectively. Multiply charged

ions also arise with unstable doubly negative anions like O, but, in its simplest form described here,
the physical understanding of the ionic bond is unchanged in principle. At great separation we
“promote” (excite electronically) the neutral atoms, e.g. Na and Cl, to corresponding inert gas like
ions, Na* and Cl-. The cost in energy is

AIE(Na*,Cl")=1,(Na) - E, (Cl) =147 kJ/mol.
I,(Na) =502 kJ/mol ; E,(Cl)=355 kl/mol.

A standard table (SI Chemical Data, 6th ed., Wiley) suggests that the ionic radii are
r,(Na")=102x10"" m; 7,(CI")=181x10" m,

The simplest interpretation is that the ions are hard spheres. The Coulomb interaction between
two spherical and non-overlapping singly charged ions at this distance is obtained as
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R,(Na*Cl")=2.83x10"" m o —% =—491 kJ/mol .

R

e

AE,(Na*CI™)=147-491=-344 ki/mol .

It is clear that the ionic bonding mechanism provides a very significant binding energy and will
stabilize the ion pair at separations up to about 6 A. For a structure including an O ion one would
have to include an extra promotion cost in energy to optimally confine the second added electron.

It follows from the analysis above that in simple, but reasonable, terms there is an ionic bonding
mechanism that can be understood to be a consequence of the periodically varying properties of
atoms. If we allow electrons to be transferred among reactive atoms to form pairs or small clusters of
ions of inert gas electronic structure then these “ionic molecules” can be stabilized by the Coulomb
interaction between the ions. In order for such stability to arise the atoms must be complementary,
i.e. such that the cost of creating the positive ions is not too much greater than the electron affinities
of the anions. With such complementarity the cost of ion creation at great separation can be repaid in
lowered (more negative) Coulomb interaction energy so as to stabilize the equilibrium structure. We
note that this mechanism can be extended from monovalent ions, as in our example above, to
multiply charged ions where the “promotion” in the case of an ion like O> would include its
confinement to a finite physical size.

We conclude that there is an ionic bonding mechanism of “atomic character” in the sense that
all the quantum effects responsible are found already in the Periodic Table and the interaction
mechanism is of electrostatic character. Note also that this mechanism takes reactive atoms of
degenerate ground states and turns them into atomic ions of non-degenerate ground states and then,
by Coulomb interaction, into a non-degenerate “ionic molecule”.

Seen in this way the ionic bonding mechanism is both simple and intuitive and it fits well with
early bonding models drawing upon the concept of valency and electron redistribution. At an
introductory level of discussion there is no pressing need to consider electron dynamics between ions
in such structures. The empirical quantum mechanics of the Periodic Table suffices to understand the
ionic mechanism of bonding. No great disputes about the nature of ionic bonding have, to our
knowledge, a significant presence in the literature. A problem of another sort should be recognized:
the ionic molecules discussed above are not very prominent in nature since they are inherently
reactive to form larger ionic clusters and ionic crystals, as illustrated in the case of NaCl by the fact
that we primarily know of it in its solid crystal form as table salt. In order to understand the species
and stabilities of the molecular universe of chemistry we have to turn to the other, more subtle, form
of chemical bonding.

Covalent Bonding

The covalent bonding mechanism, on the other hand, has confronted chemists with the need for
amolecular form of quantum mechanics not readily extracted from the Periodic Table or the quantum
mechanics of atoms. It can in small molecules, like H>* and Hz, immediately be seen to be associated
with electron motion between the nuclei. In the normal energy analysis of quantum chemistry this
interatomic motion is reflected in the delocalization of the molecular wave function over the two
nuclei. In a one-electron model there is a splitting of the atomic ground state orbitals into a bonding
and antibonding pair of molecular orbitals with the energy splitting proportional to the frequency of
interatomic oscillation. This “dynamical view” of the covalent bonding mechanism, adopted by R.
Feynman in a “two-state analysis of bonding” in 1965 [31], is closely related to the kinetic energy
analysis of Hellmann and Ruedenberg (1933 [32] and 1962 [23]) but avoids the apparent paradox of
the virial theorem encountered in the latter. The alternative dynamical interpretation of covalent
bonding has also been used to understand the “non-bonding theorem” of the Thomas-Fermi density
functional theory [33] and recommended as a complement to energy analysis in a series of studies of
covalent bonding [34-38].
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In an energy analysis the virial theorem seem:s, at first, to prove conclusively that the electrostatic
interactions must be the source of the covalent bonding, since, by comparison with the far separated
atoms, the kinetic energy change is positive at equilibrium separation and the potential energy
change is negative and twice as large. Closer inspection shows [23], however, that the energy analysis
is confused by the presence of a second mechanism, a contraction of the electron density around the
nuclei, which is a corollary of covalent bonding for Coulomb interacting electrons and nuclei, but not
the mechanism of bonding. The dynamical view of bonding has no such interference from the virial
theorem. For Hy*, for example, it has been recently shown [38] that if the electron is prevented from
interatomic motion then the localized ground state has the energy of the antibonding molecular
orbital (MO) and the delocalization energy associated with interatomic electron motion accounts for
the full drop in energy from the antibonding to the bonding MO. We emphasize that this view of
covalent bonding in Hz* is independent of whether we use a fixed exponent minimal basis set which
cannot account for the “orbital contraction mechanism” or the optimized exponent version of the
basis which accounts for the contraction. The latter basis gives better bonding mainly by reducing the
Pauli repulsion associated with atomic basis overlap. In a “dynamical analysis” the covalent bonding
is the result of interatomic electron motion and the need to distinguish “interatomic delocalization”
and “atomic contractive” mechanisms of kinetic energy change does not arise.

Understanding covalent bonding involves three concepts, i.e. interatomic electron motion,
wave function delocalization and Pauli repulsion. The first two are intimately connected.
Interatomic motion is associated, in Hartree-Fock theory (or DFT), with orbital delocalization but in
order to make the connection precise we must remove the overlap from the atomic orbitals we
invariably start from. The process of localizing the atomic orbitals to their own half spaces raises the
energy by the Pauli repulsion energy. It is possible also to make contact with the “localized” ionic
mechanism of bonding by noting that, by the lifting of the constraint of electron localization to only
one atom, the electron can approach the limit of being, in one quantum state, one-half at each atom
with corresponding contraction of electron density around the nuclei. For large separation R
between the nuclei the interatomic motion is so slow that the electron appears to be either at one or
the other nucleus. In this view it is clear that, for homogeneous diatomic molecules, it is the frequency
of the interatomic oscillation that determines how the electron goes from “at-either-or” (0-1or 1 - 0)
at large separation (low frequency oscillation) to “half-at-each” (%2 - %) at small separation (high
frequency oscillation) and thereby turns on the stabilization. Note also that the latter “fully covalent”
configuration replaces two degenerate localized configurations, i.e. the bonding reduces degeneracy.
Moreover, it explains the origin of the “orbital contraction” which can be understood to arise from
having only half an electron in each atomic potential well.

As we go from Ho* to Hz the complication of electron correlation must be accounted for. If we
ignore it and use Hartree-Fock theory in simplest form then the molecule is well described around
the equilibrium bond length but then dissociates incorrectly. The quantum-chemical Valence Bond
(VB) theory recovers a sound and accurate bond energy curve by simply eliminating the so-called
ionic configurations H*H- and H'H* from the Hartree-Fock determinant. The remaining covalent
configurations describe a molecule where two electrons correlate their oscillation between atoms so
as to reduce the probability of both being at one of them. The interatomic motion is still the source of
bonding but it is in the form of correlated two-electron motion. The VB theory may seem “fully
correlated” in keeping the electrons at different atoms but the overlap of the atomic basis functions
allow them to coexist spatially enough to account for interatomic motion. It is well known (e.g. by
configuration interaction (CI) calculations) that not only are both angular and in-out (atomic)
correlations completely neglected in the VB theory, but the degree of left-right (interatomic)
correlation present is overestimated. A more accurate (e.g. CI) calculation shows that this correlation
is in reality somewhere between the Hartree-Fock and VB proposals but tending towards the VB
model in the large bond length limit [37].

The detailed resolution of the covalent bonding mechanism is an active field of research with
most studies performed for wide ranges of molecules within the “energy decomposition analysis”
(EDA) which dominates quantum chemistry [39—41]. We believe there is much to recommend the
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alternative dynamical analysis, particularly as a complement to the normal focus on energy and other
apparently “static” properties. While the roles played by potential and kinetic forms of energy, as
coupled by scaling laws reflected in the virial theorem, continue to be debated, the idea that covalent
bonding requires valence electrons to be able to move between bonded atoms, and molecular
segments, is yet unopposed, if possibly by not being at all considered. Moreover, the dynamical
picture has clear physical implications in terms of extra stability implied when the electrons are able
to move not only between pairs of atoms but in chains and rings of atoms as in aromatic hydrocarbon
molecules. Finally, the metallic binding in solid metal structures bears witness that stabilization may
follow from interatomic electron mobility on a macroscopic scale. The quantum dynamics of
electronic motion in molecular structures may seem to present quantum chemistry with new
computational challenges but the connection between already familiar energy analysis and the
alternative dynamical analysis is very close in quantum mechanics and the rewards in terms of the
clarification of the origin of bonding should readily justify the efforts.

The Interatomic Repulsion - Equilibrium Geometries of Molecules

The discussion of bonding above has focused on the key attractive mechanisms which do indeed
dominate and cause the formation of stable molecules. The geometries of these molecules can only
be understood if we also account for the repulsive mechanisms which prevent the collapse of the
molecule to a larger atom (the united atom limit). The numerical methods of quantum chemistry [19]
generally do a very good job of representing these repulsions. Our limited aim here is to extract some
physical insight into their nature to complement the focus on attractions above.

Interatomic Electrostatic Interactions

The intramolecular electrostatic interactions play a crucial role in determining molecular
geometries and also in the computations of molecular quantum chemistry. There are three different
types of such interactions: i) electron-nucleus (e-n) attraction, ii) electron-electron (e-e) repulsion and
iii) nucleus-nucleus (n-n) repulsion. This is also in the order of their importance. The e-n attraction is
the sole reason for the existence of atoms and the only form of potential energy in a hydrogen atom.
For larger atoms the e-e repulsions are added with important consequences (screening and
correlation) as discussed above. We note that it is the e-e interaction of “two-body” type that turns
electronic structure determination into a complex many-body problem dominated by
approximations meant to reduce the full complexity. The now dominant use of Gaussian basis sets
in the variational search for ground states was introduced in the 1960’s in order to exploit analyticity
to reduce the burden of numerically calculating and storing the needed electron repulsion integrals.
The n-n repulsions only arise for molecules or other multi-atomic systems. They prevent the collapse
of the molecule in the united atom limit but otherwise, for molecules expanded beyond their
equilibrium geometry, play a less important role due to “screening”. This term refers to the fact that
individual atoms in the expanded molecule are surrounded by neutralizing electrons and the
electrostatic interactions between thus neutralized atoms are quite small except at quite small atomic
separations.

Another way to look at the electrostatic interactions in a molecule is to subdivide them into
“interatomic subsets” by associating subsets of the electrons with corresponding atoms so that the e-
n and e-e interactions can be similarly subdivided into “within atom” and “between atom”
components. This is natural to do for expanded molecular geometries but less so for near equilibrium
geometries of stable molecules. The “atoms in molecules” are not uniquely definable and the
interatomic forces are not of simple pairwise form. Nevertheless the perspective of molecules as
interacting atoms is intuitively appealing and frequently used [21,24]. It leads, e.g., to an
understanding of the relatively short range of electrostatic interactions in an expanding neutral
molecule due to the predominance of the atomic screening mechanism. An exception must be made
here for ionic and highly polar covalent molecules. The total repulsions between nuclei in a molecule,
and between electrons associated with different atomic centers, are normally rather precisely
cancelled by interatomic e-n attraction, particularly at expanded molecular geometry. This
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cancellation can be hard to reproduce in quantum chemistry where the individual terms are more or
less difficult to calculate (e-e being the most difficult) and correlated methods are generally needed
to correctly reproduce the far separated atom limit. For equilibrium and more compressed molecular
geometries the internuclear (n-n) repulsions will become predominant. It is clear therefore that
intramolecular electrostatic interactions have an important role in the representation of the repulsions
that determine the geometry of the molecule at equilibrium (minimal energy) but, as we discuss
below, most likely not the leading role.

The Pauli Repulsion

The concept of Pauli repulsion is associated with the effect of the Pauli principle which states
that permissible many-electron wave functions must be antisymmetric with respect to pairwise
particle exchange. The Pauli principle forces electrons in the Aufbau model, or similar orbital-based

quantum chemical theories, to be assigned unique spin-orbitals 7n,/,m,,m_ for each electron. This

requirement drives the hydrogenic or Aufbau or Hartree-Fock orbital energies occupied by
additional electrons upward in energy in the one-electron spectrum of states. This process is
completely fundamental in the modeling of atomic structure, being the backbone of the Aufbau
model, but it also gives rise to an interatomic repulsion in molecules. It is often said that this type of
Pauli repulsion is dominant in the interaction of inert gas atoms, e.g. in the case He-He. We can
understand this suggestion if we note that in the “united atom limit” of the helium dimer, He-He -
Be, two electrons have had to go from a 1s helium orbital to a 2s - orbital of beryllium. This increases
energy and is reflected in a Pauli repulsion between the helium atoms. This repulsion is directly
related to the overlap of the He 1s - orbital of the two atoms. This type of “overlap repulsion” is not
only present for inert gas atoms but for atoms and molecules in general. From a physical point of
view it is important to note that the Pauli principle is associated with two distinct type of effects:
1. Rising orbital energies (or kinetic energy) when electrons of equal spin are physically
coincident;
2. Steric repulsion (or excluded volume) when geometrically separated electrons of equal spin
approach.

The rising orbital energy effect is dominant in the Aufbau model of ground state atoms while
the steric repulsion is exemplified in the interaction of ground state helium or other inert gas atoms,
which basically serves to keep them apart.

We note that the Pauli principle can be satisfied by raising kinetic energy of electrons or by
keeping them apart. Typically both these effects are present. These two repulsive mechanisms are
both of “many-electron type”, i.e. only arising when at least two electrons of the same spin are
present. We include here a third mechanism of the same general character but operating already on
a single electron described by two or more atomic basis functions which are orthogonal when the
atoms are far apart but overlapping and non-orthogonal when they approach: “The overlap
correction”. This effect enters when the basis functions from different atomic centers are
orthogonalized. Note that if this overlap correction is ignored the quantum states generated for it by
Hamiltonian diagonalization will not satisfy the quantum diffusivity requirement of a certain phase
space associated with a quantum state. The proper state definition has been compromised by the
basis function overlap. To account for this type of “basis overlap Pauli repulsion” we add a third
Pauli repulsion mechanism.

3. Atomic space contraction - Basis function overlap correction.

We claim all three of these mechanisms belong together since they relate to the satisfaction of
the rules of quantum state construction in quantum mechanics. Moreover, they tend to have similar
repulsive effects in the construction of molecules from atoms.

We illustrate the role of Pauli repulsion for the simplest case of the smallest molecule Ho*. It may
surprise to hear of Pauli repulsion for a one-electron system where no antisymmetry constraint
applies to the wave function. We include here the constriction related to overlapping atomic spaces,
as in mechanism 3 above, in the concept of Pauli repulsion. It is of the same mathematical nature as
the antisymmetry requirement for electrons of the same spin. In the case of the single electron in Hz*
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we must account explicitly for fact that the two atomic orbitals from different protons are still, at
finite proton separation, partially representing the same phase space. The mathematics of eliminating
this “double counting” forces an increase in energy.

In a simplest realistic approximation for the bonding, i.e. in a minimal atomic basis (two Hls

atomic orbitals (/(3/2 / ﬁ]/z)exp(—kr) ) treatment, the Hamiltonian matrix and its two energy

eigenvectors are

i ) vl o) o
\B Vomhras) T s

Here « is the atomic orbital energy in Hz*, i.e. —Y% au if the ground state hydrogen atom orbital
is used and the protons are far separated. The total energy of Hz* is the sum of the electronic orbital
energy and the proton-proton repulsion, 1/ R.The parameter ﬂ is the off-diagonal matrix element
of the one-electron Hamiltonian, i.e. the kinetic energy operator and electron-proton potential,
between the two atomic orbitals, which is negative. Finally S is the overlap (scalar product) of the
two atomic basis functions. The electronic energy of the ground state orbital &, and the Pauli

repulsion energy Agprep are given by

_a+p a+ﬂ_0¥

S
& = s Asg,,,, = s +ﬁ’)=——(a+ﬁ’) . (10)

1+S

Here we note that the energy « contains all the electron-nucleus energy and the atomic
component of the kinetic energy while f is the kinetic energy coupling representing interatomic

motion plus an interorbital potential term both of which are negative and small at large separation.
As R goes to zero a and f both become equal to the energy of He* in the single atomic orbital basis.
Neglecting the overlap S gives us twice that energy while including it as S =1 produces the correct
united atom limit. The overlap parameter S is dimensionless and increases exponentially from zero
at infinite proton separation towards 1 in the united atom limit. The range of the overlap S is greater
than that of the total electrostatic effects. Thus the Pauli repulsion is likely to be more important than
electrostatic repulsion as the molecule forms but eventually, at small enough separation, the nucleus-
nucleus repulsion takes over and prevents molecular collapse to a “united atom”. The interatomic
coupling in #also goes from a large negative energy in the united atom limit towards zero at infinite

separation. The kinetic part can be expected to have the same range as the overlap S. In the case of
Ho* the attraction associated with f is larger than the repulsion related to S so the molecule reaches

a stable minimum bond energy before the shorter range electrostatic repulsion kicks in to raise the
energy. In order of importance the bonding in Ho* is due to: 1. Attraction due to interatomic electron
motion ( /), 2. repulsion due to spatial constriction and orbital overlap (') and 3. proton-proton

repulsion (1/ R) at close range. The first two of these mechanisms are fundamentally quantum
mechanical and related to the “size of a quantum state”. The interatomic motion opens up more phase
space for the ground state while the second lessens available phase space for the state to be fitted in.
The bond energy curve mainly reflects a balance between these two opposing effects on the motion
of the electron in the ground state with the proviso that for small bond lengths R <R, the

electrostatic interaction, in particular the proton-proton repulsion, enters and dominates the
approach to the united atom limit.

Suppose now we consider also the excited state orbital formed in this minimal basis treatment
of Hz*. This will allow us to see how the interaction influences the full orbital space of the lowest
bonding and first excited molecular orbitals. With and without the overlap correction (S > 0) their
energies are

80:a+ﬁ’ —> atf forS=0; alzﬂ, > a-—pf for§=0. (11)
1+S 1-S
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We see that without account for overlap the interatomic coupling ( £ ) splits the degeneracy of
the localized atomic ground states symmetrically into bonding and antibonding states so that equal
population of both with non-interacting electrons will leave no resultant electronic bond interaction.
The attraction of interatomic electron motion is perfectly cancelled by the repulsion of spatial
restriction (Pauli repulsion) in the excited orbital. The presence of overlap S > 0both widens the
gap and increases the average orbital energy:

Gap: ¢ —¢g,=2p for S=0, =2><'B+—S2a for§>0;

-S

_Sp (12)
Average: &’T-’_gl:a for §=0, :% for §$>0.

At least for small overlap (equilibrium and expanded geometry) we expect the average orbital
energy to rise in energy so that symmetrical occupation of both orbitals will lead to kinetic and
overlap contributions which sum to a repulsion when the # —n interaction is included. We see that
accounting for atomic orbital overlap § plays a fundamental role in establishing realistic repulsion
between atoms due to spatial congestion. This is entirely a quantum effect. The total electrostatic
interactions are repulsive for this simplest analysis of Hz*. They reflect quantum effects through the
diffuseness of the electron distribution while the protons in this Clamped Nuclei (BO) picture are
classical and therefore not diffuse. Thus the proton-proton repulsion rises to infinity like 1/ R as
they approach to eventually dominate at small R . More correctly, outside the BO approximation,
the protons are also quantized and diffuse such that the repulsion would be softened by an additional
“protonic Pauli repulsion”, but this effect is very small compared to the effects of diffuse electrons.

Recalling how the hydrogen atom gave us insight into the nature of the orbital spectrum of larger
atoms we can similarly note what a hydrogenic spectrum of molecular orbitals of H2 would bring.
The analysis above, extended to more electrons by ignoring the electron-electron repulsion, suggests
that H> would be twice (a little more due to a shorter bond length at equilibrium) as strongly bound
as Ho* but then H> would be about half as stable again and a fourth electron would completely
destabilize the molecule. Despite our neglect of electron-electron repulsion, we are not far from the
truth. Pauli repulsion is known to play a major role in the interatomic repulsion that opposes bonding
of, e. g., the helium dimer. This picture is, of course, just the reason why we refer to the two orbitals
formed (y,,¥,) as “bonding” and “antibonding”. We expect the qualitative character of these

orbitals to remain after the electron-electron repulsion has been accounted for. Thus we expect
occupation of the excited orbital to be unfavorable for the bonding eliminating it altogether when it
is symmetrically occupied as in He:.

This picture of covalent bonding as composed of a kinetic attraction opposed by Pauli repulsion,
and for compressed geometries increasingly by electrostatic repulsion, should remain valid in
essence for stable covalent bond formation also in larger molecules with symmetrical bonds. In the
presence of ionic bonding, in the form of charge transfer among the bonded atoms, the electrostatic
interactions will play a different, and more significant, role and contribute to the attraction. Further
mechanisms do contribute, such as exchange and Coulombic correlation, “resonance effects”
(generalizations of the interatomic orbital delocalization discussed here to include individual many-
electron configurations, e.g. as the covalent and ionic configurations in the VB theory of H>) in larger
molecules etcetera, but the simple picture above in terms of molecular orbitals should remain the
backbone of the bonding mechanism.

Summary: The covalent bonding mechanism is most fundamentally related to the ability of
valence electrons to move between bonded atoms. A condition for this to be possible is that the
ground state wave function is delocalized over the covalently bonded atoms. The strength of the
bonding is related to the downward shifts in energy of these delocalized wave functions. Such
downward level shifts are associated with upward shifts of neighboring excited levels bringing the
energy spectrum to a less degenerate (more evenly spaced) form. The spacings between energy levels
are proportional to the corresponding rates of interatomic electron motion (delocalization) and to the
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bond strength. The attraction associated with interatomic electron motion is always accompanied by
repulsion of two types: i) Pauli repulsion associated with overlap of atomic orbitals and ii)
electrostatic repulsion mainly associated with charge-charge repulsion between nuclei. The latter is
generally of shorter range due to the electron screening mechanism so the Pauli repulsion dominates
for larger separations while the electrostatic repulsion sets in around the equilibrium geometry and
then rises.

This mechanistic understanding of covalent bonding is entirely of quantum mechanical origin
arising from the required diffuseness of a quantum state and the lowering of kinetic energy associated
with increasing diffuseness as the bonding electrons move faster between two or more atoms in the
molecule. Interatomic electron motion allows electrons, at least for geometries close to equilibrium,
to contract their motion around the atomic nuclei, thereby converting the kinetic energy lowering to
potential energy lowering in accord with the virial theorem. The formation of a molecule also reduces
available space for orbital motion causing repulsion while the electrostatic interactions both favour
(n-e) and resist (n-n and e-e) the formation. The resultant bonding is a balance of effects but it is safe
to conclude that the requirement of diffuse quantum states is the key to the balance and the ability of
electrons to move interatomically is indispensible to the presence of resultant covalent stability.

Conclusions

Quantum mechanics made its way into chemistry, without chemists knowing it, first around
1870 in an empirical form when the atoms were found to show predictable properties as systematized
by the Periodic Table. About 50 years later it became understood how the Periodic Table could in
principle and, with time, modern methods and computers, increasingly in practice, be derived from
the newly discovered quantum mechanics. Atomic and molecular quantum mechanics was over the
last 100 years developed first mainly by physicists, but then also by chemists who have produced a
form of “quantum chemistry” of great accuracy and applicability. The numerical methods are now
extremely refined and available in comprehensive program packages. Our analysis above of atomic
reactivity and molecule formation is meant to be complementary to the results of modern quantum
chemistry, i.e. by focusing on the physical and mechanistic interpretation of the empirically or
computationally obtained results. We have tried to show that the required space-momentum
uncertainty, or diffuseness, of quantum states and the inherent dynamical nature of quantization
leads to systematic behaviors of atoms individually and of the bonds they form in molecules. These
inherent quantum mechanisms are related to the character of the energy eigenstates of the system
(local or delocalized?) and the character of the spectrum of energy eigenvalues (degeneracy, near-
degeneracy or chemically separated?). Thus the atomic properties are related not only to the ground
state but to the nature of the energy spectrum just above it. This casts new light on the basis of
periodicity in atomic electronic structure.

The atomic structure and the property variations in the Periodic Table are related to the
persistence of one-electron decoupling of electron dynamics due to spherical symmetry of the whole
atom. This is the origin of the one-electron Aufbau model of atoms. This decoupling due to spherical
symmetry leads to degeneracies in the Aufbau model, changed in many cases to near-degeneracies
in experimental reality. The ground state electron populations of some atoms will nevertheless,
despite assumed decoupling, lead to some nondegenerate Aufbau ground states with exceptional
stability (inert gas atoms), but in general the ground states will show degeneracy and thereby
reactivity in accord with empirical reality systematized in the Periodic Table.

Molecule formation of two or more atoms relaxes reactivity and lowers degeneracy of bonded
atoms generally to produce a nondegenerate molecular ground state. This is achieved by electron
redistribution among the atoms or by interatomic electron motion in the ionic and covalent bonding
mechanisms, respectively. These two mechanisms are both of atomic and quantum-mechanical origin
but different in their dynamical character. The essence of ionic bonding can be seen by extending the
Periodic Table from neutral atoms to atomic ions but covalent bonding takes us fundamentally to the
properties atomic clusters where the electrons can move between atomic centers. In general
heterogeneous molecules these mechanisms are both present.
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Our analysis above should be seen as a way to look at and understand the physical mechanisms
of atoms and their formation of molecules. It seems to capture the fundamental facts and mechanisms,
which are of quantum-mechanical origin, without need of detailed mathematics or numerical
calculation. Hopefully more chemists will with this analysis see the foundation of atomic and
molecular chemistry more clearly. Quantum chemists have the tools to probe the validity of our
analysis. There are important questions to answer by quantum-chemical computation such as: Can
new computational results for not only ground states, but also their degeneracy, near-degeneracy or
strong non-degeneracy, provide the claimed insight into reactivity versus stability of atoms and
molecules? Can it be verified that covalent bonding fundamentally relates to relaxation of dynamical
constraints seen computationally in reduction of degeneracy, and physically in electron mobility
between bonded atoms?
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