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ABSTRACT

This thesis applies and extends the theory of atoms in
molecules, The charge distributions of diatomic molecules,
hydrocarbons, hydrogen-bonded complexes and complexes containing NN
bonds are examined.

The theory of atoms in molecules provides s quantum mechanical
definition of an atom in a molecule and its properties. The topology
of the charge distribution is the observational basis for the elements
of molecular structure, structural change and stability.

The theory is reviewed in Chapter 1. Studies of hydrocarbons
and diatomic molecules are made and the new concept of atomic volume is
introduced. Electronegativity schemes are explored and extended.

The nature of the hydrogen bond is discussed in Chapter 2. The
charge redistribution which allows for mutual penetration of the van
der Wasls envelopes of the base atom and the H~bonded H atom is
investigated.

Chapter 3 shows how the Laplacian of the charge density can be
used to predict structures snd geometries of hydrogen-bonded complexes.
Reactivities of activated double bonds to nucleophilic attack are
predicted by v2¢.

Chapter 4 surveys a set of complexes containing NN bonds and
rroposes a bond order and bond energy scheme for these bonds.

Chapter 5 uses density functiocnal theory to construct
correlstion energy functionals. The correlation energies of atoms in
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molecules can then be studied and totaml energies of molecules

calculated.
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INTRODUCTTON

Science is observation, identification, classification,
explanation and prediction. The first observation of the theory of
atoms in molecules was that if the charge density in a region of real
three-dimensional space was similar in form between different systems,
then so was its kinetic energy density. This observation led to the
proposition of zero flux surfaces and to the identification of these
(mononuclear) regions as atoms. Second- and third-row distomic
molecules were then considered and the interatomic surfaces were
classified on the basis of their shape and the number of valence
electrons (wvacasncies) on the electron donor {acceptor). Atomic
interactions were classified as shared (v2p(re) < 0) or closed-shell
(v2P(re) > 0). Hydrogen-bonded complexes (Chapters 2 and 3) are
examples of closed-shell interactions while molecules containing
nitrogen nitrogen bonds (Chapter 4) are examples of shared
interactions.

An explanation of hydrogen bonding is given by the theory of
atoms in molecules. The charge distributions of the approaching atoms
that will form the H-bond polarize in such s way as to facilitate
mutual penetration of their van der Wasls envelopes., As the degree of
penetration increases, so does the strength of the hydrogen-bond. The
theory also explains the geometry of OCO-HF (Chapter 3), the
similarities between isoelectronic NN and CC complexes (Chspter 4), and
the trends in correlation energies of the hydrides for example

1



(Chapter 5).
The theory predicts the electron population of an atom in a
diatomic molecule (Chapter 1), the structures and geometries of H-

bonded complexes (Chapter 3), the greater toxicity of the acrylates as
compared to the methacrylates (Chapter 3) and the bond orders and bond
energies of complexes containing NN bonds (Chapter 4).

The goal of this work is to spply and extend the theory of
atoms in molecules to various chemical systems within the framework of

the scientific method.



THE_THEORY OF ATOMS IN MOLECULES AND ITS APPLICATION TO
MOLECULAR CHARGE DISTRIBUTIONS

This chapter introduces the concepts used in the theory of
atoms in molecules (Bader 1985, Bader and Nguyen-Dang 1881, Bader et al
1881). Discussions of the topological properties of the electronic
charge distribution and the Laplacian of the electronic charge
distribution and the atomic properties of atoms in molecules are
emphasized as these ideas are central to the original work presented in
this and the following chapters.

Section 1.1 details the construction of the charge
distribution. Sections 1.2 and 1.3 describe the topological features
of the molecular charge distribution, ¢, and the Laplacian of the
charge distribution, 9v2f, respectively. Section 1.4 shows how these
features can be used to characterize atomic interactions. Section 1.5
outlines the quantum mechanical derivation of the theory of atoms in
molecules and delineates the atomic properties of interest in this
work. It also demonstrates the transferability of these properties in
a series of hydrocarbons. Section 1.6 illustrates the concepts of the
theory through a study of second-row diatomic molecules and second- and
third-row  hydrides. Non-relativistic stationary state quantum
mechanics using the Schridinger representation (or picture) and the
coordinate representation is used throughout the thesis. Atomic units
(F=z e =m = 1) are used in the equations and results throughout this

3



work unless otherwise noted.



1.1 CONSTRUCTTON OF THE CHARGE DISTRTBUTION

An isolated molecular system composed of N nuclei, denoted a,
B, ...,
and n electrons, denoted i, j, ..., is described by its Hamiltonian
opersator, ﬁ, and a wavefunction ¥ satisfying the stationary state
Schrédinger equation

ﬁ§1 = E1®1 [1.1.1]

(Schridinger 1826; For introductory accounts of quantum mechanics see
Levine 1983 or Hehre et al 1986, for exsmple). In this time-
independent equation, Ei is a real constant (an eigenvalue), 1 =
0,1,... and ﬁ is given by

A
H

Za =1 924 -1 24924 4+ Zaep ZaZp - Za,1%a 4+ 21¢s 1

2o 2 Ras Tia riy
£1.1.2]
The mass and charge of nucleus «a are denoted Ha and Za respectively.
The Laplacian operator with respect to the coordinates of the indicated
particle (nucleus or electron) is denoted 92« or 92; respectively. The
expression for the Laplacian operator is
VZ = /02 + 02/4y2 + 02/4z2 [1.1.3]
The symbols Rap, ria and rais denote the distances between the
respective particles.
Adopting the Born-Oppenheimer approximation (1827), where the
nuclear and electronic motions are decoupled and noting that in all
applications of the theory in this thesis molecular systems are

5



B
considered in their ground states (therefore the 1 subscript can be
dropped) allows the state function to be written as

B(X,%) = 8COYX;X) [1.1.4]
Here X dencces the collection of the nuclear coordinates, x denotes the
collection of electronic space and spin coordinates, 6(X) 1is the
nuclear state function and ¢(x;X) is the properly antisymmetrized

e.ectronic state function which must satisfy the electronic Schrodinger

equation
Haa0l(x;X) = ECOYCx:X) {1.1.5]
The electronic Hamiltonian is given by
ﬁ;l = -1 24924 - Zu,1la + Za<s 1 [1.1.6]
2 e ras

ael depends on X only through the term

Van = -3a,1Za [1.1.7]

ria
and this term is responsible for the parametric dependence of the
solutions to eguation [1.1.5] on X. For notational convenience,
hereafter this dependence will be implicitly assumed. The Roothaan-
Hartree-Fock Self Consiistent Field procedure (1851), &s implemented in
the GAUSSTAN series of programs (Frisch et al 1988) for example, is
used to find sclutions to [1.1.8].
The charge distribution for a system containing N electrons is

defined by

F(r) = NZapina I{]15#1drd}¢*(x)P(x) [1.1.8]
where ¢ is a solution to equation [1.1.5], x is the collection of

electronic space and spin coordinates and r is the space coordinates of
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one electron. In an abbreviated fashion, equation [1.1.8] may be
written as

P(r) = nidr ProPoo [1.1.8]
where T° denotes the Cartesian coordinates of all the electrons but one

and the spin coordinates of all the electrons.

The electronic charge distribution p(x) (also known as the
electron distribution, charge distribution, electron density or charge
density) is an observable scalar field defined in real three
dimensional space. It determines the distribution of any ocne of the
electrons as determined by an average over the motions of the remaining
electrons. The electron density can be determined both experimentally
from =x-ray crystallography (Stewart 1979, Lau et al 1886) and
theoretically. In this work theoretical charge densities obtained from
single determinant state functions are analyzed, Since the Roothman-
Hartree Fock SCF procedure is used, f(r) can be expressed as

A(r) = Sahaga(x)da(x) [1.1.10]
where A1 is the electron occupation number of the ith real Hartree-Fock
spin orbital g1(x). The series of computer programs collectively known
as PROAIM operates on P(r) generated from equation [1.1.10] (Biegler-

Kénig et =l 1982).



Having defined the charge density of interest for this work,

A(r), it is essential to describe the topological features of this

distribution. Figure 1.2.1 displays contour plots of the charge
density of formaldehyde in the molecular plane, a plane perpendicular
to this containing C and O, and a plane perpendicular to the CO bond
axis containing the CO bond critical point. The contour lines connect
points of equal charge density. Figure 1.2.2 displays the
corresponding relief plots. The figures show that maxims in # occur
only at the position of the nuclei and that saddle points in @ are
found between C and O and C and H. To concisely and quantitatively
summarize these observations, a ecritical point analysis is performed
(Table 1.2.1),

A critical point of e(r) is a point where the assoéiated
gradient wvector v#(r) vanishes. A critical point is claessified
according to its rank and signature, written as (rank, signature). The
rank of a critical point at re eguals the number of nonzero eigenvalues
(principal curvatures) of the Hessian matrix A where

B = (3%/Cdrsdead)y,
[1.2.1]
is a real symmetric matrix which can be diagonalized. Associated with
the principal curvatures are the corresponding principal axes (the
eigenvectors Ax1, Az and Aa). The signature is the sum of the signs of

the eigenvalues,



8

In the charge distributions studied in the present work, only
critical points of rank 3 are found. They are of four types: (3,-3),
(3,-1), (3,+1) or (3,+3). MNuclear positions behave topologically as
(3,-3) critiecal points (local maxima) in e (Bader and Nguyen-Dang
1981).

The two negative eigenvectors (A1 and Az) associated with the
negative eigenvalues of a (3,-1) critical point define a surface in
which the critical point is a local maximom. The eigenvector (Aa)
associated with the positive eigenvalue defines a unique axis along
which £ increases for motion away from the critical point most rapidly,
the walue of r{(rs) being the local minimim slong this axis. The
saddle-like nature of this critical point is displayed in Figure 1.2.1
(a) snd (b) where the critiecal point on the carbon oxygen internuclear
axis is viewed in a plane defined by the eigenvectors sssociated with
Aa and eithér one of Aa or Az. Figure 1.2.1 (¢) illustrates that in
the plane defined by the eigenvectors associated with the negative
eigenvalues a (3,-1) critical point is a local maximum. The molecular
structure hypothesis (vide infra) states that two atoms are bonded if a
(3,-1) critical point exists between them. Thus, C and O are bonded as
are C and H and the (3,-1) critical point is termed a bond critical
point.

The values of f(re) are given in Table 1.2.1. There is a total
of three bond eritical points in formaldehyde. The value of the charge
density evaluated at any of these bond critical points is a positive
value which gives a measure of the degree of accumulation of electronic

charge between the given nuclei. It is a general observation that
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increasing strength through a similer series of bonds is reflected in a
corresponding increase in the amount of charge density at the bond
critical point. The values of Po have been used to define a bond order
relationship for CC, CO, CN and 00 bonds (Bader et al 1983, Kraka 1984)
and NN bonds in the present work (Chapter 4),.

In a bond with cylindrical symmetry such as €D or HF (Figure
1.2.3) the two negative curvatures of @ at the bond critiecal point (A
and Az) are of equal magnitude. However, if electronic cherge is
preferentially accumulated in a given plane along the bond path (as it
is for a bond with m-character, the OO0 bond in H=2CO for example) then
the rate of falloff in e from its maximum value f¢re) in the
interatomic surface is less along the axis lying in this plane than
along the one perpendicular to it, and the megnitude of the
corresponding curvature of £ is smaller. If Az is taken to be the
value of the smallest curvature, then the ellipticity of the bond

€= (Ay/Az - 1) £1.2.2]

provides & measure of the extent to which charge is preferentially
accumulated in a given plane. The axis of the softer curvature {(A2),
the mejor axis, determines the relative orientation of this plsne
within & molecule. The OO0 bond in H=2CO has a substantial ellipticity
with € = 0.058 reflecting the mn-character of the bond (Teble 1.2.1).
The concepts of 0 end m-electron populations and atomic quadrupole
moments  (given in Section 1.5) also describe quantitatively
preferential accumulation of charge in a given plane.

A (3,+1) critical point is called a ring critical point because

it only exists in ring structures such as cyclopropane. The
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eigenvectors associated with the two positive eigenvalues generate en
infinite set of gradient paths which originate at the critical point
and which define the ring surface. The remaining eigenvector generates
a pair of dradient paths which terminate at the critical point and
define a unique axis perpendicular to the ring surface at the critical
point. The value of P at a ring critical point is necessarily smaller
than the value of ¢ evaluated at the surrounding bond critical points
(Table 1.2.1).

A (3,+3) critical point, =8 local minimum in #(r), is called &
cage critical point because it exists only in molecules possessing cage
structures such as tetrahedral N4 (Table 1.2.1). The eigenvectors
associated with it generate an infinity of gradient paths which
originate at the criticesl point. Cage and ring critical points are
found only in a few of the charge distributions analyzed in this work.

To gain more understanding of critical points and their
properties, and to define the elements of molecular structure, it is
instructive to examine the gradient vector field of the charge density
(Figure 1.2.4). Each orthogonal trajectory or gradient path of £ is a
line of steepest ascent through the scalar field e(r). The gradient
path is the integral curve of the differentisl equation

dr(s)/ds = v,(r(s)) {1.2.3]
for some initial value r(0) = ro. Thus the points r(s) of the gradient
path through ro are given by

r(s) = ro + ' 9p(x(t))dt [1.2.4]
Each and every such path starts and finishes at a oritical point or at

infinity. The starting point is called the a-limit set
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a{ro) = lima--w r(s) [1.2.5]
and the terminus is the w-limit set
W(ro) = lima-y+e 2(S) f1.2.6]
The a-limit set is termed the repellor and the w-limit set is termed
the attractor of the path (Bader et al 1881).

A (3,-3) critical point is the w-limit set of =all paths
starting from and contained in some neighbourhood of the eritical
point. It is an attractor of v#. Thus, nuclei act as the attractors
of the gradient vector field of #(r). The largest neighbourhood
containing trajectories such that any trajectory originating in it
terminates at & nucleus is called a basin. An atom, free or bound, is
defined topologically as the union of an attractor and its associated
basin.

Alternatively, the atom can be defined in terms of its

boundary, The bssin of a single nucleus in an isolated atom spans the

entire three dimensional space R3, For an atom in a molecule the
atomic basin is a subset of R3, This atom is separated from
neighbouring atoms by interatomic surfaces. The existence of an

interatomic surface Sas implies the bpresence of a (3,-1) critical
point. The surface Sas consists of all gradient paths which terminate
at the (3,-1) critical point. It is generated by the two eigenvectors
associated with A1 and Az. The atomic surface Sa of en atom A is
defined as the boundary of the basin. In general this boundary is the
union of a number of interatomic surfaces, separating two neighbouring
basins, and some portions which may be infinitely distant from the

attractor. The interatomic surfaces and the surfaces found at infinity
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are the only surfaces S of R? which satisfy the equation
vP(r)-n(r) = 0 for every red [(1.2.7]

where n is the unit vector outward normal to the surface at r. A
surface satisfying the zero flux condition (equation [1.2.7]) is called
a zero flux surface. An atom, isolated or bound, is a region of real
space containing a single nucleus and bounded by a zero flux surface.
The zero flux surfaces displayed in Figure 1.2.4 represent the
intersection of the atomic surfaces with the given plane.

Also shown in Figure 1.2.4 is a pair of gradient paths in a
given plane which originates at a (3,-1) critical point and terminates
at neighbouring nuclei. These gradient paths are generated by Aa and
they define a line through the charge distribution along which f(r) is
s maximum with respect to any lateral displacement. This line is
termed an atomic interaction 1line. For a molecular system at an
equilibrivm geometry this 1line can be further classified as a bond
path. Since only equilibrium geometries are examined in this work,
exclusive use of the term bond path will be made. Two atoms are
bonded to each other if a bond path connects the two atoms. Since a
bond exists between two atoms if and only if a bond path, and hence a
(3,-1) critical point, exist between them, a (3,-1) critical point is
called a bond critical point and its coordinates are denoted ro.

The length of the bond path Ro between atoms A and B is always
> the corresponding straight-line geometrical internuclear separation
Re (Table 1.2.1). The difference is greatest for electron-rich and
electron-deficient molecules which possess curved bonds., The bond path

angle an, the limiting value of the angle subtended at a nucleus by two
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bond paths, when compared to the corresponding geometrical angle e
(bond angle), is important in quantifying the idea of bond strain
(Wiberg et 2l 1887a). In general, &a = an - ¢ta gives a measure of the
degree of relexation of the charge density away from the geometrical

constraints imposed by the nuclear framework. In Chapter 4, a study of
NN complexes, large values of s&a are observed and these concepts are
discussed in more detail.

The network of bond paths linking pairs of nuclei is called the
molecular graph of the system (Figure 1.2.5). A molecular graph
summarizes which atoms are bonded to one snother, i.e. the molecular
structure. In many instances the molecular graph is in agreement with
chemical expectations. It is important to note that only one bond path
links two bonded atoms. The C and O nuclei in H2CO are linked by one
bond path; “"double bonds" do not sppear in ¢ as two lines linking C and
0; only a single path is observed.

The concept of molecular structure is different from that of
molecular geometry. A molecular structure is a representation of which
atoms are bonded to one another in a molecule. It is a generic
property. A molecular geometry gives the internuclear distances and
angles in the molecule. Geometry is a non-generic property since any
infinitesimal change in a set of nuclear coordinates results in a
different geometry, The molecular geometry may be varied without
changing the molecular structure but the converse is not true. All
molecular geometries having the same molecular structure belong to the
same structure region, The mechanisms of structural change, as

described using catastrophe theory, have been reviewed by Bader et al
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(1981).

The final columns in Table 1.2.1 list the atomic bonded and
nonbonded radii values. The distances of the carbon and oxygen nuclei
to their common bond critical point in HzCO are called the bonded radii
re and ro. The bonded radii wvalues are useful when studying a
homologous series of molecules and the shift in bond critical point
toward an atom may be related to the electronegativity of that atom
(Section 1.8).

A nonbonded radius ra is the distance of a nucleus from a
chosen contour of the nonbonded charge density. The outer charge
density contour, of value 0.001 au, is used in the determination of
nonbonded radii as this yields molecular sizes and atomic diameters in
good sgreement with gas phase van der Waals radii (Bader and Preston
1970). A large value for rz implies a large diffuse region of
nonbonded charge distribution. In Figure 1.2.3, this is seen to be
most evident in ti.. carbon of CO. In general, atomic first moments
(Section 1.5) also increase with increasing nonbonded radius.
Nonbonded and bonded radii values are needed to quantify the concept of
mutual penetration of two isolated reactants to form a complex. HMutual
penetration is deseribed in the hydrogen bond work (Chspter 2).

The notion of defining the shape of the molecule has been
extensively studied (Bader et al 19872). In the theory of atoms in
molecules, molecular shape does not mean the srrangement of nuclei in
three dimensional space. HNor is the shape given by the intersection of
spherical van der Waals surfaces. Rather the shape is given by the

0.001 an charge density envelope (Figure 1.2.8). The volume enclosed
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by the envelope is termed the moleculsr volume wvv. Each atom in a
molecule has an atomic volume v(Q) and Zqv(Q) = v (Section 1.5).

The topology of a molecular charge distribution yields a
unified theory of molecular structure, one that defines atoms, bonds,
structure and the mechanisms of structural change. However, the
topology of ¢ does not give any evidence of a shell structure in an
atom or of maxima in & corresponding to bonded or nonbonded pairs of
electrons as is anticipated on the basis of the Lewis model or the
model of localized electron pairs - models important in the
understanding of chemical reactivity and molecular geometry. These
models are recovered in the properties and topology of the Laplacian of

F.
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Figure 1.2.1

Contour plots of the electron density in three planes of the
formaldehyde molecule H2C0. (a) The plene containing the nuclei.
Nuclear positions are denoted by + signs. (b) The plane perpendicular
to the sbove and containing the carbon-oxygen internuclear axis. (c)
The plane perpendicular to the carbon-oxygen internuclear axis at its
bond eritical point. The outermost contour of ¢ has a value of 0.001
au and the contours then increase in steps of 2x10n, 4x10», and 8x10n
with n beginning at -3 and increasing in steps of unity. This set of
contour values is used throughout the thesis unless otherwise noted.
In (a) and (b) zero-flux surfaces and bond critical points (black dots)
are included. The charge densities have been generated from

statef.netions caleulated using the RHE/B-3114+G**//6-31G*™* scheme,
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Figure 1.2.2
Relief plots in the three planes of the formaldehyde molecule H2CO

considered in Figure 1.2.1.
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Figure 1.2.3
Contour maps of the charge distributions of hydrogen fluoride and
carbon monoxide are presented, Included are zero flux surfaces and

bond critical points (black dots).
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Figure 1.2.4

(a) A map of the gradient vector field of the charge densi.y for the
plane containing the nuclei of the formaldehyde molecule superimposed
on the charge density contours of formaldehyde. Included are zero flux
surfaces (bold lines), bond paths and bond critical points (black
dots). Each line represents a trajectory of vy,

(b) A msp of the gradient vector field of the charge density for the
plane containing the nuclei of the trans-NzHz molecule. Included are
zero Flux surfaces, bond peths and bond critical points (black dots).

Esch line represents a trajectory of o».
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Eigure 1.2.5

Molecular graphs of HzCO and other second- and third-row molecules of
interest in this thesis are presented. Black dots denote bond critical
points. Values of q(Q), the net charge of atom Q, and directions of

the atomic first moment p(Q) (shown as arrows drawn to scale) are given.
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Eigure 1.2.6

The 0.001 au charge density envelopes, i.e. the molecular shapes, of
some hydrocarbon molecules are presented: a) CHa b) CzHe ¢) CaHe d)
CaHio e) LsHiz f) CeHia g) iso-CaHio h) neo-CsHiz i) CaHe j) CaHe k)
CeHiz 1) bieyclo{1.1.0]butane m) [1.1.1]propellane., The intersection

of the =zero flux interatomic surfaces with these envelopes are reedily
drawn in by eye to yield the methyl and methylene groups. The
formaldehyde molecule (labelled n) is included at the bottom of the figure.
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Table 1.2.1. Critical Point Properties for Hz2C0, CO, HF, CaHe and N4.™

A

0.2048 -0.3821

0.2809 -0.3621
C.2388 0.3493

o
s

3.42
2.60
3.28
2.04

2.56
3.50

System Bond Ra Re P(ra)
4B
{=CO CO 2.2382 2.2382 0.4308 -1.,2488
CH 2.0661 2.0862 0.2825 -0.7881
co CO 2.1047 2.1047 0.5089 -1.8323
HF FH 1.7018 1,7018 0.3923 -2,8052
CaHs CC 2.8289 2.8448 0.2478 -0.4807
CH 2.0334 2.0336 0.2884 -0.7501
ring
Na NN 2.6360 2.6632 0,3385 -0.6641
ring
cage
System Bond ra B rx
AB
H=2C0 CO 0.7427 1.4955
CH 1.3257 0.7405
(4] CO 0.7081 1.3968 3.78
HF FH 1.4441 0.2576 3.18
CaHe CC 1.4182 1.4182
CH 1.2786 0.7548
ring
Na NN 1.3220 1.3220 3.50
ring
cage

Az A3 92 (re) €

-1,1815 2,8808 0,4583 0,0580
-0.7813 0.45982 -1.1103 0.0087
-1.8323 4.6441 0.8796 0.0000
-2,8052 2,2408 -3.3685 0.0000
-0.3172 0.2575 -0.5404 0.51%4
-0.7287 0.4193 ~1.0575 0.0322
0.2326 0.2328 0.0831

-0.8374 0.7680 -0.5324 0.0418
0.5171 0.5171 0.8721

0.3483 0.3493 1.0478

= All values are in au. The charge densities are calculated using the

RHF/B-311++G**//6-310"* scheme.



The Laplacian of ¢ is defined by the equation

92ZP(r) = 02 Jfox2 4+ 020 fby2 + O2f fb22 [1.3.1]

It is the sum of the three principal curvatures of the Hessian of F.
It determines where electronic charge is 1locally concentrated and
depleted (Bader 1988, Bader et al 1988, Bader and MacDougall 1885,
Bader and Essén 1884, Bader et al 1884). From the definition of a
second derivative one finds that f(r) is greater than the averade of
its values over an infinitesimal sphere centered on r when 92p(r) < G
and less than this average when 92¢(r) > 0. Thus a local maximum
(minimum) in -v2¢ signifies 8 local concentration (depletion) of
electronic charge. The Laplacian of £, a scalar field, occurs
throughout the theory of atoms in molecules multiplied by - £.2/4m, that
is, as an energy density (Eader and Neuyen-Dang 1881).

In general the maxima in -92 duplicate in number and in kind
the nonbonded electron pairs of the Lewis model (1816) and the VSEPR
model of geometry (Gillespie 1872). However, the Lsplacian is a
property of the total system and not a model. Its values provide 2
quantitative measure of the local charde concentrations as well as
fixing their number and positions. The extrema in 9v2¢ are found by
locating their eritical points, points where 9(92¢) = 0, A maximum in
the -v2¢ field, a (3,-3) critical point, denotes the presence of a
region of local charge concentration. A minimum in the -v2¢ field, a
(3,+3) critical point, denotes the presence of & region of local charge

31
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depletion.

The Laplacian recovers the shell model of electronic structure
in an atom by displaying a corresponding number of alternating shells
of charge concentration and charge depletion beginning with a region
of charge concentration at the nucleus. Within the outer or valence
shell of charge concentration (VSCC), an isolated atom exhibits a
uniform sphere over which *the valence electronic charge is maximally
concentrated. The curvature of -92¢ normal to the surface of this
sphere, the radial curvature, 1is negative. The two remaining
curvatures, those tangential to the surface, are equal to zero. Upon
chemical combination this surface will, in general, persist (the
derivative of -9 normal to the surface is still zero and the
corresponding curvature is negative), but the surface is no longer cne
of uniform concentration as the tangential curvatures assume either
positive or negative values. This distortion causes the formation of
regions of local charge concentration and charge depletion.

Figure 1.3.1 serves as an example of the above features of
vZ&*. Contour plots of v2 for formaldehyde in the molecular plane and
a perpendicular plane along the CO axis are displayed along with
corresponding relief plots. In the molecular plane there are two
equivalent oxygen nonbonded maxima which are large in magnitude and
serve as sites of electrophilic attack (by H in HF for example). In
the perpendicular plane there are regions of charge depletion which are
large in magnitude in the carbon valence shell and serve as sites of
nucleophilic attack (by OH- for example).

In addition to nonbonded mexima in the VSCC of O in H=2CO, there
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also exist bondsd mexima between C and O and C and H (Figure 1.3.1).

Bonded maxima, in general, are smaller in megnitude and more tightly
bound since they are shared between two nuclei. In Hz2C0, for exampis,
the nonbonded O maxima have & value of 7.10 au while the bonded mexima
adjacent to O and C respectively in the C-O0 bond have values of only
3.12 and 1.57 au (¢ is calculated using the RHF/6-31G"™*//6-31G*™" scheme
in this section).

The maximum in the VSCC of an atom increase in magnitude and
decreasse in distance from the nucleus on traversing a row of the
periodic table from left to right. The aversge distances for C, R, O,
and F are 0.50, 0.42, 0.36 and 0.308 and 0.76 (.68, 0.62&A respectivev
for P, 8, and C1 (Carroll et al 1988).

The =alignment of a maximum in -92¢ with a region of charge
depletion may be discussed using the local virial theorem which shows
that it corresponds to the combination of a region of excess potential
energy with a region of excess kinetic energy (Bader and MacDougall
1885, Bader and Essén 1884). The local virial theorem is given (in au)
by

(1/4)92c(r) = V(r) + 2G(r) [1.3.2])
where Y(r) is the potentisl energy density and G(r) is the kinetic
energy density. Since the integral of the Laplacian vanishes over an
atom Q as well as over the the total system (Section 1.5), one obtains
the virial theorem

V(Q) + 2T(R) = 0 [1.3.3]
upon integration over the basin of an atom or over the total system.

Since V(r) < 0 and G(r) > 0 for all r, equation [1.3.2] states that the
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loering of the potential energy dominates the total energy in regions
where electronic charge density is concentrated, where v2¢ < 0, and the
kinetic energy is dominant in regions where electronic charge density
is depleted, where v2¢ > 0. The reaction of an acid with a base or an
electrophile with a nucleophile is therefore the reaction of a region
of excess kinetic energy with one of excess potential energy to yield a
system where the virial theorem is again satisfied.

The resctive surface of a molecule is defined as the v2¢ = 0.0
au envelope. Inside (outside) this envelope, charge is concentrated
(depleted). These surfaces are displayed for isolated krF+ and HCN in
Figure 1.3.2. The VSCC envelope for Kr is but & belt of charge
concentration. T.is arrangement exposes the Kr core (the inner

spherical shell of charge concentration) to the approsching nitrogen.
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Figure 1.3.1

Left hand side: Contour plots of 92 for the molecular plane of
formaldehyde (top) and a plane perpendicular to this and along the C-0
axis. The dashed (solid) lines denote regions of charge concentration
{depletion). The Laplacisn is also negative within the region bounded
by the innermost :1lid contour enclosing each C and O nucleus. The top
disgrsm shows the positions of the three bonded charge concentrations
in the VSCC of carbon and the single bonded and two nonbonded
concentrations in the valence shell of oxygen. The zero flux surfaces
and bond critical points (black dots) are also shown. The bottom
diagram shows the two critical points (indicated by solid triangles)
which determine the sites of nucleophilic attack at carbon. Starting
at a zero contour, contour values change in steps of #2x10n, 14x10~ and
+8x10» with n beginning at -3 and increasing in steps of unity.

Right hand side: Corresponding relief plots of v2e,
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Figure 1.3.2

Reactive surfaces (i.e. zero envelopes of the Laplacian distributions
(v2* = 0 for all points on the surface)) for isolated KrF+r and HCN
shown aligned for adduct formation and shown to the same scale. The

internuclear separation between Kr and N is 5 A (MacDougaell et al

1989).
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1.4, CHARACTERIZATION OF ATOMIC INTERACTIONS
An understanding of the topology of both the @ and v& fields

is necessary in the characterization of atomic interasctions. The

interaction of two atoms leads to the formation of & critical point in
#. The charge density is a maximum in an interatomic surface at the
critical point, and charge is locally concentrated there since the two
curvatures of ¢ (A1 and Az) perpendicular to the bond path are
negative. The charge density is a local minimim at the critical point
along the bond path since the third curvature (Aa) is positive and
charge is locally depleted at re with respect to neighbouring points
along the bond path. Thus the formation of an interatomic surface and
a chemical bond is the result of a competition between the
perpendicular contractions of ¢, which lead to a concentration or
compression of charge between the nuclei towards snd along the bond
path, and the parallel expansion of # which leads to the separate
concentration of charge in the basins of the neighbouring atoms. The
sign of 92 at re determines which of the two competing effects is
dominant. It also determines, through the local expression for the
virial theorem, the regions where the potential energy makes its
dominant contributions to the lowering of the energy.

When v2P(re) < O the perpendicular contractions in @ dominate
the interaction and the result is a sharing of electronic charge
between the nuclei as is typical of covalent or polar covalent bonds
(Figure 1.4.1: Hz, Bz, Nz, Oz and NO). Such behavior is also, for
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example, found for the polar F-H, N-H and OC-H bonds. Since charge is
concentrated between the nuclei along the bond path in these cases, the
values of £ and |-92¢| at a bond critical point are relatively large:
f(ro) = 0.352 an, 92(re) = ~1.758 an for N~H in HalN, P(re)
= 0.387 au, v2P(re) = -2.865 au for O-H in H20 and P(re) = 0.392 au,
v2P(re) = -3.370 au for F-H in FH (values are from ¢ calculated using
RHF/B-311++G**//6-31G**; Carroll and Bader 1888). As a consequence of
the local form of the virial theorem, equation ({1.3.2], the atoms in
these molecules are bound because >f the lowering of the potential
energy associated with the charge concentrated between the nuclei.

When 920(ro) > 0 the contraction of each atomic density towards
its nucleus dominates the interaction, resulting in a depletion of
charge at re and in the interatomic surface. These interactions are
called closed~-shell because ther represent interactions between
closed-shell atoms as found in noble gas repulsive states, ionic bonds
and hydrogen bonds. The wvalues of the charge density at a c=itical
point arising from a closed-shell interaction sre, in general, at least
an order of  magnitude smaller than those found in shared
interactions. These values are indicative of a relative depletion of
charge in the interatomic surface - a consequence of the requirements
of the Pauli exclusion principle. In a closed-shell interaction there
is little shared concentration of charge. Instead, the charge
concentrations and the corresponding regions of excess potential energy
are separately 1localized in the basins of the neighbouring atoms.
Since these charge concentrations can be polarized into the nonbonded

or bonded regions of the basins of the individual atoms, closed-shell
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interactions can give rise to unbound or bound states respectively
(Figure 1.4.1: unbound: Hez, Arz; bound: KF, LiCl and NaCl).

The Leplacian map for Arz shows that more electronic charge is
concentrated on the nonbonded than on the bonded side of each argon
atom. Charge is depleted from the internuclear region to a greater
extent than it is from the nonbonded region of each nucleus. Thus the
net forces on the nuclei are repulsive in sgreement with the unbound
nature of Arz.

A subset of closed-shell interactions which are bound are ionic
interactions. For an ionic diatomic molecule to achieve electrostatic
equilibrium the charge distributions of both the anion and cation must
be polarized in a direction counter to the direction of electron
transfer. The cationic nucleus is attracted by the net negative field
of the anion and the charge distribution of the cation must polarize
away from the anion to balance this attractive force. The anionic
nucleus is repelled by the net positive field of the caticn and the
charge distribution of the anion must polarize towards the cation to
balance this repulsive force. These features are displayed in the

Laplacian distribution of KF, LiCl and NaCl (Figure 1.4.1).



42

Figure 1.4.1
a) Contour maps of 92 for wmalecules with shared and closed-shell

interactions.

b} Relief maps of v%p for Nz and Arz.
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1.5 THE QUANTUM MECHANICS OF ATOMS IN MOLECULES

The quantum mechsnical basis for the definition of an atom in a
molecule and its properties has been developed by Bader ana co-workers
(Bader 1988, Bader 1985, Bader and Nguyen-Dang 1881). Though we are
concerned with the stationary state only, it is iwportant to note that
the theory of atoms in molecules is completely general and holds for
the time-dependent case also (Bader and Nguyen-Dang 1881).

The theory of atoms in molecules extends quantum mechanies to
subdomains. This theory is based upon a genermlization of quantum
mechanics to a subsystem of a total system, a generalization that is
possible only if the subsystem is bounded by a surface through which
the flux in the gradient vector field of the charge density is zero,

9¢(r)-n(r) = 0 for all points on the surface. [1.5.1]
The operational statement of this theory for a subsystem 2 is the
variational statement of the Heisenberg equation of motion for the
observable G. For a stationary state the corresponding statement is a
variational expression for the hypervirial theorem

BE[GE,2] = -(€/2){(i/%)<g[H,G]g>atcomplex conjugatel}/<g,@>a

[1.5.2]

The quantity GE[G¢,2] is the subsystem projection of the variation in
“he total energy of the system as caused by the ection of the generator
of an infinitesimal (€) change, -(i€/h)G, on the state function g. In
general, because of the topology of molecular charge distributions, the
zero flux boundary condition leads to a disjoint partitioning of the

45



46
space of & molecule into a set of subsystems each of which contains a
single nucleus - a partitioning into atoms. The average value of every
observable, together with its Heisenberg equation of motion is defined
for every atom 2 in a molecule and the average value of a property M
for the total system is given by the sum of the atomic averages M(RQ),
<H> = Za M(Q) [1.5.3]

The atomic statement of the hypervirial theorem as given in
equation [1.5.2] vields a wvariational derivation of all the theorems
derived from the Heisenberg equation of motion, including the virial
and Ehrenfest theorems. The atomic virial theorem is obtained by
setting the operator 6 equal to ;-; and is of a form identical to that
for a total system, namely

2T(R) = - V(Q) [1.5.4]

This theorem defines the kinetic energy T(Q) and potential energy V()
of the electrons in Q. Both of these quantities are determined by the
quantum mechanical stress tensor which is & functional of the
one-electron density matrix and both are therefore, expressible as
corresponding densities which can be interrated over the basin of an
aton. The total energy of atom , which also cbeys the requirements of
the virial theorem, is

E(Q) = T(Q) + V(Q) = ~ T(Q) = (L72)V(Q) [1.5.5]

: ic P .
An atomic property is determined by integrating the
corresponding property density over the basin of an atom 2. For

example, the average electron population of an atom, N(Q), is found by
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integrating the electron density over the basin of an atom:

N(Q) = [a drr(r) [1.5.6]
The net charge q(Q) is given by

q(Q) = Za - N(Q) {1.5.7)
where Za is the nuclear charge. Values of N(Q) and q(Q) for Hz2CO are
given in Table 1.5.1. The quantity |2N(Q) - N(molecule)| gives &
measure of the numerical integration error and is 2ero, to three
decimal places, for HzCO., In all calculations done in this work, this
value never exceeds 0.001 electrons.

Where orbitals of pure o and pure n symmetry can be
distinguished, the quentities No(2) and Nw(Q) can be determined:

No(Q) = Ig drfo(r)

Ne(Q) = Ja dren(r) [1.5.8]
Intraatomic polarizations of electron density from o density tom
density are reflected in these results (Chapter 2).

The quantities Na(Q) and NBa(Q) are important in the description
of electron correlation and density functional theory (Chapter 5). The
population of electrons with spin a in atom Q is given by

Na(Q) = Ja drea(r) [1.5.8]
where Pa(r) is the a-spin {(or spin-up) electron density. For a closed-
shell system Pa(r) = Pa(r) and, hence Na(Q) = Na(Q).

There have been other attempts to determine the electron
population of an atom in a molecule. The population analysis scheme,
based on basis set partitioning, developed by Mulliken (1855) is still
+he most popular method. It is interesting that in 1871 Mulliken said

that owing to the inconsistent and unsatisfactory results of this
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admittedly arbitrary scheme, it would be desirable to compute atomic
charges directly from the molecular electronic charge distribution.
This would be asccomplished by integrating ¢ over regions associated
with the individual atoms (Politzer and Mulliken 1871). At about the
same time Badi: and co-workers were Jjust beginning their work on the
zero flux surface (Bsder and Beddall 1972). Why the theory of atoms in
molecuize was not embraced V- the chemical community at that time is
puzzling but even more puzzling is that almost twenty years after
Mulliken's denuncietion of his population method, chemists are
continuing to use it.

The first moment (or atomic dipole) of atom 2, demoted p(Q), is
the atomic average of the electronic position vector ra = r - Xa where
Xa is the position vector of the nucleus of atom Q measured from an
origin. Thus,

w(Q) = -la ref(r)dr [1.5.10]

The cartesian components of u(Q) are calculated as follows:

Me(R) = -fa xo(r)dr
uy(R) = -fa yor(r)dr
ue(Q) = ~jio zar(r)dr £1.5.11)]

The atomic first moment measures the distortion of the charge density
of @ from sphericicy. It quantitatively describes to what extent the
charge density is polarized in a given direction.

The dipole moment of a neutral molecule, p, may be expressed sas
a sum over the net charge g(R) and first moment p(Q) of every atom in

the molecule as

B = Zafg(@)Xe + Q)] [1.5.12]
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where Xa is the position vector of the nucleus of atom @ measured from
some arbitrary origin. While the individual atomic contributions
a(Q)Xa depend upon the choice of origin, their sum does not, and thus
each molecular dipole moment is uniquely determined by a charge
transfer contribution arising from the net charge on the atoms

e = Zaq(Q)Xa [1.5.13)]
and a first moment contribution arising from the polarization of the
atomic charge densities

Ma = Zau(Q) [1.5.14]
Hydrocarbon and diatomic molecular dipole moments will be discussed in
the following sections.

The components of the traceless symmetric quedrupole moment

tenscr @ for atom Q are given as follows:

@ac(R) = - la (3x2 -ro2)P(r)dr
Qer(Q) = - fa (3ry)e(r)dr
Qxe(Q) = - Ja (Sxz)e(r)dr
Quy(Q) = - Fa (3y2 -ra2)P(r)dr

Qye(RQ) = - Ja (3yz)e(r)dr

Qee(Q) = - o (322 -re?)A(r)dr {1.5.15]

Q can always be disgonalized, and s0, we examine Qwe(Q), Gvv(R) and
Qez(Q). These components reflect the preferential accumulation of
charge in a given plane. For a spherical distribution, @od(Q) = Gy (Q)
= @ez(2) = 0. Each of these diagonal elements has the form of & d=2
orbital. If the sphere is flattened at its poles to yield an oblate
spheroid, then (with the polar axis along 2) Qee(Q) > 0 and @Qe:(Q) =

B (Q) = -(1/2)Q=zz(R). If Qez=(2) > 0 for & linear molecule, electron
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density is removed from the internuclear axis and concentrated in a
torus like distribution about that axis. The quadrupole moment is the
density complement of an orbital w population. The changes in
quadrupole moments upon hydrogen bond formation are described in
Chapter 2.

To discuss the local single-particle kinetic energy densities,
it is first necessary to describe the {first-order density matrix
r<i>(r’,r). This matrix can be written in the form

r<2>(r’,r) =
nf¥*(r1',rz',ra',...,rn')?(r1,r2.ra,...,rn)drz...drn.

[1.5.18]

The diagonal elements yield the rharge density:

[ (r’,p)e=r = P(r) [1.5.17]
K(r), termed the "Schrodinger kinetic energy density" is given by

RK(r) = (-1/4X{(9v2 + v 2)[1¥(r,r " )}r=x" [1.5.18]
and G(r), termed the "gradient kinetic energy density" is given by

G(r) = (1/2){v-9'T<1(x,r D}r=e- [1.5.18)]
The difference between these two values is the Lagrangian density L(r):

L(r) = RK(r) - G(r) = (-1/4)v2r(r) [1.5.20]
As a consequence of the zero flux condition of the atomie surface, when
the above equation 1is integrated over an atom in a molecule, L(r)
vanishes,

Jedrv22(r) = ¢dSa(r)vr(r)-n(r) = 0 [1.5.21]
and K(Q) = G(Q). Thus, the average Kkinetic energy of an atom is
uniquely defined:

T(Q) = K(Q) = Ja drR(r) = G(Q) = la drG(r) [1.5.22]
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For single-determinantal statefunctions, G{Q) and K{(2) may be written
as sums over functions of orbitals, that is,

G(Q)

(1/2)Ja(Z1M19g1-9g1)dr and (1.5.23]
K(Q)

(-1/2){a(21A18192g4 )dr [1.5.24]
and this is the manner in which PROAIM calculates these values.
Theoretically, they should be equal but since numerical approximation
methods are used in PROAIM, they differ slightly and L(2), though
small, is not equal to =zero. The L(R) value has been used as a
criterion by which the quality of the integration over the &Qiven atom
is based. If L(Q) < 1x10<, a "good"” integration is observed.
Otherwise, the atom must be reintegrated using a larger number of
points for the geussian gquadrature.

The total enevgy of an atom in a molecule, the atomic energy
E(Q) is obtained using the virial relationship, that is

E(Q) = -T(Q) = (1/2)V(Q) [1.5.25]

Practically spesking, this egquation 1is not exactly satisfied for a
finite basis set calculation (6-31G™* for example). The ratio -V/T
differs slightly from the correct wvalue of two for an equilibrium
geometry. To correct for the error in the virial, each atomic kinetic
energy must be multiplied by the factor (V/T + 1) to obtain = set of
atomic energies that correctly sum to the totasl energy of the molecule.
In formaldehyde, we see that the quantity |3E(Q) -Escw| is 0.01 keal
mol-1, For the molecules studied in this thesis, this error will
rarely be larger than 1 kecal mol-1,

In Chapter 2, V(Q) is broken down as follows:

V(Q) = Va(Q) + Vr(Q) [1.5.26]
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where the quantity, Va(Q), the total attractive potential energy, is
the interaction of &ll the nuclei in the system with the charge density
of Q@ and Vr(Q) is the total repulsive potential energy. Explicitly,

Va(Q) = - Ja(ZalZa/ra))P(r)dr. [1.5.27]
Further,

Va(2) = Vea(Q) + Vwn(Q) [1.5.28]
where Voo(Q) is the repulsive electron-electron contribution to the
potential energy and Vww(Q) is the repulsive nuclear-nuclear
contribution to the potential energy. Also of interest is Va(Q) which
is the potential energy of interaction of the charge density within the
basin of Q with its own nucleus, that is,

Va(Q) = - la(Za/ra). (1.5.28]
Since the wvirial theorem is not exactly satisfied, the potential
energies must be corrected. This is accomplished by multiplying the
above potential energy values by the term 2(1+V/T)/(V/T).

Discussion of the atomic properties associsted with atomic
localization are deferred to Chapter & in which the relationships
between density functional theory and the theory of atoms in molecules
are examined.

An atomic surface is the union of a number of interatomic
surfaces, one such surface for each bonded neighbour, and if the atom
is not an interior atom, some portions which may be infinitely distant
from the nucleus. The latter open portions of the atomic surface are
replaced by a particular density envelope in the calculation of an
atomic volume. An atomic volume is defined to be a measure of the

region of real space enclosed by the intersection of the atomic surface
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of zero flux and a psrticular envelope of the charge density:
v(Q) = ledr [1.5.30]

The 0.001 au charge density envelope is chosen becauss it has
previously been shown that the 0.001 au charge density contour for
methane and the inert gases gives good agreement with the equilibrium
diameters of these molecules as determined by second virial coefficient
or viscosity data fitted with a Lennard-Jones 6-12 potential (Bader and
Preston 1970). Further, the 0.001 au density envelope contains at
least 96% of the electronic charge (Bader et al 1987a).

The shapes of some hydrocarbon molecules, the 0.001 au charge
density envelopes, are displayed in Figure 1.2.6 and contour maps are
displayed in Figure 1.5.1. The lengths, widths and atomic volumes have
been calculated (Bader et al 1887a). What is to be stressed here is
that the volumes of methyl and methylene groups in normal hydrocarbons
are transferable, as are their charge distributions, populations,

dipoles and energies (Bader et al 1987a,b) (Table 1.5.2).

rdditivi LT Perabili P Funotional G P .

All of the average properties of an atom, isclated or in a
molecule, are defined by quantum mechanics. The aversge value of an
observable M for the total system is given by the sum of the
corresponding atomic averages H(RQ)

<M> = ZQM(Q) [1.5.31)]

For example, the molecular volume vy is obtained by summing the volumes
of the constituent atoms v{Q). Similarly, the volume of a methyl group

is obtained by summinZz the volumes of the one carbon and three
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hydrogens comprising this group. Such a group is bounded by a surface
of zero flux in the gradient wvector of the charge density and is &
quantum subsytem with well defined properties.

The theory of atoms in molecules determines to what extent
atomic properties are trensferable between molecules. Atoms are the
most transferable pieces of & system defined in R® and therefore they
maximize the transfer of information between systems. The constancy in
the average values of an atom’s observaebles is found to be directly
determined by the constancy in its distribution of charge as found in
different systems. When the distribution of charge over an atem or
some functional group of atoms is the same in the real space of two
different systems, then it makes the same contribution to the value of
the total property in both systems. If the form of an atom changes
slightly or greatly, its energy sand other properties change by
corresponding amounts. Examples of near perfect transferability of
atoms and functional groups of atoms have been given (Bader et al
1887a,b, Bader 1988, Wiberg et al 1887a, Bader and Nguyen-Dang 1881).
Functional group properties of the methyl and methylene groups of some
normal alkenes, CHa(CHz)xCHa, starting with m = 0, are given in Table
1.5.2.

The experimentally determined heats of formation of these
molecules obey =& group additivity scheme (Domalski and Hearing 1988,
Benson 1968, Allen 1958, Franklin 1848, Prosen et al 1348). Fixed
values are sassigned to the methyl and methylene groups and the
experimental value is fitted to the expression 24 + mB where A and B

are the methyl and methylene contributions respectively. The change in
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He on going from 288 to zero Kelvin, the zerv point energies and the
correlation energy corrections are well represented by gdroup
equivalents (Schulman and Disch 1985, Wiberg 1984). What is exciting
from the theoretical point of view, is that energies calculated for the
vibrationless molecules at zero Kelvin may also be fitted to the
expression E = 2A + mB with errors less than experimental. Here, A =-
39.61912 an which is half the energy of ethane (RHF/6-31G**//6-31G*
results: Table 1.5.2) and B = -39.03779 % 0.00014 au which is the
energy increment per methylene group.

Hydrogen is slightly more electronegative than carbon in
saturated hydrocarbons. This is also the case in the diatomic molecule
CH (Section 1.6). The order of the group electron withdrawing ability
in hydrocarbon molecules without geometric strain is H » CHa » CHz > CH
> C. The population and energy of the methyl group are constant when
it is bonded to a methylene group (within the accuracy of the numerical
integrations). Thus, the methyl group is the same in all of the
members past ethane, This transferable methyl group is more stable
relative to methyl in ethane by an amount aE = -10.51% 0.5 keal mol-1
and its electron population is greater by an amount aN = 0.018 % 0.001
electrons. The electrons and stability gained by the methyl group are
taken from the methylene group. The energy gained by methyl is egual
to the energy lost by methylene and this accounts for the additivity
observed in this series. Table 1.5.2 1lists the energies of the
methylene groups relative to the energy increment B above. In propane,
where methylene is bonded to two methyls, the energy of the methylene

group is B - ZobE wnd its charge is +2aN where the wvalues of &E and aN
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have been given above in this paragraph. In butane, each methylene is
bonded to a single methyl and their energies are given by B - AE and
their charges by +aN. The corresponding methylene groups in pentane
and hexane, those bonded to a single methyl, have the same properties
as the methylene group in butane. This implies that the central
methylenes in these molecules, those bonded only to other methylenes,
shoud have an energy egual to B and a zero net charge and this is the
case (Teble 1.5.2). In other words, the charge transfzr to methyl is
damped by a single methylene. The major reason that additivity is
observed in these molecules is that the change in energy for a change
in population A&E/aN is the same for both the methyl and methylene
groups. The small amount of charge shifted from methylene to methyl
makes the same contribution to the total energy (dader et al 1887 a,b).

We have alluded to the correlation energies of these
hydrocarbons and how their group contributions are additive. Indeed,
correlation energies exhibit constant wvalues for the transfersble
methyl group and the two kinds of transferuable methylene groups. In
Chapter 5, a correlation energy functional developed by Langreth and
Hehl (1983), denoted €, is shown to give the best overasll results when
compared to experiment for atoms and molecules. This expression is a
complicated functional of the charge density involving gradient
corrections., The important point is that this functional depends on
the charge density, and so, if the forms of a methyl or zethylene
group, for example, remain unchanged in two different molecules, ther
so do their correlation energies (Table 1.5.2). lnfortunately, € is

still not of chemical <zzcuracy but once an accurate functional is
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found, the theory of atoms in molecules will allow the determination of
the total energies of the groups responsible for the additivity schemes
and total energies of large molecules will be predicted using groups
and properties defined by the theory (see Chapter 5).

The study of the molar volumes of these molecules provided the
earliest example of the additivity of group properties (Kopp 1855).
This scheme works only if the molar volumes of the functional groups
are nearly transferable within the homologous series. As Table 1.5.2
shows, indeed this is the case. The molar volume of the methyl group
in ethane 1is slightly larger than that of the methyl groups in the
remaining members whose volumes vary by only 10.02 au from their
average value. The volume of the methylene group bonded to two
methyls in propane is slightly greater than the volumes of the
methylene bonded to one methyl in butane, pentsne and hexane, their
volumes varying by 10.02 au from their average value. The methylene
groups bonded only to other methylenes, as found in pentane and hexane,
have similar values for their volumes. The small differences between
the latter two kinds of methylene groups are displayed in Figure 1.5.1.
The charge density of the methylene bonded to one methyl is less
compressed than the charge density of the methylene bonded only to
other methylenes and this is expressed in the larger volume of the
former.

Experimentally, the CHz group makes an additive contribution of
22.0 cm® to the molar volume of a hydrocarbon at its boiling point
(Glasstone 1946). The calculated molar volume of the transferable

methylene group, corrected to take intc account the free volume between
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molecules (Marcus 1877), is 21.9 cm@, in good sagreement with
experiment.

The behavior of the group dipoles parallels that of the energy
and the electron population. The magnitude of the methyl group moment
is unique for ethane but nearly constant for the remaining members of
the series. The methylene groups give two transferable values, one for
methylene attached to a single methyl and the other for a methylene
attached only to other methylenes. This latter value is smaller because
the charge density of this kind of methylene is more compressed than
that of the former.

In all methyl and methylene groups, the hydrogens form the
negative end of the group dipole. As was the case with the megnitudes,
the directions of these moments are alsoc transferable. The moment of
the methyl group is parallel to the bond path linking the neighbouring
carbon nucleus to within 0,50 through the series. The direction of the
methylene moment, in those cases where it is not dictated by symmetry,
lies 0.05° off the axis bisecting the HCH angle in pentane and 1.1° and
1.2¢ off this axis in butene and hexane respectively. These group
moments, along with the group charges, may be used in equation [1.5.12]
to calculate the total dipole moment of a hydrocarbon molecule. For
propane and pentane, these magnitudes are 0.0237 (0.0236) and 0.0230
(0.0230) au respectively where the SCF moments are enclosed in
parantheses. The moments are directed along the twofold symmetry axis
bisecting the central HCH angle with the positive end in the direction
of the methylene hydrogens in propane and the reverse in pentane.

Thus, the total moments are dominated by the moments and charges of the
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methyl groups. The SCF moments are 0.0238 snd 0.0230 sau. The

magnitude of the experimental moment for propane is 0.0327 au (Lide
1860). Charge densities calculated using mlti-determinantal state
functions are needed to improve our agreement with experiment,

For various series of molecules, it has been shown that the
electron populations, energies, dipole moments, volumes and correlation
energies of functional groups are transferable. What is currently of
interest in this laboratory is the possibility of constructing the
charge distributions and predicting the properties of large biological
molecules, or their relevant portions, from the distributions of the
groups that serve as the building blocks for these large systems.
Studies on the DNA base pairs, amino acids, high energy phosphates and

other biological molecules are in progress.
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Figure 1.5.1

Contour maps of the charge density in pertane and hexane including the
bond paths and interatomic surfaces. The maps make clear that the
union of the interatomic surfaces and the outer density envelope bound
an atomic region. The two middle maps are displays of the central
methylene grour in pentane (lhs) and of one of the two such groups in
hexane (rhs) in a plane perpendicular to the plane containing the chain
of carbon nuclei as displayed in the upper and lower maps. These two
methylene groups possess  identical properties and they are

interchangeable between the two molecules, as are the methyl groups.






Tahle 1.5.1. Atomic Properties for il
(RHF/6-311++G**//6-31G**) .=

a(Q)

System

Q
H2C0 0
C
H
H

total

SCF
Co

Qo

total
SCF
HF

o o

total
SCF

N(Q)

9.2403
4,7547
1.0025
1,0025
16.0000

8.3289
4.8751
14,0000
8.7527

0.2474
10,0001

-1,
1,
-0.
-0.
0.

-1.
1.
0.

-0.
g.
-0.

2403
2453
0025
0025
0000

3268
3269
0000

7527
7526
0001

e All values are in au.

b See Jigure 1.2.5 for directions of moments.

E(Q)

~75.
-37.
.62748
.62749
.80286
80298
.88051
.88065
77116
L77113
. 78607
.28725
05332
05336

61230
03508

» CO and HF
v(Q)  we)e
137.74 0.597
58.71 0.912
49.85 0.122
48.85 0.122
286.15
138.47 0.984
112.74 1.718
252.21
128.26 0.373
13.02 0.108
141.28
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Table 1,52 Group Propertict in Hydrcarbons (RHFA-31G176-31G°)

Methyl Group Properties E ) Methylene Group Properties®

ANCHY  AE(CH)Y  W(OLY o Molw Volume AN AE(CH) (Wi ¢ Molar Volume
Moleoyle {w)  (oalmal®) (=) () (=) (mu) (read mol %} (s} (s4) (em®)
Ethare 4000 oo 0253 0K nn
Propane ooT ~109 02 D4 1.7} 07 +21.7 0307 DMK 14.18
Potans oDz -103 0243 03405 1920 -0019 «108 0345 D308 (LR
Prmane o7 -29 0349 -03485 1971 <00y -0D01 +109 00 0310 0304 ~Q3210 -J3238 1408 1358
Hexare aots =29 « 025 03418 1974 00 0.000 +106 -1 0308 0300 03 271237 N9 M

* Differencey ary reluzive o medyl groep s edhane.

* Differences are relative 10 standand mehylens groop. The encies beginning with propwn ars for OH, grovps bonded 10 ont metivyd groop. The set begianing with penwene s for CH,
froga bearied caly w5 ecker CH, grompe.

S Caleatared with carben Tuckod 18 erigia,

#Correluion Enarpy caksatsed wsing Langrech wnd Mehl (1903) density hancrional.



In this section, the ground state charge distributions of the
second~ and third-row hydrides and the second-row homo- and
heteronuclear neutral diatomic molecules at their experimental
internuclear separations are analyzed using the theory of atoms in
molecules. The charge distributions are cylindrically averaged and are
constructed from near-Hartree-Fock quality state functions (Cade and
Huo 1973, 1974, 1975) using Slater-type functions for the basis set.

The motivation for this study is three-fold: Firstly, the
diatomic molecules provide a chemically interesting set for which to
explore the topology of ¢ and the atomic properties both qualitatively
and quantitatively. Secondly, although all the second- and third-row
hydrides and second-row homonuclear diatomies have been previously
studied, walues of their atomic wvolumes, quadropole moments and
correlation energies are presented for the first time in this thesis.
Thirdly, results calculated using the theory of atoms in molecules of
only about fifty percent of the second-row heteronuclear diatomic
molecules have been previously published while in the present work all

are considered.
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Figures 1.6.1 - 1.6.5 display contour meps of the charge
distributions and Laplacian distributions of the diatomic molecules.
There are only two (3,-3) critical points, one for esch nucleus

in tach

64
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diatomic molecule except for Cz and Liz where a non-nuclear maximum is
found at the geometric midpoint. Non-nuclear maxima have been found
in Li and Na clusters &and their properties have been shown to be
related to the metallic character of these clusters (Gatti et

al 1887, Cao et al 1887). The charge density evaluated at the (3,-3)
critical point associated with the nucleus of larger Z is greater in
value than the charge density evaluated at the other nucleus for the
heteronuclear AB systems. This is opparent in the figures (CF for
example in Figure 1.6.5 where the inner contours around F are more
contracted than those around C).

There exists only one bond critical point in each of the
diatomic charge distributions (with the exception of Liz and Cz). Only
for the homonuclear diatomic molecules is it located at the geometric
mnidpoint. For the heteronuclear diatomics, it is located nearer to the
nuclei of smaller Z and in each hydride series, the bond critical point
shifts towards the proton on traversing each period from left to right
(Table 1.6.1). Bond paths and zero flux surfaces (which contain the
bond critical point) are included in the figures. Molecular systems
have been classified in terms of the shape of the zero flux surface
(Bader and Beddall 1873) and this scheme is reviewed in conjunction
with a necessary discussion of the atomic properties and topological
features of the diatomic molecules examined.

Table 1.6.1 lists the experimental bond lengths, the bonded and
nonbonded radii, the maximum perpendicular nonbonded radii rp, the
values of f and 9¥2* at the bond critical points (denoted, for brevity

as fo and v2Fn) and the principzl curvatures of the Hessian of ¢. The



66
bonded and nonbonded radii are measured along the axis coincident with
the bond path, The nonbonded radii together with rp give an indication
of the size of the.molecule. Since the densities are cylindrically
averaged, A1 = Az and the ellipticity values are zero., It should be
noted that the charge distributions fer LiBe and BC are calculated
using the HF/6-311G*//6-311G* scheme as the Cade and Huo wavefunctions
are not available for these molecules and the BC charge distribution is
not cylindrically averaged.

Table 1.6.2 1lists the net charges, atomic dipoles, atomic
quadropoles and atomic volumes. In all cases, the A nucleus is at the
origin and the B nucleus is in the positive z direction. A positive
value of u{A) means that the centroid of negative charge in this atom
is directed along the negative z direction. Since ¢ is cylindrically
averaged, Qoc(A) = @yy(A) snd therefore Qze(A) = -280e(A).

Table 1.6.3 lists the atomic energies. The difference between
Escr and E(AB) gives a measure of the numerical integration errors
encountered in PROAIN. The 1largest errors occur for the third-row
hydrides. The relative energies Ere1(A) and Ere1(B) are relative to
the separated atoms in their ground states (Clementi and Roetti 1974).

Figures 1.6.6 - 1.6.8 summarize the net charges, atomic volumes
and relative energies of the atoms ir the diatomic molecules in bar

graph form. Tables 1.6.1 - 1.6.3 and Figures 1.6.1 - 1.6.8 now are

used teo discuss each series.

Second- and Third-Row Hydrides
Bader and Beddall (1973) and Bader and Messer (1974) were the
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first to examine second~ and third-row diatomic hydrides, respectively,
using the theory of atoms in molecules. It is appropriate in the
present work to outline only the most importent features through a
sumnary of the results as the details were thoroughly discussed by
these authors. Figures 1.6.1 and 1.6.2 display the contour maps of ¢
and v2¢ for the second- and third-row diatomic hydrides respectively.
There are three types of charge distributions which the diatomic
hydrides may possess as characterized by the shape of the zero flux
surface (denoted S(x)): Class I, Class II and Class III (Table 1.6.4).

A Class I system displays the following features: There is a
large extent of electron transfer from one atom to the other and the
number of valence electrons of the donor atom is equal to or less than
the number of vacancies in the acceptor atom. The donor atom (denoted
D) approaches the limiting tight core distribution of the D* or D2+
cation and 5(x) is paraboloid in shape with arms in general curving
back to encompass the electropositive atom.

A Class II system is obtained when the number of valence
electrons of the donor is greater than the number of vacancies of the
acceptor in systems containing no more than ten valence electrons. In
such cases, the remaining wvalence charge density of the donor is
strongly polarized intoe its nonbonderd region in the form of =&
relatively diffuse distribution. Indeed, the nonbonded radii of these
atoms are the largest of those in any class. Electron transfer in
these systems is reflected in the initial paraboloid nature of 5(x)
about the bond critical point. However, the diffuse wvalence density

remgining on D extends into the outer reaches of the internuclear
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region, causing a reversal in the curvature of the outer arms of S(x).

Class III systems differ from Class II systems only in that the
diffuse nonbonded valence density in the donor is present as an
equatorial rather than as an axial distribution. MgH(A2wr) obtained
from MgH(X23+*) by a o to w transition is an example as is BeH(A2r)
(Figure 1.8.8). None of the ground-state hydrides are of Class III.

There are no examples of Class IV systems in the diatomic
hydrides. Rather, Class IV systems are found in heteronuclear diastomic
molecules with eleven or more valence electrons. The zero flux surface
is paraboloid with a very small curvature sloping towards the more
electronegative atom.

The zero flux surfaces for the second-row hydrides plotted with
respect to a fixed position for the proton are given in Figure 1.6.10.
Along with the tables and other figures, this figure concisely shows
that electrons are transferred from A to H in LiH, BeH and BHY and
increasingly from H to A in NH, OH and FH. In CH the transfer of
charge is near zero. The sharp transition from Class I to Class II
occurs at corresponding members of the second- and third-row hydrides:
BeH and HgH. The general characteristies of a Class 11 system persist
until the direction of electron transfer is reversed to H to A. This
occurs at NH in the second-row and ClH in the third-row. In both
periods, the molecule immediately preceding this change is transitional
in its behavior. Thus the number of electrons transferred in CH and SH
is very small but still in the direction A to H. However, S(x) for
these two molecules are typical of Class I and similar to the following

members in each series with electron transfer H to A.
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The transition from electron donor to electron acceptor
relativé”to hydrogen occurs two elements to the right in the third-row
as compared to the second-row. This is most easily seen in Figure
1.6.6. In the second-row series, q(A) > 0.75 for LiH to BH and then
drops sharply at CH. In the third-row, q(A) > 0.78 for NaH to SiH and
then drops gradually through PH to a near =2zero value at SH. In
general, the decrease in electronegativity sassociated with the
increased core size in the third-row A atoms 1is reflected in the q(A)
results. Shortly, we will examire electronegativity schemes in more
detail.

Figure 1.6.10 shows that the bond critical point progressively
shifts towards the proton on going from LiH to FH. While ru, r%, N(H),
and v(H) monotonically decrease, f» increases. Similar conclusions are
dratm upon examination of the third-row hydrides and the fourth-row
hydrides (Boyd and Edgecombe 1887). The small, tight, hard, positively
charged iiydrogen in FH will serve as the acidic hydrogen in the BASE-HF
studies in the following chapter.

In LiH, more than nine-tenths of an electron are transferred
from Li to H. Essentially, lithium epproaches a spherical Li* cation,
and consequently, its nonbonded radius is relatively small compared to
the other ra values and its atomic Pirst moment is absolutely small.
The other rg values decrease from BeH to FH. The maximim distance out
from the A nucleus perpendiculer to the AH bond axis is greaster than
the corresponling distance from the proton with the exception of LiH
(Figure 1.6.1). Similar conclusions are drawn for the third-row

hydrides except that u(Na) is larger in masgnitude than u(Li). Not as
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meny electrons are transferred from Na to H in NaH compared to Li to H
in LiH. In NaH, the Na nucleus experiences & net attractive force from
the hydrogen and to balance this the remaining charge density in Na is
polarized away from the hydrogen. This is quantified by the atomic
first moment of NeH (0.018 au; Table 1.6.2). The positive sign means
that the centroid of negative charge is positioned in the negative =z
direction. The proton is repelled by the net positive field of Na and
consequently the hydrogen charge density is polarized towards Na (u(H)
= 0.135 au). Of cource, H is polarized towards Li in LiH but Li is not
polarized significantly owing to the extreme tightness of its charge
distribution.
LiH and NaH are examples of closed-shell interactions because
b is relatively small and v%"» is positive. The systems CH - FH and
SH - CIlH are examples of shared interactions: #» is relatively large
and 92fp is negative and large in magnitude, The atomic interactions
in the molecules BeR - BH and MgH - PH have properties which bridge
those of the ionic systems at the closed-shell 1limit and those of the
covalent and polar covalent systems of the shared interactions. In
these intermediate systems, the valence charge density remaining on A
is strongly polarized into the nonbonded region of the A atom, because
of the net negative field exerted on it by the negatively charged
hydrogen atom, where it forms a separate region of charge increase
(Figures 1.6.1 and 1.6.2). This strong polarization away from the
internuclear region 1is quantified by the largest magnitudes for n(A)
and ra of all the hydrides examined. Another characteristic of these

intermediate systems is that the nodal surface in 92¢ is nesrly
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coincident with the interatomin surface. These atomic interactions
correspond to a relatively hard core of density on A with the remaining
valence density of A strongly polarized into its nonbonded region
interacting with a softer more polarizable region of charge
concentration on the beonded side of the proton dominated by
contractions of £ towards the bond path (Bader and Essén 1884).

In general, for the diatomic hydrides and the AB systems
studied in this work, the atom gaining electrons is stabilized and the
atom losing electrons is destabilized relative to the separated
reactants (Table 1.6.3). We draphically summarize the results (Figure
1.8.8). An extensive treatment of the energy changes accompanying
hydride formation has been given by Bader and Beddall (1973) and Bader
and Hesser (1874).

Like the hydrocarbons in the previous section, the hydrides may
be used to illustrate transferability. Figure 1.6.11 displays the
charge distributions of BeH and BeHz. The distributions of charge in H
in the two systems is very similar. The degree of constancy in N(H)
and E(H) between these systems (Table 1.6.5) is found in spite of the
very large differences in the individual forces acting on H in the two
molecules. For example, from BeH to BeHz, the electron nuclear
attractive energy of H changes by -228 kecal mol-1. However, the sum of
the changes in the electron electron and nuclear nuclear repulsive
contributions is of almost equal magnitude and opposite 1in sign and
hence the change in the total wvirial of H is small (3 keal mol-3).
Thus when the total virial field acting on an atom changes by a small

amount, the changes in the atom are correspondingly small., Table 1.8.5
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gives a complete list of the changes in populations and energies on
going from a diatomic hydride AH to a binary hydride AHn. Both second-

and third-row hydrides are listed. The changes are small in all
cases.

While H bonded to & given A has a chsracteristic set of
properties which vary between relatively narrow limits (Table 1.6.5),
it is also evident from this table that the properties of H are quite
different when bonded with different A. When bonded to Li, Be, B or C,
B gains electrons and 1is more stasble than an isolated H etom; when
bonded to N, O or F, H 1loses electrons and is 1less stsble. 4n
examination of the population and energy changes of H in combination
with various A orovides a quantitative probe of the relative bonding
properties of A. In fact, the populations of A in combination with H
may be used to predict the populations of A and A° in combination with
each other (Bader and Beddall 1873 and electronegativity subsection
below).

The Lithjum Series

Since we have alreedy discussed LiH and Liz, the members of the
lithium series now examined are LiBe, LiB. LiC, LiN, LiO and LiF. The
following monotonic trends are observed on going from LiBe to LiF:
a(Li), Mo, 92f and Erei(Li) increase; rvi, rm, rs, rp, W(B), V(A) and
v(B) decrease. Of all the diatomic molecules studied in this work, it
is in LiF where the grestest percentage of valence electrons are
transferred (93.8% from Li to F) and where the smallest atomic volume

is observed (v{Li)priw = 25.4 au).



73
The large nonbonded radius of Li in LiBe (and consequently, rp,

w(Li) and V(Li)) arises from the small dedree of electron transfer from
Li to Be and the subsequent polarization of the remaining Li wvalence

density into lithium’s nonbonded region. The large nonbonded radii of

Be, B and C in the respective diatomic lithium complexes correlate with
the large magnitude of their Q=={(2) values. Upon complex formaticn,
the nonbonded charge density of these atoms is stretched out slong the
2-axis resulting in a prolate spheroid.

All the members of this series are examples of closed-sheil
interactions as P is small and 92Pe is positive. In fact in all
polyvatomic molecules containing Li-E bonds (where E is any other atom)
so far studied using the theory of atoms in molecules, this ig the
case.

The molecules LiF, Li0 and LiH were among the first to be
studied in the context of trans’lerability of atoms bounded by zero flux
surfaces (Bemder and Beddall 1972). In these systems, the distribution
of charge in Li is remarkably simiiar in spite of the very different
natures of the stoms to which it is bonded, and thlus the +values of
q(li) are very similar. The kinetic energy distributions in Li (and
hence E(Li)) exhibit a corresponding degree of constancy as that of the
Li charge distribution. This is because the Li atom changes in
response to the virial of the net force exerted on it and not to

changes in the individual contributions (Bader and Nguyen-Dang 1881%.

The Remaining Seri

The molecules BeB, BeC, BeN, BeD and BeF are considered. The
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following trends are observed: a(Be) increases till it reaches &
maximum in BeO. In BeF, it is smaller because F has only one vacancy.
Po, ¥2n, u(B) and Erex(Be) also peak at BeO. Tme, TB, Ima, V(Be)
decrease to BeD and then increase while rg. rp and v(B) monotonically
decrease. The value of v(Be) (and rﬁa) in Be0 is very small owing to
the pinch effect common for Class I systems for which Zes exceeds Za by
at least three units (Bader et al 1871).

BeB is an example of an interaction intermediate between the
shared and closed-shell limits while the heavier members are examples
of closed-shell interactions.

From Bz to BF the values of the nonbonded radius of the atom
bonded to boron and rp monotonically decrease, /. and v2fw pesk at BO,
and ra reaches a minimum at BO. Bz exhibits the poperties of a shared
interaction but the others are closed-shell.

From CN to CF 92fp and v(C) monotoﬁically increase while r%, o
and v(B) decrease. There has been mich controversy over the sign of
the CO dipole moment. The experimental dipole moment is O+C- but the
magnitude is very small. We can account for this s=mall magnitude as
follows: There is a cherge transfer of 1.3e from C to 0. The
remaining valence charge density on C is strongly polarized into its
nonbonded region (Figure 1.6.5). There are large atomic first moments
in both C and O with directions counter to the direction of charge
transfer. These moments nullify the charge transfer moment and the
resultant dipole moment has a magnitude of 0.108 au (equation 1.5.12).
Although 927y 1is positive in €0, the interaction is intermediate

between that of shared and closed-shell becsuse the nodal surface in
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v2¢ is nearly coinecident with the interatomic surface. CF is the first
example of a Class IV system.

From Nz to NF rs and 9%w increase while rn, rg. re, fo and
v(B) decrease. These systems are examples of shared interactions and
NO and NF are Class IV systems. The partitioning surfaces for all the
AR molecules (where A or B = K) plotted with respect to a fixed
position for N is given in Figure 1.6.10).

From Oz to OF, ro, re, 92w, q(0) and v(0) increase while xg,
rg. rp, » and v(B) decrease. The partitioning surfaces relative to a
fixed position for O are given in Figure 1.6.10.

In Fz2, the contraction of # towards each nucleus dominates the
(closed-shell) interaction. The strong attractive potential field
exerted on the valence electrons in F provide the major source of
binding in fluorides through an electron transfer to F but also cause
the weak binding found in Fz. (Bader and Essen 1984). There 1s a very
pronounced intraatomic correlation in F which limits the interatom
exchange and the pairing of electrons between atoms and this 1is why Fz

is only weakly bound (Carroll et al 1887; Chapter 5).

E) ivity Sl

Figure 1.5.8 displays the net charges in the AH and AB systems.
Consider a diagonal line sloping downward from left to right from Liz
to Fz. All the atoms above and to the right of this diagonal will gain
electrons from their partner while those below and to the left will
lose electrons., Chemists have long been interested in determining the

electron withdrawing sbilities of the elements. Electronegativity has
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been defined as the power of an atom in a molecule to attract electrons
to itself (Pauling 1860). Empirical scales based upon thermochemical
data of average electronegativities have been developed (Pauling 1860,
Allred 1961). These scales show that electronegativity increases from
left to right in a given row of the periodic table and decreases from
tor to bottom in a given group.

The properties of the diatomic hydrides, as found using the
theory of atoms in molecules, have ©been used to create an
electronegativity scale in the following manner (Boyd and Edgecombe
1988): The electronegativity factor Fa associated with atom A in the
distomic hydride AH is given by

Fa = ru/(rarpVala) [1.6.1]
where Vala is the number of valence electrons in A and the other
quantities have been previously defined. The Fa values are converted
into values comparable to those of Pauling’s using the expression

xa = a[FaP] [1.8.2]
where a and b are two parameters chosen to give electronegativities of
one and four for Li and F respectively. The observed trends in
electron withdrawing sbilities are predicted by this scale and the mean
deviation from the empirical results (Allred 1961) is only 0.08. Large
Gaussian basis sets were used in the construction of the diatomic
hydride statefunctions. In the present work we use Slater functions,
and following the same procedure as Boyd and Edgecombe (1888) we get a
mean deviation of only 0.05 for the set of second- and third-row
hydrides compared to 0.08 for the Gaussian basis set (Table 1.8.6).

Following the procedure described above, group
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electronegativities relative to H have been determined (Boyd and
Edgecombe 1888). In general the HN(H) values calculated using the
theory of atoms in molecules decrease as the electronegativity of the A
group increases (Table 1.B.7).

While these electronegativity scales are useful, in general, to
predict the relative electron withdrawing abilities of atoms or groups
of atoms relative to H, what would also be valuable is a way in which
to predict the actual electron population of an atom in & molecule. To
this end, Bader and Beddall (1873) have developed the following method:
Consider the second-row hydrides AH. The electron population of A in
AH is used to define an electronegativity which in turn is used to
predict electron populations in other systems. The electronegativity
of A relative to H is

¥2 =1 - NH)aun [1.6.3]
where N(H)au is the electron population of H in AH. A wvalue of xa
greater than (less than) zero means an electron withdrawing ability for
A grester (or smaller) than that of H (column & of Table 1.6.6). The
population of A in AB is

N(A)am = N(A)a - v[xe - xa) [1.6.4]
where N(A)a is the electron population in the isolated A atom (i.e. the
atomic number of A) and v equals the number of valence electrons in A
or vacancies in B, whichever is smaller. Further, if |xa - xa| > v,
then the second term on the right-hand side of equation [1.6.4] is set
equal to v. This condition is imposed to prevent an atom from losing
more than its full complement of wvalence electrons. In the present

work we extend this scheme to third-row atoms, and thereby examine a
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larger set of systems. The results (Table 1.6.8) predicted from this
procedure are in good agreement with the actual electron populations
with the exceptions of the oxides, nitrides and carbides of beryllium
and boron. It is noteworthy that in general these exceptions have
large values for both rg and rg, and so, the model falters for these

systems with large regions of nonbonded charge distribution.
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Eigure 1.6.1

(a) Contour maps of the charge density for hydrogen and the neutral
ground-state second-row hydrides. Nuclear positions are denoted by +
signs. Bond paths and interatomic surfaces are included and bond
eritical points are denoted by black dots. Left hand side from top:
Hz, LiH, BeH, BH; Right hand side from top: CH, N, OH &nd FH.

(b) Corresponding plots for the Laplacian of the charge density.
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Figure 1.6.2

(a) Contour maps of the charge density for neutral ground-state third-
row hydrides., HNuclear positions are denoted by + signs. Bond paths
and interatomic surfaces are included and bond eritical points are
denoted by black dots. Left hand side from top: NaH, MgH, AlH, SiH;

Right hand side from top: PH, SH, ClH.

{(b) Corresponding plots for the Laplacian of the charge density.









85

Figure 1.6.3

{(a) Contour maps of the charge density for lithium-containing
diatomics. Nuclear positions are denoted by + signs. Bond paths and
interatomic surfaces are included and bond eritical points are denoted
by black dots. Left hand side from top: Liz, LiBe, LiB, LiC; Right
hand side from top: LiN, LiO, LiF.

(b) Corresponding plots for the Laplacian of the charge density.
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Figure 1.6.4

(a) Contour msps of the charge density for beryllium-containing
diatomics (left hand side) and boron-containing diatomics (right hand
side). Nuclear positions are denoted by + signs. Bond paths and
interatomic surfaces are included and bond critical points are denoted
by black dots. Left hand side from top: BeB, BeC, BeN, BeO, BeF;
Right hand side from top: Bz, BC, BN, BO, BF.

(b) Corresponding plots for the Laplacian of the charge density.
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Figure 1.6.5

(8) Contour maps of the charge density for remzining carbon. nitrogen,
oxygen and fluorine-containing diatomics. Nuclear positions are
denoted by + signs, Bond paths and interatomic surfaces are included
and bond critical points are denoted by black dots,

(b) Corresponding plots for the Laplacian of the charge density.









Figure 1.6.6
(a) Net charges of atoms in second-row diatomic molecules.

{b) Comparison of q{H) between second- and third-row hydrides.
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Figure 1.6.7
(a) Volumes of atoms in second-row diatomic molecules.

(b) Comparison of v(Q) within and between second- and third-row hydrides.
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Figure 1.6.8

Relative energies of atoms in second-row diatomic molecules.
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Figure 1.6.9

Left hand side: Contour msps of the charge density for states of the
BeH system illustrating the three classes of hydride molecules, BeH+
(X12+) (class I1); BeH (X23+) (class II); BeH (A2mr) (class III)., The
smallest contour value is 0.002 au. Right hand side: Corresponding

comparison for the MgH system.
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Figure 1.6.10

The partitioning surfaces for families of neutral, ground state,
diatomic molecules. The surfaces are plotted with respect to & fixed
position of the reference nucleus in each family. Because of axial
symmetry only the upper half of each surface is shown.

upper left: surfaces for diatomic fluorides

upper right: surfaces for diatomic oxides

lower left: surfaces for diatomic hydrides

lower right: surfaces for diatomic nitrides
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Figure 1.6.11
Contour maps of the charge density for BeHz and BeH. Zero flux
surfaces (dashed lines) are included. Note the great similarity in the

charge distribution for the hydrogen stom in the two systems.
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Table 1.8.1. Properties of the Bond Critical Points in Diatomic
Molecules (inoau).'

-]

Sys re ra e ra m P o Y2y A1shz  Axm

AB

HH 1.4000 0.7000 0.7000 2.54 2.54 2.83 0.2728 -1.3784 -0.8917 0.8048
LiH 3.0150 1.3444 1.6706 1.88 3.27 3.68 B 0.0407 0.1571 -0.0619 0.2808
BeH 2.5380 1.0828 1.4551 4.58 2.88 3.54 A 0.0865 0.1638 -0.2032 0.5703
BH 2.3360 1.0015 1.3345 4.34 2.75 3.59 A 0.1843 -0.5847 -0.4622 0.3387
CH 2.1240 1.3584 0,7856 3.86 2.52 3.54 A D0.2787 -1.0388 -0.7572 0.4754
NH 1.8614 1.4227 0.5387 3.51 2.37 3.38 A 0.3384 -1.6034 -1.2399 0.87685
OH 1.8342 1.4509 0.3833 3.23 2.18 3.29 A 0.37568 ~-2.6482 ~1.8968 1.1454
FH 1.7328 1.4648 0.2680 2.97 2.01 3.18 A 0.3884 -4.3872 -2.8015 1.2159
NaH 3.5660 1.8780 1.6870 2.64 3.33 3.72 B 0.0337 0.1320 -0.0354 0.2108
MgH 3.2710 1.6640 1.6070 5.18 3.09 3.92 A 0.0529 0.1844 -0.0885 0.3233
AlH 3.1140 1.5176 1.59684 4.97 3.03 4.13 A 0.0743 0.1883 -0.1054 0.3880
SiH 2.8740 1.3882 1.4858 4.49 2.82 4.34 A 0.1134 0.1330 -0.16858 0.4663
PH 2.7080 1.3238 1.3842 4.16 2.64 4.25 A 0.1590 -0.1142 -0.2222 0.3302
SH 2.5510 1.5482 1.0028 3.86 2.45 4.14 A 0.2128 -0.5683 -0.3732 0.1801
ClH 2.4087 1.6716 0.7371 3.68 2.28 3.89 A 0.2540 ~-0.7824 -0.6035 0.4247
LiLi5.0510 2.61 2,61 4.28

LiBeb. 1662 1.6737 3.4866 3.77 4.59 4.02 A 0.0130 0.0268 -0.0088 0.0439
1iB 4.5000 1.4662 3.0338 1.94 4.49 3.59 B 0.0268 0.0854 -0.0275 0.1404
1iC 3.8000 1.3143 2.4858 1.88 4.07 3.68 B 0.0445 0.2087 -0.0664 0.3424
LiN 3.4000 1.2241 2.1759 1.94 3.65 3.54 B 0.0803 0.3656 -0.1127 0.52810
Li0 3.1840 1.1850 1.9990 1.91 3.54 3.51 B 0.0673 0.4825 -0.1428 0.7881
LiF 2,9550 1,1304 1.8246 1.91 3,12 3.36 B 0.0802 0.7018 -0.1932 1.0882
BeB 4.0000 1.3847 2.6153 4,35 3.89 4.25 B 0.0402 -0.0100 -0,0303 0.0508
BeC 3.5000 1.1819 2.3181 4.17 3.63 4.05 A 0,0580 0.1277 -0.0617 0.2511
Bel 3.2500 1.0999 2.1501 3.65 3.42 3.80 A 0.0758 0.2918 -0.0892 0.48901
BeO 2.5149 0.8944 1.6205 1.50 3.41 3.71 B 0.1842 1.5882 -0.4586 2.5064
BeF 2.5720 0.9268 1.8453 4.58 3.08 3.56 A 0.1535 1.3383 -0.4825 2.3242
BB 3.0050 1.5025 1.5025 3.82 3.88 3.98 0.1250 -0.1983 -0.0998 0.0014
BC 2.6525 0.8898 1.7627 3.88 3.50 3.87 B 0.2037 0.3838

BN 2.4210 0.8166 1.6044 4.31 3.54 3.74 A 0.3142 0.4378 -1.1563 2.7504
BO 2.2750 0.7765 1.4885 3.95 3.27 3.44 B 0.3184 2.0866 -0.8405 3.9876
BF 2.3910 0.8093 1.5817 4.23 2.99 3.68 A 0.2391 1.5852 -0.9234 3.4318
CC 2.3481 3.45 3.45 3.75

CN 2.2140 0.7633 1.4507 3.51 3.47 3.48 B 0.4474 0.1547 -0.7565 1.6877
C0 2.1320 0.7228 1.4092 3.77 3.21 3.42 A 0.5101 (.2882 -1.76886 3.8083
CF 2.4020 0.7783 1.6237 3.69 2.95 3.44 A 0.2924 0.6047 -0.7822 2.1681
NN 2.0880 1.0340 1.0340 3.42 3.42 3.42 0,7218 -3.0500 -1.8337 0.8175 .
NO 2.1747 0.9153 1.2594 3.33 3.14 3.38 A 0.5932 -2.0353 -1.8460 1.2568
NF 2.4880 1.0211 1.4679 3.27 2.88 3.33 A 0.3420 -0.4972 -0.7853 1.0733
00 2.2820 1.1410 1.1410 3.08 3.08 3.23 0.5513 -1.0127 -1.4730 1.9333
OF 2.4958 1.1898 1.3260 2.84 2.80 3.20 A 0.3882 0.0302 -0.8414 1,8130

FF 2.6800 1.3400 1.3400 2.84 2.84 3.08 0.2845 0.2287 -0.7327 1.6841
=  Near-Hartree-Fock quality state functions (Cade and Huo 1873, 1874,
1975) are used except for LiBe and BC where 6-311G*//6-311G* is used.

b For each system, rp is the maximmm distance perpendicular to the
bond axis of a nucleus to the 0.001 au contour of £. The letter A or B
listed to the immediate right of this value denotes the nucleus of the
atom giving the larger rp value.
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Tehle 1.8.2 Atomic Monopole, Dipole® and Quadrupole Moments
and Atomic Volumes of Distomic Molecules.

Sys q(A) u(A) W(B) Qex(A) Q=e(B) v(A) v(B) v(AB)

HH 0.000 0.085 -0.085 0.759 0.758 60.24 60.24 120.48
LiH 0.912 -0.001 0.389 0.051 1.524 30.53 193.48 224.01
BeH 0.888 1.520 0.571 -2.878 0.885 161.03 137.67 288.70
BH 0.754 1.951 0.493 -1.534 0.352 166.79 95.19 261.98
CH 0.032 0.806 -0.121 -0.008 0.6804 168.28 54.61 223.89
NH =-0.323 0.182 -0.176 0.0687 0.199 150.14 34.70 184.84
OH -0.585 -0.225 -0.148 0.085 -0.012 144.43 21.32 165.75
FH -0.761 -0.453 -0.103 -0.022 -0.078 128.65 12.45 141.10
NeH 0.811 0.018 0.135 0.600 2.529 83.48 188.82 273.10
MgH 0.796 1.701 0.302 -3.159 1.636 255.10 155.18 410.28
AlH 0.825 2.274 0.358 -1.782 0.834 268.18 131.47 388.65
SiH 0.784 1.973 0.427 3.011 1.113 272.52 110.25 382.77
PK 0.578 1.461 0.316 4.800 0.803 251.72 82.44 334.16
SH 0.084 0.587 -0.008 4.445 0.624 248.49 54.76 304.25
ClH -0.242 -0.007 -0.103 3.686 0.311 231.87 36.97 268.84
LilLi 0.618 0.381 -0.391 0.385 0.365 110.19 110.19 220.38
LiBe 0.464 -0.648 -1.088 1.130 -6.512 161.71 378.98 540.69
LiB 0.761 0.242 1.016 -0.074 -10.646 60.64 326.36 387.00
LiC 0.884 0.044 0.645 -0.040 -4.702 33.57 257.58 281.15
LiN 0.916 0.008 0.408 0.043 -1.721 28.06 204.93 232.98
Li0 0.935 0.010 0.295 0.056 -0.332 26.56 180.34 208.80
LiF 0.938 0.017 0.281 0.081 0.7268 25.45 149.30 174.75
BeB 0.438 0.892 0.466 2.732 0,166 234.78 258.41 493.19
BeC 0.853 0.893 0.920 1.333 0.489 184.92 241.82 426.74
BeN 1.236 0.538 1.218 0.801 0.320 124.05 231.63 355.68
BeO 1.694 0.085 1.243 0.110 0.180 32.42 220.08 252.50
BeF 0.945 1.428 0.547 -2.081 0.551 157.06 142.97 300.03
BB 0.000 0.289 -0.289 2.914 2.914 197.51 197.51 385.02
BC 1.041 -1.263 -1.331 0.864 0.536 138.27 204.99 343.26
BN 0.831 2.024 0.544 -1.132 -1.482 160.54 156.08 316.62
BO 1.583 1.218 1.162 -1.075 -0.214 105.48 160.51 265.98
BF 0.934 1.883 0.728 -0.828 0.084 154.89 125,06 280.05
cC 0.000 0.172 -0.172 3.583 3.983 150.20 150.20 300.40
CN 1.123 0.831 0.582 1,513 0.553 104.67 145,90 250.57
CO 1.346 1.701 1.061 -0.483 -0.060 110.18 133.80 244.08
CF 0.780 1.470 0.521 1.087 0.267 125.91 107.65 233.56
NN 0.000 0.590 -0.590 1.492 1.492 115.49 115.49 230.98
NO 0.485 0.990 -0.041 1.584 1,552 117.88 114.84 232.82
NF 0.438 0.876 0.068 1.830 1.205 112.61 88.89 211.50
00 0.000 0.437 -0.437 1.725 1.725 102.40 102.40 204.80
OF 0,201 0.518 -0.160 1.868 1.553 102.52 98.34 198.86
FF 0.000 0.197 -0.197 1.856 1.8656 96.26 96.26 192.52

= Directions of the first moments for CO sand HF are given in Figure
1.2.5.



Table 1.6.3, Energies of Atoms in Diatomic Holecules.»

Sys
AB

HH
LiH
BeH
BH
CH
HH
OH
FH
HaH
HgH
AlH
SiH
PH
SH
ClH

LiBe

LiB
LiC
LiH
Li0

M98%52980%BERBEEERE

= All values are in au except the relative energies which are in !

E(A)

-0, 56681
~7.38406
-14,38131
-24.,24362
-37.65672
-54.48466
-75.05461
~-99.81559
-161.62053
-189.50913
-241.72318
~288.63488
-340,51220
-397.48442
—458.61614
-7.40587
=7.39382
~7.37672
=7.36904
~7.35611
-7.35249
-14.48563
~14.43159
~14.34526
-14.21706
-14.33751
-24.4517
-24.13173
-24.14386
-23.97887
~24.10774
-37.20468
-36.88502
~37.24904
~54.49588
~54.07897
-54.12435
-74.83237
-74.68891
-88.38513

E(B)

=0.56681
-0,82330
-0.77179
-0.88788
-0.62257
-0.48302
-0.36609
-0.25342
-0.57465
-0.64688
-0.7374
~0,796808
~0,76005
-0.81527

E(AB)®

. »1.13382
' =7.88735
-15,15311
-25,13150
-38,27929
-54,687788
~75.42070
~100.06901
-162.38517
-200.15811
~242.46172
«289.43296
~341.,29226
-398,09968
-0.50084 —460.11677
-14.60383 -22.00978
-24.56127 - -31.95508
«37.73467 -45,11139
-54.45688 -81.62592
-74.95420 -82.31030
-89.63795 -108.68044
-24.60078 ~39.08639
-37,82704 -52.25862
-54.53135 -68.87681
-75.23477 -89.45182
-99.83172 -114.16922
-24.54517 —9.09035
-38.18982 -62.32155
-54.82325 -76.85711
-75.57778 -99.55845
-100.05757 -124.18531
-55.00801 -92.21358
-75.90121 -112.78623
-89.96833 -137.21737
-54.49588 -108.89176
-75.20561 -129.28458
-99,70550 -153.82885
-74.83337 -149.66574
-99,52623 -174.19514
-99.38513 -198.77028

b E{AB) = E(A) + E(B)
o Ere1{A) = E(A)an - E(A)a.

“¥/T

-1.13363 2.008564
~7.88731 1,899500
-15.15312 2,000250
-29,13137 2.000600
-38.27935 2.000640
-94.976068 2.000570
=75.42083 2.000520
-100.07030 2.000430
-182.,39260 1.999060
-200.15660 2.000020
-242.46240 2.000000
-209,43620 2.000020
-341.29320 2.000070
-3868,10150 2.000060
—460.11030 2.000030
-22.009668 1.999377
-31.95512 1,880080
~45.11165 1,898730
~51,82640 1,898880
-82.31114 2.090080
-106.83040 1.899850
-39.08664 1.8996830
=-52.25849 2.000580
-68.87696 2.002940
-88.45047 2.001120
-114, 16880 2,000230
-49.09088 1.898880
-62.32156 2.000180
=78.86701 1.8%4100
-§9.55550 2.000880
-124.16590 2.000410
-82.21342 2.001410
-112.76600 2.001280
-137.21690 1.89960Q
-108.69280 2.001850
-129.28370 2.000840
-153.83110 2.000000
~149.66580 2.001630
-174.19502 1.599840
-188,77010 2,000930

Epcy

Era1(A)° Eve1r{B)

-41,
43,
120,
179,
20,

9
1
3
1
0

-52.7

-153.
=233,
2.
68.
83,
137,
129.

+

P M DN P T BB QW - Db ODOB O s O E

RELBEsRREEE

3
3
-~

8
0
1
2
2]
7
6

-41.8
~-77.4
-170.6
-243.4
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Tahle 1.6.4. Classifications of Neutral, Ground-State Diatomic

Class I

LiH

(1Z)

CH (2rn)
NH (3Z2)
OH (2nr)
FH (22)

NaH

(12)

SH (2n)

CIH
LiB
LiC
LiN
Lio
LiF
BeB
BeC
BeN
BeO

(22)
(12)
(2n)
(32)
(2m)
(12)
(2m)
(22)
(2m>
(12)

BC (2n)
BN (33)

Molecular Charge Distributions

Class II

BeH (23)
BH (12)
HgH (22)
AlH (*2)
SiH (2m)
PH (32)
LiBe (22)
BeF (22)
BO (22)
BF (12)
CR (22)
Co (12)
CF (2r)

Class III

BeH (A<r)
MgH (AZw)

Class IV

NO (2r)
NF (32)
OF (2r)
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Tahle 1.6.5. Comparison of Charge and Energies of H atoms

Systens
BeH;BeHz
BH;BHo
CH;CHe
NH :HHa
OH;0Hz
HgH;Heil2
AlH;AlHa
SiH;SiHe
FH;PHa
SH;SHz

H(H)
1.6868
1.74

el atalal—A=te
2388853%

aR(H)
-C.007
-0.042
+0.008
-0.41
-0.022
+0.024
-0.031
-0.037
-0.015
+0.011

in AH and AMn Systems

E(H)
-484
=557
=407
=310
-230
-406
-468
-509
=522
-386

aE(H)
+6
+7
0
+8
+9
-2
+3
-3
-2
-4

=  Populations are in an ond energies #re in keal mol-l. aN(HY = H(H)ann~
H(W)an. &E(H) = E¢H)an - E(H)an and E(H) = -314 kcal mol-2,



Tabile 1.6.8. Electronegativity Schemes for Diatomic Hydrides.

[

[+]

Sys
AH
LiH
BeH
BH

SeH
BrH

GAUSSIAN= SLATER®P
Fa XA Fa XA
14.08 1.00 13.61 1.00
3.27 1.44 2,97 1.47
1.07 1.0 1.03 1.82
0.31 2.60 0.32 2.58
0.18 3.08 0.18 3.07
0.08 3.62 0.09 3.83
0.06 4.00 0.06 4.00
14,18 1.00 14.04 0.99
4,72 1.32 4.64 1.31
2.28 1.58 2.30 1.57
1.15 1.87 1.14 1.87
0.63 2.17 0.4 2.17
0.29 2.684 0.31 2.61
0.16 3.05 0.17 3.02

14 .41 0.88
4.35 1.3
1.51 1.75
0.90 1.98
0.59 2.21
0.39 2.48
0.25 2.75

Bovd and Edgecombe 1888.
Present work using Slater basis set
Gaussian basis set of =,
Empirical values: Allred 1961,
Bader and Beddall 1973.

ALLREDe { BADER-BEDDALLA
X H XA
]
]

1.00 ! ~-0.81
1.57 i ~0.87
2.04 ! -0.75
2.55 t -0.03
3.04 i 0.32
3.44 ! 0.59
4.00 i 0.76
0.93 ! -0.81
1.31 1 ~0.80
1.61 ! -0.83
1.90 1 -0.78
2.19 i -0.58
2.58 1 =0.09
3.18 i 0.24
0.82

1.32

1.80

2.01

2.18

2.55

2.96

as opposed to the
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Table 1.6.7 Group Electronegativities.=

group Xgroup N(H)®
-MgH 1.33 1.81
~BeH 1.47 1.86
~AlH= 1.62 1.78
~5iHn 1,81 1.74
-BHz 1.93 1.71
~-PH= 2.17 1.63
-CH=CHa 2.58 1.08
=CHa 2.56 1.06
-CH=0H 2.98 1.05
~CHO 2.60 1.00
—CHCH= 2.61 1.04
-SH 2.63 1.34
—COOH 2.86 0.97
-CCH 2.66 0.88
-CN 2.69 0.78
~NH= 3.10 0.84
-0OH 3.64 0.39
-0CH3 3.70 0.38

e The x values are relative to hydrogen
and are calculated using the Boyd and
Edgecombe method (1988).

b The electron population of H is
calculated using the theory of atoms

in molecules.



Table 1.6.8. Predicted Electron Populations of atom
A, Nm(A), Using Bader and Beddall (1873) Method.=

Sys HNm(A)
AB

LiB 2.842
LiC 2.120
LiN 2,000
Li0 2.000
LiF 2.000
BeB 3.772
BeC 2.328
Bel 1.618
BeD 1.094
BeF 3.000
BC 2.834
BN 1.769
BO 2,322
BF 4,000
CN 4,835
Co 4,766
CF 5.207
NO 5,476
HF 6.562
OF 7.824
PN 12,297
Mg0 9.238
Si0 11.242
NaF 10.0C0
AlF 12,000
LiCl 2.000
NaCl 1C.000

a State functions using Slater basis sets
from Cede and Huo 1973,1974,1975 and

K(A)

S e b
MNNONOWNOOUB B R WERWWNNWWNNNNDND

.239
.116
.084
.0B85
.062
. 962
. 147
. 764
.306
.085
.958
. 169
447
.06B
877
.654
.220
.05
.562
.799
.2359
.o88
.383
.057
.027
.070
10.

088

Zerr

]
[+}]
e}

LoD (%00~ o
CONREN~NORFRNEFOOWWRO

OB NDNONWOBNBENDNODOIRRO OO ON

OWoOoOWMN-NO0O0O

HcClean and Yoshimine 1968.
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An enormous amount of research has been directed at the
phenomenon of hydrogen bonding because of the importance of hydrogen
bonds in nature (reviews include Dyke 1884, Schuster et al 1976,
Joesten and Schaad 1874, Vinogradov and Linnell 1871, Pimental and
McClellan 1960). In general, the structure and properties of condensed
phases are dependent on interactions involving hydrogen bond formation.
The structure and solvation properties of macromolecules in biclogical
systems (proteins and nucleic acids for example) are greatly
influenced by hydrogen bonding. Atmospheric processes such as the
transmission of electromsgnetic radiation can be affected by hydrogen-
bonded molecules (Carlon and Harden 1880).

Latimer and Rodebush (1920), working in Dr. G. N. Lewis’'s
lsboratory, were the first to propose a hydrogen bond: “"Water shows
tendencies both to add and give up hydrogen, which are nearly balanced.
Then a free pair of electrons on one water molecule might be able to
exert sufficient force on a hydrogen held by a pair of electrons on
another water molecule to bind the two water molecules together.
Indeed the 1liquid may be made up of large aggregates of molecules,
continually breaking up and reforming under the influence of thermal
agitation. Such an explanation amounts to saying that the hydrogen
nucleus held between 2 octets constitutes a weak "bond".”  From these
observations the definition of the hydrogen bond was developed and
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extended and today is given as follows: If a covalently bonded
hydrogen atom forms a second bond to another atom, then the second bond
is referred to as a hydrogen bond (abbreviated H-bond). Using the
notation A-H-.-B (where A and B are atoms with electronegativity
usually greater than that of H), A-H is termed the covalent or normal
bond and H--+B is termed the weaker or hydrogen bond (Schuster et al
1976). The theory of atoms in molecules allows us to gain a greater
understanding of the hydrogen bond as the theory precisely defines the
term “bond” and the interactions between atoms. Thus, we rephrase the
definition as follows: If a hydrogen atom is bonded to atom A through
a shared interaction and is also bonded to atom B through a closed
shell interaction, then a hydrogen bond exists between H and B. The
notation AH-B where the hyphen represent the hydrogen bond path in the
molecular graphs (Figure 2.1.1) is used hereafter. The AH bond path
length is less than the H-B bond path length and the value of & at the
AH bond critical point, in general, is an order of magnitude greater
than the wvalue of ¢ at the HB bond critical point. To a first
approximation then, the AH bond will be stronger (have & greater bond
energy) than the HB bond.

As demonstrated in this chapter, the theory of atoms in
molecules enables us to describe the nature, energetics and mechanism
of hydrogen bond formation and in so doing, sccount for experimental
observations of the properties of hydrogen-bonded complexes. Before we
describe the application of this relatively recent theory (Bader 1985,
Bader and Nguyen-Dang 1981, Bader et al 1881) to hydrogen-bonded

complexes, it 1is sppropriate to briefly review other theoretical
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approaches that have been used to study these systems. Panling (1844)

was the first to develop a simple electrostatic model that could
qualitatively reproduce trends in observed H-bond energies. Tsubomura

(1954) and Coulson (1957) were the first to use perturbation theory to

estimate the contribution of different energy components to the H-bond
energy. This theory was later refined and is still the most direct way
to obtain estimates of the electrostatic, exchange, charge-transfer,
polarization and dispersion energy contributions (Basilevsky and
Berenfeld 1872, Daudey 1974, Fujimoto et al 1874, Hayes et al 1884). A
widely used alternative involves the decomposition of the interaction
energy using the Hartree-Fock SCF formalism, es developed by Morokuma
and others (Morokuma 1871, Xitaura and Morokuma 1976). Kollman has
used this analysis to rationalize geometries and interaction energies
of a wide variety of H-bonded complexes (Kollman 1877). However, both
the virial theorem and Pauli exclusion principle are violated in this
procedure (Janda et al 1977). Mulliken populations (Kollmen 1877,
Kollman et al 1874, Kollmsn and Allen 1871), distributed and point
miltipole analyses (Hurst et al 1886, Kollman 1977, Kollman et &l 1874,
Kollman and Allen 1871), density difference maps (Benzel and Dykstra
1983), localized molecular orbital (Rudenberg 1875) and HOMO-LUMO
descriptions (Janda et al 1977), and charge transfers calculated using
the Townes-Dailey model (Legon et al 1981, Townes and Dailey 1848) have
also been used in attempts to further the understanding of hydrogen
bonding.

Elaborating on the energy decomposition techniques, it is

claimed that progress in interpreting hydrogen bonding has been msde by
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partitioning the hydrogen bond energy into a term arising from the
unrelaxed reactants and consisting of the classical electrostatic
interaction, quantum mechsnical exchange interaction, and &a term
reflecting the relaxation of the reactants due to intramolecular
polarization and intermolecular charge transfer (Krijn and Fiel 1888).
However, such an energy decomposition is not unique since it depends on
the orbital orthogonalization scheme used. For exsmple, the
decomposition method of Morokuma (1971) vields the attractive
electrostatic term to be dominant and the smaller repulsive exchange
contribution to be mainly cancelled by the relaxation terms, whereas
the natural bond orbital analysis of Reed et al (1988) vields the
charge transfer term to be dominant. According to Krijn and Fiel
(1988), an approach that has drawn little attention until recently, is
to discuss hydrogen bonding in terms of some experimentally observable
quantity like the electron density distribution. Interpreting
chemical bonding in terms of & has the advantage of not being
intrinsically dependent on certain models utilized for its definition
as, for example, many of the current concepts 1like o,n bonding and
covalency are. Further, according to DFT, ¢ is considered to be the
fundamental variable to describe the ground state.

No models are employed in the present work. Instead, the
theory of atoms in molecules is used to analyze #, In Section 2.1,
this theory is used to study the nature, mechanics and energetics of
gas-phase intermolecular hydrogen-bonded complexes of the type BASE-HF
(where BASE = OC, SC, N2, HCN, HaN, Oa, SCO, 0z, Nz20, S0z, H=2CO0, H=20,

HF, HaP, H=2S, N25, H=2CS and HCl). A quantitative description of the
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electron redistribution and changes in atomic properties, including
electron populations, energies, volumes and moments upon H-bond
formation are given by the theory, information which in turn provides a
qualitative understanding of the hydrogen bond. A hydrogen bond
results from the interaction of two closed-shell systems and the theory
quantifies the concept of the mutual penetration of the van der Waals
envelopes of the acid and base molecules. The extent of this
penetration and the factors which govern it are of great importance in
determining the strength of the interaction.

The effects of basis set superposition error and electron
correlation are also discussed in this section. In addition, a
comparison between BASE-HC1 and BASE-HF complexes is made.

In Section 2.2, changes in atomic properties accompanying the
formation of hydrogen bonds in the homo and hetero dimers of water and
ammonia and in the corresponding protonated species are examined. A
water trimer is also studied.

In Section 2.3 the theory is applied to & study of the electron
redistribution of formamide upon dimerization to form both eyelic and
open H-bonded structures. An important factor governing the changes in
the relative stabilities of the atoms on forming the dimers are the
opposing flows of o and w density through conjugated NCO fragments, as
measured by the shift in the electron populations into or out of the
plane of the nuclei oveir each of the atomic basins and by the changes
in the gquadropole moments and ellipticities of the atomic electron

distributions.

Section 2.4 deals with the OH-0 bonds present in the diformate
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anion, hydrated lithium hydroxide and hydrated lithium formate. The H-

0 hydrogen bond lengths in these complexes and those of Section 2.2

range in values from long to short and the overall trends in the
properties of these complexes are discussed.

Section 2.5 examines the effects of a crystal environment on

the charge distributions of the complexes of the previous section. The

crystal environment is modelled as a set of point charges where the

charges are obiained from the theory of atoms in molecules.



2.1 BASE-HF COMPLEXES

Progress in the development of pulsed molecular beam techniques
has made it possible to spectroscopically characterize wesk gas-phase
hydrogen-bonded complexes of the type BASE-HF. A recent review of the
experimental procedure has been given by Legon and Millen (1888).
These coumplexes have importance in atmospheric chemistry (Sapse 1983)
and femto and pico second chemistry (Scherer et al 1887). The change
in the charge distributions of the isolated reactants upon BASE-HF
hydrogen bond formation is important from our standpoint as these
changes explain experimental results and predict what will occur for

those BASE-HF complexes not yet characterized spectroscopically.

Geopetries, Structures and Energies of BASE-HF Complexes

Seventy percent of the BASE-HF complexes studied in this work
have been characterized experimentally. Of these, the disscciation
energies have been measured only for the complexes of HF with HCN, HF
and H20. To supplement this information, ab initio SCF calculations
are performed for the entire set of complexes.

Full geometry optimizations using the 6-31G** basis set have
been performed and, in general, they are in good agreement with
experiment (Tables 2.1.1 and 2.1.2 and the molecular graphs displayed
in Figure 2.1.1). The optimized AB separation (where A is the halide
of the acid and B is the base atom participating in the hydrogen bond)
is an overestimation of the experimental value in &ll cases except HaN
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-HF, HF-HF, and C1H-FH where it is a slight underestimation. Typical
of 6-31G* calculations, the overestimates range between two and seven
percent and are larger for the weaker complexes (Boyd and Choi 1886,
1985). The CA, NA and OA optimized separations range from 3.0 to 3.3,
2.8 to 3.2 and 2.7 to 3.0 A respectively. Considering the floppiness
of the weak complexes, the calculated H approach angles to the base
(where H denotes the hydrogen-bonded hydrogen) do not differ
significantly from experiment with the largest deviation being less
than 15¢ for HF-HF. Most experimental interpretations of rotational
spectra sssume at least a nearly linear hydrogen bond angle (within
10¢) and the theoretical calculations of the experimentally studied
complexes agree with this with the exceptions of NNO-HF, H2CO-HF and
HF-HF.

In the interpretation of the experimental spectra it is also
assumed that the base geometry will remsin relatively unchanged on
complex formation. The theoretical results are in agreement with this
assumption with the largest change being only 0.008 A in the CS bond of
SCO-HF (Legon and Millen 1988). In the systems not yet studied by
experiment, the largest change is a decrease of 0.010 A in the CS bond
of SC-HF. The base angles change by no more than 1.2°.

Legon and Millen (1986) have calculated the HF bond length
increase, ©&r, from hyperfine coupling constants and have shown in
genersl 8r to increase with increasing strength of the hydrogen bond.
The 6-31G*=* O&r values exhibit this trend roughly though they are
underestimations of the experimentsl values by as much as f£ifty percent

(Table 2.1.1).
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For the hydrogen-bonded complexes, the SCF calculated values of
the dissociation energies Da,

Do = Escr(BASE) + Escy(HA) - Escr(BASE-HA) [2.1.1)

are given in Table 2.1.1. Scheme I refers to RHF/6-31G**//6-31G"*
caleculations while Scheme II refers to RHF/6-3114++G**//6-31G™*
calculations. The larger basis set (B-311++G**) vyields Escr velues
larger in msgnitude than those calculated using Scheme I. The
magnitude of the V/T ratio is smaller for Scheme II. The De values
range from 6.3 (6.9) kJ mol-1 for NN-HF to 498.4 (46.2) kJ mol-3 for
HaN-HF (the values in parantheses are Scheme II values). Scheme II
does not necessarily give Dbetter agreement with experimental
dissociation energies than Scheme I.

Secondary minimim energy structures of some of the complexes
between BASE and HF are given in Table 2.1.1. In agreement with
experiment, Scheme II predicts the cis complex of SOz with HF to be the
global minimum, predicting it to be 6.5 kJ mol-1 more stable than the
trans isomer. Scheme I, on the other hand, predicts the trans complex
to be the global minimum, 0.8 kJ mol-1 more stahle than the cis isomer.
For the remaining complexes, the predictions of the primary minimum
energy structures are the same for Scheme I and Scheme II.

Scheme I (or Scheme II) calculations predict hydrogen fluoride
to be the base in the complex between HCl and HF end this is
experimontally observed (Janda et al 1877). These same calculations
predict that the complex formed between NNS and HF is more stable if it
is not hydrogen-bonded (13 of Figure 2.1.1). In fact, the theory of

atoms in molecules finds that in the most stable structure F is bonded
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to both the central N and S as well as to {. The linear SNN-HF complex
is less stable than structure 13 by 11.3 (7.5) kJ mol-*, The HzCS-HF
complex is found to have two hydrogen bonds (14 of Fisure 2.1.1) and
this accounts for its relatively large stability. Linear HCP-HF is 7.1
(6.7) k! mol-1 less stable than the T--shaped structure 2. Theoretical
calculations of the protonation of HCP also favour attack at the carbon
(Lohr et al 1984). From previous theoretical calculations (Sapse
1983), the T-shaped NN-HF complex has been found to be less stable than
the linear one. The only energy minimum structures we could find for
the complexes of 000 and H=CS with HF were 7 and 14 respectively.

On further examination of Table 2.1.1 one notes that CO-HF is
2.9 (1.1) kJ mol-! less stable than OC~-HF. Both of the bent OCO-HF and
SC0-HF complexes are only slightly 1less stable than their linear
counterparts and to within 0.1 kJ mol-! have the same Do values. The
Ha approach angle of 164.8° for OCO-HF falls within the 30° range-
estimated for HF libration about the oxygen in the experimental
structure. An analysis of ¥2¢ will explain why the energy differences
are so small and why the Ha approach angle can be so broad in these
cases (Chapter 3).

Test calculations using geometries optimized at the 6-311++G**
basis set lower the Scheme II energy by negligible amounts (0.04 kJ
mol-1) and have only a small effect on the geometry (bond lengths
change by at most 0.006 su). This observatich and those of correct
structure predictions and smaller virizsl ratios leasds to the decision
to use Scheme II exclusively in all remaining calcalations in this

section (Tables 2.1.3 - 2.1.14 inclusive &nd Tsbles 2.1.18 - 2.1.21
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inclusive). For consistency, only weak intermolecular, single
hydrogen~bonded complexes are examined in the remainder of this
section. Dykstra (1988) defines a weak hydrogen-bonded complex as one
in which De is < 50 kJ mol-1., Thus, all the complexes studied in this
section are weak.

The optimized hydrogen bond length B-H does not correlate with
Do, a result hardly surprising considering the diverse set of hydrogen
bonds encountered here. Within each group of similar H-bonds, however,
in general a decrease in H-bond length with increasing De 1s observed.
This observation has also been made for RCN-HA (A=F,Cl) (Boyd and Choi
1986, 1985) and OH-O systems (Section 2.4).

Basis_Set S ition E

For & given basis, the calculated wvalue of De is too large
because of the 'basis set superposition error -(BSSE) [Hobza and
Zahradnik 1988, Mo" et al 1988, Hobza and Sandorfy 1887, Mayer 1987,
Szczesniak and Scheiner 1986, Collins and Gallup 1886, Frisch et al
1988, Gutowski et al 1886, Schwenke and Truhlar 1985, Bachrach and
Streitweiser 1984, Kolos 1973, Boys and Bernardi 1870). This error
arises from the fact that the basis set used to describe each resctant
is larger for the complex than for the isolated molecule because in the
complex use can be made of the basis functions centred on the other
reactant.

In the function counterpoise method used to correct for BSSE
(Boys and Bernardi 1970), the energies of the separated reactants are

calculated with the full complement of basis functions used in the
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calculation of the complex. To find the proper description of isolated
HF for example, means that in addition to the basis functions centred
on the acid nuclei, basis functions of the base molecule, called ghost
orbitals, are centred at locations relative to the nuclei in HF that
they have in the complex.

The full counterpoise corrections to the total energy of the
reactants in HF-HF and HaN-HF are given in Table 2.1.3. It has been
argued that the full counterpoise correction overestimates the error
and that procedures which use only the polarizing functions or the
virtuel orbitals for the ghost orbitals reduce the correction
{Szczesniak and Scheiner 1888, Collins and Gallup 1986, Frisch et al
1988, Gutowski et al 1988, Schwenke and Truhlar 1885, Bachrach and
Streitweiser 1984). Thus the results of Table 2.1.3 are upper bounds
to BSSE. In the strongest of the BASE-HF complexes studied, HaN-HF,
for which the correction will be relatively large, the full
counterpoise correction to the energies of the base and acid are 2.3
and 1.0 kJ mol-1 respectively, compared to the calculated Da of 46.2 kJ
mol-1. In the weaker complex HF-HF the corrections are even smaller.
It has been found that the addition of diffuse functions to a basis set
can be more important than the addition of polarization functions in
the reduction of BSSE (Frisch et al 1986, Schwenke and Truhlar 1885,
Bachrach and Streitweiser 1984). The 6-311+G** set, in addition to
the set of polarizing functions on each atom, has even larger sets of
diffuse functions. Because of this feature the energy corrections are
quite small and they will not influence the trends in the calculated

values of Da.
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Bachrach and Streitweiser (1884) examined the effect of BSSE on

the electron density of the isolated reactants and found the
corrections to be small when the basis set contained diffuse functions.
In the present work the effects of BSSE on the electron density of the
reactants in HF-HF and HaN-HF are examined (Table 2.1.3). The
corrections to the average electron population of an atom Q, N(Q) are
small as are the changes in its first moment w(Q) and volume v(Q). The
largest of these changes are for nitrogen in HaN. The values of the
charge density and Laplacian of the charge density at the bond critical
points P(re) and v2(res) also chande by small amounts. Thus the charge
densities calculated from the 6-311++@** basis set are relatively
insensitive to the basis set superposition error.

BSSE is important when examining intersction energies in large
biological systems where minimal basis sets must be used (Hobza and
Sandorfy 1987). Attempts to improve corrections to BSSE in these cases

have been made (Mayver 1887).

'prnlngjcat ﬁnﬂhlsjs Qﬂ En er. BESE_HE !:legxﬁs

The locations of the (3,-1) critical points 1in the charge
density of the complexes are given in Figure 2.1.1. The values of ¢
and of its curvatures at the bond critical point of the hydrogen bond
and of the HF bond in the acid are listed in Tables 2.1.4 and 2.1.5.

The values of the charge density at a hydrogen bond critical
point, the values listed under £(r») in Table 2.1.4 are, in general, at
least an order of magnitude smaller than those found in shared

interactions. These values are typical of closed-shell interactions,
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and they are indicative of a relative depletion of charge in the
interatomic surface - a consequence of the requirements of the Pauli
exclusion principle. In & closed-shell interaction there is little
shared concentration of charge. Instead, the charge concentrations and
the corresponding regions of excess potential energy are separately
localized in the basins of the neighbouring satoms, As a result of
this localization., the values of v2f(rn) are positive and, in general,
smaller for the weaker complexes. To illustrate these features, the
Laplacian distribution for OC-HF is presented (Figure 2.1.2).

Within each set of H-bonded complexes, where the base atom B is
C, N or O, De increases with increasing values of @&(rn) (with the
exception of O000-HF). Boyd and Choi (1885, 1886) in a study of RCN-HA
systems found a strong correlation between @(re) (and 92*(r»n)) and Da.
We find a roughly linear relationship between P(rv) and Da with the
greater scatter being understandable in view of the diverse range of
H-bonds studied here (Figure 2.1.3a). Within each set of H-bonds,
v2*(rn) and the magnitudes of the curvatures of ¢ increase with Da.

The values of #(rn) for the secondary structures CO-HF, ONN-HF,
and HC1-HF are 0.0095, 0.0089 and 0.0072 an respectively. These values
are significantly smaller than those of the corresponding primary
structures. The values of #(rn) for the bent secondary structures 0CO-
HF and SCO-HF are almost identical to those of the primary linear
structures and this observation helps explain the very small difference
in De between the corresponding primary and secondary structures.

The charge distributions of OC, HF and of their hydrogen-bonded

complex OC-HF are illustrated in Figure 2.1.2. The positions and
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shapes of the interatomic surfaces are also indicated. The surface
resulting from the sapproach of the base atom B to the hydrogen is
relatively flat, a characteristic feature of & hydrogen bond
interatomic surface. Also indicated for the complex are the bonded
radii re (shown as rc) and ru. These radii are much larger than the
bonded radii of a normal B-H bond. The bonded radii for the
hydrogen-bonded complexes decrease as De increases within each set.
The value of ru is in most cases, only half as large as the value of
re. The nonbonded radii of the B and H atoms (rs and rm) of the
reactants are also indicated in the figure and listed in Table 2.1.8.
The nonbonded radii decrease in value upon the formation of the
new interatomic surface to the values of the bonded radii rm and ru
listed in Table 2.1.4. These chandes in radii are listed under the
headings |Ar§| and |arﬁ|. They provide a direct measure of the extent
to which the separate van der Waals envelopes are penetrated upon
formation of the hydrogen bond. The sum |Aga + Aghl increases as De
increases (Figure 2.1.3b). While Figure 2.1.3b displays the general
trend between penetration and De, the correlation is best within each
separate series of molecules where B is C, N or O because of the
differing nonbonded radii of these B atoms. In general, the nonbonded
charge density on H is penetrated to a lesser extent than is that on B,
the exceptions being OCO-HF, SCO-HF and ClH-FH. The third row atoms P,
S and Cl are least effective in penetrating the nonbonded density of H.
The most effective atoms are N in HaN and O in H2CO and H20. For the
second row atoms, the largest values of |ar%| correlate with the

[+]
largest values of |aru|. The third row atoms, while less effective in
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penetrating H, are themselves relatively soft towards the spproach of
H. Hydrogen fluoride is a hard acid as & consequence of the
contraction of the charge density towards the F nucleus, as reflected
in the large extent of charge transfer present in this molecule (Table
2.1.2) and in its relatively small value of i = 2.04 au (Table
2.1.6). The data in Table 2.1.4 show that the base atom F penetrates H
of the softer acid HCl, whose nonbonded radius equals 2.42 au, to a
greater extent than it does H of HF. The pair of complexes, HCl-HF and
HF-HC1, allow for a comparison of soft and hard bases interacting with
hard and soft acids, respectively. The penetration of the soft acid H
is more than twice that of the hard H, while the base atoms are
penetrated equally by the hard and soft H atoms. The result is that
HF-HC1 is the energetically favoured complex. The concept of mitual
penetration has also been used in & discussion of [HCN-NgF]l*
complexation (where Ng = Kr, Xe) (MacDougall et al 1888).

The secondary structures CO-HF and ONN-HF have mutual
penetrations both of only 1.2 an compared to 1.5 and 1.4 au for the
respective primary structures. Thus, the concept of penetration can be
used to predict which isomer will be more stable. The bent secondary
structures OC0-HF snd SCO-HF have mutusl penetration wvalues the same as
for the primary structures and their Do values are virtually identical.

Also listed in Table 2.1.4 under the headings eo(re) and Fo(ru)
are the values of ¢ in the isolated base and acid molecules at the
point of penetration, i.e., at the position determined by the vector
corresponding to the bonded radius rs or ru. The sum of Fe(re) and

Po(rH) is close in value to f(rv), the value of the charge density at
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the hydrogen bond critical point, being either equal to it to within a

few per cent or else slightly smaller in value. This analysis yields a
picture of hydrogen bond formation which corresponds to the mutual
penetration of the outer diffuse nonbonded densities of the base atom B
and of H, with the final density at the bond critical point being equal
to or slightly greater than the sum of the unperturbed densities.
Unlike a shared interaction, there is not a large increase in charge
density at the bond critical point and in the interatomic surface
relative to the unperturbed densities. The final density is instead
determined primarily by the extent of penetration - the greater the
penetration the larger the wvalue of #(rm) and the stronger the
resulting hydrogen bond., To obtain bonds with De > 25 kJ mol-2, the
van der Waasls envelope of the H atom must be penetrated by
approximately 1 au and the van der Weals envelope of the B atom by a
still larger amount. For these penetrations both of the unperturbed
densities are in excess of 0.01 an.

The changes induced in the charge distribution of the HF bond
are monitored by examining the corresponding changes in the properties
of its bond critical point (denoted by the position vector re; Table
2.1.5). The formation of each complex results in a decrease in the
value of P(ra) relative to its value of 0.3923 au in the HF monomer
(i.e., &®(ra) is negative), indicating that charge density is removed
from the HF bond. Figure 2.1.3c shows that p(ra) decreases linearly
with increasing De. These data provide direct evidence that the HF
bond is weakened through a loss of charge density upon formation of a

hydrogen bond, a result in accord with the increase in length and
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decrease in stretching frequency of the AH bond of the acid which is
observed to accompsny the formation of a hydrogen tond (Legon and
Millen 1986, Schuster et al 1976). The value of v2f(ra) is -3.3685 an
for the HF monomer, the negative sign implying a shared interaction.
Upon complex formation, the curvatures both perpendicular and parallel
to the H-F bond path at ra decrease in magnitude as Ds increases. This
is in contrast to the three curvatures at r» which all increase in
megnitude as De increases. The distance from ra to the proton, the
bonded radius rn, decreases with increasing Da. Since the HF bond
length increases upon complex formation, the bonded radius re in
general increases with increasing De. Thus the weakening and
lengthening of the HF bond and the strengthening and shortening of the
hydrogen bond as De is increased, are reflected in the properties of

the charge density at the corresponding bond critical points.

Atomic Properties

The atomic properties N(Q), No(Q), Nm(Q), a(Q), E(R), Va(Q),
Vr(Q), Va(l), u(Q) and Q(Q) snd their changes upon H-bond formation are
described in this section. Because the virial correction factor |V/T +
1| differs widely between systems (Tables 2.1.1 and 2.1.2) the atomic
energies between the reactants and complexes cannot be compared in
every case. There are however, two systems Oa-HF and SCO-HF where the
correction factors are similar enough to permit & meaningful comparison
of the changes in the atomic energies on complex formation. Also, the
calculated (V/T + 1) ratios correct the energy of a hydrogen atom by

less than 1 &J mol-2 and the difference between the largest and
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smellest of these corrections amounts to only 0.5 kJ mol-:. Thus the
energies of the hydrogen atoms may be compared throughout the complete
set of molecules. Only the overall trends in the changes in the total

energies of the base and acid molecules in forming the complex, &s

listed in Table 2.1.7, are discussed.

Isolated Reactants

Table 2.1.8 lists N(Q), |u(Q)| and v(Q) for the atoms in the
isolated reactants. @uadropole moments for the reactants which form
linzar BASE-HF complexes sre also given (Qee(R) = -(1/2)(Qo(Q) +
Rv(Q)). Holecular graphs of the reactants showing the values of q(Q)
and the directions and magnitudes of u(Q) have been previously given in
Figure 1.2.5. In general, because of the fields created by the
transfer of charge from one atom to another, the charge distributions
of the atoms become polarized in a direction counter to the direction
of charge transfer (Figures 1.2.5 and 2.1.2). In isolated HF for
example, 0.75e are transferred fromH to F. The fluorine, responding
to the net positive electric field exerted upon it by hydrogen,
polarizes towards its neighbour, while the latter atom polarizes in the
same direction, away from F, in response to the negative field
emanating from F.

These atomic moments are essential to the prediction and
understanding of molecular dipole moments and their change upon nuclear
displacements (Bader et al 1987b). When the donor atom possesses
relatively loosely bound, nonbonded charge density, such as C in OC or

P or S in their hydrides, the atomic moment can become quite large in
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magnitude. This back polarization of the nonbonded density resulting
from the charge transfer field is reflected in the values of the
nonbonded radii of these atoms. The nonbonded radius of C in OC for
example, is larger than the atomic radius of the free C atom by 0.2
au, The large atomic moments on the atoms in OC, particularly that for
C accounts for the near zero value for the dipole moment observed for
this molecule in spite of a considerable degree of charge transfer
(Section 1.5). The value of |u(P)| in HaP is the largest of the atomic
moments found in this work. The directions of the dipole moments of
HaP and HzS are determined by atomic rather than charge transfer
moments.

There are only a few exceptions to the rule that the atoms are
polarized in a direction counter to the direction of charge transfer.
In HaN the acceptor atom has relatively loosely bound nonbonded density
(the N lone pair) and its contribution to the atomic moment of N
opposes that arising from the charge transfer field effect. As a
result, p(N) is small in magnitude and directed sway from the
hydrogens. (Its value is one-third the magnitude of |u(N)| for N in Nz
where there is no charge transfer field opposing the polarization of
the nonbonded density.) In contrast, u(0) in H20 is directed towards
the hydrogens as determined by the field effect becanse the nonbonded
density on oxygen is more tightly bound and is not concentrated along
the axis of the dipole.

In Ua only a small smount of charge is transferred IJrom the
central to the terminal oxvgens and the positive field exerted by this

atom is of insufficient strength to counter the moment arising from the
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nonbonded density on the terminal oxygens (Figure 1.2.5). The O in

NNO, while polarized outwards, is not &n exception §ince both it and
the neighbouring nitrogen have net negative charges and are
consequently polarized away from one another. The charge density of
hydrogen in HCl1 is polarized counter to the direction of charge
transfer but the moment cf Cl1 is oppositely directed. The value of
|u(Cl)| is however, extremely small, being the smallest of all the
nonzero moments listed here.

As a result of these polarization effects, the base atom B that
participates in hydrogen bonding is initially polarized away from the
incoming hydrogen H of the acid in SC, HCN, SCO, 0CO, 080, H=zCO, H=20
and HF while in the remaining base molecules it is initially polarized

towards H.
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The changes in the populations, energies and volumes of the
acid and base molecules upon hydrogen bond formation are given in Table
2.1.7 and the corresponding changes in these same properties, excluding
the energies, are given in Table 2.1.9 for the individual atoms.

In all ceses there is a transfer of charge from the base to the
acid, HF, in agreement with Lewis’ generalized definition of an acid
and a base as an electron sacceptor and donor, respectively. The
strongest of the complexes studied here, HaN-HF, has the greatest
number of electrons transferred (0.046e) while the weskest complex,
NN-HF has samong the 1least (0.005e). The former complex exhibits the
greatest degree of interpenetration of the wvan der Waals envelopes of
the acid and base molecules, and the latter among the least.

The magnitude of the transfer of charge from base to acid is
relatively small compared to the changes in the individual atomic
charges (Table 2.1.8). There is therefore, a considerable
redistribution of charge within the acid and the base. A consequence
of this redistribution is a loss of electronic charge from the "tail"
of the base (the X group) and a comparable gain 1in negative charge by
the "head" of the acid (the F of HF). For example, in HaR-HF, 0.078e
are lost by X and 0.066e are gained by F. As a result of this charge
transfer, across the length of the complex, the dipole moment of the
complex is greater than the vector sum of the moments of the isolated
reactants, sn effect experimentally observed and termed "dipole moment

enhancement” (Legon and Millen 18986).
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As anticipated on the basis of the above discussion of the

decreases in nonbonded radii of B and H, the volumes of these atoms
decrease on hydrogen bond formation (Figure 2.1,2). In fact, there is
an overall decrease in volume for the entire base fragment and where B
is a second-row atom, for the entire acid fragment as well (Table
2.1.7). There is a rough correlation between the decrease in volume
upon complexation and increasing De.

In general, the acid is stabilized (aAE(acid) is negative)
except when the base contains third-row atoms P, S or Cl. The base is
stabilized when B is a third-row atom and in &ll other cases with the
exceptions of OC, NN, HCN, 0CO, NNO and H=2CO.

The most important trends are to be found in the changes of the
properties of the B, H and F atoms. The changes in the atomic
properties of the acid HF are considered first. Fluorine gains charge
in all cases, in amounts ranging from 0.012e for the weakest complex
NN-HF te 0.066e for the strongest complex HaN-HF. It acquires charge
not only from the base, but also from H since the bond critical point
in HF shifts closer to the proton upon complexation (Table 2.1.5). H
loses charge in all cases (except in HaP-HF where aN(H) = 0) in amounts
ranging from 0.002 to 0.024e. In all complexes, the chargde gained by F
is greater than the charge lost by H and, therefore, oN(acid)
increases.

The decrease in v(H) ranges between 1.0 and 5.8 au, The
increase in v(F) ranges between 0.2 and 3.8 an. v(H) decreases mainly
because of the creation of the B-H interatomic surface which removes

the outermost charge density from H (and B) (Figure 2.1.2). The
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removal of this density is a factor contributing to the change in w(h).
Although |aN(H)| increases linearly with De within each set, it
does not do so wverell. However, aE(H) does exhibit such a
relationship through the complete series :sf molecules (Figure 2.1.3d).
The nonbonded density on H is penetrated by the bass, H loses charge
and is consequently destabilized. Tie linear rela*ionship between
oE(H) and Do emphasizes the importance of the perturbation of the
charge distributios, of H in hydrogen bonding and in particular it
demonstrates again the dependanre of De on the degree of penetration of
the nonbonded density on the H atom. Table 2.1.10 1lists the
contributions to the changes in potentisl e¢nergy for the H atom. The
symbol Vu(H) denotes the potential energy of inleraction of the charge
density within the basin of the H atom with its own nucleus. Because
of the loss of charge by H, che change in this quantity is positive and
the effect on the energy of H is destabilizing. The gquantity Va(H),
the total attractive potential energy, is the interaction of all the
nuclei in the system with the charge density of the H atom. This
quantity decreases on the formation <l the hydrogen bond and is
stabilizing because of the interaction of the nuclei of the base,
particularly that of the B atom, with the depsity of the H atom. The
repulsive contributions to the energy of the H satom, the
electron-electron &and nuclear-nuclear repulsions which are grouped
under the heading Vr(H), increase by more than the attractive
interactions decrease and overall, the H atom is destabilized. (By the
virial theorem, oE(H) = (1/2)[aVa(H) + aVr(H)]).

In all the systems studied, H undergoes a reduction in
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polarization upon H-bond formation. This reduction is primarily the
result of the loss of its noibonded density. The moment w(Q) is
determiiic? by the averasge value of r over the atomic charge
distribution and its value is therefore sensitive to the amount of
density relatively far from the nucleus. This counter polarization of
the charge density of the hydrogen atom is enhanced when the base atom
B is negatively charged as in the complexes with HaN, H2CO and H=z0.
These three complexes possess the greatest extent of mutual penetration
and the three largest values of De. In the complexes with OC, H25 and
HaP, the B atoms are positively charged and consequently, the
corresponding a[u(H)| values are the smallest of those listed in Table
2.1.9,

We now focus on the atoms of the base molecule XB. Upon
hydrogen bond formation, the base molecule loses charge in all
instances as does the X group. The B 'atom gains charge if B is a
second-row atom but loses charge if B is a third-row atom. Both B and
X decrease in volume and, in general, |aV(B)| > |aV(X)|. In general,
the greatest volume changes occur for those B atoms with diffuse
regions of nonbonded density.

The XB-HrF complexes are divided into two categories: those
which have the change in the first moment of B directed away from H and
those which have this change directed towards H. The bases belonging
to the first class are HaN, Hz20, HF, HaP, H2S, HC1l, RN, HCN, OC, SC and
Oa. Those belongi~g to the second class all have oxyden as the base
atoms B and are 5C0, 0CO, NNO, OS0 and H2C0. The signs of &|u(B)| need

not be -he same for two bases belonging to one c¢class, since the
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original polarization of B may be directed towards H as in HalN where
&6|u(N)| < 0, or away from H as in H20 where a|u(0)| > O (Figure 1.2.5).

The change in u(B) away from H in the first class of complexes
is rationalized as follows: The creation of the B-H interatomic
surface removes diffuse density from B and this decreases its atomie
moment.. This effect is most pronounced for those base molecules which
initially possess diffuse regions of nonbonded density on the base atom
B, such as found in HaN, HaP, H2S, OC and SC. In each complex of the
first class, with the exception of (HF)=z, the X group loses more charge
than H and this, coupled with the fact that the X group is closer to B
means that the electric field generated by X is dominant. Thus both
effects cause a change in polarization of B away from H.

This back polarization of the density on B leads to an increase
in Da (Table 2.1.11). Within each group of base atoms in this class,
one finds a correlation of the magnitude of the change in the
polarization of the base atom B away from the proton with the extent of
the mutual penetration of both the B and H atoms and hence with De. As
noted above, the change in the polarization of H is &lso directed asway
from the bonded region. In other words, the removal of density from
the bonded region resulting from these polarizations facilitates the
approach of the two closed-shell systems.

The B atoms of the second class of molecules are oxygen atoms
and their nonbonded density is tightly bound. For example, the
nonbonded radius of C in OC is much larger than that of O in SCO (Table
2.1.8). The creation of a new O-H interatomic surface upon

complexation and the concomitant removal of diffuse density does not
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have a large effect on w(0) owing to the tightness of the 0 charge
distribution. Therefore, field effects play a dominant role in
determining changes in u{(0). In OCO-HF and O0SO-HF, the base atom
neighbouring B loses charge but less than that lost by H and the net
field is such as to cause the change in p{0) to be directed towards H.
In SCO-HF, NNO-HF and H=2CO-HF, the base atom neighbouring B gains
charge on complexation and the change in u(0) is again directed towards
H. Since the change in polarization of B is directed towards H in this
class of molecules, the extent of mutual penetration of the B and H
atoms and the value of Da increase with & decrease in the value of
|au(B)| (Tebie 2.1.11). The value of Da increases with a decrease in
the extent to which the polarization of B places density in the bonded
region. Unlike a shared interaction where charge is accumulated in the
bonded region, these interactions are strengthened by polarizations of
both B and H which lead to a lessening of charge in this region,
thereby facilitating their mutual penetration. While Da does increase
with increasing charge density at the bond critical point, the values
of #(rn), which are approximately the sum of the unperturbed densities,
increase because of incressing penetration and not because of
polarizations of charge into the bonded region. Furthe- evidence of a
relation between the polarization of density on B and the extent of
penetration is provided by the o to mw promotion of the density on B
which, as discussed next, accompanies the formation of a hydrogen bond.

The complexes 1listed in Table 2.1.12 are linear and one may
distinguish between the contributions of the o and w orbitals to the

atomic populations for each of these molecules (Wiberg and Wendolowski
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1981). The changes in these contributions, together with the total
atomic n population in the complex are given in Table 2.1.12. In each
complex, HF has a w population which varies from its unperturbed value
of four by only 10.002e, and there is essentially no direct transfer of
n density from the base to the acid. The loss and gain of charge by X
and B respectively, is primarily a result of changes in theirm
populations. In fact, the w charge lost by X is nearly equsal to that
gained by B and it is possible to refer to a corresponding transfer of
n charge from X to B. The n population of the B atoms increase, while
their o populations decrease, This implies that the formation of the
hydrogen bond causes a promotion of o into mw density. An exception is
found for N in N=z. Only in this molecule, which forms the weakest
complex, is there an increase in the o density of the base atom B.
This atom exhibits the smallest penetration of the nonbonded density of
the H atom of the acid (Table 2.1.4). Those base atoms showing the
largest o to w promotion, Cof SC and N of HCH, also possess the
greatest extent of penetration of the nonbonded density of the H atom.
The o to m promotion corresponds to the transfer of nonbonded density
on B from a distribution which attains its maximm value on the axis of
approach of B to H to one which is a maximum in a torus-like
distribution about this axis. This redistribution of charge
facilitates the approach of two closed-shell systems and, 1like the
polarizations of B and H discussed sbove, leads to a greater
penetration of their charge distributions and to a stronger hydrogen
bond. This ssme promotion of density out of the plane of the hydrogen

bond to a m-like distribution concentrated above sand below this plane
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has been found to occur for the base atoms in the cyclic formsmide
dimer (Section 2.3).

The changes i the atomic quadrupole moments reflect the
promotion of ¢ to mn density. For the B atom, &Qen(B) is always
positive implying that charge density is removed from along the
internuclear axis and becomes more concentrated in & toruslike
distribution sbout the internuclezr axis. For a particular B atom (C,N
or 0), &Qe=(B) increases with increasing &ANm(B). 4Qe=(H) is always
positive though the aNw(H) values are very small. In general for the X
atom o8Qzez(X) 1is negative implying that charge density is removed from
the toruslike distribution about the internuclear saxis and placed
along the internuclear sxis. Quadrupole moment chenges offer a more
rhysical description of the charge redistribution than the o ton
promotion argument where the rule of electron indistiguishsbility is
violated.

These considerations make the differences in De values between
complexes understandable, between those of OC and SC, for example. The
positively charged carbon in OC possesses a diffuse nonbonded density
distribution, but the remaining density of OC is tightly bound and does
not undergo significant relaxations on forming the complex. In SC,
carbon is negatively charged and more readily polarized, in addition to
possessing diffuse nonbonded density (Table 2.1.6). All of the charge
relaxations accompanying the formation of the complex are greater for
SC than for OC: S transfers nearly four times as mch charge &as does
the more electronegative G and the carbon atom gains more charge in SC

than in OC by close to a factor of ten; C in SC is polarized towards
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the soft and positively charged S &and this is increased on
complexation, while C in OC undergoes only a very small change in
polarization towards the hard, negativ'ly charged O; theo tow
polarization is greatest for C in 5C; |4Qz2(C)| is more than twice as
great in SC compared to OC. As a consequence of these differences, the
matual penetration of C and H is greater in SC than in OC by 0.34 au
and SC forms the stronger hydrogen bond.

Table 2.1.13 summarizes the changes in energy and population of
each atom in the complexes with Oa and SCO which have nearly equal
values for De. A gain or loss of charge results in a corresponding
increase or decrease in the stability of each atom. As noted above,
the H atom is destabilized in all systems. The F and B atoms are
stabilized in both complexes, more so in the Oa complex because of
greater gains in charge, particularly for the B atom. The change in
energy per change in charge for both F and H are of the same order of
magnitude for both complexes, but differ by a factor of three for the B
atom. The two molecules belong to different classes with regard to the
change in polarization of the B atom and both exhibit the least
favourable type of change. The polarization of the B atom towards H is
essentially unchanged in O3 while in 800, it undergoes the largest of
the polarizations towards H (Tsble 2.1.11). Consequently of the two,
the penetration of the B atom is greatest in the former complex. In
the Oa complex, both of the remaining atoms in the base lose charge and
are destabilized by an amount almost egqual to the stabilization energy
of the B atom and overall the bsse fragment is stabilized by only 2.8

kJ mol-1. In the SO0 complex, the C atom gains more charge than does
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the base atom 0 snd is considerably stabilized. The S atom on the

other hand undergoes a loss in charge in excess of that gained by 0 and

C and is destabilized so that the final base fragment is stabilized by
6.3 kJ mol-1.

Dipole Homent Enhancement

Dipole moments of socme of the BASE-HF complexes have been
measured experimentally (Legon and Millen 1988) and they, along with
the theoretically determined values, are listed in Table 2.1.14. The
theoretical results overestimate the experimental values of the dipole
moment with the exceptions of OC-HF, NNO-HF and Hz2CO-HF.

It is experimentally observed that the dipole moment of the
complex is always greater than the vector sum of the dipole moments of
the isolated reactants and this result is predicted by the theoretical
calculations. This dipole moment enhancement (DME) along with the
theoretical values are listed in Table 2.1.14. The theoretical values
are in fair agreement with experiment. The theory of atoms in
molecules demonstrates that the dipole moment enhancement is a result
of a loss of charge by the the X group (the tail) of the base and &
gain by the F (the head) of the acid (Table 2.1.8). This effective
transfer of charge across the length of the complex creates a moment
which adds to the head to tail alignment of the base and acid dipoles
to yield a moment that is greater than the sum of the reactant
dipoles. The competing moment arising from a gain of charge by atom B
of the base and a loss of charge by H, is of smaller magnitude since

the distance over which this effective charge transfer occurs is much
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shorter than the head to tail distance between F and X.

Summary of the Properties of BASE-HF Complexes

It has been claimed that a successful theory of the hydrogen
bond has to explain the properties of H-bonded complexes listed below,
for which extensive experimental evidence is availsble (Schuster et sl
1976). Each of these observations is followed by its explanation as
given by the theory of atoms in molecules.
1. ‘Molecules forming H-bonds spproach much closer than the sums of
the van der Waals radii of the nearest atoms would allow.” The theory
of atoms in molecules quantifies the concept of the penetration of van
der Wsals envelopes and relstes the extent of penetration to the
strength of the hydrogen bond. The basis of this relation 1lies in the
closed-shell nature of the hydrogen bond as characterized by the
properties of the charde density at its critical point. The mutusal
penetration of the outer diffuse nonbonded densities of the B and H
atoms is facilitated by their dipolar and quadrupolar polarizations,
which remove density from along their axis of approach, to yield a
final density in the interatomic surface that is only slightly greater
than the sum of the unperturbed densities. The greater the

penetration, the larger the velue of £v and the stronger the resulting

bond,
2. "The dipole moment of the complex is larger than the vectorisl
addition cf the monomer moments.” This so-called dipole moment

enhancement is readily accounted for in terms of the changes in the

atomic populations as an effective transfer of charge from the tail of
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the base to the head of the acid.

3. 'The electron density &at H is decreased and so NMR signals are
shifted to lower magnetic ~fields.” 1Indeed, aN(H) is negative in all

hydrogen-bonded complexes studied to date. The accompanying

descreening of the proton raises the energy of H in the complex.

4, ‘'Upon hydrogen bond formation, the H-Y bond of the scid molecule HY
is lengthened and its IR stretching frequency is shifted to smaller
wave numbers.’ Ab initio calculations confirm the elongation of the
bond (Table 2.1.1). The redistribution of charge which leads to the
weakening of the H-Y bond and the concomitant strengthening of the
hydrogen bond are characterized by the properties of the charge density

at the corresponding bond critical points.

Elect c )ation in BASE-HF Compl

A recent investigation of the effects of electron correlation on
the topological properties of molecular charge distributions has shown
that the number and type of critical points are not changed (Gatti et
al 1988). Changes in the properties of ¢ at its critical points and in
atomic pronerties change by only a few per cent. While the energies do
change by &an amount equal to the correlation energy, the trends in
energy changes through series of molecules (hydrocarbons and carbenes)
and the conclusions based on these trends were found to be unchanged by
correlation.

We wish to see if any conclusions made using the RHF/8-
311++G**//6-31G** scheme must be altered when electron correlation is

incorporaterd into the description of the charge distribution of the
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wenk BASE-HF complexes. To this end, we study a weak system OC-HF and
a strong system HaN-HF using the MP2/8~311++G**//6-31G** scheme (Scheme
I1II). The symbol MP2 denotes Moller-Plesset (1834) second-order
perturbation theory, & widely used scheme to incorporate electron
correlation (Hehre et al 1886).

Table 2.1.15 compiles the dissociation energies. Scheme III,
like Schemes I and II, predict OCO-HF to be more stable than OC-HF and,
in turn, OC-HF to be more stable than CO-HF. Thus, the energy trends
are preserved when correlation is included. Also listed in this table
are the De values for HF-HF, HCN-HF and Hz0-HF because their Do values
have been experimentally determined. Agsin, the energy trends are
preserved. In fact, for HF-HF and H20-HF, Scheme 1II performs the best
while for HCN-HF Scheme I still gives the Da value closest to
experiment. The effect of MP2 on the De of many hydrogen-bonded
comp.exes has been recently reviewed by Hobza and Zahradnik (1888).

Important from the viewpoint of the theory of atoms in
molecules are the changes 1in the charge distributions of the systems
owing to the inclusion of correlation. It is found that the
qualitative features of ¢ do not change, i.e, the numbers snd types of
critical points remains unchanged upon HPZ2 inclusion in both the
isolated reactants and the complexes. Table 2.1.16 deals with
quantitative changes in the topology of e while Table 2.1.17 deals with
the changes in atomic properties.

The quantitative changes in ¢ are small. They are greater in
the stronger complex HaN-HF as compared to the weaker OT-HF complex

{Table 2.1.16). In both of these systems the inclusion of HMFZ2 causes a
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greater buildup of charge at the H-bond ecritical point and greater

penetration values (as compared to the corresponding Scheme II values).
Consistent with these observations are the greater values of De for
these complexes using Scheme III as compared to Scheme II., As
evidenced in the values for ra, Scheme III causes more charge to be
removed from the HF bond than in Scheme II, also consistent with the
larger Da values present in Scheme III.

Examining the changes in the atomic properties of the strongest
complex HaN-HF on going from Scheme II to Scheme III, we note the
following: the hydrogen-bonded H gains electrons while F and N lose
electrons. Electron correlation causes the polarization of N away from
H to increase significantly and this is consistent with the larger Deo
value for Scheme III. Both H and N decrease to a greater extent in
atomic volume for Scheme III.

To gain a greater understanding of the effect of MP2Z correlstion
on ¢, we examine the changes in the atomic properties on going from
Scheme II to Scheme III for the molecules HF, CO and HaN separately
(Teble 2.1.17). In all cases, the heavier atom loses electrons.
Consistent with .his observation is the decrease in the first moment
and atomic volume Ffor F in HF and O in CJ. Figure 2.1.4. is a plot of
the Scheme III minus Scheme II charge density for hydrogen fluoride.
Charge is removed from the fluorine basin including its nonbonded
region and this is why its first moment is reduced from Scheme II.
The H gains charge in its nonbonded region, and consequently, its first

mement increases,
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BASE-HC1 Complexes
In the sbove BASE-HF study we have varied the base but kept the
acid constarnt. What if we keep the base constant and vary the acid?
To answer the question, we exasmine the linear NN-HC1l, OC-HCl1, SC-HC1,
OCD-HC1, SCO-HC1 and HCN-HC1 complexes and the near Cav complex heolN-

HC1l. Of these, only SC-HCl has not been chtxacterized experimentally.

The RHF/6-311++G**//6-31G** scheme employed in this work
overestimates the BCl internuclear distance in the BASZ-HC1 complexes
just as it did for the BASE-HF complexes (Table 2.1.1). The calculated
hydrogen bond length is greater in a given BASE-HCl1 complex than in the
corresponding BASE-HF complex by ~10% and the De values are smaller by
“50%.  Still, the relative ordering of the D¢ values is the same for
BASE-HC1 as for BASE-HF complexes, As the BASE-HCl complexes are
weaker than the BASE-HF complexes, it is not surprising that the
changes in the base geometry upon BASE-HCl complex formation are
smaller than the corresponding changes upon BASE-HF complex formation.
While the changes in the HCl bond length are very small for the linear
BASE-HC1 complexes, this change for HaN-HCl is relatively large, even
larger than that in HaN-HF.

Tapological Analvsi P o Por BASE-HCL Comp)

The values of £ and of its curvatures at the bond critical point
of the hydrogen bond and of the HCl bond in the acid are listed in
Tables 2.1.18 and 2.1.19.
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Within each set of H-bonded complexes, where the base atom B is
C, N or 0, Da increases with increasing values of #(rn) at the H-bond
eritical point (Table 2,1.18). Overall, there is a roughly linear
relationship between f(rn) and De Jjist as was found for the BASE-HF
complexes. Consistent with the smaller De values for the BASE-HCl
complexes compared to the BASE-HF complexes, we find that #(rw) is
correspondingly small. For the linear complexes, f(rw) is “25% smaller
in BASE-HC1l than in BASE-HF.

Within each set of H-bonds of the BASE-HC1 systems, v22({m),
the magnitudes of the curvatures of f, the mutual penstration values
and the sum of the unperturbed dersities increase with Da. These
values are smaller than the corresponding wvalues found in the BASE-HF
complexes. Thus, the description of BASE-HCl complexation emerging
from Table 2.1.18 is the same as that for BASE-HF complexation, only in
BASE-HC1 all the changes are on a smaller scale. There is one
exception. The mutual penetration value for HaN-HCl is 8X larger than
the value for HaN-HF.

The changes in the wvalues of properties evaluated at the HC1
bond critical roint are given in Teble 2.1.19. In general the changes
in ¢ and v% parallel the changes in the acid critical point in BASE-
HF, but again on a smaller scale. The 1location of ra moves
progressively to Cl as De increases within each set of H-bonds and

these shifts are greater than the corresponding shifts to F in the
BASE-HF systems.
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The changes in the populations and volumes of the acid and base
molecules upon hydrogen Lond formation are given in Table 2.1.20 and
the corresponding atomic chandes are given in Table 2.1.21.

There is & transfer of charge from the base to the acid in all
systems, The strongest of the complexes, HaN-HCl, has the greatest
number of electrons transferred (0.038e) while the weakest complex,
NN-HCl has among the least (0.00le). The former complex has the
greatest mutual penetration value and the latter the least. The charge
transfer from base to acid is smaller in BASE-HC1 than BASE-HF
complexes, Consequently, the dipole moment enhancements of the linear
BASE-HC! complexes are smaller than the corresponding BASE-HF complexes
(Table 2.1.14). The RHF/6-311+¢**//6-31G"* scheme yields DME results
closer to experiment for the BASE-HCl1 complexes than tor the BASE-HF
complexes.

The volumes of both the base and acid fragments decrease upon
H-bond formation with the base fragment becoming more contracted than
the acid (with the exception of OCO-HC1l). The total volume decrease is
smaller than the corresponding decrease for BASE-HF systems.

“he most important trends are to be found in the changes of the
properties of the B, H and Cl atoms., The acid is discussed first.
Chlorine gains electrons in all cases, in amounts ranging from 0.018e
for the weakest complex HNN-HC1 to 0.166e for the strongest complex
HaN-HCl. These gains are greater than the corresponding gains by
fluorine in BASE-HF syscems and this is rationalized by noting that the
charge distri. ation of Cl in HCl is not as tight was that of F in HF.

The softer hydrogen of HC1 (as compared to the tight H of HF) loses
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charge in all cases in amounts ranging from 0.017e for the weakest
complex NN-HC1l +to 0.1282 for the strongest complex HaN-HCl. The tight
H of HF dues not lose as much electrons upon BASE-HF formation as the
soft H of HCl does upon BASE-HC1 formation.

The decrease in v(H) for the acidic hydrogen ranges between 1.5
su (HN-HCl1) and 14.1 au (HaR-HCl). The large av(H) value 1in the
strongest complex, HaN-HCl, is the largest value yet observed for H for
any hydrogen-bonded complex. This larde value is consistent with the
large value of |Ar§|, also the largest value yet observed for H.

Although |8N(H)| increases linearly with Da within each set of
BASE-HCl systems, it does not do so overall. However, in general,
oE(H) does increase overall with Da. These aE(H) values are greater
than the corresponding values in BASE-HF systems. The exceptional
behavior of the Hall-HCl system is again manifested in the large value
of aE(H) = 175 kJ mol-1,

Just as with the BASE-HF systems, in all the BASE-HCl systems
studied H undergoes a reduction in polarization upon H-bond formation
and this reduction becomes greater with increasing Do. The reductions
are also grezater than the corresponding reductions in the BASE-HF
complexes. In the BASE-HC1 complexes, a significent reduction in the
polarization of Cl 1is observed and this reduction increases with
increasing Da. In fact, for the stronger SC-HC1, HCN-HCl1 and HaN-HC1,
the atomic first moment of Cl is directed counter tc the direct:ion of
charge transfer. This 1s in contrast to the isolated reactant HCl in
which Cl is polarized slightly in the same direction as the charge

transfer. While changes in the acid fragment are large between HF and
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HCl in the BASE-HF and BASE-HCl complexes respectively, changes in the

atomic properties of the constituent atoms of the bas/: upon BASE-HC1
formation are very similar to the corresponding chenges upon BASE-HF

formation. The mechanism of hydrogen bond formation is also the same

and the discussion need not be repeated.
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Figure 2,1.1

Holecular graphs of nonlinear BASE-HF complexes. These graphs are
determined from the charge densities of the complexes. The black dets
between atoms denote the positions of the bond critical points of p.
The hydrogen fluoride bond critical point is c¢lose to the proton.
Refer to Teble 2.1.1 for the numbering scheme and values of geometric

parameters,
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Figure 2,1.2

a) Contour maps of the charge distributions of carbon monoxide,
hydrogen fluoride and the complex OC-HF are presented. Included are
zero flux surfaces, critical points (black dots) and bonded and
nonbonded radii. A bonded radius for a given bond is measured from the
nuclens to the corresponding bond critical point. A nonbonded radius
is measured from the nueleus out to the 0.001 au contour. The
innermost contours (those of values greater than 0.8 au) are not shown.
b) Contour plot of the Laplacian distribution of OC-HF. Zero flux

surfaces and bond criticsal points (black dots) are included.
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Figure 2.1.3

Relationships between properties of the charge density and De

(kJ mol-1) for BASE-HF complexes. The data labels (a)-(p) are for
complexes (arranged in order of increasing Da) of HF with the bases N2
(a), HC1 (b), OC (c), O3 (d), SCO (e), OCO (f), NNO (g), HaP (h), HF
(1), SC {J), 0S0 (k), H2S (1), HCN (m), H2CO (n), H20 (o) and HaN ‘n).
a) Plot of the charge density at the hydrogen bond eritical peint f(ow)
(in au) versus Da.

b) Plot of the sum of the changes in nonbonded radii of B and H upon
hydrogen bond formation, i.e. the mutual penetration |Arg + argl (in
au) versus Da.

c¢) Plot of the decrease in the charge density at the H-F bond critical
point 4f(ra) (in au) versus De.

d) Plot of the increase in the ene:gy of the hydrogen-bonded hydrogen,

AE(H) (in kJ mol-1) versus De.
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Figure 2.1.4

Contour map of the MP2 minus Hartree-Fock charge density for hydrogen
fluoride. Solid (dashed) contours correspond to regions of charge
buildup (removal). The contours for this figure and the other
difference density figures in this chapter change in steps of 2x10m,

4x10», 8x10» with n beginning at -4 and increasing in steps of unity.
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Tahle 2.1.1. Geometries and Energies of Primary and Secondary BASE-HA

Structures.
Parameters Dad X
Stnuctes Complex Optimized® ,!-lxpt. Egcwe =V/T Cale Expt err
PRIHARY
BASE-HF
linear HH-HF HH 2.304 =208,95819 2.0025328 6.3
HF 3.2056 3,087 -209.02991 2.0005306 6.9
NN 1,078 (0.000)
HF 0.901 (0.001) <(0.001)
OC-HF CH 2.285 -212,754068 2.0020000 11.7
CF 3.168 32.084 -212.82802 2.0004117 9.3
OC 1,131 ¢-0.003)
HF 0.903 (C.003) (0.007)
SC-HF CH 2.138 -535 32470 2.0005378 22.6
CF 3.045 -535.40013 2.0000447 21.8
SC 1,510 (-0.010)
HF 0.907 ¢9.007)
o=~C0-HF OH 2,078 1.61 =287.65049 2.0023493 12.1
OF 2.978 -287.74963 2,0002827 12.6
0=C 1.139 (-0.004)
00 1.148 (0.003)
HF 0.902 (0,002)
S00- HE OH 2,129 1.94 -610.27583 2.0009730 9.2
OF 3.031 -610.37529 2.0001255 10.9
SC 1.564 (-0.008) -
Q0 1.136 (0.005)
HF 0.902 (0.002)
HCH-HF NH 2,012 -182.89901 2.0018200 26.8 25.9 3
NF 2.918 2.804 -192,98537 2.0004383 27.2 5
H=C 1.060 (0.00%)
CH 1.131 (-0.002)
HF 0,906 (0.008) (0.014)
1 HNO-HF OH 2.093 1.94 -283.69750 7.0024636 15.1
QF 2.807 -283.78999 2.0003565 12.6
WK 1.089 (-0.003) -204.65851
RO 1.185 (0.007)
HF 0.803 (0.003)
NOH 104.4 116
OHF 135.2 167
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Tahle 2.1.1 (con’d)

Structe Complex

Paranetdrs
Optinized® Expt

Egcy© -V

Ded
Cale Expt orr

%

2 H=CP-HF

H'CP].?BB(IZ)
CHF 142.6

-479.12220 2.0006856
-479.19513 2.0000586

OHe 1.817
CF 2.724
HO 0,944 (0.001)

2.662

HaF 0.910 (0,010} (0.015)
13418

Bs 136.7

OHoF 173:2

HOHa 115.7

HOH 107.0 (1.0

10.0
7.0

- -

-176.04975 2. Cm.BBBd 38.1 42,7 11
-176.12008 2.0002109 34.8

16

4 HzS-HaF

-

SHa 2.553
SF 3.453
HS 1.327 (-0.001)

3.249

HaF D.804 (0.004) (0.010)

ge 104.7 a1
SHaF 173.8

HSHa 99.8

HSH 84.7 (0.3)

-498,68229 2.0005540

14.6

-498,78150 2.0000179 24.5

HHa 1.837

NF 2.755

HM 1.001 (0.000}
HeF 0.916 (0.016)
HHoF 179.9

HiHa 111.1

HNH 107.8 (0.2)

2.80

PHa 2.625

PF 3.530

HP 1.401 (-0.004)
HeF 0.905 ¢0.009)
PHaF 179.8

3.311

*HPHa 120.3

HPH 95.8 (1.2)

-156.22607 2.0015668 49.4
-156.28567 2.0002483 46.2

~442.47184 2.0005644
—442.53770 2.0000351

15.5
16.4
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Table 2,11 (con'd)

174.

Parameters
Struct® Complex Optinizede Expt Escype VT Calc Expt err
7 0=00-HF OH %.120 =324.27602 2.0024173 13.0
OF 3.021 : =324.36742 2.0001207 10.7
0+0 1,195 (-0.009
00 1.213 (0.009)
HF 0,803 (0.003)
00H 114.4
OuF 175.5
0=00 118.8 (-0.2)
8 0=S0-HF OH 1.883 -647.18820 2.0014332 19.7
(cis) OF 2.887 2.818 -B47.22372 2.0000350 22.1
05 1.411 (-0.003)
S0 1.420 ¢0.008)
HF 0.904 (0.004)
SOH 140.8 144.9
OHF 179.2
0*S0 118.3 (¢-0.5)
1] 0-S0-HF OH 2.082 -647,16850 2.0014364 20.5
(trans) OF 2.782 -B847.29125 2.0000121 15.8
0=S 1.412 (-0.002)
S0 1.421 (0.007)
HF 0.904 (0.004)
SOH 107.6
OHF 133.8
050 117.8 (-1.0}
10 Hz00-HaF OHa 1.853 1.794 -213.83437 2.0018460 33.9
QF 2.688 2.659 -213.96B673 2.0002246 27.3
HeC 1.089 (-0.004)
HC 1.089 (-0.004)
Q0 1.191 (0.007)
Ha¥ 0.910 (0.010)
COHa 105.4 115
COF 96.2 109.5
CHaF 151.6
HECD 121.68 (-0.5)
HCD 121.4 (-0.7)
HECH 117.0 (1.2)
11 HF*-HaF F=Ha 1.850 -200.03289 2.0016114 25.1 12,1 21
HHa 2.315 ~200.11309 2.0000961 16.7 12
FHe 0.904 (0.004)
F=F 2.717 2.72
F*HaF 159.8
HF*Ha 109.5
8:h 77.1 63t8
82k 13.7 1046



Tnble 2.1.1 (con'd)

Parameters Ded

Structe Complex Optimizede Expt Escre -W/T Cale Bxpt ery
12 ClH*-FHh CI1F 3.328 ‘, =-560.08393 2.0006569 15.9

H=F 2.067 2,12 -5B60.15288 1.9999626 9.9

HH 2.644

ClH™ 1.268 (0.002)

FH 0,802 (0.002)

CIH=F 172.4

HFH 120.7 130
13 N«lS-HFh SF 3.328 -606,38954 2.0011810 13.0

SH 2,783 ~-606.48186 2.0001424 9.9

NF 2.976

HH 2.898

H*N 1.083 (-0.003)
NS 1.864 (0.012)
HF 0.803 (0.003)

SFH 46.4
NSF 63.2

14 HzCS-HaF4 SHa 2,539 -536.52979 2.0006701 23.4
SF 6.186 -536,60146 2.0000421 1B6.7
HfF 2.488

HC 1.078 (0.000)
HC 1.078 (0.000)
€S 1.800 (0.001)
HaF 0.806 (0.006)
CSHa B82.8

CSF 72.2

SHaF 138.5

CHEF 75.7

HECS 121.6 (-0.5)
HCS 121.7 (-0.4)
HfCH 116.6 (0.8)

SECONDARY |
BASE-HF

linear CO-HF OH 2.156
OF 3.038
0 1.116 (0.002}
HF 0.902 (0.002)

-212.75296 2.0019852 8.8
~212.82762 2.0004173 8.2

ONH=-HE  HeH 2.260

N*F 3.161

N=N 1.092

NO 1.172

- HE 0.801

-203.68450 2.0024744 7.1
-283.76804 2.0003848 7.4
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Tahle 21,1 (con’d}

Paremeters Ded
Structs Complex Optimizedb Expt Escye -V/T Calc Expt err
SHN=-HF N*H 2.416 . -606.38523 2.00121%4 1.8
N*F 3.317 -606.47902 2.0001509 2.4

H+H 1.086 (0.000)
SN 1.639 (-0.013)
HF 0.801 (0.001)

linear H=CP-HF

PH 3.235
PF 4.135
H=C 1.069 ¢0.000)
CP 1.513 (-0.005)
HE 0.90} (0.001)

-479,11857 2.0006856 2.9
-479.19256 2.0000676 0.3

15 O*Q0-HF

OH 2.077
OF 2.971

0=C 1.139 (-0,004)
C0 1.146 (0.003)
HF 0.90Z (0.002)

-287.65049 2.0023510 12.1
-287.74962 2.0003842 12,5

16 SC0-HF

.136 (0.005)

OH 2
OF 3
5C 1.564 (-0.008)
1
HF 0.802 (0.002)

-610.27381 2.0008733 9.2
~-610.37528 2.0001268 10.9

17 H*C1-HF

~560.06085 2.0006174 7.
~560.15204 1.9998700 7

N

PRIHARY
BASE-HC1
linear NH-HC1

RBH 2.576
NC1 3.842
RN 1.078 (0.000)
HC1 1.265 (0.000)

3.728

-569.01155 2.0010128 3.
-569.07100 2.0001188 3

OC-HC1

CH 2.%41
CC1 3,808
0C 1.112 (-0.002)
HC1 1.288 (D.002)

3.710

~-572.80663 2.0008288 6.
-572.86846 2.0000779 4
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Table 2.1.1 (con'd)

Purameters Dad X

Struct* Compler Optimizedb Expt Escyo -V/T Cale Expt err
SC-HC1 CH 2.358 -895,37588 2.0003783 14.3
CCl 3.831 -B85.43875 1.9998778 11.8

£C 1,513 (-0.007)
HCl 1.272 (p.006)

O~CO-HC1 OH 2.305 -647.70323 2.0011201 7.4
CC1 3.572 3.430 -647.78894 2.0001020 7.1
0=C 1.140 ¢-0.003)

Q0 1.145 (0.002)
HC1 1.267 (0.001)

SCO-HCI  OH 2.380 -§70,32088 2.0006669 5.4
OCl 3.848 3.479 -8970.41590 2.0000355 6.2
SC 1.566 (-0.006) ’
Q0 1.134 (0.003)
HC1 1.266 {(0.000)

H*CH-HC1 NH 2.219- -552.95014 2.0007246 17.8
NCl 3.491 3.404 -553.0034S 2.0000730 16.0
H*C 1.080 (0.001)
CH 1.131 (-0.002)
HCl 1.272 (0.006)

“Cav HaN-HaCl NHe 1.938 -516.27540 2.0005908 35.8
HCl 3.230 3.136 -515.32111 1.9999923 27.9
HN 1.002 (0.000)
HaCl 1.284 (0.028)
HH«Cl 178.8
HiHa 111.1
HNH 107.8 ¢0.2)

® See Figure 2.1.1 for molecular graphs of the nonlinesr structures. The
linear structures are written so that the base atom, B, participating in the
hydrogen bond is linked by a hyphen to the acidic hydrogen, Ha of HA {A=F,CL).
Where possible, the subscript'a is dropped for simplicity.

B 6-31G™; distances in A and angles in degrees. Geometry changes from 6-31G=
optimized monomer geometries are enclosed in parentheses.

© Values are in au. The first entry for each complex uses RHE/G-31G"=//6-31G==
{Scheme I} while the second entry uses RHE/6-311+4G=%//6-31G=* (Scheme II}.

d Dissocintion energies sre given in kJ mol=2. The exporimental values are .
from Legon and Hillen (1886). The numbers under the % err column are the.

absolute values of the percent relative errors of the calculated from the
experinental dissociation energies.

= 0 is the obtus® angle between He and ths base molecular plane.

£ The non-participating hydrogen nearest the B-HoF bond.

@ 81 is the ocute angle the HF subunit acting &s a proton acceptor is bent from
the FF axis, 8z is the dihedral angle HF™HaF.

® FH is the base.

L FH acts both as an acid and a base.

115
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Table 2.1.2. Geometries, Energies and Atomic Charges of Reactants.e
BASE Geometric Escr -v/T Q a(Q)
Parsmeters I II

HOH 108.0 -76.05344 2.0002526 0.6184 0.6117

1.8449 1.8798
~-0.6138 ~0.6266
-1.4558 -1.4666
1.3478 1.3261
0.1083 0.1412
0.4879 0.6736
-0.2440 -0.3368
0.3367 0.3407
e« -0.35386 -0.5473
2171 0.2086
-1.3554 -1.3572
0.6777 0.6786
0.5220 0.515%
-0.56838 -0.6178
0.0238 0.0312

2

2
HaP  HP 1.405 -342.45418 2.0003433
HPH 95.6 -342.47810 Z.00000860

2.

2.

HF HF 0.800 -100.01169 2.0014313 F -0.7570 -0.7527
-100.05336 2.0001316 H 0.7570 0.7526
oC 0C 1.114 -112.73788 2.0024104 C 1.4034 1.3268
-112.77113 2,0008858 0O -1.4034 -1.3268
sC SC 1.520 -435.30432 2.0002801 C -~0.8728 -0.8870
-435.33849 2.0000305 S 0.8728 0.8870
NN NN 1.078 -108.94385 2.0034006 N 0.0000 0.0000
-108.87330 2.0008970
HCN  HC 1.058 ~-82.87714 2.0020853 N -1.4794 -1.3454
CN 1.133 ~-82.90164 2.0007527 C 1.2889 1.1232
H 0.1822 0.2222
HaN  HN 1.001 -96.19554 2.0015700 N -1.1192 -1.0758
HNH 107.6 -56.21474 2.0004015 H 0.3731 0.3586
000 00 1.204 -224.26144 2.0027792 0O -0.1080 -0.1088
000 118.0 -224.32989 2.0001388 0. 0.2126 0.2177
8C0 S8C 1.572 -510.26062 2.0008814 0 -1.3476 -1.2743
€0 1.131 -510.31777 2.0001254 C 0.8601 0.7639
S 0.4856 0.5104
0CO 0OC 1.143 -187.63418 2.0028032 0 -1.3784 -1.2976
-187.69148 2.0005161 C  2.7567 2.5851
NNO NN 1.092 ~-183.68012 2.0029688 0 -~0.4118 -0.4247
NO 1.178 -183.73184 2.0005184 Nc -0.0847 -0.0158
N 0.49686 0.4404
080 OS5 1.414 ~-947.16800 2.0013984 0O -1.3941 -1.3311
0S0 118.8 -547.23185 2.0000018 S 2.7884 2.6621
H=200 HC 1.093 -113.86974 2.0020973 0 -1,2872 -1.2403
CO 1.184 -113.90288 2.0004179 C 1.3631 1,2453
HCO 122.1 H -0.0331 -0.0025
HCH 115.8
H20 HO 0.843 -76.02362 2.0020960 O -1.2389 -1.2234
H
P
H
C

HCP  HC 1.083 ~373. 10670
CP 1.518 -379.13809

0004179
0000807

HzS8 HS 1.328 -388.67503 2.0003439
HSH 94 .4 ~398.69868 1.93993824
NNS NN 1.086 -306.37286 2.0011098
NS 1.652 -506.42473 2.0001582
2.

5CS SC 1.544 -832.88408 2.0004506
-B32.833867 2.0000220
H2C5S HC 1.078 -436.50924 2.0004172
€S 1.599 -436.54172 2.0000572

HCS 122.1

HCH 117.4

Tauunonzm oo™
o
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Table 2.1.2 (con’d)

HC1 HC1 1.265 -460.06621 2.0004374 C1 -0.2329 -0.2771
~-460.08575 1.9989364 H  0,2328 0.2771

e Internuclear separations are in A and angles are in degrees.
Energies and atomic charges are in atomic units. The subsecript ¢
denotes the central atom.
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Iable 2.1.3. Absolute Values of Full Counterpoise Corrections (cc) to
Energies and Charge Densities of the Reactants HF and HaN in HF-HF and
HaN-HF .=

Complex
cc to HF-HF HaN~HF
base acid base zeid

energy 1.0 0.7 2.3 1.0
N(A) - 0.001 - 0.000
N(H) - 0.001 - 0.000
N(B) 0.000 - 0.008 -
N(H") 0.000 - 0.002 -

T¢:Y) - 0.007 - 0.007

w(H) - 0.001 - 0.001

ueB) 0.008 - 0.041 -

M(H | 0.000 - 0.001 -
v(A) - 0.78 - 0.55
v(H) - 0.13 - 0.12
v(B} 0.33 - 1.92 -
v(H") 0.06 - 0.01 -
#{ra) 0.004 0.005 0.000 0.000
V2 (re) 0.080 0.076 0.002 0.007

= The 6-311+G*™ energy corrections are given in kJ mol-*. The
remaining values are given in au. The fluorine of the acid, the
hydrogen-bonded hydrogen and the base atom participating in the H-bond
are labelled A, H and B respectively. The remaining hydrogens not
participeting in the H-bond are labelled H'.
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Table 2.1.4, Hydrogen Bond Critical Point Analysiz of BASE-HF Corplexes.s

BHF Al 9%(me) Mim) Nafm) Asme) t8 ot (ad| Jarh

OC-HF 0.0123 0.0500 -0.0132 -0,0132 0.078¢ 2.8662 1.4118 0.91 0.83
SC-HF 0.0178 0.0851 -0.0210 -0.0210 0.1071 2.7440 1.2861 1.4 0.74

NN-HF 0.0084 0.0406 -Q.0088 -0.0086 D0.0578 2.8458 1.5083 0.81 0.53
HCN-HF 0.0163 0.0851 -0.0234 -0.0234 0,1318 2.5525 1.2497 1.0 0719
HaN-HF 0.0344 0.1132 -0.0521 -0.0521 0.2174 2.4033 1.0878 1 48 0.97

C00-HF 0.0123 0,0817 -0,0158 -0.0149 0.0924 2.8410 1.3665 0.78 0.87
5C0-HF 0.0099 0,0568 -0.0107 -0.0107 0.0782 2.5841 1.4290 0.58 0.81
OCO-HF 0.0112 0.0854 -0.0125 -0.0125 0.0904 2.5352 1.3874 0.82 0.65
HHO-HF 0.0183 0.0708 -0.0199 -0.0180 0.1097 2.5190 1.4672 0.eg 0.57
0SD-HF 0.0164 0.0864 -0.0200 -0,0203 0.1275 2.4762 1.2735 0.92 0,77
HzD-HF  0.0274 0.1176 -0.0407 -0.0396 0.187% 2.3328 1.1771 1.09 0.88
Hz0-HF 0.0276 0.1270 -0.0425 -0.0339 0.2084 2.3215 1.1149 1.16 0.92
HE-HF 0.0213 D0.1113 -0.0313 -0.0296 0.1722 2.2872 1.2188 0.89 0.82
HaP-HF 0.0114 0.0332 -0.0104 -0.0104 0.0540° 3.476% 1.4B42 0.98 0.56
H25-HF 0.0115 0.0380 -0.0113 -0.0110 0.0803 3.3569 1.4679 1.02 0.57
HC1-HF 0.0072 0.0294 ~0.0067 -0.0062 0.0423 3,357 1.6173 0.74 0.42
HF-HC1 0.0147 0.0621 -0.0180 -0.0170 O0.097) 2.4524 1.4564 0.73 0.96

XB-HF fo(ra) Po{rm) Pro(rn) +
Fe{tH)

OC-HF 0.0083 0.0051 0.0114
SC-HF 0,0093 0.0072 0.0165 -

NN-HF 0.0042 0.0039 0.0081
HCQY-HF 0.0084 0.0083 0.0177
HaN-HF 0.0167 0.0148 0.0335

Q00-HF 0.0068 0.0058 0.0127
SCO-HF 0.0048 0.0048 0.0097
OCO-HF 0.0055 0.0055 0.0110
RHO-HE 0.0085 0.0079 0.0184
O0SO-HF 0.0087 0.0078 0.0185
H2CO-HF  0.0140 0.0130 0.0270
H20-HF 0.0151 0.0130 0©.0281

HE-HF 0.0114 0.0105 O0.0219
HaP-HF 0.0061 0.0042 0.0103
H25-HF 0.0062 0.0044 0.0108
HC1-HF 0.0039 0,0032 0.0071
HF-HC1 0.0072 0.0085 0.0157

& All values are in eu, The bond critical point of the B-H hydrogen bond is
denoted .
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Tahle 2.1.5. HF Bond Critical Point Analysis of BASE-HF Complexes.®

XB-HF &7(ra) AV2A(ra) Ai(re) Az(ra) Aalra) Arpy Arn

OC-HF -0.0057 -0.0123 -2,8110 -2.8110 Z.2402 0.0086 -0.0040
SC-HF -0,0138 0.0240 -2.7811 -2.7811 2.2167 0.01865 -0.0087
NN-HF -0.0028 -0.0319 -2.8225 -2.8225 2.2435 (.0050 --0.0035
HCN-HF  -0.0135 -0.0145 -2.8029 -2.8029 2.2218 0.0189 -0.0081
HaN-HF -0.0338 0.2081 -2.6486 -2.6486 2.1368 0.0425 -0.0089
000-HF -0.0056 -0.0178 -2.8137 -2.8137 2.2401 0.0084 -0.0041
SCO-HF  -0.0038 -0.0374 -2.8268 -2.8268 2.2467 0.0083 -0.0040
OCO-HF  -0.0048 -0.0357 -2.8245 -2.8245 2.2438 0.0078 -0.0044
NRO-HF  -0.0070 -0.0186 -2.8124 -2.8118 2.2362 0.0104 -0.0049
0S0-HF  -0.0085 -0.0205 -2.8114 -2.8114 2.2328 0.0137 -0.0083
H=CO~HF -0.0192 0.0508 -2.7587 -2.7566 2.1947 0.0257 -0.0081
H=0-HF -0.0208 0.0580 -2.7524 -2.7522 2.1931 0.0276 -0.0088
HF-HF -0.0084 -0.0170 -2.8103 -2.8102 2.2340 0.0138 -0.00861
HaP-HF  -0.0100 -0.0293 -2.7822 -2.7822 2.2242 0.0131 -0.0042
H25-HF -0.0087 0.,0181 -2.7887 -2.7898 2.2279 0.0118 -0.0041
HC1-HF -0,0036 -0,0025 -2.8056 -2.8055 2.2391 0.0052 -0.0022

HF-HC1® -0.0011 -0.0186 -0.6524 -0.6523 0.4683 0.0243 -0.0185

% All values are in au., The bond critical point of the HF bond is
denoted ra. For isolated hydrogen fluoride p(ra) = 0.3823 an,

V& (ra) = ~3.3695 au, rr = 1.4441 au and rn = 0.2576 au. Changes refer
to the complex minus isolated reactant values.

® HC1 is the proton donor in this primary energy minimum complex, and
S0, re is between H and C1 of HCl here.
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Iable 2.1,6, Nonbonded Radii (out to the 0.001 an charge density
contour) of Isolated Bases and Acids.=

Base B Acid
XB

HF 3.18 HF 2.04
0oC 3.78 H=20 2.22
sC 3.88 Hal 2.40
NN 3.46 HC1 2.42
HCN 3.56 HzS 2.56
H=N 3.88 HaP 2.80
0Co 3.40 HCN 2.30
sCo 3.18 H200 2.60
0co 3.16

NNO 3.40

0s0 3.40

H=00  3.42

H=z0 3.48

HaP 4.46

H=S 4,38

HC1 4.08

a All values are in au. The results are obtained from Restricted
Hartree-Fock/6-311++G**//6-31G** calculations.
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Table 2.1.7, Changes in the Acid and
Base Fragments of BASE-HF Complexes.®

Complex aN aE av
OC-HF

acid 0.0163 -88.0 -0.289
base -0.0164 72.6 -6.88
SC-HF

acid 0.0284 8.5 -0.28
base -0.0285 -30.4 -11.93
NN-HF

acid 0.0046 -112.8 -0.47
bese -0.0047 105.9 -9.03
HCN-HF

acid 0.0170 -87.8 -2.50
base -0.0171 §0.3 -10.18
HaN-HF

acid 0.0457 -42.6 -2.64
base -0,0480 -3.6 -16.54
COO0-HF

acid 0.0081 -8.2 -1.28
base -0.0081 -2.6 =3.20
SCO-HF

acid 0.0026 -4.7 -1.43
base -0.0026 -6.3 -9.19
OCO-HF

acid 0.0044 -70.2 -2.24
base -0,0046 57.6 -3.88
NRO-HF

acid 6.0085 -80.9 -2.58
base -0.0087 68.2 -10.35
0SO-HF

acid 0.0083 18.2 -2.60
base -0.0095 -40.4 -5.26
H=CO-HF

acid 0.0230 —49.4 -4.24
base -0.0230 22.0 -12.11
H=0-HF

acid 0.0231 -30.0 -3.40
bese -0.0232 -5.0 -11.76
HF-HF

acid 0.0083 -6.9 -3.73
base -0.0084 -10.0 -5.42
HaP-HF

acid 0.0328 15.2 2.63
base -0.0330 -31.6 -10.28
H=S-HF

acid 0.0266 19.5 2.37
base -0.0267 -44.4 -10.68
HC1-HF

acid 0.0124 44.3 3.49
base -0.0125 -52.1 -2.74



Table 2.1.7. (con’d)

Complex aN AR avy
HF-HC1

acid -0.0028 -35.9 -5.,32
base 0.0026 25.8 -2.35

e All results are in su except AE values which are in kJ mol-t.

188
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Table 2.1.8. Atomic Properties of Isolated Reactants.=

Reactant Q MQ) (| WQ)  Qee(D)
HE F 9.7527  0.373  128.26 0.050
H 0.2474  0.108 13,02 -0.080
oc c 4.6731  1.718  112.74 -0.289
0 9.3269  0.984  138.47 -0.052
sC C 8.8870  0.438  174.88 -1.810
S 15.1130  1.494  206.61 5.702
NN N 7.0000 0.646  129.75 1.444
HCN N 8.3454  0.786  168.77 0.368
c 4.8768  1.134  84.95 2,332
H 0.7778  0.114  38.62 0.368
HaN N 8.0758  0.208  138.41
H 0.6414  0.189  31.96
000 0 8.1088 0,560  112.12
0 7.7823  0.433  71.90
SCO 0 9.2743  0.825  137.44 0.123
c 5.2861  2.006  75.71 0.514
S 15.4895  1.252  224.Bl 7.615
0co 0 9.2976  0.789  137.38 0.329
C 3.4048  0.000  27.56 1.588
NNO 0 8.4247  0.419  118.31
N 7.0158  0.790  75.77
N 8.5596  1.150  119.72
0s0 0 9.3311  0.681  133.72
S 13.3379  2.021  112.7C
H=CO 0 9.2403  0.587  137.%
c 4.7547  0.812  58.71
H 1.0025  0.122  49.85
Hz0 0 9.223¢  0.243  147.39
H 0.3883  0.158  20.15
HaP P 13,1201 2.361  145.86
H 1.6266  0.358  77.97
HzS S 153264 1.461  207.21
H 1.3388  0.201  60.25
HC1 Cl  17.2771  0.035  237.01
H 0.7228  ©0.135  37.93

* All wvalues are in an. The base atom that participates in the H-bond
is listed first, followed by the next nearest base atom and the
remaining nonequivalent base atoms.

b See Figure 1.2.5 for directions of moments.
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Table 2.1.9., Changes in Atomic Properties of BASE-HF Complexes.e

Complex Q aN(Q) (D) av(Q) 8Qzz(Q)
OC-HF F 0.0209 0.001 2.168  -0.0v7
H -0.0048 ~0.008 -2.45 0.056
C 0.0058 -0.007 ~5.20 0.220
0 -0.0223 0.014 -1.68 -0.043
SC-HF F 0.0380 ~-0.002 3.45 -0.016
H -0.0096 -0.011 -3.74 0.070
c 0.0543 0.057 -8.350 0.483
S -0.0828 -0.004 -3.43 -0.1890
NN-HF F 0.0121 0.001 1.08  -0.012
H -0.0075 ~0.010 ~1.56 0.048
N 0.0424 0.000 ~-3.89 0.070
N -0.0471 0.002 -5.04 -0.037
HCN-HF F 0.037¢6 -0.0086 2.36 -0.028
H -0.0208 -0.019 -4.86 0.068
N 0.0388 0.014 -8.18 0.220
C ~0.0355 0.012 -0.52 -0.226
H -0.0204 -0.002 -1.48 -0.017
HaN-HF F 0.0659 -0.018 3.20
H -0.0202 -0.022 -5.84
N 0.0317 -0.085 -12.53
H -0.0259 -0.008 -1.32
H -0.0257 -0.008 -1.32
H -0.0281 -0.008 -1.37
000-HF F 0.0189 0.001 2.12
H -0.0108 -0.014 -3.40
0 0.0488 -0.001 -1.81
0 -0.0129 -0.008 -0.45
0 -0.0440 -0.011 -0.84
SCO-HF F 0.0158 -0.002 1.47 -0.022
H -0.0132 -0.015 ~-2.80 0.055
0 0.0250 -0.047 -2.87 0.081
C 0.0304 0.021 -0.12 0.028
S -0.0580 0.001 -6.20 -0.192
OCO-HF F 0.0177 -0.002 1.30 -0.024
H -0.0133 -0.015 -3.54 0.084
0 0.0202 -0.041 -2.18 0.082
c -0.0118 0.005 -0.83 -0.032
0 -0.0129 0.023 -0.66 -0.048
NNO-HF F 0.0230 0.000 0.17
H -0.0145 -0.013 =2.79
0 0.0273 0.018 -3.21
N 0.0088 0.000 0.38
N -0.0448 -0.012 ~7.92
0SO-HF F 0.0281 -0.004 1.98
H -0.0188 -0.020 -4.58
0 0.0261 -0.0186 -2.81
S -0.0182 -0.015 ~-1.12
0 -0.0174 0.022 -1.23
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Table 2.1.9 (con’d)

Complex @ BN(Q)  A|D)|  aw(Q)
H2C0-HF  F 0.0455  -0.008  0.77
H  -0.0225 -0.021 -5.01
0 0.0180 -0.018  -8.18
C 0.0273  0.0168  0.08
H  -0.0482 -0.006  -2.75
H  -0.0257 -0.004  -1.27
Hz0-HF ~ F 0.0475  -0.008  2.43
H  -0.0244 -0.025 -5.83
0 0.0251  0.052  -9.86
H  -0.0241 -0.011  -0.95
H  -0.0242 -0.011  -0.85
HE-HF F 0.0288  -0.004  1.19
H  -0.0205 -0.022 -4.92
F 0.0053  0.000  —4.40
H  -0.0143 -0.008 -1.02
HaP-HF ~ F 0.0316  0.006  4.83
H 0.0012  0.001  -1.20
P -0.0179 -0.058  -8.45
H  -0.0050  0.013 -0.84
H  -0.0051  0.019 -0,62
H  -0.0050  0.018 -0.57
HzS-HF ~ F 0.0285  0.006  3.38
H  -0.0019 -0.003 -1.01
S  -0.0141 -0.016 -8.51
H  -0.0064 -0.008 -1.08
H  -0.0062 -0.008 -1.10
HCl-HF  F 0.0141  0.003  2.28
H  -0.0017  0.001  1.21
Cl  0.0051 -0.012  -1.43
H  -0.0176 -0.003 -1.31
HF-HCL  Cl  0.0534  -0.022  2.69
H  -0.0s62 -0.038  -8.21
F 0.0125  -0.002 -1.70
H  -0.0087 -0.005 -0.66

@ All wvalues are in su. For all complexes the F of YF is listed first
(except in HF-HC1), followed by the H-bonded H, the base atom B
participating in the hydrogen bond, the next nearest base atom, and the
remaining base atoms,



Isble 2.1,10. Attractive (A) and Repulsive (R) Contributions
to the Changes in Potential Energy for H in BASE-HF Complexes.=

Complex aVu(H)

OC-HF
SC-HF
NN-HF
HCN-HF
HaN-HE
00O0-HF
SQ0-HF
OCO-HF
NNO-HF
0S0-HF
H2C0-HF
Hz20-HF
HF-HF
HaP-HF
Hz25-HF
HC1-HF
HF-HC1

28.2
60.1
28.3
85.8
110.7
40.4
43.1
47.2
54.3
69.8
95.8
102.8
70.0
30.1
16.4
-8.7
128.5

ava(H)

-1743.7
-2364.8
-1740.6
-1616.1
-1385.0
~3182.4
-2935.5
-2467.6
~-2647.2
-3559.,1
~-2142.5
-1411.4
-1557.7
-2385.2
-2837.9
~2747.8
-3437.7

aVr(H)

1780.8
2438.4
1772.0
1706.2
1508.2
3231.5
2976.0
2516.6
2703.1
3626.4
2240.7
1514.7
1619.7
2446.5
2685.4
2788.8
3548.4

2 Energy values are in kJ mol=-2,

AE(H)

18.8
36.8
15,

™
-q
NNOODRDOLNOEOD

aN(H)

-0.0046
~0.0086
-0.0075
~0.0206
-0.0202
-0.0108
-0.0132
-0.0133
-0.0145
-0.0188
-0.0225
~0.0244
-0.0205

0.0012
-0.0018
-0.0017
-0.0562

187
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Table 2.1.11, Correlation of Da with Changes in Atomic Properties (in

au).

Class I Do  &ra  |ow(B)| amm  |aw(H)|  |ars + am|
¥B kJ/mol

oc 9.3 0.8 0.007 0.63 0.008 1.54
S0 21.8  1.14 0.057  0.74 0.001 1.88
NN 6.9 0.6 0.000 0.53 0.010 1.14
HCN 27.2 1.0t 0.014  0.79 0.018 1.80
Hal 46.1 1,48 0.095  0.97 0.022 2.45
000 10.7 0.78 0.001  0.67 0.014 1.43
Hz0 3.9  1.16 0.052  0.92 0.025 2.08
Class II

500 10.8  0.58 0.047  0.61 0.015 1.19
000 12.6  0.62 0.041  0.85 0.015 1.27
NNO 12.6  0.88 0.016  0.57 0.016 1.45
0S0 22.1  0.92 0.016  0.77 0.016 1.69
HzCO  27.3 1.0 0.018  0.88 0.018 1.85
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Table 2.1,12, Changes in the Contributions of the o and w Orbitals to

the Atomic Populations in Linear BASE-HF Complexes and Changes in
Qz=(2) (in au),

Complex F H B Xl= X2n

QNG(Q)
NN-HF &Nm(Q)

.01z -0.008 0.0068 -0.012
.000 0.000 0.036 -0.035

ONa(Q) .018 -0.014 .001  -0.0086 0.002

OCO-HF aNn(Q) .000 .001 021 -0.008 -0.015

0
0
Br(Q) 3.687 0.012 .036 1.865
Qrz(Q) -0.012 0.048 .070 -0.037
aNa(Q) 0.022 -0.004 -0.008 -0.008
OC-HF oNn(Q) -0.001 -0.001 015 -0.013
Nre(2) 3.986 0.012 . 985 3.437
8Q==(Q) -0.007 0.058 220 ~0.043
aNa(Q) .06 -0.013 -0.003 0.005 -0.004
SCO-HF aNn(Q) 0.000 0.000 .028 0.025 -0.04
Nre(Q) 3.988 0.013 .583 1.385 7.022
&Qrz(Q) -0.022 0.055 .081 0.026 -0.182
0
0
3
0

1
oOMNOO o~ oo OWwWwoo OWwaoo o000 on

0
0
B (Q) .988 0.014 .658 0.716 3.623
8Qzz(Q) -0.024 0.064 .082 -0.032 ~0.048
&aNa(Q) 0.038 -0.008 -0.012 -0.019
SC-HF oln(Q) -0.001 -0.001 .066 -0.064
Nre(Q) 3.986 0.012 484 6.508
aQex(Q) -0.018 0.070 .483 -0.190
&Na(Q) 0.038 -0.020 -0.009 0.008 -0.017
HCN-HF ANn(Q) 0.000 -0.001 048 -0.044 -0.003
Nre(Q) 3.987 0.012 .780 1.185 0.026
oQz(Q) -0.028 0.068 .220 -0.226 -0.017

& X1 denotes the nearest base atom to atom B of the base and X2 denotes
the remaining base satom.
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Tahle 2.1.13, Changes in Atomiec Populstions
gnd Energies for Oa-HF and SCO-HF.=

Complex Q AN(Q) AE(Q)
au kJ mol-21
000-HF F 0.019 -27.7
H -0.011 18.5
0 0.048 ~44 .6
0 -0.013 18.9
0 ~-0.044 23.1
SCO-HF F 0.016 -25.0
H -0.013 20.2
0 0.025 -7.2
C 0.030 ~48.2
S -0,058 49,1

@« The F of HF is listed first, followed by the
hydrogen-bonded H, the base atom B participating
in the hydrogen bond, the next nearest base atom,
and the remaining base atoms.



Table 2.1.14, Dipole Moments and Dipole Moment Enhancements

for BASE-HA Complexes.s

Complex K DME

cale expt cale expt
OC-HF 2.2534 2.3520 0.45 0.55
SC-HF 4,5327 1.89
NN-HF 2.3892 0.37 0.36
HCN-HF 8.0653 5.6100 0.75 0.80
H3N-HF 4.5912 0.79
O00-HF 3.2852 0.40
SCO-HF 3.2291 3.2085 G.80 0.84
0CO-HF 2.6131 2.2465 0.58 0.60
NNO-HF 1.9510 2,0700 0.19 0.50
QS80-HF 4,8352 0.%4
H2CO-HF 3.7189 4.0080 0.82 0.86
H20-HF 4,3314 4.0730 0.38 .68
HF-HF 3.1410 2.9800 0.24 0.60
H3P-HF 3.5317 0.65
H2S-HF 3.1029 2.6239 0.92 0.78
HC1-HF 2.6462 0.07
HF-HC1 3.2000 2.4085 0.29 0.14
OC-HC1 1.5347 1.5200 0.34 0.39
SC-HC1 3.8088 1.76
NN-HC1 1.6847 1.2442 0.25 0.25
HCN-HC1 5.4420 4.8170 0.73 0.84
HaN-HC1 4.3085 1.11
SCO-HC1 2.4077 0.58
0CD-HC1 1.8845 1.4508 0.46 0.45

e All wvalues are in debyes,

The experimental results are from Legon and Millen (1888).
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The magnitude of the molecular dipole
moment is denoted p and the dipole moment enhancement is denoted DME.
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Table 2.1.15. Effect of Electron Correlation on Dissociation Energies
of
BASE-HF Complexes.=

Complex Da (kJ mol-1) %error in De
Scheme Scheme

I IT 111 exp’tb I 1II III
HF-HF 25.1 16.7 18.7 19.1 31 12 2
HCN-HF 26.8 27.2 29.4 25.9 3 5 14
H20-HF 38.1 34.8 39.4 42,7 11 18 8
0OC-HF 11,7 9.3 13.8
CO-HF 8.8 8.2 6.3
HaN-HF 49.4 46.2 53.8

@ Schemes I, I and III refer to the following respective methods of
calculation: RHF/6-31G**//6-31G**, RHF/6-311++3**//6-31G** and
HP2/6-311++G"*//B-31G**,

b Legon and Millen (1986).



Table 2,1,168,

183

Effect of Electron Correlation on the Properties of the

Hydrogen Bond Critical Point (rn) and HF bond critical point (ra) in
OC-HF and HaN-HF.=

A(rn)

OC-HF 0.0007
HaN-HF  0.0018

40(rm)
OC-HF 0.0003
HaN-HF 0.0035

720(rn)

-0.0028
-0.0087

Av2P(ra)
0.0160
0.03397

|ara|

0.03
0.08

Arp
-0.0003
-0.0032

|ark|

0.04
0.05

Arh
0.0003
0.0038

The wvalues listed are the changes in the given property due to

correlation, that is, Scheme III minus Scheme II values.
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Tahle 2,1.17., Effect of Electron Correlation on Atomic Properties of
the Constituent Atoms in HF, OC, HaN and HaN-HF.a

Scheme III values | Scheme III - Scheme II
System £ N(Q) w(Q) v{2) AN(R) A&u(Q)| av(Q)
HF F 9.7200 0.332 128.11 -0.0327 -0.041 -0.15
H 0.2800 0.127 16.34 0.0326 0.018 3.32
oc C 4.8748 1.677 120.66 0.2015 -0.041 7.82
0 8.1254 0.826 138.22 -0.2015 -0,158 -1.25
HaN N 8.0897 0.225 143,53 -0.0162 0.017 5.12
H 0.6468 0.200 33.07 0.0054 0.011 1.11
HaN-HF> F 9.7832 0.313 133.40 -0.0354 -0.044 1.84
H 0.2720 0,104 9.00 0.0448 (.017 5.84
N 68,0820 0.103 127.11 -0.0256 -0.010 1.13
H 0.6208 0.189 31.76 0.005%4 0.008 1.12
Differences in atomic properties upon complexation.
Hal-HF> F 0.0832 -0.018 5.28 -0.0027 -0.003 2.09
H -0.0080 -0.023 ~7.34 0.0122 -0.001 -1.50
N 0.0223 -0.122 -16.42 -0.0094 -0.027 -3.89
H -0.0253 -0.011 -1.31 0.0000 -0.002 0.01

&« All values are in au.
® The F of HF is listed first followed by the H-bonded H, the base

atom B participating in the hydrogen bond and the next nearest base
atom,



Tahle 2,1.18, Hydrogen Bond Critical Point Analysis of BASE-HC1 Complexes.e

XB-HCl  P(ro) 92°(rp) Mi(rw) Az2(me) Palrs) rm o |ard|  [|ary|
OC-HCl  0.0085 0.0259 -0.0075 -0.0075 0.0409 3.0605 1.7414 0.72 0.68
SC-HCL  0.0131 0.0400 -0.0128 -0.0128 0,0655 2.9040 1.5522 0.88 0.7
NN-HCL  0,0062 0.0204 -0.00S5 -0.0055 0.0313 3.0028 1.8655 0.46 0.55
HCN-HCl  0.0136 0.0519 -0.0143 -0.0143 0.0805 2.6977 1.4863 0.86 0.82
Hali-HC1  0.0306 0.0876 -0.0413 -0.0413 0.1702 2.4818 1.1975 1.42 1.22
SCO-HC1  0.0073 0.0283 -0.0067 -0.0067 0.0428 2.7422 1.7555 0.44  0.66
000-HCl  0.0085 0.0356 -0.0080 ~0,0080 0.0515 2.6716 1.8850 0.49 0.74
XB-HCY  eo(ra) Fe(mu) fo(ra) +

Po(ru)
OC-HCl  0.0043 0.0044 _.0.0087
SC-HC1 0.0068 0.0068 0.0138
HR-HC1 0.0029 0.0034 0.0083
HCH-HC1  0.0088 0.0077 0.,0145
HaN-HC1 0.0187 0.0159 0.0328
SCO-HCl  0.0033 0.0043  0.0076
O0-HC1 0.0039 0.0050 0.0083

% All wvalues are in an and nre calculated using Scheme II. Ti.: “ond critical

peint of the B-H hydrogen bond is denoted .,

195
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Table 2.1.18, HCl Bond Critical Point Analysis of BASE-HCl1 Complexes.=

XB-HC1 Af(ra) AV2P(ra) Ai(ra) Az2(ra) Aa(ra) Arcy Arn

0C-HC1 -0.0006 -0.0086 -0.6452 -0.6452 0,4651 0.0141 -0.0103
SC-HC1 -0.0036 -0,0101 -0.5498 -0.8498 0.4726 0.0383 -0.0231
NN-HC1 0.0000 -0.0074 -0.6430 -0.6430 0.4618 0.0077 -0.0084
HCN-HC1 -0,0032 -0.0177 -0.6539 -0.8539 0.4733 0.0378 -0.02861
HaN-HC1 -0.0170 0.0223 -0.6375 -0.6375 0.4805 0.1038 -0.0505
SCO-HC1 -0.0001 -0.0116 -0.6484 -0.8464 0.4843 0.0111 ~0.0084
0CO-HC1 -0.0002 -0.0134 -0.6478 -0.6478 0.4655 0.0137 -0.0113

@ All wvalues are in au.

~0.8168 au, rei1 = 1.7091 an and rn

The bond critical point of the HC1l bond is
denoted ra. For isolated hydrogen chloride e(ra) = 0.2581 au, v20(re) =

complex minus isolated reactant values.

= 0.6824 au.

Changes represent
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Table 2,1.20. Chenges in the Acid and
Base Fragments of BASE-HCl Complexes.®

Complex &N av

OC-HC1
acid 0.0075 -1.87
base -0,0080 ~2.14
SC-HC1
acid 0.0161 ~-2.67
base -0.0157 -B.69
NN-HC1
acid 0.0009 -1.44
base -3.0007 =-3.74
HCR-HC]
acid 0.0070 -3.42
base ~0.0070 -7.43
HaN-HC1
acid 0.0376 ~1.25
base -0.0375 -14.68
SCO-HC1
acid 0.0001 -3.59
base -0.0002 -3.95
0CO-HC1
acid 0.0002 -3.84
base  -0,0002 -0.69

2 Al]l results are in an.
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ITable 2.1.21, Changes in Atomic Properties of BASE-HC1 Compleies.®
Complex Q aN(Q)  a|u(Q) av(Q)  aRzz(Q) AE(H)»
0C-HC1 Sl 0.0300 -0.031 0.67 -0.091
C

-0.0225 -0.015 -2.%4 0.085 28.80
0.0061 -0.005 -1.51 0.181

0 -0.0141 0.008 -0.63 -0.021
SC-HC1 Cl 0.0885 0.057 3.13 -0.234
H -0.0524 -0.022 ~5.80 0.116 72.45
C 0.0421 0.040 -9.35 0.426
S -0.0578 -0.003 -1.34 -0.138
NN-HC1 Cl 0.0178 -0.021 0.04 -0.061

H -0.0168 -0.015 ~1.48 0.080 18.24
N 0.0275 0.003 -3.68 0.058
N -0.0282 0.0G0 -0.05 -0.025
HCN-HC1 Cl 0.0752 0.057 4.01 -0.274
H -0.0682 -0.032 -7.43 0.087 82.06
N 0.0324 0.005 ~5.72 0.183
0
0
0

C -0.0248 .008 -0.37 -0.181
H -0.0148 -0.001 -1.34 -0.012
HaN-HC1 Cl 0.1660 .058 12.82
H -0.1284 -0.045 -14.07 174.68
N 0.0238 -0.092 -11.34
H -0.0224 -0.008 -1.07
H -0.0224 -0.008 ~1.14
H -0.0225 ~0.,008 -1.13
SCO-HC1 Cl 0.0270 -0.024 -0.36 -0.068
H -0.0268 -0.023 -3.23 0.081 28.69
0 0.0181 -0.034 -0.17 0.0863
C 0.01985 0.014 0.57 0.010
S -0.0388 0.005 ~4.35 -0.146
0CO-HC1 Cl 0.0346 -0.028 0.43 -0.082
H -0.0344 -0.027 ~4.,27 0.093 33.76
0 0.0187 -0.032 -0.73 0.058
c -0.0083 0.004 -0.20 -0.018
0 -G.0086 0.016 0.24 -0.032

e All values are in au. For all complexes the Cl of HC1 is listed
first,

followed by the hydrogen-bonded H, the base atom B participating in the
hydrogen bond, the next nearest base atom and the remaining basoe atoms,

b5  This value represents the energy of the hydrogen-bonded hydrogen in
the complex minus the value of the energy of the hydrogen in isolated
hydrogen chloride.



2.2

In this section we see if the description of the nature,
energetics and mechanism of BASE-HA hydrogen-bond formation can be
extended to both larger and stronger hydrogen-bonded complexes, namely
the water dimer, the ammonia dimer, the mixed water-ammonia complex and
the corresponding protonated species, Strong hydrogen bonds are of
interest because of their role in mediating acid-base equilibria (Bell

1873), proton transfer (Caldin and Gold 1975), and solvation (Jones and

Arnett 1974).

Energies and Geometries of the Complexes

The pertinent energies and geometries of the complexes are
presented in Table 2.2.1 and the molecular graphs are presented in
Figure 2.2.1. Table 2.2.2 lists the fully optimized geometries (6-
31G**) in terms of cartesian coordinates. The symbols A and B refer to
the oxygen or nitrogen atom of the acid or base molecule and H to the
atom shared in the hydrogen bond. The energy surface of the ammonia
dimer is extremely flat with only a small difference in energy (less
than 0.1 keal mol-1) between a linear Co geometry reported here and a
nearly cyclic structure (Buckinghsm et al 1888). The atomic properties
of the two structures are very similar,

The heavy atom distances r(AB) and the H-bond lengths r(H-B) do
not decrease in a linear fashion with increasing De. Still, the

199
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weakest complex, the ammonia dimer, has the largest values for r(AB)
and r(H-B) and the strongest complex, the hydronium ion-water complex,
has the smallest. With the exception of the ammonia dimer, ar(AH)
increases with increasing De. We have previously seen that Ar(AH)
increases with increasing Do for the BASE-HF complexes. In general,

the H-bonds are nearly linear (LAHB > 170e),

The values of the cherge density at the hydrogen bond critical
point rm are small and positive, characteristic of a closed-shell
interaction, and parallel the increase in H-bond strength (Table
2.2.3). The corresponding value of the Laplacien is positive in all
cases except for the complex between the hydronium ion and water.
Examination of Table 2.2.3 and Figure 2.2.2 shows that as ihe hydrogen
bond energy increases, the critical point of the H-bond moves
progressively closer to the zero contour encompassing the valence shell
of charge concentration in the Laplaciun distribution of the acid (i.e.
rH decreases as Da increases). In the Hz0H*-OHz system the critical
point lies just inside this contour. It is noteworthy that v2¢(m) for
this system using the RHF/DZP//DZP scheme (Dunning 1970) is slightly
positive (0.0212 au).

The penetration values listed in Table 2.2.3 do increase with
increasing De Just as they did for the BASE-HA complexes. There is a
much better correlation between penetration and De than between
hydrogen bond length snd De. The sum of the unperturbed densities,

Fe(re) + #o(ru), is nearly equal to the value of (). For example,
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the sum is 0.0180 for the water dimer and 0.1080 for the hydronium ion-
water complex,

Turning to the properties of the AH bond critical point,
denoted ra, we see that &°(ra) becomes more negative as Do increases.
Hore electron density is removed from the AH bond and placed in the H-B
region as Da increases. For the neutral complexes, avZP(ra) is
negative implying that of the charge density left in the AH bond, more
is concentrated at re in the complex than at ra in the isolated
reactant. For the cationic species, the reverse is true and this

helps explain the greater stability of these systems.

Atomic P .

The energies of hydrogen bond formation and the individual
atomic contributions to these energy changes are given in Table 2.2.4,
The strongest H-bond for the neutral systems is found in the mixed
complex with H20 being a stronger acid than RNHa. The mixed cationic
complex is NHQ*~H20 but the strongest cationic complex is that between
the hydronium ion and water.

In general, the acid molecule is stabilized upon H-bond
formation and this stabilization is greater in magnitude than the
stabilization (or destabilization) of the corresponding base molecule.
Only in the two strongest complexes, HaNH*-NHa and H20H*-OHz, are both
the acid and base stabilized.

Of the atcms which participate in the hydrogen bond, A,H and B,
we note that the H atom is always destabilized though the

destebilization does not correlate with De. (The wvirisl correction
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factors are sufficiently close between complex and isolated reactants
to allow meaningful energy comparisons). The A atom is stabilized with
the exception of the oxygen in the hydronium ion-water complex and the
B atom is always stabilized. The stabilization of B dominates the
energy changes for the cationic systems and this effect is greatest in
the strongest of these interactions.

The formation of a hydrogen bond in the neutral and charged
complexes is accompanied by a transfer of charge from the base to the
acid with the magnitude of transfer paralleling the increase 3in De
(Teble 2.2.95). The magnitude of this transfer is relatively small
compared to the changes in the individual atomic charges for the
neutral complexes, a fact previously observed for the BASE-HA
complexes. Therefore, there is a considerable redistribution of charge
within the acid and the base. The hydrogen-bonded atom H of the acid
undergoes a loss of charge larger than or comparsble to the total
charge transferred from base to acid, the only exception being for H in
the hydronium ion complex. This latter behaviour is understandsble
since there is a large net positive charge already present on the
hydrogens of the free hydronium ion. Upon complexation, the largest
fraction of the electronic charge increase on the HnA fragment of the
acid resides on the A atom in the neutral systems and on the
nonparticipating hydrogens Hn in the cationic systems.

The net negative charge on the B atom of the base BHm increases
in megnitude upon complexation by an amount which, in general, is
greater than the total electronic charge lost by the base, Thus the m

hydrogen atoms of the base undergo both intra- and intermolecular
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charge transfer, transferring charge to the B atom of the base as well
as to the acid.

There is a decrease in the molecular volumes of both reactants
upon hydrogen bond formation (Table 2.2.5). The magnitude of the total
decrease parallels the strength of interaction (Figure 2.2.3). The two
sets of nearly linear data points lead to energy changes per unit
change in volume of 0.5 and 1.4 kecal/au for the neutral and cationic
complexes respectively. The largest atomic decresses in volume are for
the H atom of the acid and the B atom of the base, a result of the
formation of & new interatomic surface between these two atoms. This
surface is much flatter then that for a normal OH or NH bond (Figure
2.2.2). The decrease in the H atom volume is relatively small for the
hydronium ion-water complex because of the very contracted nature of
the charge density in the hydronium ion. The magnitude of the atomic
volume decrease fer B increases with the strength of the hydrogen bond.
The A atom increases slightly in volume upon complexation with the
exception of the hydronium ion-water complex.

Changes in the atomic properties of a water trimer wherein a
single water molecule provides both acidic hydrogens (Tables 2.2.1,
2.2.2 and Figure 2.2.1) are given in Tables 2.2.4 and 2.2.5. The
formation of the water dimer results in an energy lowering of 5.5 keal
mol-? and the formation of a second hydrogen bond lowers the energy by
another 3.8 kecal mol-2, The energy and volume decreasse on dimer
formation are both “B0% of that observed for the formation of the
trimer. Each H atom of the acid undergoes a& loss of electrons and

volume on hydrogen bonding, greater than two-thirds of that found in
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the formation of the dimer. The base oxygen atoms B undergo incresses
in electronic charge and decreases in energy almost identical with
those found for the formation of the dimer. The decreases in thei{
volumes are sbout three—quarters as great. The increases in charge,
stability and volume found for the oxygen atom of the acid are almost
twice as large as those found for the dimer.

it is found that for all seven systems examined in this
section, the hydrogen-bonded atom H undergoes a decrease in electronic
charge, stability and volume upon complexation. The B atom of the base
also decreases in volume but increases in electronic charge and
stability. In general, the A atom increases in charge and volume but
decreases in stability. The charge and energy changes for the H and B
atoms are consistent with an ionic interaction. The substantial
initial net charges on H and B are further increased and the
accompanying polarizations of the base and acid molecules are in a
direction counter to the direction of this apparent charge transfer.
The charge transferred to B lowers the energy of the system and is the
major source of stability in the tightly bound systems. It is the same
transfer of charge to atom B which binds both nuclei in an ionic system
in the electrostatic interpretation of binding using the Hellmann-
Feynman theorem.

In this section we have looked at NH-N, NH-O, OH-N and OH-0
hydrogen bonds in both neutral and cationic small complexes. In the
following section we examine the NH-O hydrogen bond in & larger,
neutral, conjugated system, the formamide dimer, and in Section 2.4. we

study OR-0 bonds in larger, anionic systems.
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Figure 2.2.1
Molecular graphs of hydrogen~bonded complexes HnAH-BHm (A=N,0; B=N,0).
Bond critical points are indicated by black dots.

1) Hz2NH-NHa; 2) HOH-OHz; 3) HOH-NHa; 4) HaNH+-OH2; 5) HaNH+-NHa 8)
H20H*-0Hz 7) H20 trimer.
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¥ 229
Contour maps of 920 for HOH-OHz (a) and H20H*-OHz (b). The out-of-
plane hydrogens of the base in (a) and of the acid in (b) are
indicated. The zero flux surfaces, bond paths and bond critical points
(black dots) are shown. The critical point of the hydrogen bond in the

charged complex is found just inside the zero contour encompassing the

proton.
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Figure 2.2.3

Plots of av versus aE for the dimers listed in Teble 2.2.1. The volume
changes, v(dimer) - v(monomers) in the upper curves are determined
using the 0.002 an envelope while those in the lower curves are

determined using the 0.001 au envelope of the charge density.
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Izble 2.2.1. Geometries® for the Hydrogen-Bonded Complexes of Water

and Ammonia and Their Corresponding Protonated Species,
B-31G™*//6-31G"*,

HnAH-BHmn -Escpb =v/T r(AB) r(H-B) r(AH) ar(aH) r(BX)e ar(BX)

HzNH-NHa  112.39589 2.0016512 6.482 4.583 1.898 0.033 1.892 0.528
HOH-OHz 152.05606 2.0022208 5.633 3.850 1.791 0.008 1.784 0.002
HOH-NHa 132.22831 2.0019374 5.768 3.872 1,797 0.015 1,892 0.028
HaNH+-OHz 132,60346 2.0024576 5.203 3.248 1.855 0.043 1.786 0.008
HaNH+-NHa 112.78284 2.0022083 5.274 3.263 2.010 0,088 1.888 0.036
Hz0H+-OHz 152.38793 2.0028610 4.525 2.494 2.042 0.225 1,782 0.010
H20 trimerd228,08595 2.0022498 5.669 4.019 86 0.004 1.785 0.003

1.7
9.732 3.887 1.788 0.008 1.763 0.001

HnAH-BHm LAHB LXBH

H=NH-NHa 180.0 95.1
HOH-OH2 171.3 108.6
HOH-NH= 177.6 120.2
HaNH+*-OHz 1738.9 126.6
HaNH+-NHa 180.0 112.5
Hz0H+*-OH= 177.3 125.3
H20 trimer<¢ 153.1 93.0

163.2 113.2

@ All values are in su except the internuclear angles which are in
degrees.

® The 6-31G**//6-31G** energies and virial ratios of the monomers NHa
and H20 are given in Table 2.1.2 while those of NHa* and HaO*+ are
-56.54553, 2.0022812 and -76.31032, 2.0030016 respectively

@ The hydrogen nucleus in the base fragment closest to the B nucleus in
the base is denoted X.

< The hydrogen bond with the shorter 00 distance is listed first here
and in the remaining tables in this section.
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Table 2.2.2., Fully Optimized 6-31G* Geometries of the Complexes
Displayed in Figure 2.2.1.

System Atom Cartesiasn Coordinates (au)
HnAH-BHm Name ® Yy 2
H2NH-NHa N 0.06880 3.38472 0.00000
H 0.06880 1.48800 0.00000
N G.06880 -3.11103 0.00000
H 1.85306 ~3,27993 0,00000
H -0.58780 -4,01282 1.52746
H -0.58780 -4,01282 ~1.52746
H ~(0.90477 3.95089 1.52075
H =-0.90477 3.95089 -1.52075
HOH-CH2 0 0.00000 0.00000 0.00000
0 0.00000 0.00000 5.83327
H 1.87102 0.00000 6.24931
H 0.13662 0.00000 3.84720
H -0.92490 1.42836 -0, 53728
H -0.92382 -1,42812 -0.53762
HOH-NHa 0 0.00000 0.00000 0.00000
H 0.00000 0.00000 1.79656
H 1.71280 0.00000 -0.48664
N -0.16842 0.00000 5.78520
H 1.42500 -0.00Cs6 6.78462
H -1.16757 1.52813 6.25989
H ~-1.18873 -1.52721 6.26038
HaNH+-0OH= 0 0.00000 0.00000 0.00000
H 0.00000 0.00000 3.24812
N 0.00414 0.00000 5,20305
H 1.799186 G.00000 5.84711
H -0,88867 1.556474 5.85175
H -0.88957 -1,55485 5.85164
H 1.43991 0.00001 -1.068049
H -1.43197 0.050001 -1.07126
HalNH+-NHa N 0.0C000 0.00000 0.00000
H 0.00000 0.00060 2.01043
N 0.00000 0.000G0 5.27386
H 1.78879 0.00000 -0.65492
H -0.83489 -1.55600 -0.65492
H -0.82489 1.55000 -0.65492
H ~1.75199 0.00000 5.89946
H 0.87749 -1.51986 5.99946
H 0.87749 1.51986 5.89948



Table 2.2.2 (con’d)

System
HnAH-BHm

H=20H+-0Hz2

H20 trimer

Atom
Name

T TTOIXrI o0 DT XIO0O

0.

X

00000

1.49730
~-1.48850

-0.
-0.
-0.
-q.

0.
0.
1

00671
01332
00560
03084

00000
00000

.4B6857
.57324
.07440
.07687
.26953
. 18028
. 19320

b4

0.00000
0.00000
-0.02410
1.07654
2,27844
4.05522
1,44755

0.00000
0.00000
0.00000
0.00000
1.42373
-1.42188
0.00000
-1.44207
1.41518

Cartesian Coordinates (au)

4

0.00000
0.89888
0.98690
-1.7345%4
-3.90856
~4.,13877
-5.48688

0.00000
5.66809
6.68908
3.97787
0.058861
0.05863
7.82450
7.40502
7.35617
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Tahle 2.2.3. Criticsl Point Pata for the Hydrogen-Bonded Complexes of Water
and Ammonia and Their Corresponding Protonated Species, 6-31G==//6-31G™*.*

HnAH-BHn  P(rw) 92°(rm) rn i |ArB| {arR| |arBsami|  AP(ra) &VEP(ra)
Ha2NH-NHs 0.0122 0.0337 2.83 1,66 0.76 0.68  1.46 -0.0024 -0.0302
HOH-OHz  0.0189 0.0624 2.52 1.34 0,83 0.85  1.68 -0.0087 -0.0905
HOH-NHs  0.0214 0.0581 2.85 1.32 1.06 0.67  1.93 -0.0137 -0.0934
HaNH--OHz 0.0387 0.1370 2.20 1.05 1.15 1.0  2.20 -0.0277 0.1417
HalH=-NHs 0.0507 0.1084 2.27 0.89 1.44 1.11  2.55 -0.0559 0.3809
HzOH*-OHz 0.1109 -0.0110 1.88 0.61 1.44 131  2.75 -0.1275 1.7300
Hz0 trimer 0.0174 0.0539 2.58 1.44 0.77 0.75  1.52 -0.0042 -0.0462

0.0170 0.0536 2.58 1.42 0.77 0.7 1.54 -0.0070 -0.0731

HnAH-BHmn ara Arn

HaNH-NHa  0.0315 -0.0262
HOH-OHz 0.0235 -0.0151
HOH-NH> 0.0332 -0.0188
HaliH=-OHz 0.0743 -0.0313
HaNH+-NHa 0.1280 -0.0295
Hz0H*-0Hz 0.1843 0.0406
Hz0 trimer ¢.0119 0.0185

» All values are in au. The H-B critical point (i.e. the hydrogen bond
¢ritical point is denoted rn) end the AH bond critical point is denoted ra.



217

Table 2.2.4. Hydrogen Bond Energies and Their Atomic Contributions for

Complexes of Water and Ammonia and Their Corresponding Protonated
Species, B-31G**//B-31G**,

HnAH-BHm oE® aE(acid) oE(base) &E(A) AE(H) aE(B)
HzNH-NHa -3.0 -5.3 2.3 -14.8 20.9 -7.1
HOH-CH= -5.5 -10.8 5.0 -23.5 168.4 -7.5
HOH-NH= -6.4 2.7 -9.2 -12.4 21.4 -28.7
HaNH*-OHz -21.5 -27.2 5.7 -31.4 33.5 -38.8
HaNH+-NHs -26.2 -21.5 4.4 -23.2 42.6 -75.7
H20H+-OHz -33.8 -15.0 -18.9 4.8 13.7 -93.4
Hz0 trimer -9.5 -15.1 3.7 -37.0 8.1 -7.5

1.8 13.8 -7.5

® oE is the difference in the calculated SCF total energies (complex
minus isolated reactants in keal mol-21). aE(acid) and aE(base) are the
sums of the changes in the corresponding atomic energies as determined

by numerical integration. The symbols A and B refer to the oxyden or
nitrogen atom of the acid or base molecule and H refers to the atom
shared in the hydrogen bond.



Tphle 2.2.5. Volume and Averange Electron Population Changes for Complexes of
Water and Ammonia and Their Corresponding Protonated Species,
5-31G==//6-31G"* .=

HnAH~BHon av av al{acid)=

av  (scid) (base) -sl(base) av(A) av(H) av(B) aH({A) al(H) aN(B)
HaKH~-NHa =5.17 -2.64 -2.53 0,009 0.82 -5.32 -1.57 0,032 -0.061 0.015
HOH=-0OHz -10.65 -4.87 -5.67 0.012 1,18 -6.48 -3.90 0.045 -0.043 0.017
HOH-HHa -12.06 -4.64 -7.43 0.022 1.55 -6.80 -4.57 0.054 -0.047 0.035

HaNH=-OHz  -15.11 -4.85 -11.16 0.033 1.44 -9.78 4.

HaNH=-NH» -18.87 -1.85 -18.01 0.081 2.08 -9.07 -7.58 0

Hz0H+-DHz -25.06 -5.20 -19.86 0.086 -1.46 -6.18 -9 0.036 -0,009 0.078

Hz0 trimer -17.41 -8.32 -4.50 0Q.018 2.11 -4.81 -2.99 0.077 -0.022 0.016
-4.58 -5.62 -3.21 -0.037 0.015

0.040 -0.082 0.072
.050 -0.080 0.124

= All vnlues are in au. The average electron populations and volumes in the
protonated monomers are: N(N) = B.235, w(N) = 115.0, N(H) = 0.441, w{H) = 21.5
in HHe*; H(O) = 9.300, v(0) = 124.2, H(H) = 0.233, v(H) = 11.8 in Ha0*. In the
neutral monomers they are: MN¢(H) = 8.1590, w(H) = 134.1, N(H) = 0.527, w(H) =
130.8 in HHa; H(D) = 9.239, v(0) = 136.8, N(H) = 0.381, v(H) = 19.1 in H20.
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2.3 HYDROGEN BONDING TN FORMAMIDE DIMERS

One of the two kinds of hydrogen bonds found in DNA base pairs,
the -CO-HN- bond, occurs in the cyclic and open formemide dimers.
These dimers can serve as simple models of the hydrogen bond structure
found in DNA (Wojcik et al 1983). 1In 1light of recent theoretical
studies of hydrogen bonding in DNA base pairs (Hobza and Sandorfy 1867,
Clementi et al 1886, del Bene 1983), the present work shows how the
theory of atoms in molecules explains the mechanies of hydrogen bond
formation at the atomic level. The extra stability associated with the
formetion of the cyclic dimer is determined by comparing its atomic
properties with those of the open dimer which has only a single

hydrogen bond.

Holecular Structure, Geometrv and Energy

The energies and geometrical parameters sre given in Table
2.3.1. Molecular graphs of the formamide monomer and the cyclic and
open formamide dimers are presented in Figure 2.3.1. The open dimer is
constrained to have the “"trans" geometry illustrated in this figure to
prevent its closure to the cyclic form. Otherwise its geometry is
fully optimized. The two dimers and the DNA base pairs possess a plane
of symmetry. The cyclic dimer is slightly more than twice as stable as
its open form, the energy changes on dimer formation being -27.8 and
=25.5 kJ mol-1 per hydrogen bond respectively.

Geometry changes for the molecules participating in the
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hydrogen bonds are small, the NHe bond lergth (where Hw is the
H-bonded hydrogen) increasing by only 0.014 A upon formstion of the
cyclic dimer, for example.

The values of ¢ and v2» at a bond critical point ro, of the
dimers are given in Table 2.3.2 together with the changes from the
monomer values. The relatively 1low values of #(ra) together with the
positive values for v2f(re) for the hydrogen bond critical points are
typical of closed shell interactions while the larger values of f and
negative values for 92 as found for the N-H and C-H bonds are typical
of shared interactions. The value of £(re) for hydrogen bonds has been
shown to increase along with an increase in the hydrogen bond strength
(Sections 2.1 and Z.2) and indeed, the value is greater for the cyelic
than for the cpen dimer. Correspondingly, the changes in the values of
#(re), negative for the neighbouring N-He and C-O bonds and positive
for the C-N bonds, are twice as large for the cyclic dimer than for the
opent dimer.

The values of |ar§ + Argl where B is the base atom (oxygen)
participating in the hydrogen bond and H is the corresponding hydrogen,
are 2.02 and 1.77 au for the cyclic and open dimers respectively.
Thus, as observed in the previous sections of this chapter, the
strength of the hydrogen bond increases with increasing mitual
penetration.

A study of the ellipticities along the bond paths shows that
there are substantial reorganizations of electronic charge within the
basins of the N and O atoms which correspond tc a transfer of

out-of-plane density into the plane of the molecule for the N gtom, and
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to the reverse of this for oxygen (Cheeseman et al 1888). These
changes are shown to correlate with the changes in the n populations of

the N and O atoms as well as the changes in the quadropole moments.

\tomic P .

The atomic populations, energies, volumes and quedropole
moments for the formamide monomer are given in Table 2.3.3, together
with the changes in these properties encountered in the formation of
the cyelic and open dimers. The net charges on the atoms are also
listed. In formamide the C atom loses charge mainly to both the N and
O atoms and C has a substantial net positive charge. The N atom
withdraws charge from the two neighbouring H atoms as well as from C
and it has the largest net negative charge. Of these two hydrogens,
the one syn to oxygen has the largest positive charge and it forms the
hydrogen bond in the ecyclic dimer. In all complexes studied in this
thesis, the hydrogen of largest positive charge and of smallest atomic
volume, participates in the H-bond. The H atom bonded to C has a small
negative charge and the less contracted nsture of its charge
distribution compared to that of the amide hydrogens (Figure 2.3.1) is
reflected in its volume being approximately twice as great.

The cyclic dimer is discussed first. Essentially all the
changes in population, energy, volume and quadropole moments are
restricted to the atoms of the NHw-O fragments. Denoting N and O as
the acid and base atoms respectively, Hn loses charge to both and the
acid atom gains more charge than does the base atom. The volume

decrease accompanying the formation of the two H-bonds in the cyclic
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dimer is 28.8 au, nearly all of which results from the formation of the
new interatomic surfaces between the Hn and O atoms. The volumes of
the N atoms increase slightly as a result of their increased
populations.

The values of -V/T for the monomer and dimer are very similar
(Table 2.3.1), and so, the values of aE(Q) will be meaningful. The
substantial loss of charge by the hydrogen causes its energy to
increase. While both the acid and base atoms gain charge as in the
water and ammonia dimers (Section 2.2), unlike these latter non-
conjugated systems, only the acid atom is stabilized and it is this
stabilization which is responsible for the overall energy decrease
accompanying the formation of the hydrogen bonds. The differing
behaviour of the 0 and N atoms with respect to an increased electron
population is attributed to the accompanying changes in their ¢ to =&
population ratios. The w population of the O atom increases and this
increase is greater than the charge transferred to this atom. Thus in
addition to the charge transferred to its m population, there is an
accompanying promotion of 0.017e from its o to its ® system and the O
atom is destabilized., The N atom on the other hand undergoes a
decrease in its m population and hence the total incresse in its o
population is the interatomic charge transfer plus the © to o
polarization, or 0.102e. The C atom, while losing a small smount of
charge, undergoes & m to o polarization which is five times greater
then its loss of charge and there is a small stabilizing energy change

for this stom.

The polarization changes are paralleled by the AQe=z(Q) values.
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If 0Qz2(Q) is negative, more charge will be concentrated sbove and
below the molecular plane meaning a greater amount of w density. Thus,
oxygen has a large negative value for AQg=(0) since it has gained w
density while nitrogen has a large positive value of AQez(N) since it
has lost w density. The largest chandes in Nr(Q) correlate with the
largest changes in Qzx(Q).

The positive charge on the H of the acid (Table 2.3.3)
increases via a polarization of its charge density away from the
negatively charged base atom which results in a sigma charge transfer
from H to N. The negative charge on the base atom 0 is increased and
there is an accompanying smalier transfer of charge to its w system.
The O atom is polarized towards C but because of the polarization of
its density towards H in the dimer the magnitude of the first moment of
the charge distribution of the O atom is reduced to 0.63 au from its
value of 0.70 su in the monomer. Thus the positively charged H atom
and the negatively charged O atom are polarized in a direction counter
to the direction of charge transfer from acid to base, cheracteristic
of an ioric interaction.

The changes in the charge densities of the NCO fragments
correspond to opposing flows of o and w charge, and these flows,
together with the loss of charge by H, dominate the energy changes.
Sigma density is maximally concentrated in the plane of the nuclei and
is bound more tightly by the nuclear-electron attractive force than is
n density which has a node in this plane. An atom which experiences a
net gain in its o over its m population, whether its total population

increases or decreases, is stabilized, (the N and C atoms), while one
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which experiences a net loss in its o relative to its w population is
destablized even though its total population is increased, albeit by a
lesser amount (the O atom).

The patterns of change in the atomic properties for the
formation of the open dimer are the same for corresponding atoms as for
the formation of the cyclic dimer, but are in general, of reduced
magnitude. The increase in the m population of the oxvgen atem of the
base is only one-half as great as in the cyelic case and more nearly
equal to the charge transferred to this atom. The near balsnce in
charge gain and charge promotion results in a& near zerc energy change
for the oxygen atom. The N atom of the base and the O atom of the acid
imitate on a smaller scale, the changes in charge, in o-n polerizations
and in energy for the O and N atoms directly involved in the H-bond
formation. Thus, the formation of the first hydrogen bond changes the

system in such a way as to facilitate the formation of a second such bond.
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Figure 2.3.1
Molecular graphs of formamide, the cyclic and the open dimer
superimposed on contour meps of the electronic charge density.

Included are zero flux surfaces and bond critical points (black dots).
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Teble 2.3.1, Caleulated Equilibrium Geometries for Formamide and its

Dimers,a
Parameter Monomer Cyclic dimer Open dimer

acid base
Cco 1,218 1.230 1.221 1.221
CN 1.347 1.328 1.338 1.338
CHe 1.081 1.080 1.082 1.078
NHa 0.992 1.006e 0.892 0.893
NHa 0.989 0.890 0.9970 0.980
OHw - 1.903 1.958
NO - 2.898 2.951
COHw - 125.4 161.1
NHxO - 169.2 173.3
NCO 124.7 125.1 125.8 124 4
NCHe i13.8 115.0 113.3 114.3
HeCO 121.5 119.9 121.0 121.3
CHHa 118.5 120.3 119.1 119.7
CHa 121.9 120.9 121.5 121.9
HaNHs= 118.8 118.8 119.4 118.5
SCF Energy -168.93953 -337.88982 ~-337.88881
-V/T 2.0024672 2.0024936 2.0024472

@ Geometrical distances and angles are in angstroms and degrees.
Energies (RHF/6-31G**//4-31G) are in au. The subscripts s and a denote
the hydrogens which are syn and snti to the keto oxygen respectively,

The subscripts b and ¢ denote the hydrogen-bonded hydrogen and the
hydrogen bonded to carbon respectively,

b Geometrical distence to the hydrogen-bonded hydrogen.
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Tahle 2.3.2. Values of the Charge Density and Laplacian of the Charge
Density at Bond Critical points of Formsmide Dimers.e

Dimer Bond f(re) v {re)

gyvelic Co 0.4025 (-0.0132} 0.0204 (-0.1260)
CN 0.3485 (0.016%; -0.8271 (~0,05882)
NHo 0.3445 (-0.0160) -1.9800 -(0.0387)
OHe 0.02865 0.0882
NH 0.3648 (0.0007) -2.0328 (-0.0042)
CH 0.3084 (0.0011) -1.2815 (-0.0099)

epen

acid: Cco 0.4111 (-0.0048) 0.0858 (-0.0508)
CN 0.3416 (0.0082) -0.8043 (-0.0334)
NHe 0.3561 (-0.0081) -2.0244 (0.0042)
OHs 0.0205 0.0773

base: (60] 0.40868 (-0.0061) 0.0998 (-0.0465)
CN 0.3404 (0.0070) -0.7850 (-0.0141)

« A}l wvalues are in au. Numbers in parentheses represent the change
from the monomer value. Ho denotes the hydrogen-bonded hydrogen.
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Table 2.3.3. Average Electron Populations, Energies, Volumes and
Quadrupole Moments of Formamide and Changes upon Dimerization.s

Monomer @ N(Q) E(Q) v(Q) Nre(Q) Qex(Q) q()
0 8.3703 -75.58880 131.39 1.706 -0.314 -1.370
N 8.4805 -55.25862 120.67 1.846 -2.365 -1.480
C 4,0525 -36.57949 36.85 0.388 -1.218 1.848
Ha 0.5247 -0.42062 25.28 0.018 -0.018 0.475
Ha 0.5424 -0.43344 25,92 0.018 -D.018 0.458
He 1,0204 -0.65851 50.36 0.016 -0.314 -0.029
total 23.9998 -168.93958 380.27 4.000
SCF -168.23953
Dimerse
Q aN(Q) B8E(Q) av(Q) ONn(R)  2Qee(Q) q(Q)
cyclic 0 0.0281 35.6 -4.64 0.046 -0.151 -1.399
N 0.0724 -200.4 2.41 =-0.030 0.234 -1.553
C -0.0020 -10.0 -0.87 -0.010 0.036 1.950
Hp -0.1048 180.2 ~10.46 -0.004 -0.034 0.580
Ha 0.0077 -13.0 0.38 -0.001 -0.006 0.450
He -0.0025 -0.4 -0.22 -0.00}% -0.002 -0.027
total -0.0002 -5B.1 -26.80 0.001
SCF -54.8
open
acid: 0 0.0151 21.8 0.60 0.016 -0.023 -1.385
N 0.0522 -128.4 1.46 -0.012 0.107 -1.533
C -0.0065 10.5 -0.55 -0.002 -0.002 1.954
Ho -0.0826 116.7 -8.83 -0.004 -0.030 0.540
Ha 0.0189 -29.3 1.22 0.002 -0.005 (0.458
He 0.0123 -14.2 0.57 0.000 -0.012 -0.042
base: 0 0.0213 3.3 -2.58 0.024 -0.083 -1,392
N 0.0057 -43.9 ~0.13 -0.008 0.0687 -1.486
C 0.0005 -9.6 -0.14 -0.012 0.058 1.847
Ha =-0.0082 12.1 -0.43 -0.002 0.000 0.484
He -0.0110 18.3 -0.58 €.000 0.000 0.4868
He -0.0182 18.4 -1.00 -0.002 0.007 -0.011
total -0.0005 -26.4 -10.18 0.000
SCF ~-25.5

@ All wvalues are in au except energy changes which are in kJ mol-1.
The subscripts s and a denote the hydrogens which are syn and anti to
the keto oxygen respectively. The subscripts b and c denote the
hydrogen-bonded hydrogen and the hydrogen bonded to carbon
respectively.

b Atomic p:ioperty changes are given by subtracting the monomer values
from the corresponding dimer values.



In Section 2.2 neutral and cationic complexes containing AH-B
bonds (where A = 0, N and B = O, N) were examined to gain insight into
hydrogen bonding. In the present section, we explore the OH-O hydrogen
bond in more detail and in a larger variety of systems, including
anionic complexes,

Complexes of varying H-0 hydrogen bond lengths are considered
including the water dimer (structure 1), the monohydrated formate anion
(2), the diformate anion (3), the hydroxide ion water complex [HOH-OH]-
(4) and the hydronium ion water complex (5) (Figure 2.4.1). The
geometries of these complexes are fully optimized in a crystal field
free environment using both the 6-31G** and DZP (Dunning 1870) basis
sets. The only exception is for 2 in which & partial optimization is
performed (intermolecular angles are constrained to within two degrees
of the experimental angles in the lithium formate crystal). We wish to
compare singly hydrogen-bonded systems but a full geometry optimization
of 2 would result in & doubly hydrogen-bonded ring structure.
Properties of the resulting charge distributions are discussed with
emphasis on the topological properties of the charge density ¢ and the
atomic properties of the atoms in the complex and their changes from
those in the isolated reactants. Comparisons with other types of H-

bonds that have been studied in this chapter are made.
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G bri | E . f Compl Containing OH-0 Bond
To within 8°, the hydrogen bond angles (LAHB) are linear for

ell five complexes studied (Table 2.4.1 and 2.4.2). The H-bond length
(BH) decreases and AH increases as Do increases. The H-bond length
varies over a much grester range than the AH length. Also, the
lengthening of AH from the isolated acid increases with increasing Da,
an observation also made for the BASE-HF complexes (Section 2.1).
Structure 1 is ssid to possess a long H-bond, 2 possesses an H-bond
medium in length and structures 3-5 possess short H-bonds (Joswig et al
1882). In fact, the crystal structure of 3 contains one of the
shortest OH-O bond ever observed (Section 2.5). There are only small
differences between the geometrical parameters optimized at the §-31G**
basis set as compared to the DZP basis set. The values of De are
slightly larger at the 6-31G** level. It is noteworthy that the
dissociation energies of the complex of water and its conjugate base
and of water and its conjugate acid are quite similar. Though it is
useful to compare the 6-31G** to the DZP results, emphasis is placed on
the DZP results since the DZP basis set is larger, describing both the
core and valence shells more fully, especially for the anionie
complexes. Also the DZP basis set yields -V/T ratios closer to two
(Table 2.4.1). Thus, hereafter unless otherwise noted it is the DZP

results that are referred to in this section.

Tapo] P the C Dj ibuti £ Comp] 1 - 5
The values of the charge density at the hydrogen bond eritical

point, the values listed under £(rn) in Table 2.4.3 are, in general, at
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least five times smaller than those found in shared interactions
present in the given system. The values of f(re) increase
monotonically with Da. In contrast to tie BASE-HY complexes, we find
the positive value of 92°(rn) to decrease among the short, strong
H-bonded systems 3-5 while the magnitudes of the curvatures of ¢
increase with Da. Thus, in the strong H-bonded complexes, at least to
some extent charge is accumulating in a region perpendicular to the B-H
bond axis between the B and H nuclei at the expense of charge
concentrated parallel to the B-H bond axis.

As Do increases and the BH separation decreases, the critical
point of the H-bond moves progressively closer to the zero contour
encompassing the valence shell of charge concentration of the Laplacian
distribution of the acid. In 5 the critical point lies just outside
this contour, and so, 92f(rn) is still positive. As seen in Section
2.4.2 , the seme point lies Jjust inside this contour in the 6-31G™=
result, and so, v2f(rw) is very slightly negative and the bond has some
of the characteristics of & shared interaction.

In general, the sum |Ar% + Af;| increases as De increases. The
largest values of |Ar%| correlate with the largest values of jat%I and
H is always less penetrated than B.

The sum of pe(rs) and Fo(ru) is close in value to A(rw), the
value of the charge density at the hydrogen bond critical point. To
obtain complexes with Da > 5 keal mol-1, the van der Waamls envelope of
the H atom must be penetrated by ~ 1.2 au and that of the B atom by a
still larger asmount. For these penetrations, the sums of the

unperturbed densities are in excess of 0.04 ay.
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The changes induced in the charge distribution of the AH bond

are monitored by examining the corresponding chsnges in the properties
of its bond critical point (denoted by the position vector ra; Tsble
2.4.3). The formation of each complex results in a decrease in the
value of #(ra) relative to its value in the isolated acid reasctant
(i.e., &°(ra) is negative), indicating that charge density is removed
from the AH bond. The magnitude of this chande increases linearly with
increasing Da.  Upon complex formation, v2e(ra) decreases in magnitude
as do the curvatures both perpendicular and parallel to the AH bond
path and, in general, these changes incresse in megnitude with
increasing Da, a reflection of the increasing removal of charge from
the AH bond.

Critical point information Ffor the remaining bonds in esch
complex is given in Table 2.4.3. In general, the changes in properties
associated with these bond critical points upon complexation are

smaller than the changes in the AH bond.

\tomic P .

Table 2.4.5 lists q(Q), N(Q), |u(Q)| and v(Q) for the atoms in
the isolated reactants. The most negatively charged atoms are the
equivalent oxygens in the formate anion and the most positively charged
are the hydrogens in the hydronium ion. Along with having the least
number of electrons, these hydrogens have the smallest magnitude for
E(Q), |u(Q)| and v(Q).

In both the isolated reactants and complexes, atomic charge

densities sare polarized counter to the direction of net charge
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transfer. Consequently, the B atom is polarized away from the incoming
H which is, in turn, polarized towards B. Polarization changes of B
and H upon H-bond formation sre discussed shortly.

The changes in the populations, energies and volumes of the
acid and base molecule upon H-bond formation are given in Table 2.4.6
and the corresponding changes in these same properties are given in
Table 2.4.7 for the individual atoms.

In all cases there is a transfer of charge from the base to the
acid. The strongest systems, the complexes of water with its conjugate
acid and base, have the greatest number of electrons transferred while
the weakest complex, the water dimer, has the least.

The magnitude of transfer of charge from base to acid, in
general, is relatively small compared to the changes in the individual
atomic charges (Table 2.4.7). The hydrogen-bonded hydrogen, H, as
always, loses charge upon complexation. This atom undergoes. a loss of
charge larger than the charge transferred from base to acid, the only
exception being found for H in 5. This latter behaviour is
understandable in view of the large net positive charge already present
on the hydrogens of the free hydronium ion. The A atom, as always,
gains electrons and, in general, the charge gained by A is greater
than the charge lost by H. The remaining atoms in the acid fragment of
the complex gain charge (with the exception of carbon in the formice
acid fragment of 3) and for the neutral and negatively charged
structures, 1-4, their gain is less than that of A. In 5 their gain is
greater than that in A.

Upon H-bond formation, the base molecule loses charge in all
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instances as does the X group (where hereafter X refers to the bese
ators not participating in the H-bond). The B atom gains electrons if
the complex is neutral or positively charged but loses otherwise (Table
2.4.7). A loss of electronic charge from the X group and a gain in
electronic charge by A and the acidic atoms not participating in the H-
bond causes dipole moment enhancement, an effect discussed in Section
2.1.

We now focus our attention on the energy changes accompanying
H-bond formation. The dominant feature is the large stsbilization and
destabilization of the base and acid frasgments respectively in the
anionic complexes 3 and 4 (Table 2.4.8). The magnitude of the energy
changes are smaller for the remaining complexes and in contrast to 3
and 4, the acid is stabilized.

Turning to individual atomic energy changes, aE(H) is positive
in all- the systems. The nonbonded density on H is penetrated by the
base, H loses charge and is consequently destabilized. In general,
aE(H) increases with increasing Do. Only aE(H) for 5 deviates greatly
from this relationship, a consequence of the tightness of the charge
density of H in this complex.

The B atom is stabilized in all cases (except 2 where its
energy change is near zero) and accounts for the greatest fraction of
the stabilization in 4 and 5. The A atom is stabilized in all cases
except 4.

In general, there is a decrease in the molecular volumes of
both reactants upon formation of a hydrogen bond. The entire base

fregment decreases in volume by a greater amount than tle entire acid
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fragment. The Ilargest atomic decreases in volume are for H end B, a
result of the decreases of the respective nonbonded radii owing to the
formation of a new interatomic surface between these two atoms. The A
atom slightly increases in volume.

Changes in atomic polarizations are greater for the charged
than the neutral complexes. 1In all five complexes, H undergoes a
reduction in polarization upon H-bond formation (Table 2.4.7). This
reduction is primarily the result of the loss of the nonbonded density
of H. This counter polarization of the charge density of H is enhanced
when the base atom that will participate in the H-bond is negatively
charged. The base oxygens in the formate and hydroxide ions bear the
Breatest negative charges and, indeed, the reduction of u(H) is
greatest for structures 3 and 4. Further, it hss been shown in this
chapter that the greater the extent of mutual pentration, the greater
the reduction in w(H). Here, 3 and 4 exhibit the greatest extent of
metual penetration, and so, this observation still is valid. The
magnitudes of a|u(H)| are the lardest of all the atoms in each of the
five complaxes.

To discuss the chenges in u(B) in the OH-O complexes, it is
convenient to divide them into two categories: those which have the
shange in the first moment of B directed away from H, 1 and 4, and
those which have this change directed towards H, 2, 3 and 5.

The change in u(B) away from H in the first class of complexes
1s rationalized as follows: the creation of the B-H interatomic surface
removes diffuse density from B and this decreases its stomic moment.

This effect is more pronounced for 4 since 4 initially possesses more
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diffuse regions of nonbonded density on B than 1. Although the X group
loses only half as much charge as H, the X group is closer to B and so
the net field effect caused by the electric fields generated by X and H
is relatively small. As is evident for this first class of complexes
and the first class of BASE-HF complexes, & correlation exists between
the magnitude of B’s change in polarization away from H with the extent
of mutual penetration of both the B and H atoms and hence with De. The
change in the polarization of H is also directed away from the
hydrogen-bonded region. Therefore, the removal of density Ffrom the
bonded region resulting from these polarizations facilitates the
approach of the two closed-shell systems. In the second eclass of the
OH-O and BASE-HF complexes, the field effects play a more dominant role
and the change in u(B) is directed towards H. In general for this
second class, De increases with a decrease in the extent to which the
polarization of B places density in the H-bonded region and indeed, of
the OH-O0 systems, 5, the strongest complex, has the smsllest

polarization of B into the H-bonded region.

In this chapter, systems containing the following types of
hydrogen bonds have been considered (B-HA): C-HF, N-HF, O-HF, F-HF, P-
HF, S-HF, C1-HF, C-HC1, N-HCl, O-HC1l, F-HC1, N-HN, N-HO, OH-N and OH-O.
Figure 2.4.2 and Table 2.4.8 summsrize the global trends of various
properties associated with the charge redistribution. The correlations

are best within the same type of hydrogen-bond in all of the graphs.
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Figure 2.4.1

Molecular graphs of complexes of varying H-O hydrogen bond lengths are
displayed: water dimer (1), the monohydrated formate anion (2), the
diformate anion (3), the hydroxide ion water complex [HOH-OH]- (4) and

the hydronium ion water complex (5).
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Eigure 2.4.2

Relationships between pruperties of the crarge density and De (kJ mol-
1) for hydrogen-bonded complexes considerad in this chapter. Values
for these plots are summerized in Table 2.4.5. The o-HF and B-HC1
complexes are calculated using fHEF/6-3114+4+G**//6-317**, N-HN, N-HC and
O-HR using RHF/6-31G**//6-31G** (exczpi for C-HN in the open formamide
dimer which uses RHF/6-31G**//4-31G), and O-HO complexes are calculated
using RHF/DZP//DZIP.

a) Plot of the charge density at the hydrogen bond eritical point £(rwm)
(in au) versus Da. The correlation coefficient. is 0.959.

b) Plot nf the sum of the changes in nonbonded radii of B and H upon
hydrogen bond formation, i.e. the mutual penetration |arg + or3| (in
au) versus Da. The correlation coefficient is 0.857.

c) Plot of the decrease in the charge density at the H-A bond critical
point &f(ra) (in au) versus Do. The correlation coefficent is -0,958.
d) Plot of the increase in the energy of the hydrogen-bonded hydrogen,

oE(H) (in kJ mol-1) versus Do. The correlation coefficient is 0.772.
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Iable 2.4.1, Fully Optimized Geometries and Energies of Crystal-Free

Complexes Containing OH-O Bonds.=

Label
(H=0)2 1

Complex Paracwr-ter

0102

[HOH-OC(OH)]- 2

[H(HCOO)=]- 3 02086
OzHY
OcH8
C102
C103
C1lH4
CX06
C307
C3H8
02H906
C102HS
02C103
02C1H4
03C1H4

Method of Calculation

6-31G**//6-31G**

5.6333

3.8503

1.7806 (0.0085)
1.7845 (0.0024)
1,7838 (0.0017)
1.7810 (-0.0011)
173.59

108.62

108.64

106.36 (0.40)
105.86 (-0.10)
-152.05608
2.00222081

5.53

4.7178

2.8192

1.8091 (0.1156)
2.3724 (0.0456)
2.2938 (-0.0329)
2.1039 (-0.0301)
2.4422 (-0.0551)
2.2598 (0.0345)
2.06858 (0.01%4)
172.21

119.88

128.84 (-2.14)
114.38 (-0.13)
116.77 (2.28)

DZP//DZP

5.6428

3.8534

1.7825 (0.0088)
1.7854 (0.0018)
1.7854 (0.0018)
1,7824 (-0.0012)
175.85

113.45

113.45

106.84 (0.14)
106.50 (-0.20)
-152,10170
1.99868102

5.04

5.0885

1.8373 (0.0537)
1.7784 (-0.0042)
3.2699

2.3584 (0.0224)
2.3209 (-0.0161)
2.1052 (-0.0158)
107.01 (0.31)
118.81

129.55 (-1.22)
114.72 (0.10)
115.72 (1.10)
173.48
~264.30825
2.00020131

15.05

4.8873

2.7794

1.9202 (0.1251)
2.3812 (0.0442)
2.3022 (-0.0348)
2.0878 (-0.0232)
2.4428 (-0.0522)
2.2684 (0.0283)
2.0677 (0.0170)
176.34

115.28

129.03 (-1.74)
114.15 (-0.47)
116.82 (2.20)



Tabhle 2.4.1, .con’'d)

[(HOH-OH]- 4 0104

{Ha0=1+ 5 0105
O5H4
O1H4
0Q5HE
Q5H?
O1H2
01H3
05H401
H405H8
H405H7
HBOSH7
H201H4
H301H4
H201H3
EsCr
~V/T
Da

109.90 (1.00)
125.29 (0.49)
113.47 (2.85)
121.24 (-3.44)
-377.00107
2.00196582
29.08

4.7258

2.7615

1.9717 (0.1896)
1.7844 (-0.0163)
1.7831 (0.0010)
173.55

102.58

101.17 (-4.79)
-151.41267
2.00108587
35.38

4.5242

2.4841

2.0415 (0.2248)
1.7916 (0.0085)
1.7928 (0.0105)
1.8000 (-0.0166)
1.8000 (-0.0166)
177.11

126.32

123.45

110.23 (4.27)
118.31 (3.57)
118.35 (3.81)
112.65 (-2.09)
-152.387%4
2.00276475
33.88

248

111.21 (2.07)
125.44 (0.53)
113.72 (3.20)
120.84 (-3.73)
-377.08646
2.00020461
27.75

4.7155

2.7500

1.9702 (0.1868)
1.7821 (-0.0116)
1.7834 (-0.0002)
174.74

107.92

102.97 (-3.73)
~151.47014
1.99884445
32.25

4.55863

2.5418

2.0180 (0.1970)
1.7843 (0.0107)
1.7853 (0.0117)
1.8030 (-0.0150)
1.8030 (-0.0150)
177.22

126.85

123.56

109.80 (3.10)
117.65 (2.96)
117.70 (3.01)
112.75 (-1.94)
-152.42850
1.938984049
32.59

@ Distances and Escr are in atomic units, angles are in degrees and De
is in kecal mol-1. All complexes are of Ci1 symmetry and their molecular

graphs are displayed in Figu:e

2.4.1.

isolated reactants) are given in parentheses.

Differences (complex minus
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Summary of Pertinent Geonet

Table 24,2
Bonded Conplexes Containing mn OH-O Bond, DZP//DZP,

Systen Label Da r(AB} r(H-B) r(AH) ar(AH) r(BX)® ar(BX) LAHB
HOH-OH =2 1 5.0 5.6333 3.8534 1.7925 0.0089 1.7854 0.0016 175.8
HOH-OCO(H )~ 2 15.0 9.0995 3.2699 1.8373 0.0537 1,774 -0.0042 173.5
(H)OCOH-OCO(H)- 3 27.8 4.6973 2.7794 1.9202 0,1251 2.3812 0.0442 176.3
HOH-OH~ 4 2.2 4.7155 2.7500 1.8702 0.1866 1.792) -0.0116 174.7
Ha20H+-0H= 5 32.6 4.5353 2.5416 2.0150 0.1970 1.7843 0.0107 177.2
Systen Label LXBH
HOH-OHz 1 113.4
HOH-0CO(H )~ 2 118.8
(HYOCOH-0O0(HY- 3 115.3
HOH-OH - 4 107.8
H20H+--0H2 5 126.6

= All wvalues ere in

au exc

Da which is in keal mol-1.

& The hydrogen nucleus in the

base is denoted X.

base fragment closest to the B nucleus in the

ept the internuclear angles which are in degrees and

rical Paransters for the Hydrogen-

PLL]



DZP//DIP .=

af p
01H4 0,0184
02H4 0,3743
OlH5 0,384
O1HB 0.3804
02H3 0.3835

05H2 0.03%4
01HZ 0.3392
€405 0.3768
C404 0.39%43
C4H7 ©¢.2819
O1H3 0.3854

0249 0.0791
O6H3 0.2908
€102 0.3671
C103 0.4028
ClH4 0.2857
C508 0.3395
C507 0.4185
C3HB 0,3013

O4H2 0.0848
0142 0.2651
O4HS5 0.3762
O1H3 0.3844

OSH4 0.1031
0144 0.2353
05HE 0.3661
OSH7 0.36%4
O1H2 0.3589
01H3 0.3589

All values

Properties of the Bond Critical

(-0,0084)
(-0.0023)
(-0.0023)
(0.0008)

(-0.0435)
{-0.0107)
(0.0070)
(0.0078)
(0.0037)

(-0.0847)
(-0.0202)
(0.0155)
(0.0116)
(0.0272)
(-0.0132)
(=-0.0C75)

(-0.1176)
(0.0078)
(0.0017)

(-0.1109)
(-0.0166)
(-0.0173)
(0.0127)
{0.0127)

are in au.
enclosed in paren:heses.

listed first, follewed by t
critical peint,

the

remaining base

920

0.0702
-2.2490 (-0.0835)
-2,2036 (-0,0182)
-2.2036 (-0,0182)
-2.1647 (0.0207)

0.1389

=2.1690 (0.0164)
-0.1717 (-0.0650)
-0.0476 (0.0591)
-1.0946 (-0.0612)
-2.1083 (0.0771)

0.1520

-1.7227 (0.5185)
-0.2179 (-0.1112)
0.0119 (0.1186)
-1.1246 (-0.0912)
=0.2359 (-0.0495)
0.1444 (-D.1601)
-1.2680 (0.2353)

0.1233
=1.4314 (0.7540)
-1.8444 (-0.1211)

-2.0198 (0.1B56)

0.0212

=1.2001 (1.2429)
~2.3027 (-0.1173)
~2.3026 (-0.1172)
-2.3804 (0.0626)
-2.3806 (0.0624)

Differences from

fa
2,5161

1,4557 (0.0218)
1,4393 (0.0054)
1.4383 (0.0054)
1.4300 (-0,0039)

2.2416

1.5169 (0.0830)

0.7771 (0.0071)

0.7648 (-0.0051)
1.2777 (0.0017)

1.4181 (-0.0158)

1,6985

1.5947 (0.1407)
0.7835 (0.0135)
0.7588 (-0.0102)
1.2797 (0.0057}
0.7974 (-0.0123)
0.7506 ¢0.0024)
1.3020 (-0.0153)

1.9946

1.6338 (0.1999)

1.4005 (0.0083)

1.4118 (-0.0223)
1.8983

1.6756 (0.1673)

1.4663 (0.0324)

1.4677 (0.0338)

1.4837 (0.0498)

1.4837 (0.0498)

isclated

reactant

Points of OH-0 Corplexes,

'n

1.3374
0.3349 (-0.0130)
0.3462 (-0.0037)
0.3462 (-0.0037)
0.3525 (0.0026}
1.02%4

0.3206 (-0.0233)
1.5823 (0.0153)
1.5560 (-0.0110)
0.8274 ¢-0.0307)
0.3613 (0.0114)

J.7806

3256 (-0.0156)
9377 (0.0307)

<2125 (-0.0245)
L8182 (-0.0287)
6458 (-0.0474)
.5180 (0.0198)

L7656 (0.0321)

. 7558

L3365 (-0.0134;
4916 (-0,0200)
L3718 (0.0219)

ocooo G bt O s = O

U.B6435

0.3333 (L.0z97)
0.3240 (-0.0219)
V.3276 (-0.0223)
(-0.0305)
(=0,0305)

values ore

Values for the hydrogen bond critical polint are

remaining acid buwd critical points.

hose for the AH bond critical point, the BX bond
bond critical points and finally the

150



Iable 2.4.4, H-bond eritical point analysis in complexes containing OH-O
bonds, DZP//DZP.=

Systen

1 0.0184
2 0.034
3 0.0791
4 0.0848B
5 0.1031

All values are in au.

P(rn) 92(ro) r(BH) |ord| |am|

0.0702
0.1383
0.1520
0.1233
0.0212

ArD +| #o(rn) Po(rH) Fo(ra)e
arn Folou)

3.853 0.934 0.863 1.797 0.0085 0.0100 0.0168
3.2924 1.268 1.171 2.433  0.0188 0.0223 0.0411
2.7784 1.510 1.379 2.889 0.0354 0.0414 0.0778
2.7500 1.585 1.444 3,029 0.0397 0.0490 0,0887
2.5418 1.462 1.306 2.788 0.0491 0.0512 0.1003

The H-bond critical point is denoted ro.

251
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Table 2.4.5. Atomic Properties of Isolated Reactants, DZP//DZP.=

Reactant @ a(@)  N@)  E@) (@) w®)
H20 0 -1.2267 9.2287 -75.34653 0.264 140.58
H 0.6144 0.3856 -0.35014 0.152 18.72
HCOO- 0 -1,4932 9.4832 -75.61658 0.526 145.44
C 2.1623 3.8377 -36.31020 0.670 31.76
H -0.1759 1.1759 -0.68464 0.134 58.36
HOOOH H 0.6501 0.3488 -0.32711 0.136 17.80
0 -1.3189 9.3189 -75.68194 0.377 122.09
c 1.9997 4.0003 -36.46341 0.833 36.02
0 -1,3765 9.3765 -75.72604 0.724 137.36
H 0.0448 0.8548 -0.61640 0.109 46.93
OH- 0 -1.4181 9.4181 -74.92276 0.084 169.63
H 0.4181 0.5819 -0.44914 0.245 31.24
H30+ 0 -1.2852 9.2652 -75.57578 0.245 125.28
H 0.7551 0.2449 -0.25132 0.080 12.55

@ All values are in su. Only nonequivalent atoms are listed and the
atoms that will participate in the H-bond are listed first for each
molecule. The values of Escr and -V/T for Hz0, HCOO-, HCOOH, OH- and
Ha0» are -76.04683, 1.98959599, -188.23744, 2.00016918, ~188.8B1480,
2.00033237, -75.37191. 1.93758554 and-76.32974, 1.99895146 respectively.
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Isble 2.4.6, Changes in the Acid and Base Fragments
of Complexes Containing OH-0 bonds.=

Complex &N AE Ay

1

acid 0.011 -3.14 -3.23
base -0.011 -1.86 -5.15
2

acid 0.039 -8.36 -2.88
brase ~-0.039 -6.40 -12.94
3

acid 0.075 34.61 -4.59
base -0.075% -82.04 -18.88
4

acid 0.092 66.54 0.28
base -0.092 -98.51 -17.15
5

acid 0.086 -17.06 -3.25
base -0.086 -15.35 -19.%4

e All results are in au except oF values which are in kesl mol-1.
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Table 2,4,7, Changes in Atomic Properties of Complexes
Containing OH-O bonds.=

Complex Q aN(Q) AE(Q) b&u(Q)| av(Q)
1 0 0.0433 -15.84 .002 2.72
H -0.0416 16.22 -0.031 -8.25
0 0.0150 -12.94 0.008 3.4
H -0.0133 35.54 ~0.0086 -0.80
H ~0.0133 0.4 -0.006 -C.81
H 0.0086 -3.52 0.005 0.31
2 0 0.0875 -39.33 -0.014 8.32
H -0.1004 46,72 -0,060 -11.05
0 -0.0086 0.47 -0.038 ~10.08
C 0.0255 -11.58 0.019 C.68
0 -0.0148 -1.83 0.026 -1.14
H -0.0387 6.54 -0.010 -2.40
H 0.0416 -15.75 0.020 1.85
3 0 0.1178 -50.24 0.030 3.27
H -0.0858 46.68 -0.07¢4 -11.77
0 -0.0222 -22.82 -0.072 -13.82
C 0.0407 -27.47 0.031 0.86
0 -0.0363 -21.38 0.060 -2.97
H -0.0580 9.63 -0.014 -3.43
C -0.0471 26.03 -0.045 -1.41
0 0.03%4 28.%4 -0.075 2.89
H 0.0611 -16.41 0.000 2.33
4 0 0.1420 26.58 -0.074 8.11
H -0.1261 86.75 -0.082 -12.76
0 -0.0342 -115.33 0.045 -14.22
H -0.0571 16.82 ~0.024 ~2.83
H 0.0758 -28.79 0.037 3.83
5 0] 0.0472 -6.85 -0.051 1.65
H -0.0257 20.67 -0.051 -7.14
0 0.0757 -83.38 -0.030 -10.54
H -0.0796 33.64 -0.038 -4.67
H -0.0816 34.39 ~0.036 ~4.73
H 0.0321 -15.44 0.014 1.12
H 0.0321 -15.44 0.014 1.12

» All wvalues are in au except AE(Q) which is in kcal mol-2, For all
complexes the A of acid is listed first, followed by the H-bonded H,
the base atom B participating in the hydrogen bond, the next nearest
base atom, the remaining base atoms and finally the remaining acid
atoms.



Table 2.4,8 Relationships Between Pro
Hydrogen-Bonded Complexes in this Chapter,

Base-HA De*
NN-HCI 3.5
OC-Hcl 4.1

SCO-HCI 6.2
NN-HF 6.9
OCO-HC| 7.1

OC-HF 9.3
HF-HCI 99
Q00-HF 10.7
SCO-HF 10.9
SC-HCI 11.8
OCO-HF 12.6
HaN-HNH2 12.6

NNO-HF 126
HCN-HCI " 16.0
HaP-HF 16.4
HF-HF 16.7
H20Q-HOH 20.9
SC-HF 218
050-HF 22.1

HaS-HF 24.8
(Ha2N)HCO-HNH({COH) 255
HaN-HOH 26.8
HCN-HF 27.2
Ha2CO-HF 27.3
HaN-HCI 27.9
H20-HF 34.8
HaN-HF 46.2
[HOCO-HOH]~ 62.8
[H20-HNH3z)+ 90.0

(HaN-HNHg]+ 109.6
(HOCO-HOCO(H))- 116.3
[HO-HOHJ- 134.7
{Hz0-HOHZ)+ 136.4

*kJ mol-1

piro)

.0062
.0085
10073
0084
.0085
0123
0147
.0129
.0099
0131
0112
0122
.0163
0136
0114
0213
0184
0178
0164
0115
0205
0214
.0183
0274
0306
0276
0344
0394
.0387
0507
.0791
.0848
.1031
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2.5

In Section 2.4, the anionic complexes (H)OCOH-OCO(H)-, HOH-OH-
and HOH-OCO(H)- were examined using the RHF/DZP//DZP scheme in the
absence of any crystal field. In the present section, we wish to see
what happens to the charge density when these complexes are placed in
the crystal environments of KH(HCOO)z, (LiOH)2-H20 ard the system of
[Li(HCOO)]1-H=0 with two nearest neighbour water molecules,
respectively. These crystal systems, all containing at least one OH-O
hydrogen bond are labelled 1, 2 and 3 respectively. Species 1 has a
very short H-bond (H-O0 = 2.3980 an) while species 2 and 3 have medium
range H-bonds (see Table 2.5.1 and Figure 2.5.1).

The theory of atoms in molecules first is used to examine the
charge density of 1, 2, and 3 at their experimental crystal geometries
(1 and 3: Hermansson et al 1883, 2: Hermansson and Lunell 1982) but
without explicitly modelling a crystal field. This allows us to see
how the crystal experimental geometry (as compared to the optimized
geometry) affects #. Then we use various point charge models to
simulate the crystal fields and thus are able to see how the erystal
field affects # and functions of . Both the theory of atoms in
molecules and double difference density plots are used in this vein.

The questions of interest include the following:

1) What is the nature of the interaction between the atoms in the
complex? Is the H-bond & closed-shell interaction as it was in the

258
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previous sections of this chapter or does it become a shared
interaction when in a c¢rystal environment?

2) Does a shorter H-bond mean more ¢ in the H-bond region?

3) Can the value of ¢ at the bond eritical points be used to predict a
bond order and bond strength in these systems (for C0 bonds for
example)?

4) How do the point charge crystal fields affect £, 92> and the atomic
properties of the constituent atoms? Are the changes from a field free
situation at the ssme experimental geometry large? Can the crystal

field effects rationalize the asymmetry of the H-bond in 17

Hethed of Calculation
i) KH(HCOO )=

RHE/DZP//experimental crystal geometry calculations are
performed first for the crystal-field free diformate anion. The charge
density resalting from this is analyzed using the theory of atoms in
molecules and the values are listed in Tables 2.5.1 - 2.5.3 under the
scheme denoted “free". Secondly, the same level of calculation is used
to compute the charge density of the anion placed in & crystal with the
crystal described by point charges. The point charges are positioned
at the atomic coordinates determined by neutron diffraction ocut to a
distance of about 15A for Schemes A to C and further out irom the
central anion for Scheme D. The same number of point charges are used
for Schemes A to C (500) but 8200 are used for Scheme D.

The SCF calculations associated with Schemes A-D are done

according to the following procedure (I thank Kersti Hermansson at
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Uppsala for helping with these caleulations):
(a) A crystal-field free diformate anion calculation is performed.
(b) The resulting Mulliken charges are positioned at the appropriate
lattice points. The cluster, i.e, the H(HCOO)z- ion plus the point
cnarges, is electrically neutral. The potassium ions are assigned net
charges of +1.
(c) The one-electron integrals are recalculated.
(d) A new SCF calculation in the crystal field created by the
surrounding point charges is performed.
Steps (b)-(d) are repeated until a self-consistent set of point charges
is obtained with the criterion for self consistency being a difference
of < 0.001e.
(e) The charge density resulting from the self-consistent set of
Hulliken point charges is analyzed using the theory of atoms in
molecules. The corresponding data are listed under Scheme A and Scheme
D in the Tables 2.5.2 -2.5.3. This is the only place in the thesis
where Hulliken charges have been used and only to facilitate s
comparison with the work of Taurian et al (1887).
(£) The net charges, as calculated using the theory of atoms in
molecules, arising from Scheme A are placed at the appropriate lattice
points and a new # is calculated. This new e is analyzed using the
theory and the results are listed under Scheme B.
(8) The process is repeated till self-consistency is achieved. The
results for the analysis of this final ¢ are listed under Scheme C.,
i1) Structures 2 and 3

The procedure is similar to that in i) but only the "free"
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results and the results of Schemes A and B are given. As opposed to
1), here the Li atom is an explicit part of the molecule and not
modelled as a point charge. For 2, 918 point charges are used snd for

3, 2700 point. charges are used.

Geometries

The structures of the complexes are displayed as molecular
graphs in Figure 2.5.1 and the geometrical parameters are given in
Table 2.5.1.
i) The H-bond in H(HCOO)z~ is one of the shortest observed of all OH-O
complexes. It is not symmetric. The internuclear separations O2HY and
7sHY are 2.3380 and 2.2055 au respectively. Thus, the atoms C1, 0z, 03
and H4 constitute the formate group while the atoms C5, 06, 07, H8 and
HS constitute the formic acid group. This identification will also be
made spparent when the values of ¢ and v2¢ in the OSH9-02 region of the
anion are examined. The C10203H4 and C50B07HS groups are structurally
similar. For example, C102 differs from C508 by only 0.0028 sau and
Cl103 differs from C507 by only 0.0178 au. Each group is nearly planar
though they are twisted relative to each other. Table 2.5.1 listg the
changes from the optimized DZP geometry of the free anion (given in
Table 2.4.1). The biggest changes are in the hydrogen-bonded region.
The crystal forces the H9-02 bond to contrasct by 0.380 au while the
OBHS bond expands by 0.2853 an. These geometry changes have important
consequences on the topology of ¢ in this region. The H9-02 bond now
has some of the chavacteristics of a shared interaction (v?#(rw) is

negative) whereas in the free optimized structure it is still
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closed-shell (Table 2.4.3).
ii) A water molecule intervenes between the lithium cations and the
hydroxide snions in the crystal structure. The OS5H8-03 hydrogen bond
is then between the water molecule acting as an acid and OH- sacting as
a base. The O0S5H3-04 hydrogen bond is, of course, equivalent. The
H-bond is not symmetric as OSHB = 1.8936 au and H8-03 = 3.1820 su. The
hydrogen bond length is 0.7830 au longer than that of 1 and falls into
the medium length H-bond class.
iii) The shortest of the three OH-O bonds here is between water acting
as an acid and the formate snion acting as a base. The H2-05
separation is 3.292 au and falls into the medium range H-bond
category. The water-water H-bonds are sppreciably longer (H10-01 is
3.683 au as is the equivalent H3-012) and these fall into the
long-range category. An unexpected feature of this system is the very
long H-bond between H7 of the formate group and 08 of a neighbouring
water. The existance of this bond path causes a seven-member ring
structure to form.
iv) The partially optimized structure HOH-OH- (intermolecular angles
are constrained to a degree of experimental values) differs from the
corresponding structure at the e.perimental geometry. In the former
complex, the H-bond length is appreciably shorter and the AH bond
length is longer. The energy difference between the partially and
fully optimized structure (Section 2.4) is only 0.31 kecal mol-% while
the difference between the partially optimized and experimental
structure is also small (3.6 kecal mol-2). An examination of the

Beometry differences between 2 and 4 (Table 2.5.1) shows that the
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parameters of the partially optimized structure are very similar to
those of the fully optimized structure, a fact not surprising
considering the small energy differences. In the crystal system 2 the
two OH bondlengths in water are equivalent due to symmetry but for 4
they are not. The OH bond in the acid water in 2 is longer thsn that
of the nonparticipating OH bond in 4 because in 2 this bond makes up
part of the H-bond while in 4 it does not (see the square bricketed
values in Table 2.5.1).

v) The partially optimized structure 5 differs slightly from the
corresponding structure at the experimental geometry in that both the
AH and BH lengths are shorter for 5. The energy difference between 5
partially optimized and 5 at the experimental geometry is 325.4 keal
mol-1. Note that a full geometry optimization would produce a cyclic

structure with the water acting as a two proton doror.

Topology of 1

a) The hydrogen bond

The H-B hydrogen bond of the free diformate anion (DZP//DZP) is
an example of a closed shell interaction since e at the hydrogen bond
critical point, ¢(ro), is small end the sign of 9% (re) is positive
(Table 2.4.3 and Figure 2.5.2d). In the present case
(DZP//experimental crystal geometry: Scheme “free") f(rm) is larger by
0.0605 au and v2¢(rw) is negative for the now very short H-bond, and
so, the H-bond has some of the characteristics of a shared interaction
(Table 2.5.2 and Figure 2.5.2). The geometry of the crystal forces the

H-tound in the diformate anion to be much shorter than it is for the
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fully optimized case and this constraint causes charge density to
accumlate between 02 and HS. The distances from ro to 02 and H8, that
is the bonded radii of B and H respectively, are shorter for
DZP//experimental geometry than DZP//DZP (Table 2.5.2) sgain because
the H-bond length is shorter in the former.

The AH bond length (i.e. OBH8) is significantly larger at the
experimental geometry as compared to DZP//DZP. Consequently, the
charge density at the AH bond critical point, p(ra), is smaller (by
0.10 au) at the experimental geometry as is the magnitude of v2f(ra).
Thus there is 1less charge accumilated between 06 ond HS in the
experimental case,

b) The remaining bonds in 1

Comparing the values of ¢ at the bond critical points in the
experinental geometry to the optimized DZP geometry, the chenges are
all at least three times smaller than those that occur in the H-bonded
region. Thus, the H-bonded region is most sensitive to the change from
optimized to experimental geometry. The value of f(re) decreases in
all cases excent ClH4 and C506. The changes in v2¢ are also smaller
than those in the H-bonded region. Contrary to the DZP//DZP case,
where v2*(re) was positive in some of the bonds, in the experimental
case V2 (re) is always negative. Thus, in this constrained system each
interaction between two neighbouring atoms is classified as a shared
interaction.

Concentrating now solely on the experimental structure, we see
how the values of £ and v2¢ reflect the similarity between the C10203H4

and CO0B07H8 groups. The bond critical points in C1H4 and C5H8 yield
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very similar values (Table 2.5.2) as do C102 with C508 and C103 with

C307. Figure 2.5.2. displays the similarities in the # and v2¢ fields
between the acid and base planes.

Since, in general, the bond order and strength of the bond
increase with increasing value of #(r»), the C103 and C507 bonds will
be stronger «nd have a larger bond order than C102 and C506. 1In
accordance with classical valence theory and deformation density mers
(Taurian et al 1887), the C103 and C507 bonds will have more double

bond character than the other carbon-oxygen bonds.

Atomic Properties of 1

8) The formic acid fragment and the formate anion fragment of 1

The atomic properties N(Q), K(Q) and u(Q) are listed in Table
2.5.3. On summing up the N(Q) values frr the formic scid and formate
group, we see that 0.175e have been transferred from.the formate to the
formic acid group. This is close to Taurian et al's (1987) value of
0.10e obtained by Mulliken population analysis. Thus, as always,
electrons are transferred from base to acid. q(Q) calculated using the
theory of atoems in molecules is larger in magnitude than the
corresponding Hulliken charges. K(formic acid group) is greater in
magnitude than K(formate group), and so, the formic acid group in 1
has a lower energy than the formate group.

b) The OBHS9-02 fragment of 1

The smallest value of N(Q) is N(H8) = 0.270 e. Because of this

rlectron deficiency, both K(HS) and |u(H9)[ are the smallest of sll the

atoms.
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As 1s the case for all OH-O fragments, both the more
electronegative atoms to which H8 bonds (02 and 08) are negatively
charged. It so happens that 02 and 06 bear almost an equal charge and
these charges are the largest in magnitude of all the atoms in 1. The
energies of 02 and 06 are of greater magnitude than the remaining
oxygens while the magnitude of the atomic first moments for 02 and 06
are smaller,

¢) The remaining atoms of 1

The remaining oxygens have very similar values for their atomic
properties. The same is true for H4 and H8 which are both slightly
negatively charged. The carbons also exhibit very similar wvalues for
their atomic properties. They are positively charged and have the
largest values for {uC@d}. Therefore, the similarity between the
formic acid and formate groups in 1 is reflected once again, this time

- through the atomic propertics.

Crystal Field Effects on 1

a) Influence on the topology of the charge density of 1

The charge density is perturbed when an array of point charges
used to model a crystal field is spplied. As is seen in Table 2.5.2,
the perturbations are not as great as those that arise due to =& change
in geometry from DZP//DZP to DZP/experimental. (Of course, the crystal
effect is manifested to its greatest extent by the fact that we now
look at experimental geometry). Etill, the bond ecritical points shift
slightiy in position from those in the experimental case to those in

the experimental case with the point-charge field similation included.
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For Schemes A and D, the greatest changes are in the Cl-H4 and C5-HB

terminal bonds. The greatest changes in f(re) parallel these. For
both these schemes and also Schemes B and C, we see that the changes of
the charge density in the H-bonded region are among the smallest. In
Schemes B and C the greatest change in P(re) is for the C506 bond.

In general, the changes due to Schemes B and C are similar snd
of the same sign. This observation is used to justify the application
of only Schemes A and B in a study of 2 and 3 (vide infra). The
changes due to B (or C) as compared to A are not necessarily of the
same sign.

Scheme C is deemed a better model than B because in C there
exists a self-- sisistent set of q(Q) (as determined by the theory of
atoms in molecules). In Scheme A there exists a self-consistent set of
a(Q) as determined by Mulliken population analysis.

With this in mind, we show the rearrangement of electron
density caused by the modelled crystal field in terms of double
difference density countour maps. In these maps (Figure 2.5.3) the
charge density of a free H(HCOO)z~ ion (in the geometry of the crystal)
is subtracted from the density calculated in the crystal. Both the
affect of Scheme A and Scheme C on ¢ are displayed and compared. These
maps  supplement the information obtained from exsmining the
differences in # at bond critical points (Table 2.5.2) because the maps
show the differences in charge density for a whole range of points (in
a specified plane).

Figure 2.5.3a displays the double difference density in the

acid plane (i.e. the CS0807H8 plane). Looking at the left diagram
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first, we note the following effects of the crystal field on the charge
density: There are weak positive contours outside 07 in agreement with
Taurian et al’s (1887) picture. Charge has shifted into the CSH8
bond. Recall that this observation is also reflected in the dats in
Table 2.5.2 which shows that the increase in f(re) in the C5H8 bond (of
0.005 au) is among the largest. Taurian et al’s plots also reflect
this buildup. Also in agreement with Taurian et al, we see the shift
of charge density away from the nonbonding regions of the hydrogen
atoms. The Scheme C field effect (right diagram of Figure 2.3,3a) is
similar to the A field effect except for the C field there is an even
greater removal of charge density from HB and a greater buildup of
charge in the CSHB bonding region.

The left diegram of Figure 2.5.3b gives the A-"free" results
for the base plane. This diagram is quite similar to Taurian et al‘s
except the removal of charge density from the O2HS region is even more
pronounced. We see the shift of electron densi- - away from the
nonbonded region of H4, a large buildup in the C1H4 bond (in agreement
with Table 2.5.2), and the weak contours outside the oxygens. Thus the
features of the base plane plots are very similar to those of the acid
plane plots, an observation that by now is not surprising. In Figure
2.5.3b (right) we do not see very much charge removal from the
immediate vicinity of H9. Indeed, the value of ¢ at the H-bond remains
essentially unchanged from the "free case”.

In Figure 2.07.3c (left) we look at the A minus "free" results
in the H-bonded plane. As in the other planes there is charge buildup

in the far nonbonded regions of the oxygens and removal of nonbonded
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charge density from the terminal hydrogens. Along the H-bond, in the

immediate vicinity of 02 there is a build-up of charge beceuse of the
crystal effects. Closer to H8 along this geme bond, charge has been
removed. In the OBH8 bond the reverse situation occurs. In Figure
2,5.3¢ (right), 02 and 06 look more similar. They both have charge
depleted near themselves along their respective bond sxes with H8. H9
itself has &a very slight build-up of charge immediately around it
along the above mentioned bond axes.

b) Influence on the atomic properties of &

Taurian et al use =a scheme very much like Scheme A but they
stop at the Mulliken charges. They do not consider the theory of atoms
in molecules. They say that there is a shift in negative charge from
the central part of the anion to the O3 and 07 ends, and that this is a
consequence of the distribution of K+ ions in the crystal. Indeed, the
K+ lons are closest to the central anion and they also bear the
greatest Mulliken charges. In our Scheme A, 03 gains the most
electrons and 07 also gains electrons. However, only in Scheme D do
both 03 and 07 gain the most electrons as compared to the other atoms.
In Schemes B and C, 07 actuslly loses electrons and the 03 changes are
small. Why does O7 not gain electrons? Granted, the K* ions are
closest to the central anion., But they do not have the greatest
charges as determined from the theory of atoms in molecules. For
example, the carbons have a charge of = +2. Therefore, the entire
crystal field must be taken into account when examining charge
reasrangements due to crystal fields as both the magnitude of the

charge and distance it is away from the central anion sre important.
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In Schemes A and D, the H-bonded atoms (08, HE and 02) are, in
deneral, changed the least (as reflected in the changes of N(Q), K(Q)
and |u(Q)|) while the terminal atoms are in general changed the most.

A division 1like this cannot be made in Schemes B and C but it is

worthwhile to note that in all schemes the H-bonded hvdrogen is least
affected by the crystal field. The charge density of H9 is very
tightly held so the changes in the three properties listed in Table
2.5.3 due to crystal fields will be small.

Taurian et =al state that the crystal field affects the two
formate groups unsymmetrically. They say that the formate group of the
formic acid (i.e. the CS50B07H8 group) retains the same charge when
placed in a crystal field. For Schemes A to D inclusive, we agree
with this observation. Further, they find that the formate ion group
(i.e. the C10203H4 group) ucquires sn sdditional 0.02 electrons due to
the crystal field, and that these electrons are taken From HS. In
Schemes A and D we find that this group acquires an additional 0.01
electrons but in Schemes B and C the gain is insignificant.

In Taurian et al's Scheme and our Scheme A and D, since the
crystal field canses electrons to flow from the acid to the base, the
positive electrostatic field due to the K+ ions is stronger in the base
fragment. The repulsive field for a Fositive charge thus is also
stronger from the base than from the acid side. Conseguently, H9 is
displaced towards 08 and, therefore, the H-bond is not symmetrical.

Although the changes in the charge density due to crystal
effects for 1 are small, they are not negligible. In fact, in 2 and 3

they are much more pronounced.
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Topological Analvsis of the Charge Density of 2

We look at the "free" situation first for (LiOH)2-H=20. W#e need
only look at the OS5H8-03 hydrogen bond since the other one is
equivalent. In the H-bond the value of e(re) is 0.0512 au (Table
2.5.2). This value is more than twice as small as that found for the
H-bond of 1. 1In addition, v2°(re) is positive for the H-bond in 2 and
so we n=ve a clomed shell interaction between H8 and 03 (Figure
2.5.4). Tiws, the longer H~bond in 2 has less of a charge buildup than
1 and is an example of a closed-shell rather than a shared
interaction. In Section 2.4, #(re) in the H-bond is slightly greater
for [HOH-OH]- than the diformate anion (DZP//DZP) while at the
experimental geometries, the opposite conclusion ies reached. Both the
absolute values of P(rs) and 92°(re) in the O5HS bond in 2 are larger
than the corresponding (but longer) AH bond in 1.

b) The remaining bonds of 2

The value of P(re) for O3H6 is the largest of all the bonds of
2 and 92°(re) is negative. The long Lil0S bond is an example of a
closed shell interaction because v2°(ro) is positive and P(re) is small
(even smaller then that for the H-bond).

c) Changes in topology of the charge density of 2 from free
[HOH-OH]- . Looking first at the changes of 2 from that of the
free isolated [HOH-OH)- (herafter ecalled the “naked" species) at the
same experimental geometry we note the following (from Table 2.5.2):
#(re) is greater in 2 than in the naked species for the BH and XB bonds

but smaller for the remaining bonds that can be compared, The g:.atest
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changes are for the acid water OH bonds. The ra and ras changes are
also greater for these bonds, and so, the bond critical point shifts
the most in these bonds on going from naked to 2, a result not

surprising considering that the main differences between the structure

of 2 and naked are the Li atoms bonded to the water oxygen and the O4H7
group bonded to H8 of water in 2. These additional atoms in 2 will
thus affect the water molecule more than they will the BX and the
hydrogen bond in the naked structure.

The changes in the values of F(ra) of 2 from the naked
structure (partially optimized geometry) are, in gene=al, of opposite
sign to those mentioned in the previous paragreph. However, as is the
case with 2 minus the naked structure (experimental geometry), the
difference here is greatest for the water OH bond not participaeting in

the H-bond in the naked structure.

Atomic P . F 2

a8) The H-bonded atoms 05, HC and 03 of 2

Just as in 1, HB bears the greatest positive charge (of the
hydrogens) and is bonded to the two greatest negatively charged atoms
03 and 05 ("free" results of Table 2.5.3). The magnitudes of the
chardes are greater than those for the A, B and H stoms of 1.

b) The remaining atoms of 2

The X atoms H6 and H7 are positively charged and have greater
absolute values for both K(H) and |u(H)| than H8 or HY. The Li atoms
each donate almost an entire electron to the acidic water; q(Li) =

0.8630e so the conventional representation of Li in this system as Li*



271
is & good one. The representation of the base group OH as OH- is not
quite as good since q(O3HB) = -0.8786e only. One can think of
electrons flowing from both these groups to the central acid water.
Electrons are transferred from base to acid as we saw in 1. Note the
very small value of |u(Li)|. This is because the Li is behaving as =
hard very nonpolarizable Li+ cation.

¢) Changes in atomic properties of 2 from free [HOH-OH]-

The changes of 2 from the naked at experimental geometry and
naked st partially optimized geometry are similar (Table 2.5.3), and
s0, we will treat them together. Only 05 of 2 gains electrons. This is
obviously because of the presence of lithium in 2. Indeed, aN(05) is
at least an order of mesgnitude larger than any of the other population
changes. Note that aK(05) is positive but aR(®) is negative for the
remaining atoms. Also note that the magnitude of 4|u(05)| 1is the
largest. In short, the important effect of going from the naked case
to 2 is the flow cof charge density to the central oxygen, that is, 05

of the acid.

Crystal Field Effects on 2

a)Influence on the topology of the charge density of 2

It has been established through a study of the crystal effects
on 1 that no important new information is garnered from using Scheme C
instead of Ccheme B. Thus, only the results of Schemes A and B have
been determined.

The perturbations arising from the point charges are, in

general, of similar magnitudes to those that arise just from a change
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of geometry, and so, the crystal field effects are more important in 2
than in 1. Scheme A minus free values and corresponding Scheme B minus
free values have the sesme sign for each property of each bond, a result

not observed in 1. The largest changes in #(re) for both schemes is

for the AH bond and the smallest is for the Lil05 bond, Only in the AH
bond does #(ra) increase. For v2f(ra), the largest changes are for the
BX bond. Also, the critical point shifts are largest for the BX bond.
Thus the effect of the crystal field generated using either scheme is
felt most in the BX and AH bond and not nearly as much in the actual
hydrogen bond BH. In 1 the crystal effects on the hydrogen bond are
also small.

Double difference density plots in the H-bonded plane are
displayed in Figure 2.5.5. We observe the following:
L The left map (A-free) is remarksbly similar to the right mep
(B-free). Granted the net (Mulliken) charges of the satoms used to
model the crystal fields in Scheme A are different (lower in magnitude)
than those used to model the crystal fields in Scheme B (calculated
using the theory of atoms in molecules). But because the field we are
modelling is symmetric, it seems thai the magnitudes of the charges are
not so important. In 1 we have an asymmetric field and so there sre
larger differences (Figure 2.5.3).
2) In both maps we observe a charge buildup near the H-bonded hydrogen
(H8 or H3) due to the erystal effects. There also exist regions of
smaller charge removal between this H and the two oxydens to which it
is bonded. There are also regions of charge buildup near 05 towards a

lithium and a weaker buildup in the far nonbonded region of 03.
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b) Influence on the atomic properties of 2

For the acid fragment, the changes due to geometry are greater
than the direct point charge crystal effects but for the base fragment
the reverse is true (for both schemes). It should be noted that the
differences in all the atomic properties arising from Scheme A and
Scheme B are of the same sign and of similar magnitude, just as was the
case for the critical point analysis. The effect of either scheme is
to remove electrons from 05, H6 and Lil and to give electrons to 03 and
HB. 03 gains the most electrons and HB loses the most electrons. The
4K(Q) values parallel these changes. 03 gains more electrons than HE
loses, and so, the OH base fregment gains electrons while the acid

fragment loses electrons because of the effect of the crystal field.

Topological Analvsis of the Charge Density of 3

a) The OH~0 hydrogen bonds

From Table 2.5.1 and Figure 2.5.1 we see that the H-bond
between the formate group and the central water, H205 is shorter than
that between the central water and the neighboring waters H1001 and
H3012. The value of P(rc) for the shorter of the three bonds is twice
as great than in the other two water water H-bonds (see “free" values
in Table 2.5.2). However, the value of f(re) for H205 is not as large
as the shorter H-bond in 2 which, in turn, is not as large as the
shorter H-bond in 1. Thus, it can be concluded that in OH-0 complexes,
the shorter the HO internuclear distance, the greater the value of the
corresponding #(ra) and presumably, the stronger the H-bond. In 3, the

value of 92p(rs) is positive in each H-bond so each H-bond exhibits a
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closed-shell interaction (Figure 2.5.8). The values for H1001 and

H3012 are very similar and would be even more similar were it not for
the fact that a weak H~bond exists between H7 and 08.

The O1HZ bond has a smaller wvalue of P(re) than the 01H3 and
OBH10 bonds becanse 01 and HZ2 make up pert of the shortest and

strongest H-bond in the system, that between the Pormate group and the
central water. Charge density is accumilated in the H205 bonded region
at the expense of charge density in the 01H2 bond. Also, the 0142 bond
is longer than the O1H3 and 08H10 bonds.

b} The C4H7-08 hydrogen bond

The existance of this bond is unexpected. A hydrogen bond with
C and O as the heavy atoms is rare. In fact, in 3, the C is positively
charged and H7 is negatively charged (Table 2.5.3). Nevertheless, this
is a very long and very wesk H-bond with the value of P(ra) being only
0.0028 sz and v2r(rs) being only 0.0108 sau. Because of this bond a
ring structure is formed and thus salso a ring critical point whose
properties are listed in Table 2.5.2. The C4H7 bond in 3 is very
similar to the terminal CH bonds in 1.

¢) The remaining bonds in 3

Looking first at the formate group, we see that the value of
#(re) is greater in C406 than in C405 (Table 2.5.2). Thus C408 has
more double bond character than C405, a fact previously cobserved in 1.
Note that C406 does not have as much double bond character as the
terminal CO bonds in 1 nor does C405 have as much single bond
character. The O1Lill bond in 3 is a very long bond with a value of

F(ra) comparable to the water-water H-bonds. The O1Lili bond is an
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example of a closed-shell interaction just as was the Li0 interaction
in 2. Indeed, the data for thess two bonds are remarkably similar.
The terminal O8HS, 012H13 and O12H1 bonds are all similar,

¢) Changes in the charge density of 3 from naked [HOH-OCOH]-

In the naked structure 5 missing are the Li and the two nearest
neighbour water molecules. We first examine the differences in the
properties of £ in the bonds that can be compared using the naked
species at the crystal experimental geometry. In the H~bond, H205, we
see that on going from naked to 3, £(re) has increased by a very small
amount and 92P(re) has decreased by a small amount. In a8ll the
remaining bonds with the exception of C4-06, A(ro) decreases with the
greatest decreases being in the OlHZ and OIH3 bonds. This seems
reasonsble since 05 of the central water acquires a ccordination number
of four in the crystal and H3 aquires a coordination number of two.
The coordination number of HZ remains at two. Thus, the two
neighbouring waters must withdraw charge density from the central water
so that they can bond to it. Indeed, the shifts in criticsl points for
O1HZ and O1H3 are among the largest. The formate group is too far away
from the Li and nearest neighbour waters to be appreciably affected by
their presence and so the changes in the properties of their bonds are
smaller than for the central water.

We now look at the differences between 3 and the naked
structure 5 at its partially optimized geometry. For the central water
atoms, the changes are all of the same sign as they were when the naked
at experimental geometry was used but this is not the case in the

formate group. #(re) for the H2-05 bond increases very slightly and
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#(re) for 01-HZ and 01-H3 decrease with their change being the largest
of any of the bonds. The reasons for this have been given in the
previous paragraph. e(re) for the C4-05 and C4-H7 bonds increase

while the value for C406 decreases.

Atomic P . P 3
a8) The atoms constituting the H-bonds

If the formate group is initially treated as an isolated 24
electron system, then when brought into the erystal structure of 3,
0.0617¢ are transferred from this base to the remainder of the systen
(Teble 2.5.3). This 1is less than the number of electrons transferred
from the formate group to the acid in 1 (0.10e).

The shortest H-bond is examined first. It is interesting that
HZ is the most positively charged of the hydrogens and that Ol and 05
are the most negatively charged oxygens, seen in the other systems as
well., H2 has the 1lowest K(H) and |u(H)[. Thus, HZ can be thought of
as being “harder” than the other hydrogens.

s previously mentioned, in C4H7-08 the carbon is positively
charged and the hydrogen is negatively charged. Still, a weak H-bond
is formed. H7 is more negatively charged here than are either of the
terminal hydrogens of 1.

b) The remaining atoms of 3

H13 and H1 have similar values but the terminal HS has a greater
value for N(H). Li loses slightly more charge here than it lost in 2.

The "doubly bonded oxygen”, 08, has almost the same cherge here as it

does in 1.



277

¢) Changes in atomic properties of 3 from naked [HOH-OCOH]-

Looking first at the changes from the naked species at
experimental geometry, we note the following: i) The greatest change
in both N(Q) and K(Q) is for O1. This is reascnable because it is the
environment sround Ol that undergoes the greatest perturbation when the
naked species is placed in a crystal. H3 and H2 experience among the
next greatest changes which is also reasonable, The changdes in the
formate group are smaller (with the exception of aN(06)), again because
this group does not feel the Li and nearest neighbour water effect as
greatly as the central water does. These observations also hold when
We examine the 3 minus naked at partially optimized geometry results

(Table 2.5.3).

Crvstal Field Effects on 3

a)Influence on the topology of the charge density of 3

The perturbations arising from the point charges are similar in
megnitude than those that arise just from a change of geometry or
structure, and so, the direct crystal field effects are more important
in 3 than in 1. Scheme A minus free values and corresponding Scheme B
minus free values, in deneral, have the same sign for each property of
each bond, a result observed in 2 but not cbserved in 1. The largest
changes in #(re) for both schemes is Ffor the "dominant" AH bond (that
is, the O1H2 bond) and the smallest (next to the extremely weak H708
bond) is for the O1H10 hydrogen bond. The critical point shifts are
largest for the C4H7 bond. Note that as usual, the actual H-bonds are

not affected greatly by the crystal fields, nor are the values for the
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ring eritical point.

Double difference density plots in the H-bonded planes 01H205,
01H1008 and also in the 0BC405 plane are displayed in Figure 2.5.7.
The top map (A-free) is remarkably similar to the bottom map {B~free)
in all three planes. Thus the essential changes are qualitatively the
same and the observations we make below hold for either scheme:

a) In the 01H205 plane, we see charge buildup near H2 and also in the
immediate vicinity of 05 along the H205 bond axis. We see charge
removal near the midpoint of this bond. Near 01, along the O1HZ2 bond
axis, we see charge removal. In the nonbonded region of 05 we see
charge buildup.

b) In the O1H1008 plane, we see charge removal near H10 and also in
the oxygen regions which do not participate in this bond. There are
charge build-up regions near the midpoint of the O1H10 and 08H10 bonds.
¢) In the 08C405 plane (H7 is almost in this plane also), there is
mostly charge removal in the C405 and C406 bonds but there is charge
buildup in the C4H7 bond. These features are similar to those in
Figure 2.5.4 for structure 1.

In all three planes, we see charge buildup around H2. We also
see charde removal from H10 in Figures 2.5.7a and 2.5.7b. Obviously,
the crystal fields affect the various H-bonded hydrogens differently.

b) Influence on the atomic properties of 3

With the exception of 05, the differences in all the atomic
properties arising from Scheme A and Scheme B are of the same sign and
of similar magnitude, just as was the ocase for the critical point

analysis. The effect of either scheme is to remove electrons from 01,
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H7, H10, H9, H13, H1, and Liil and give electrons to H2, C4, 0B, 08,
H3, and 012. 08 and 012 gain the most electrons while H7 and the
terminal hydrogens lose the most electrons. The aR(Q) values parallel

these changes. Thus, it is the neigbouring two water groups that are

most sensitive to the crystal field in terms of changes in atomic
properties. The oxygens in these groups gain just slightly more
electrons than their respective hydrogens 1lose. The central water
group also loses electrons while the formate group gains electrons.
The H-bonded hydrogens have aN(H) values of the smallest magnitude.
The fact that the H-bonded hydrogens are not affected much by crystal
fields has also been observed for 1 and 2. 1In summary, the atoms that
are positioned in the exterior part of the system are affected Ereatest

by the crystal fields with respect to atomic properties,

Conclusions Regarding Crvstal Field Effects on Struectures 1, 2

We address the questions proposed in the Introduction:

1 In general, the H-bond is an example of & closed-shell
interaction. But in very short H-bonds, arising from crystal forces,
we can have an H-bond with v2¢(re) being negative, and so, the H-bond
will exhibit some of the characteristics of a shared interaction
(Figure 2.5.2).

2) For the H-bonds present in 1, 2, and 3, the value of #(ra) for the
H-bond increases and the value of ¢(re) for the AH bond decreases as
the H-bond decreases in length.

3) We have used the value of #(re) to predict which bonds will have
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more “double bond character” and we are in agreement with Taurisn et al
for 1. We have also explained the reasons for the H-bend in 1 to be
asymmetric.

4) We have examined the effect of crystal fields on 1, 2, and 3 and

have found the effect due to point charges to be smallest for 1.
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Figure 2,51

Molecular graphs of anionic and neutral complexes containing OH-0O
bonds.

1) the diformate anion in KH(HCOO0)=z

2) (LiOH)z-H=20

3)> [Li(HCO0)]-H=20 with two nearest neighbour water molecules

4) HOH-OH-

5) [HOH-OCOH]-
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Figure 2.5.2

Contour maps of ¢ (left) and v (right) for the diformate anion in the
experimental crystal geometry of KH(HCOO)z. Zero flux surfaces, bond
paths and bond critical points (black dots) are included.

a) Maps for the acid plane C50607H8

b) Maps for the base plane C10203H4

c) Maps for the hydrogen-bonded plane 02H906

d) 9% map for the hydrogen-bonded plane 02HS0S but at optimized, as
opposed to experimental geometry (i.e. RHE/DZP//DZP rather than

RHF/DZP//experimental crystal geometry).
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Eigure 2,5.3

Double difference density contour maps for the diformate anion in the
experimental erystal geometry of KH(HCOO)z. The left disgrams are for
the Scheme A minus field free case and the right diagrams are for the
Scheme C minus field free case. Solid contours correspond to regions
of charge buildup (Scheme A (or C) minus field free case at a given
point is positive) and dashed contours correspond to regions of charge
removal.

a) Maps for the acid plane C50807H8

b) MHaps for the base plane C10203H4

¢) Maps for the hydrogen-bonded plane Q2H90B



)

P










Figure 2.5.4
Contour maps of p (left) and v2° (right) for the hydrogen-bonded plane
O5HBO3 in (LiOH)=z-Hz0,
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Figure 2.5,5

Double difference density contour maps for the hydrogen-bonded plane
O3HBO3 in (LiOH)2:H20. The left disgram is for the Scheme A minus
field free case and the right diagram is for the Scheme B minus field
free case. Solid contours correspond to regions of charge buildup
(Scheme A (or B) minus field free case at a given point is positive)

and dashed contours correspond to regions of charge removal.
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Figure 2.5.8
Contour maps of @ (left) and v2¢ (right) for the system [Li¢HCO0)] -H=20
with two nearest neighbour water molecules.

a) Haps for the H-bonded plane O1H205
b) Maps for the 0B8C405 plane.
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Eigure 2.5.7

Double difference density contour maps for the system {Li(HCO0)}-H=0
with two nearest neighbour water molecules. The top disgrams are for
the Scheme A minus field free case and the bottom diagrams sre for the
Scheme B minus field free case. Solid contours correspond to regions
of charge buildup (Scheme A (or B) minus field free case at a given
point is positive) and dashed contours correspond to regions of charge
removal.

a) Maps for the H-bonded plane O1HZ05

b) Haps for the H-bonded plane 01H1008

c) Msps for the plane 05C405
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and 5.=a

Complex

1
[H(HCOO)=2]-
in KH(HCOO)=

2
[Li(OH)]=2-H=0

3
[Li¢HO00)]-
Hz0 plus 2H=20

J05

Iable 2.5.1. Experimental Geometries of the QH-O Complexes 1, 2 and 3
in the Crystalline State and Partially Optimized DZP Geometries of 4

Parameter Expt’l geometry

0206
02ZHS
O6HS
C102
C103
ClH4
C506
€307
CS5H8
02He08
C102H9
. 2103
02C1H4
03C1H4
CS0BHS
06C307
0B6CSH8
Q7CSH8

0305
03H8
03HB

0O3HeB
Li10S
0O3HB05
HBO3HS8
HB0SHS
LilOSH8

0501
Q5H2
O1HZ
C405
C4086
C4H7
H708
0O8H9
OBH10
0108
O1H10
O12H3
OiLilt
O1H3
01012
012H13

4.6045 (-0.0928)
2.3990 (-0.3804)
2.20355 (0.2853)
2.4083 (0.0271)
2.3340 (0.0318)
2.0736 (-0.0242)
2.4111 (-0.0317)
2.3162 (0.0478)
2.0742 (0,0065)
179.32 (2.98)
119.47 (4.21)
124.33 (-4.70)
116.51 (2.386)
118.16 (2.34)
112.33 (1.12)
124.36 (-1.08)
115.60 (1.88)
120.04 (0.80)

5.0707 (0.3533,0.3552)
3.1820 (0.4318,0.4320)
1.8836 (-0.0797,-0.0786)
(0.1113,0.1102]
1.7972 (0.0030,0.0051)
3.7452
174.79 (0.64,0.05)
96.39 (-10.03,-11.53)
104.28 (-0.38,1.31)
103.55

9.1290 (0.0295)

3.2824 (0.0225)

1.8438 (0.0068)

2.3487 (-0.0107)
2.3561 (0.0352)

2.0536 (-0.05186)
5.8046

1.8439

1.8228

5.4731

3.6834

3.6834

3.7406

1.8228 (0.0431)

5.4731

1.8438



Table 2.5.1 (con’d)

Complex
3 (con’d)

4
{HOH-OH]-

S
[HOH-OCOH] -

Parameter Expt’'l geometry

012H14
05H201
H203C4
05C406
05C4H7
OBC4H7
C4H708
H708H3
H708H10
H908H10
01H1008
H201H10
Lil1101H10
Li1101H3
H201H3
012H301
H3012H13
H3012H14
H13012H14

0305
O3H8
Q5H8
O3HB
OSHS
HBOSHS
OSHB03
HE03H8

0105
01HZ
01H3
H205
C405
C4086
C4H7
H201H3
H203C4
05C406
05C4H7
0BC4H7
01H205

1.8228
173.63 (0.17)
116.60 (-2.21)
125.353 (—4.02)
117.16 (2.44)
117.30 (1.58)
117.11
140.00
69.23
107.84
166.64
84.08
112.28
111.77
107.84 (0.83)
166.64
84.06
113.15
107.84

partial opt’'n
4.7174
2.7501
1.9733
1.7942
1.7823
104.66
174 .15
106.42

5.0995
1.8373
1.7784
3.2699
2.3584
2.3209
2.10582
107.01
118.81
128.55
114.72
115.72
173.46

306

° Internuclear separations are in au and bond angles are in
degrees. In structure 1 the values in parantheses are the experimental
minus the DZP fully optimized geometries (Table 2.4.1) while in
structure 2 they are the experimental minus the partially and fully
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Table 2,.5.1, (con’d)

optimized DZP geometries of 4 respectively (where the partially
optimized structure of 4 is explicitly given further on in this table
and the results for the fully optimized structure of 4 are given in
Table 2.4.1). The square bracketed wvalues refer to the now
nonequivalent nonparticipating OH bond in the acid. In structure 3 the
values in parentheses are the experimental minus the partially
optimized DZP geometry of 5.



Inble 2,52  Crystal Fie
Complexes: a Bond Critical P
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f(re)

0.1388 (.0605)
0.1367 (-.0029)
0.1408 (.0010)
0.1397 (.0001)
0.1369 (~.0027)
0.1864 (-.1044)
0.1871 (.0007)
0,1867 (.0003)

+1869 (.0005)
- 1864 (.0000)
.3562 (~.0109)
579 (.0017)
512 (-.0050)
(-.0040)
958 (-.0003)
(-.0105)
(-.0050)
(.0016)
(.0005)
(-.0041)
(.0101)
{.0068)
(.0033)
(.0046)
{.0060)
(.0140)
(-.0034)
(-.0119)
(-.0113)
(.0004)
(-.0191)
(-.0024)
(. 0039)
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f\f\l\f\f\ﬁ
Jh
N
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9Z2(ra)

-0.2816 (-.4138)
-0.2370 (.0248)
-0.2648 (-.0032)
=0.2578 (.0037)
=0.2431 (.0185)
-0.6582 (1.0645)
-0.6810 (-.0228)
-0.8512 (.0070)
-0.6584 (-.0002)
-0.6741 (-.0159)
-0.2620 (-.0441)
-0.2936 (~-.0318)
-0.1318 (.1102)
=0.1720 (¢.0900)
~0.2769 (-.0149)
-0,1637 (~.1758)
-0.0509 (.0028)
-0.2009 (-.0372)
-0.1828 (-.0181)
-0.0377 (.0660)
-1.2139 (-.0893)
-1.3027 (-.0888)
=1.2357 (~.0418)
=1.2735 (-.0588)
~1.3013 (-.0874)
-0.2240 (.0119)
-0.1400 (.0840)
0,0413 (.2653)
0.0291 (.2531)
-0.2278 (-.0038)
-0.0949 (-.2393)
-0.0809 (.0340)
-0.1506 (-.0557)
-0.1400 (-.0451)
-0.0228 (.0723)
~1.2269 (.0411)
=1.3010 ¢(-.0741)
-1.2680 (-.D411)
=1.2915 (-.0646)
~1.2988 (-.0718)

0.7728 (.0010)
0.7719 (.0001)
0.7688 (-.0032)
1.2835 (.0038)
1.3327 (.0492)
1,3088 (.0254)
1.3186 (.0353)
1.3416 (.0581)
0.7885 (-.0079)
0.7862 (-.0033)
0.7818 (-.0077)
0.7818 (-.0076}
0.7881 (-.0004)
0.7662 (.0158)
0.7652 (-.0010Y
0.768C (.0028)
0.7664 (.0022)
0.7638 (-.0026)
1.2931 (-.0089)
1.3384 (.0453)
1,3278 (.0347)
1.3388 (.0467)
1.3338 (.0407)

ld Effects on the Charde Distributions of OH-0
oint Analysis.s

1]

0.5517 (-.2289)
0.5522 (.0005)
0.5526 (.0011)
0.5527 (.0010)
0.5515 (-.0002)
0.4331 (.1075)
0.4308 (~.0025)
0.4346 (.0015)
0.4337 {.0G06)
0.4302 (~,0029)
1.6179 (,0202)
1.8172 (-.0007)
1.6219 (.0040)
1.6213 (.0034)
1.6189 (.0020)
1,5822 (.0187)
1.5680 (.0038)
1.5813 (-.0009)
1.5622 (.0000)
1.5655 (.0033)
0.7801 (-.0281)
0.7409 (-.0492)
0.7831 (-.0250)
0.7551 (-.0350)
0.7359 (-.0542)
1.6219 (-.0239)
1.8250 (.0031)
1.8295 (.0078)

1.5513 (.0012)
1.M477 (-.0024)
1.5484 (-.0017)
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(con'd)

Table 2.5.2
Bond Schepe P{ra)
af

Eys2
03-HB freo

A
B
05-H8 free

A
B
03-HB free

A
B
Lil-O5free

A
B

a2ys3
05-H2 free

A

B
01-H2 free

A

B
C4-05 free

A

B
C4-06 fres

A

B
C4-H7 free

A

B
08-H7 free
A

B
OlLillfres

A

B

0.0512 (.0023)
{-.0337}
0.0474 (-.0038)
0.,0482 (~-.0030)
0.2888 (-.0153)
{.0254})
(-.0440)
{-.0362)
0.28990 (.0102)
0.28395 (.0107)
0.3741 (.0005)
{-.0010}
0.3688 (-.0053)
0.3838 (-.0085)
0.0256
0.0248 (-.0008)
0.0247 (-.0009)

0.0401 (.0014)

0.0373 ( .0028)
0.0382 (-.0019)
3212 (-.0148)

(-.0180)

8 |

SEEdzRS had
8

0.
0.
0.
0.
0.
0.
a.
o.
0.
0.
0.
c.
0.
0.
0.
aQ.
a.
0.

5

92(ra)

0.1059 (-.0258)
{-.0147)
0.1324 (.0285)
0.1318 (.0259)
-1,9115 (-.0007)
{-.4853}
[-.2491]
{.1087)
=-1,8958 (.0157)
-1.8821 (.02%4)
-1.8386 (-.0308)
{-.0013}
-2.0838 (-.2452)
-2,1038 (-,2653)
0.2087
0.2041 ¢-.0028)
0.2037 (~.0030)

0.1181 (-.0158)
{-.0208)
0.1377 {.0186)
0.1370 (.0189)
-2.2738 (-.1451)
{-.1048}
~2,1084 (.1654)
=2.1014 (.1724)
-0.0628 (.0534)
{.1089}
~0.1146 (-~.0518)
-0.0987 (-.0359)
-0.2583 (-.0506)
(-.2107)
=0.0495 (.2088)
-0.1004 (.1579)
-1.2216 (.0011)
{-.1270}
=1,3276 (~-.1080)
-1.3026 (-.0810)
0.0106
0.0106 (.0000)
0.0109 (¢.0003)
0.2075
0.2022 (-.0053)
0.2001 (-.0074)

La

2.2407 (.0148)
{.2447)
2.2286 (-.0121)
2.2293 (-.0114)
1.5685 (.0143)
{-.0479)
[.1072)
{.1784})
1.3784 (-.0121)
1.5752 (-.0133)
1.4062 (.0055)
{.0043}
1.4503 (.0441)
1.4557 (.0495)
1.3900
1.3949 (.0049)
1.3959 (.0059)

2.2830 (.0260)
{.0414})
2.2518 (-.0312)
2,231 (¢-.0289)
1.5435 (,0216)
{.0266)
1.5188 (-.0247)
1.5183 (-.0252)
0.7712-(=-.0015)
{-.0059)
0.7721 (.0009)
7718 (.0005)
7785 (.0022)
{.0147}

=00 oo
3

2,3396 (-.0102)
2,3356 (-.0142)

rp

0.9415 (-.0148)
{.1869}
0.8534 (.0114)
0.9527 (.0112)
0.3050 (-.0144)
{-.0319)
[-.1072]
{-.0672}
0.3171 (.0121)
0.3184 (.0134)
0.3310 (-.0055)
(-.0013}
0.3470 (-.0440)
0.3418 (-.0484)
2
2
2

.3505 (-.0049)
2.496 (-.0usH)

.0108 (-.02%6)
{-.01688}
L0418 (.0312)
.0393 (.0287)
4 (~-.0218)
{-.0202}
L3252 (.0248)
.3257 (.0253)
SIS L0017
{-.0047}
1.5767 (-.0009)
1.5769 (-.0007)
1.5765 (-.w022)
{.0205}
1.5841 (.u0076)
1.5824 ¢.0059)
0.8186 (.U008)
{-.00u8}
0.7%48 ¢(-.0838)
0.7686 (~.05u0)
2.5590
2,5083 (-.0527)
2.5111 (-.04749)
1.3u11
1.4012 (.0101)
1.4052 (.141)
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(con'd)

Inhle 2.5.2
Bond Scheme P(ra)

af
01-H3 free
A
B
01-H10free
A
B
08-H10free
A
B
08-H9 free
A
B
012-H3free
A
B
01ZH13free
A
B
012H14free
A
B
ring free
A
B

= All values are in au,
bond are listed first,
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{-.0344}

0.3528 (.0008)

0.3544 (.0024)

0.0228

0.0223 (.000D0)

0.0231 (.0002)

[T

1 (-.0074)
(-.0108)

(-.0099)
(-.0133)

(.0001)
232 (.,0005)

(-.0092)
(-.0131)

F883

(&)
n

Lo w
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Ooooooooo0o00o
Wwa @
3

(=-.0065)
{-.0105}

(-.0002)
(~.0001)

926(ra)

=2,1376 (-.2182)
{-.0285}

-2.1445 (-.0067)

=2.1279 (.0039)

0.0887

0.0857 (-.0030)

0.0842 (-.0045)

-2.0681

-2.1588 (-.0925)

-2.1864 (~-.1303)

-1.8768

=2.0226 (-.1450)

-2.1035 (-.2267}

0.08863

0.0862 (-.0001)

0.0884 (.0001)

-1.8238

-2,0569 (-.1331)

=2.1296 (-.2058)

-2.0244

=2.1204 (~-.0960)

-2.1865 (-,1721)

0.0089

0.0098 (-.0003)

0.0098 (-.0001)

-Where possible, for
folloued by those for the AH bond, the BX bond, the

La

1.4691 (.0428)
(.0710}

1.4891 (.0000)

1.4862 (~.0029)

2.4236

2.4469 (.0233)

2,4567 (.039)

1.4736

1.4803 (.0167)

1.4983 (.0227)

1.4659

1.4897 (,0338)

1.5111 (.0452)

2.4435

2,444 (.0018)

2.44%2 (.0016)

1.4768

1.5044 (.0278)

1.5444 (.0381)

1.4655

1.4832 (.0177)

1.4838 (.0283)

each system,

results for

ro

0.3337 (-.0420)
{-.0278}

0,3338 (.0001)

0.3367 (.0030)

1.2806

1,2375 (~.0231)

1.2278 (-.0328)

0.3485

0.3326 (-.0169)

0.3266 (-.0229)

0.3782

0.3444 (-.0320)

0.3329 (-.0453)

1.2420

1.2354 (-.0028)

1,2392 (-.0028)

0.3673

0.3386 {-.0277)

0.3280 (-.0383)

0.3575

U. 3357 (-.0178)

0.3291 (-.0284)

the BH

remaining bonds in the base fragment and finally the remaining bonds in tha

acid fragment.
experimental crystal geometry us
charges included.

Schemes A,

crystal field models and nre described in

differences are listed as follows:
“free” value are the

2,4.3.

grometry),

“free”

The values in parentheses besides each Scheme A,B,C and D value are
those respective values minus the

the text.

Scheme "free” refers to the crystal structure calculated at the
ing the DZP basis set but without any point
B, C and D refer to the various point charge
In structure
the values in parentheses besides each

1 the

pinus the fully optimized DZP results (Table

“free”

value (that
In structure 2 the differences are listed as follows:

is DZP//experimental

the values

in parentheses besides each "free” value are the "free” value minus the "naked”
(at expt’l geomstry) results while the curly bracketed values under each of

these are the ccrresponding
optinized geometry) results.

“free” valne,

“free”

value minus the

“naked”

{at partially

The wvalues in square brackets refer to the now
nonequivalent nonparticipating hydrogen of
parentheses besides each scheme A and B are those respective valtes minug the

The diffarences are listed in the s
for structure 2 except there are no sguare bracket

the acid.

The

values in

ame way for structure 3J as
ed values for 3.
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Table 2.5.3. Crystal Field Effects on the Charge Distributions of OH-O
Complexes: Atomic Properties and Their Changes.=

Atom Scheme N(Q)

sysl
06 free 9.443 (.00B)
A 9.467 (.024)
B 9.526 (.083)
C 9.521 (.078)
D 9.438 (-.005)
HY free 0.270 (.018)
A 0.264 (-.006)
B 0.274 (.004)
C 0.272 (.002)
D 0.263 (-.007)
02 free 9.441 (-.030)
A 9.438 (-.003)
B 9.482 (.041)
C 9.478 (.037)
D 9.447 (.008)
C1 free 3.950 (.072)
A 3.977 (.027)
B 3.972 (.022)
C 3.980 (.030)
D 3.990 (.040)
03 free 9.419 (-.038)
A g9.510 (¢.091)
B 9.407 (-.012)
C 9.428 (.009)
D 9.500 (.081)
H4 free 1.064 (-.054)
A 0.961 (-.103)
B 1.011 (-.0853)
C 0.9838 (-.07D
D 0.948 (-.013)
C5 free 3.953 (.000)
A 3.892 (.03%9)
B 4,030 ¢.077)
C 4.034 (.081)
D 3.978 (.025)
o7 free 9.415 (-.001)
A 9.442 (.027)
B 9.328 (-.087)
C 9.35%4 (-.081)
] 9.478 (.063)
H8 free 1.044 (.028)
A 0.848 (-.085)
B 0.971 (-.073)
C 0.945 (-.08%)
D 0.958 (-.086)

K(Q)

75.68573 (-38.14)
75.69330 (4.75)
75,73765 (32.58)
75.73214 (28.12)
75.67328 (-7.81)
0.24817 (-2.81)
0.24485 (-2.21)
0.25080 (1.85)
0.24847 (.82)
0.24379 (-2.75)
75.64346 (3.78)
75.83222 (-7.05)
75.66872 (14.60)
75.66336 (12.48)
75.63227 (-7.02)
J6.38950 (26.96)
36.40347 (8.77)
36.40340 (8.72)
J6.40918 (12.35)
36.41014 (12.85)
75.56048 (-46.87)
75.59876 (24.85)
75.55016 (-6.48)
75.96112 (.40)
75.58629 (22.47)
0.66058 (-11.65)
0.61582 (-28.09)
0.63688 (-14.80)
0.82763 (-20.68)
0.80835 (-32.77)
36.39858 (-8.98)
36.42155 (14.41)
36.45474 (35.24)
36.45612 {36.11)
36.41076 (7.84)
75.38511 (-50.18)
75.58788 (1.74)
75.53850 (-28.25)
75.55058 (-21.66)
75.60804 (13.13)
0.65181 (5.88)
0.60868 (-27.13)
0.81633 (-22.33)
0.80530 (-29.25)
0.61408 (-23.75)

|W2)|

0.423 (.018)
0.382 (-.031)
0.302 (-.121)
0.309 (-.114)
0.428 (.008)
0.018 (-.044)

7 (-. 035)
441 (.009)
48 (.047)
0 (.092)

0.

0.

0.

a.

0.

0.

0.

0.

0.44

0.74

0.84

0.796 (.048)

0.816 (.088)

0.854 (.108)

0.587 (.001)

0.488 (-.088)
0.600 (.013)

0.583 (-.004)
0.513 (-.074)
0.111 (-.009)
0.108 (-.002)
0.114 (.003)

0.112 (.001)

0.108 (-.002)
0.767 (-.027)
0.854 (.087)

0.837 (.070)

0.860 (.093)

0.848 (.081)

0.606 (-.043)
0.574 (-.932)
0.698 (.082)

0.680 (.074)

0.530 (-.076)
0.110 (.002)

0.110 (.000)

0.115 (.005)

0.114 (.C04)

0.108 (-.002)



Table 2.5.3 (con’d)
Atom Scheme N(Q)

sysZ
05

H8

03

HB

Lil

sys3
01

H2

05

C4

06

H7

free

A
B
free

R(Q)

9.6678 (.3484) 75.56667 (171.82)

{.2978}

{115.29})

8.6352 (-.0327) 75.51234 (-34.09)

9
0

0 W w W w1 woo o ww w MNMNOO O ww [eolm el

=

.6029 (~.0850)

73,

51320 (-33.55)

.2552 (-.0144) 0.22745 (-14.72)

{-.0042}
[-.2262]
{-.2088}
.2622 (.0070)
.2657 (.0105)

{-.0259}
.0161 (.1598)
.5516 (.1953)

{-9.74}
[-97.98]
{-104.99}

0.24145 (8.78)
0.24426 (10.55)
.3563 (-.0344) 75.08856 (-25.78)

75.
75.

{-58.80}
15230 (40.G0)
17392 (53.56)

.5223 (-.0171) 0.41915 (-6.43)

{-.0031}
.3707 (-.1516)
.3524 (-.1699)
Q370
.0274 (-.0088)
.0266 (-.0104)

4754 (.1583)
{.1492}
.4071 (-.0883)
.4016 (-.0738)
.2488 (-.0373)
{-.0363}
.2910 (.0421)
.2835 (.04486)
4977 (.0145)
{.0141}
.4848 (-.0028)
4888 (.0022)
.8806 (.0050)
{.0174}
.9232 (.0428)
.9139 (.0333)
.4203 (-.0433)
{-.0576}
.9470 (.1287)
.9188 (.0985)
.1397 (.0024)
{.0035}

a.
t
7.
7
7

75.

{-2.14}

332339 (-53.82)
192167 (-61.17)
28118

.27363 (-4.74)
.27267 (-5.34)

50010 (87.81)
{57.34}

75.46884 (-19.62)
75.46673 (~20.94)
0.23924 (-22.31)

{-22.87)

0.27608 (23.12)
0.27823 (24.47)

75.
75.
75.
36.

36.

36

79.
75.

62876 (-3.10)
{8.41}
62411 (-2.92)
62975 (.62)
35829 (3.87)
{18.37}
37427 (9.40)

.36854 (5.80)
75,

53109 {-18.57)

{-55.17}
57842 (30.33)
56952 (24.12)

0.70046 (-.44)

{10.20}

1.0046 (-.1351) 0.64188 (-36.76)
0.65467 (-28.73)

1

.0327 (~-.1070)

|u(Q))

0.037 (-.1986)
{-.154})
0.288 (.282)
0.109 (.072)
0.087 (.002)
{.027}
{~.086]
{-.103}
0.084 (-.003)
0.085 (-.002)
0.183 (.103)
{.080}
0.312 (.118)
0.213 (.020)
0.225 (-.003)
{.004}
0.153 (-.072)
0.143 (-.082)
0.010
0.002 (-.008)
0.004 (-.0086)

0.250 (.001)
{.000}

0.263 (.013)
0.278 (.028)
0.085 (-.007)
{-.007}

.086 (.011)
.085 (.010)
445 (-.043)
{-.042}

.481 (.036)
456 (.011)
.674 (-.004)
{-.015}

.787 (.113)
.768 (.092)
.9B0 (.035)
{.008}
.394 (-.166)
431 (-.129)
.121 (.010)
{-.003}
.108 (-.012)
.108 (-.013)

oO0oO

oo oo 00 Q oo o
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Iable 2.5.3 (con’d)

Atom Scheme N(Q) K(Q) [MCQ)|
08 free 9.2337 75.30500 0.280
A 9.3838 (.1502) 75.38802 (38.54) 0.238 (-.052)
B 8.4309 (.1972) 75.39270 (55.03) 0.236 (-.054)
H10 free 0.3580 0.33008 0.121
A 0.3156 (-.0424) 0.29811 (-20.06) 0.109 (-.012)
B 0.3017 (-.0563) 0.28748 (-26.72) 0.106 (~-.015)
H9 free 0.4227 0.36064 0.164
A 0.3213 (-.1014) 0.29719 (-39.82) 0.122 (-.042)
B 0.2914 (-.1313) 0.27679 (-52.62) 0.111 (-.053)
H3 free 0.3158 (-.1205) 0.29780 (-46.56) 0.109 (-.083)
{-.1113} {-48.58} {~.083}
A 0.3167 (.0008) 0.29878 (0.51) 0.110 (.001)
B 0.32568 (.0089) 0.30476 (4.37) 0.113 (.004)
012 free 9.2150 75.30128 0.297
A 9.3492 (.1342) 75.36035 (37.06) 0.259 (-.038)
B 9.4034 (.1884) 75.38969 (55.47) 0.257 (-.040)
H13 free 0.3898 0.34115 0.151
A 0.3092 (-.0808) 0.28831 (-32,53) 0.118 (~.033)
B 0.2821 (-.1077) 0.27027 (-44.48) 0.107 (~.044)
Hl4 free 0.3768 0.33718 0.147
A 0.3232 (-.0536) 0.30256 (-21.72) 0.124 (-.023)
B 0.2848 (-.0820) 0.28284 (-34.10) 0.112 (-.035)
Lill free 2.0295 7.27450 0.004
A 2.0205 (-.0090) 7.26483 (-6.00) 0.007 (.003)
B 2.0187 (-.0108) 7.26247 (-7.55) 0.008 (.004)

@ All values are in au except the energy changes which are in keal
mol-*. Where possible, the acidic atom participating in the H-bond is
listed first, followed by the H-bonded hydrogen, the base atom
participating in the H-bond, the next nearest base atom, the remaining
base atom, and finally the remaining acid atoms. Scheme "free" refers
to the crystal structure calculated st the experimental crystal
geometry using the DZP basis set but without any point charges
included. Schemes A, B, C and D refer to the various point charge
crystal field models and are described in the text. 1In structure 1 the
differences are listed as follows: the values in parentheses besides
each "free" wvalue are the “free" minus the fully optimized DZP
results. The wvalues in parentheses besides each Scheme A,B,C and D
value are those respective values minus the "free" (that is
DZP//experimental geometry) value. In structure 2 the differences are
listed as follows: the values in parentheses besides each "free" value
are the “free" value minus the ‘“naked" (at expt’l geometry) results
while the curly bracketed wvalues under each of these are the
corresponding “free” wvalue minus the "naked" (at partially optimized
geometry) results. The values in square brackets refer to the now
nonequivalent non-participating hydrogen of the acid. The values in
parentheses besides each scheme A and B are those respective values
minus the “free" value. The differences are listed in the same way for
structure 3 as for structure 2 except there are no sguare bracketed
values for 3.



Section 1.3 details the topology of 92 and its properties, In

this chapter we use v2¢ to predict the sites of electrophilic attack in
BASE-HF and other hydrogen-bonded complexes (Section 3.1) and to
predict the sites of nucleophilic attack in acrolein, acrylic acid,

acrylonitrile and methacrylic seid (Section 3.2).
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3.1, ELECTROPHILIC ATTACK IN BASF-HF COMPLEXES

In this section, the Laplacian of the charge density, v2¢, is
used to predict the molecular structures (i.e. the arrandement of
bonds) and geometries of the BASE-HF complexes studied in Chaptey 2.
The electrophilic hydrogen Ha of the acid HF will seek the most
electron-rich region in the base. In general, the topology of the v2
field yields unambiguously sand guantitatively the location of this
region. It is shown that the use of the Laplacian in this menner is
superior to the Legon-Millen (LM) rules {(Ledon and Millen 1987) for
predicting the angle of attachment in hydrogen-bond formation. For
example, the Laplacian predicts the linear structure SCO-HF in
agreement with ab initio and experimental results while the LM rules,
which are based on the hybridization model, predict a bent structure
with a CO-H angle of 120°. Further, the LM rules cannot distinguish
between nonbonded pairs and could not be used to determine the site of
electrophilic attack in, say, NNO or 0S0. 4&n analysis of the
Laplacian, however, predicts electrophilic attack at O in agreement
with experiment. In general, the v2* method is also superior to the
Brobjer-Murrell (BM) (1982) distributed point charge model which, for
example, predicts ONN-HF to be more stable than the primary
experimental structure NNO-HF. A quantitative parameterized
electrostatic model using point multipoles embedded in hard van der
Waals spheres devised by Buckingham and Fowler (BF) (1985) has met with
much success. The v2* method of predicting approach angles has the
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advantage of being parsmeter~free as it is determined solely by the

system’s charge distribution. In addition, an analysis of w2

predicts not only the sites of electrophilic asttack but nucleophilic

attack as well.

Predictions based on the Laplacian must be tested directly
against the ab initio results (Table 2.1.1 and Table 3.1.1) as it is
the theoretical charge densities that are mnalyzed in this work. The
values of the bonded and nonbonded maxima of -v2r are listed in Table
3.1.1, 1In H200, for example, the nonbonded O maxima have a vsglue of
7.10 au while the bonded maxima adjacent to O and C respectively in the
C-0 bond have values of only 3.12 and 1.57 au. In only two bases, Hz28
and HCP, is a bonded maximum larger than all of the nonbonded maxima
and in HCP this bonded maximum found on carbon serves as the site of
electrophilic attack in hydrogen bond formation.

The maxima in the VSCC of sn atom increase in megnitude (Teble
3.1.1) and decrease in distance from the nucleus on traversing & row of
the periodic table from left to right. The average distsnces for C, K,
O and F are 0.50, 0.42, 0.35 and 0.30 & and 0.76, 0.68 and 0.62 A

respectively for P, S, and Cl.

U f the laplacian for S |G Predicti

According to the properties of v2¢, the BASE-HF hydrogen-bonded
complexes will form as a result of a region of charge concentration in
the base interacting with a region of charge depletion in HF. There is
a (3,+3) critical point, a loecal minimum in -V2¢, located 0.38 A from

the proton in HF with a magnitude of 0.21 au collinear with the HF bond
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axis. This region of charge depletion in the valence shell of He will
be directed at a maximum in the VSCC of B. It must be decided which
maxima in the VSCC of B will be the most reedily attacked thereby
vielding the most stable structure. The nonbonded maximum of largest
magnitude (the most electron-rich region) in the base is predicted to
be the site of electrophilic attack and the approach of He will be such
as to align the (3,+3) minimum in the valence shell of Ha with the
chosen (3,-3) meximum of the base.

In Table 3.1.1 we list the angle MBX formed by the line draym
from the chosen nonbonded maximum M to the nucleus of the base atom B
on which it resides and the 1line drawn from the B nucleus to the
neighbouring base nucleus X. This MBX angle is compared with the
corresponding calculated eguilibrium angle He-BX. The changes in
magnitude and position of M upon formation of the complex are found to
be small. The value of -v2r(ro), distance from M to the B nucleus and
MBX angle never change by more than 0.4 an, 0.01 A and 2e
respectively,

The first set of molecules in Table 3.1.1 all possess maxima
which mimic in number and kind the nonbonded pairs of the Lewis model.
For the HF dimer, the MBX angle is &.7e smaller than the ab initio
results. In the complexes of H20, H200 and HNNO with HF the predicted
angles differ from the ab initio results by only 2.7, 0.9 and 1.3
respectively. The complexes HaN-HF and HaP-HF are predicted to have
Cav symmetry while NN-HF and HCN-HF are predicted to be linear in
agreement with both ab initio and experimental results., The N-HF and

P-HF angles are 180c in the Cav species. The difference between the
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values of MBX and Ha-BX for HzS-HF is 10.2e, the largest difference in

this first set. Using larger basis sets (6~311G**,6-311++3*) gives a
difference of 8.9° and 7.3, respectively. As long as polarization
functions are present, the qualitative features of the 92 field are
independent of basis'set and, as observed here, there are only minor
guantitative differences.

The second set of molecules in Table 3.1.1 contains 0C0 and
SC0. Laplacian relief plots for the moleculsr plenes of NNO, SCO and
0CO are displayed in Figure 3.1.1. In NNO, He will attack nonbonded
maxima in the VSCC of O rather than the smaller nonbonded maximum in
the VSCC of the terminal N. The Laplacian prediction of a bent NNO-HF
structure is in excellent agreement with &b initio results (Table
3.1.1>. The LM rules also predict a bent structure though the
prediction is only qualitative. Contrary to the Lewis model, the
oxygen in SCO exhibits only a single nonbonded maxima (collinear with
the molecular axis). This maxima is the largest in magnitude, and so,
the 92 method predicts a linear SCO-HF complex in agreement with ab
initio and experimental results. The LM rules, based on the Lewis
medel, predict a bent structure. In 0CO, the nonbonded charge
concentration forms a torus about the molecular axis. The value of
VZ*(re) for the torus is 4.74 au and the MBX angle is 148.3e. 1In
addition, there is a saddle point at the centre of the torus (collinear
with the molecule) whose value of -92p(re) is 4.72 au. Since the
difference in the msgnitude of the Laplacian between these critical
points is extremely small (and, hence, since the rate of change of =le

curvatures of the Hessian matrix of -v2¢ is extremely gradual), the
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incoming Ha can equally attack sny part of the region of oxygen
nonbonded charge concentration forming an Ha-BX angle between 149.3e
and 180°. The effects of this broad region of charge concentration are
seen in Table 2.1.1 where the secondary structure (WHae-BX = 164.8°) is
to within 0.1 of a kJ mol-t as stable as the linear structure. The
predicted HBX angles nearly fall within the error limits of the
experimental Ha-BX angle (180 % 30e).

The third set of molecules in Table 3.1.1 contains SOz and Oa.
We predict electrophilic attack at the oxygen nonbonded maxima in SOz
since they are largest in magnitude and this is in agreement with both
gb initio and experimental results. However, the difference in
megnitude between these nonbonded maxima is very small (the cis
nonbonded maximum is greater than the trans by only 0.15 au) making it
difficult to predict whether Ha will attack the cis or trsns nonbonded
maximum. Thus, both MBX angles are listed and they are both
underestimations of the B6-31G** angles. The value of 145° for the
experimental angle has been explained as a result of the tunnelling of
the HF subunit between the two nonequivalent lone-pair sites on O
(Fillery-Travis and Legon 1888). Such a motion is controlled by an
asymmetric, double-minimum potential energy function. If the eis
conformer is 1lower in energy than the trans conformer, the observed
angle would be closer to the cis tran the .rans angle and the cis
lone-pair would be more basic than the trans lone-pair.
The nonbonded maximum on the central oxygen in ozone is largest in
magnitude yet the primary sb initio structure has He attacking a

terminal O nonbonded maximum (7 of Figure 2.1.1). The difference in
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megnitude of -v2°(ro) is slightly more than 1 au. Note that D00-HF is
one of the weaker complexes studied and, next to SCO-HF, it has the
longest O-H hydrogen bond length (Table 2.1.1). Therefore, long-range
electrostatic effects could play an important role in determining the
primery structure if significent atomic charges are present. The
terminal oxygens in ozone have relatively large negative charges (q(0)
= -0.11 au; Table 2.1.2) and this could account for the fact that the
positively charged Ha (a(H) = +0.76 au) will attack s terminal oxygen
rather than the central oxygen which has a positive charge of +0.22 au.

The fourth set of molecules in Table 3.1.1 contains SC and CO.
The magnitude of the C nonbonded maximum is the largest in SC, and so,
the structure SC-HF is predicted in sagreement with ab initjio results.
However, it is the O nonbonded maximum which is largest in magnitude in
CO, and so, relying solely on the 92 magnitude argument, we would
predict the structure CO-HF. This structure is less stable than OC-HF
by 0.7 keal mol-2, It should be noted that in CO the concentration on
O is large in magnitude and tightly bound, while that on C is of
smaller magnitude and more spread out both radially and laterally
(Figure 3.1.2). HOMO (50) is strongly localized in the nonbonded
region of C, and so, the nonbonded charge concentration on C is the
least tightly bound and most diffuse of the charge concentrations in
CO. The LUMO in HF has mostly protonic 25 character and is
cylindrically distributed sbout the HF bond axis. It has been shown
that the requirements of the frontier orbital model correspond
physically to aligning regions of charge concentration (HOMQ) with

regions of charge depletion (LUMO) in the reacting atoms (Bader and
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MacDougall 1985). The structure OC-HF can be rationalized in this
way. The Buckingham-Fowler model also predicts the experimental
structure OC-HF.

The remaining molecules in the fifth set in Table 3.1.1 form
complexes with HF with unusual structures. For thioformaldehyde, we
predict Ha to attack the nonbonded sulfur maxima and, indeed, an S-He
bond is present in the optimized structure 14 (Figure 2.1.1). However,
the MBX angle is 25.2° less than 6-31G** results. This difference can
be rationalized in terms of a second hydrogen bond, which the molecular
graph shows toc be present, between H-C and F. The H2CS hydrogens are
indeed acidic (q(H) = +0.02), and so, hydrogen bond formation with F is
possible.

The three-membered ring structure in the NNS - HF complex 13 is
unexpected. A Leplacian analysis predicts a linear SNN-HF structure
which is calculated to be 11.3 kJ mol-2 less stable than the ring
structure 13. In the ring structure, He is aligned with a diffuse
nonbonded charge concentration in S yet no Ha-S bond is formed. A bond
between S and F may be predicted using electrostatic arguments but the
N-F bond in the ring structure is difficult to explain.

Complexes of HF with HCl have been examined and the structure
CIH-FH is more stable both theoretically (by 8 kJ mol-i) and
experimentally. This raises an importsnt question. Why is HF not the
base in other complexes where an acidic hvdrogen is present, such as in
H20-HF, HaN-HF and HCN-HF? Firstly, the H in HF is the most protonie
(it has the largest positive net charge; q(H) = +0.76 au) and we have

seen that the most protonic H will always form the hydrogen bond.
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Secondly, from the 1local wvirisl theorem, a vegion of charge
concentration corresponds with a region of excess potential energy.
The value of -v2p(rs) is greatest for nonbonded mexima on F (11.68 au)
implying that the electrons concentrated there are in the deepest
possible potential energy well and that these regions will be the most
difficult to polarize in a long-range interaction. A&n incoming acidic
hydrogen must be of sufficient electrophilic strength to perturb this
concentration so that the wvirial theorem can again be satisfied on
hydrogen bond formation. Certainly the net charge on the acidic
hydreogen contributes to its electrophilic strength. It is observed
that the acidic hydrogens in H20, HaN and HCN (of net charges q(H) =
+0.62, +0.37 and +0.19 au respectively) cannot interset strongly enough
with the electrons concentrated in the F nonbonded mexima to form
primary structures. Rather, the strongly electrophilic H of HF will
interact with nonbonded maxima on O or N where the electrons are not so
tightly concentrated and more easily polarizable. It is also observed
that the primary structures have a larger difference in q{Q) between
the acidic hydrogen and the base atom it attacks than in the secondary
structures.

The H of HC1 (q(H) = +0.23 au) is less protonic than the H in
HE and the C1 nonbonded maxima (-v2¢(re) = 0.85 au) is much smaller
than the F nonbonded maxima. The observation of a primary structure in
which HC1 acts as the proton donor suggests that the C1 maxima are too
small to attract the H of HF. The nonbonded maxima in HzS and HaP are
also small but the possibility of HF acting as a base in these

complexes is slight since there are no acidic hydrogens in H=zS and HaP,
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i.e., q(H) is negative in these bases. The BF model also predicts the
HF-HC1 structure.

The final entry in Table 3.1.1 gives data for HCP. Since there
is only one nonbonded maximum, we would predict the linear structure
HCP-HF. Ab initio results show that this is 7.1 kJ mol-! less stable
than the T-shaped structure 2 where Ha is bonded to carbon. Thus, only
in this case, where the magnitude of the C bonded maximum is 5.6 times
that of the nonbonded maximum on P, is the attachment of He to the base
via a bonded maximum. Further, electrostatic arguments suggest that an
Ha-C bond should form as C is the only negatively charged atom in HCP
(Q(C) = -0.46 au).

Erediction of the Structures and Geometries of
BASE-HC) Complexes

Table 3.1.2 gives the predicted struetures and geometries of"
some BASE-HC1 complexes, Since the v2¢ method is based on the
properties of the isolated base, the MBX angle for HzC0, for example,
is the same whether formaldehyde is the base in H2CO-HC1 or H2CO-HF.
In agreement with ab initio and experimental results (where available),
the 92¢ method correctly predicts the structures and geometries of the
linear complexes SC-HC1, NN-HC1, HCN-HC1, OCO-HC1l and SCO-HC1 and also
the Cav complexes HaN-HC1 and HaP-HC1. Obviously, as was the case for
the complex between OO0 and HF, the v2* method predicts the linear
structure CO-HC1 to be the pPrimary minimum energy structure when, in
fact, OC-HC1 is found to be more stable both by ab initio ealculations

(by 1.4 kJ mol-1; Scheme I) and experimentally.
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For the angular complexes H20-HC1 and H=2S-HCl,