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1. Introduction

The past 15 years has witnessed a golden age of
discovery in the realm of “van der Waals chemistry”.
The van der Waals bonding regime lies at the interface
between two well-studied interaction types: the
short-range, strong (chemical) interactions of covalent
type, and the long-range, weak (physical) interactions
of dispersion and multipole type. It was therefore
surprising to discover that this borderline region gives
rise to species whose structural and energetic patterns
are distinctively novel. As experimental nozzle beam!™
and ab initio computational studies®® have combined
to reveal the rich architectural patterns of van der
Waals bonding, efforts have been made to extend the
elementary principles of valence theory to encompass
such bonds within a general conceptual framework of
covalent and noncovalent interactions. The present
article reviews progress that has been made toward this
goal by the method of natural bond orbital analysis,
particularly for H-bonded and other strongly bound van
der Waals complexes.

Natural bond orbital (NBO) analysis originated’ as
a technique for studying hybridization and covalency
effects in polyatomic wave functions, based on local
block eigenvectors of the one-particle density matrix
(see section II). NBOs were conceived as a “chemist’s
basis set” that would correspond closely to the picture
of localized bonds and lone pairs as basic units of mo-
lecular structure. The NBO for a localized ¢ bond o,
between atoms A and B is formed from directed or-
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thonormal hybrids h,, hg [natural hybrid orbitals
(NHOs)]

OAB = CAh’A + cBhB (la)

and the natural hybrids in turn are composed from a
set of effective valence-shell atomic orbitals [natural
atomic orbitals (NAQOs)],2® optimized for the chosen
wave function. A distinguishing feature of such natural
localized functions (analogous to classic “natural
orbitals” in the Léowdin delocalized sense!®) is the si-
multaneous requirement of orthonormality and maxi-
mum occupancy, leading to compact expressions for
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atomic and bond properties. Ab initio wave functions
transformed to NBO form are found to be in good
agreement with Lewis structure concepts and with the
basic Pauling-Slater-Coulson picture!! of bond hy-
bridization and polarization. The filled NBOs o,p of
the “natural Lewis structure” are therefore well adapted
to describing covalency effects in molecules.

However, the general transformation to NBOs also
leads to orbitals that are unoccupied in the formal Lewis
structure and that may thus be used to describe non-
covalency effects. The most important of these are the
antibonds o*,5'?

O’*AB = CBhA - CAhB (lb)

which arise from the same set of atomic valence-shell
hybrids that unite to form the bond functions o,5, eq
la. The antibonds represent unused valence-shell ca-
pacity, spanning portions of the atomic valence space
that are formally unsaturated by covalent bond for-
mation. Small occupancies of these antibonds corre-
spond, in Hartree-Fock theory, to irreducible depar-
tures from the idealized Lewis picture and thus to small
noncovalent corrections to the picture of localized co-
valent bonds.

The energy associated with the antibonds can be
numerically assessed by deleting these orbitals from the
basis set and recalculating the total energy to determine
the associated variational energy lowering. In this way
one obtains a decomposition of the total energy E into
components associated with covalent (E,, = Ey ;) and
noncovalent (E,,« = E,; 1.wis) contributions

E=E,_+E,. (2)
NBO decompositions of this form have now been ob-

tained for a large number of closed-shell and open-
shell'® molecular species. In equations such as (1) and
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TABLE 1. NBO Energy Decompositions for Selected
Molecules (RHF/6-31G* Level, Pople-Gordon Idealized
Geometry), Showing the Covalent Contribution E(Lewis) =
E,,, the Noncovalent Contribution E(non-Lewis) = E,,.,
and the Percentage Contribution % E(Lewis) Associated
with the Natural Lewis Structure?

molecule E(Lewis) E(non-Lewis) % E(Lewis)
BH;, -26.384470 -0.005434 99.979
CH, -40.187329 —0.007732 99.981
NH; -56.180217 -0.003527 99.994
H,0 -76.007041 ~0.002827 99.996
HF -100.001908 -0.000900 99.999
AlH, -243.570589 -0.045162 99.982
SiH, -291.192327 -0.032763 99.989
PH, -342.410798 -0.019140 99,994
H,S -398.652368 —0.007483 99.998
HCl -460.056952 —0.002661 99.999
CFH -336.469129 -0.295778 99.912
C,Hg -79.170183 -0.057562 99.927
C.H, ~77.953649 -0.076717 99.902
C.H, —76.728306 -0.089021 99.884
H,CO -113.762634 -0.101071 99.911
CeHg -230.107441 —0.594436 99.742

¢ Note the effect of vicinal ¢ — o* interactions (molecules 11-15
of the list) and of aromatic “resonance” (C¢Hg) in reducing the
dominance of a single Lewis structure.

(2), the symbols “c” and “o*” will be used in a generic
sense to refer to filled and unfilled orbitals of the formal
Lewis structure, though the former orbitals may actu-
ally be core orbitals (c), lone pairs (n), ¢ or = bonds (s,
w), ete., and the latter may be o or = antibonds (o*,7%),
extra-valence-shell Rydberg (r) orbitals, etc., according
to the specific case.

In the NBO decomposition (2), the noncovalent
contributions E_ . are typically much less than 1% of
the contribution of E_,, reflecting the dominance of the
Lewis-type component of the bonding. Table I dem-
onstrates the accuracy of this Lewis-type description
of the wave function for a variety of first- and second-
row hydrides and simple organic molecules at the ab
initio RHF /6-31G* level.1* As can be seen in this table,
the corrections to the Lewis-type picture are usually so
small as to be well approximated by simple second-
order perturbative expressions of the type illustrated
in Figure 1. This figure depicts the interaction of a
filled orbital ¢ of the formal Lewis structure with ane
of the unfilled antibonding orbitals ¢* to give the sec-
ond-order energy lowering, AE®,. In SCF-MO theory
(to which attention is primarily restricted in this re-
view),'® this energy lowering is given by the formula

2<alﬁ1zr*>2

€sx — €4

AE@. = - ®)
where F' is the Fock operator and ¢, and ¢,. are NBO
orbital energies. The NBO perturbative framework
permits one to apply qualitative concepts of valence
theory to describe the noncovalent energy lowerings (3).
For example, the strengths of the perturbative Fock
matrix elements can be related to the shapes of the
bond and antibond orbitals through the NBO count-
erpart of the Mulliken approximation, allowing the
noncovalent energy lowerings to be described in terms
of a generalized “principle of maximum overlap” be-
tween bonds and antibonds.

The antibonding NBOs {¢*,5} must not be confused
with the virtual MOs of SCF-MO theory. The virtual
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Figure 1. Perturbative donor-acceptor interaction, involving a
filled orbital ¢ and an unfilled orbital o*.

MOs are strictly unoccupied and thus play no role in
the wave function or any observable property, whereas
the antibonds {o*,p} generally exhibit nonzero occu-
pancies, and their contibutions lead to definite energy
lowerings and changes in the form of the wave function.
The role of antibonds can be seen by transforming the
occupied canonical MOs to localized molecular orbital
(LMO)!6 form (section IL.LE). The LMO ¢,5"M° asso-
ciated with a localized A-B bond may be written in
NBO form as

¢ABLMO = OAB + )\O’*CD + .. (4)

where the small contribution of the antibond o*¢p
represents the irreducible delocalization of o,p from an
idealized localized form, due to hyperconjugative non-
covalent interactions. Only in the idealized limit of a
strictly localized Lewis structure would the antibonds
lie entirely in the virtual MO space.

Since the noncovalent delocalization effects (3) and
(4) [cf. Figure 1] are associated with ¢ — o* interactions
between filled (donor) and unfilled (acceptor) orbitals,
it is natural to describe them as being of “donor-
acceptor”, “charge transfer”, or generalized “Lewis
base-Lewis acid” type. Such terms should not be con-
fused with HOMO-LUMO interactions,!” as explained
above, nor should they be confused with “ionic
resonance” of the sort associated with Mulliken’s classic
treatment of charge-transfer complexes,!® since the
quantity of charge g transferred

q =~ NP =~ |AEQM /e = ¢, (5)

(~1078 e) is typically much less than that required for
formation of an ion pair.

The present work is chiefly concerned with inter-
molecular donor-acceptor interactions, arising from the
noncovalent term E . of eq 2. However, it is important
to recognize that the covalent term E, also contributes
to intermolecular forces. The idealized natural Lewis
structure commonly accounts for >99% of the total
electron density (cf. section IID) and so includes the
preponderant portion of the exchange and electrostatic
multipole effects associated with the monomer charge
distributions. Furthermore, as monomer separation
varies, the charge distributions can readjust in response
to their mutual polarizing effects; such polarization
contributions are also reflected in the form of the oc-
cupied NBOs and the interaction term E_,. Indeed, in
the long-range limit where exchange effects are negli-
gible, the intermolecular interaction arises only from
the term E,,, since the integrals contributing to this
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term typically have a weaker (multipole) fall-off with
distance than do the exponential terms contained in
E, .. Nevertheless, at the actual equilibrium separation
of many strong van der Waals complexes, the term E «
is found to be far the more significant contribution to
the bonding, as discussed in section III.

Since the NBO decompositions (1) and (2) can be
carried out for very general wavefunctions (up to and
including the true wave function), they are consistent
with full quantum mechanical treatment of the van der
Waals complex (including exact satisfaction of the Pauli
principle) at all separations. Although the NBO energy
term E_, reduces properly to a classical electrostatic
limit in the long-range asymptotic regime, it is found
that such a reduction is not numerically valid at the
actual separations of strongly bound van der Waals
complexes (particularly, H-bonded species), which are
often significantly inside the distance of contact of em-
pirical van der Waals radii. NBO analysis therefore
emphasizes the importance of quantum mechanical
orbital interaction and exchange effects in the van der
Waals regime, distinguishable from classical electro-
static effects. The relationship to models derived by
assuming the applicability of classical electrostatic
formulas in the van der Waals bonding region is dis-
cussed in sections III and IV.

NBO analysis also differs from earlier methods of
wave function analysis that employ alternative criteria
to define filled and unfilled orbitals or that allow
overlap of these orbitals. The strict orthogonality of
NBOs is particularly important with respect to a
physically meaningful perturbative analysis of the wave
function (as explained in section IL.A). In section IV
we analyze how changes in the treatment of orthogo-
nality, particularly those corresponding to an unbal-
anced treatment of atomic valence subspaces, can lead
to dramatic changes in the perceived origin of H-
bonding and other strong forms of van der Waals com-
plexation. Generally speaking, NBO analysis allows one
to isolate H-bond interaction energies in low-order
perturbative expressions of easily interpreted form and
to relate these expressions to chemical explanations of
H-bonding based on orbital interaction concepts. The
results of NBO analysis are often in surprisingly close
agreement with qualitative concepts that preceded the
era of large-scale computations. NBO analysis has thus
tended to differ from other methods of analysis in
suggesting how modern ab initio wave functions can be
brought into essential harmony with earlier qualitative
viewpoints.

The general plan of this review is as follows. Section
II describes the mathematical methodology of NBO
analysis, including outlines of the algorithms for natural
atomic orbitals, natural population analysis, natural
hybrid and bond orbitals, and natural localized mo-
lecular orbitals. Section III surveys recent applications
of NBO analysis to a large number of chemical systems,
including studies of various H-bonded and non-H-
bonded neutral and ionic complexes, rare-gas complexes
with BeO, hydrophobic interactions, cooperativity ef-
fects, chemisorption, etc., and relationships to associ-
ated intramolecular interactions. Section IV presents
a detailed comparison of the NBO donor-acceptor
model with the more conventional electrostatic models
of van der Waals bonding, focusing on relationships to
analysis methods of Kitaura—Morokuma type. Section

Reed et al.

V presents concluding remarks concerning the limits
of the donor-acceptor picture and some future pro-
spects in van der Waals chemistry.

I1. Natural Bond Orbital Analysis

Natural bond orbital analysis comprises a sequence
of transformations from the input basis set {x;} to var-
ious localized basis sets [natural atomic orbitals (NAOs),
hybrid orbitals (NHOs), bond orbitals (NBOs), and
localized molecular orbitals (NLMOs)]

input basis — NAOs — NHOs — NBOs —NLMOs
(6)

The localized sets may be subsequently transformed to
delocalized natural orbitals (NOs) or canonical molec-
ular orbitals (MOs). These steps are automated by the
NBO computer program,'® which has been attached to
a variety of ab initio and semiempirical electronic
structure packages (GAUSSIAN-82, GAMESS, MOPAC, AMPAC,
etc.).? Each step of the sequence (6) involves an or-
thonormal set that spans the full space of the input
basis set and can be used to give an exact representation
of the calculated wave function and operators (prop-
erties) of the system. In this section we outline some
general characteristics of the transformations (6) and
the specifics of individual steps.

A. Occupancy-Weighted Symmetric
Orthogonalization

The method of constructing NAOs and NBOs rests
in an essential way on the occupancy-weighted sym-
metric orthogonalization procedure,®? which is imposed
at the atomic orbital stage in the formation of NAOs
from the chosen basis AQs. The subsequent formation
of natural hybrids (NHOs) and bond orbitals (NBOs)
involves unitary transformations similar to those en-
visioned in elementary bonding discussions [cf. (1a,b)],
so that orthogonality is automatically maintained. In
semiempirical SCF-MO theory”?! the basis AOs are
generally taken to be implicitly orthogonal, and no
special NAQ transformation is required in this case.

Why are we concerned that atomic orbitals be mu-
tually orthogonal? Loéwdin was the first to clearly point
out the “orthogonality dilemma”?? and the essential
simplifications that result if AOs are orthogonalized.
The mathematical and physical anomalies associated
with nonorthogonal orbitals were recently analyzed in
considerable detail.?® It has been recognized that non-
orthogonal AQs lead to non-Hermitian terms in the
second-quantized form of the Hamiltonian, since field
operators for nonorthogonal AOs do not satisfy proper
Fermi-Dirac commutation relations.?* The difficulties
are particularly severe if the AOs are employed in
perturbative-style “explanations”, based on a
“noninteracting” unperturbed Hamiltonian having these
orbitals as eigenfunctions. Since a Hermitian Hamil-
tonian necessarily has orthogonal eigenfunctions,? the
use of nonorthogonal AQOs in a perturbative framework®
necessarily implies use of a non-Hermitian (physically
unrealizable) reference system, leading to nonconser-
vation of probability densities, possible complex ener-
gies or transition probabilities, or related mathematical
and physical inconsistencies. The assumption of or-
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thogonality for the underlying AOs of elementary va-
lence theory is therefore an essential prerequisite for
the physical and mathematical consistency of pertur-
bation-style analyses of chemical phenomena. Corre-
spondingly, comparisons of ab initio wave functions
with qualitative valence AO concepts can only be ex-
pected to have validity when the AOs are required to
be orthonormal. As compared with nonorthogonal AOs,
it has been shown that NAOs better satisfy the as-
sumptions (zero differential overlap approximation,
effective minimal basis set, etc.) associated with
semiempirical valence theories.?2 Thus, NAOs better
serve as the ab initio counterpart of the effective va-
lence-shell AOs that underlie these theories.

In the NAO procedure, nonorthogonal AOs {¢,} are
transformed to corresponding orthonormal AOs {¢; by
the occupancy-weighted symmetric orthogonalization
(OWSO0) procedure®?

Towsol®d = (6, (diloj) = &y (7a)

The transformation matrix T, has the mathematical
property of minimizing the occupancy-weighted,
mean-squared deviations of the ¢; from the parent non-
orthogonal &;

(7h)

min {Zwif|¢i - ot dr

with weighting factor w;
w; = (34013:) (7c)

taken as the occupancy of ¢; (diagonal expectation value
of the density operator I'). [The explicit form of T .,
is obtained as a special case of the Carlson—Keller
theorem?’ and is given in ref 9.] Property (7b) is a
generalization of the maximum-resemblance property
for the familiar Léwdin symmetric orthogonalization,??
which corresponds to choosing w; = 1 for each i. In the
OWSO procedure, those orbitals having highest occu-
pancy are most strongly preserved in form, while or-
bitals of negligible occupancy can distort freely to
achieve orthogonality. This property ensures numerical
stability and covergence of the procedure as the basis
set is extended to completeness 3

For small, near-minimal basis sets, the OWSO and
Loéwdin symmetric orthogonalization (SO) procedures
lead to similar orbitals. In this case, setting the
weighting factors (7c) to unity removes the dependence
on I' and makes the orthogonalization transformation
purely dependent on geometrical factors (elements of
the overlap matrix S)

Towso = Tgo = §71/2 (8)

thereby simplifying the mathematical treatment.
However, in extended basis sets the difference between
Tgo and Towso becomes progressively greater,? and the
critical role of the occupancy weighting in ensuring
smooth convergence toward a unique set of high-occu-
pancy AOs becomes more important. We refer to the
small set of high-occupancy (core plus valence shell)
NAOs as the “natural minimal basis” (NMB) set. The
NMB set is found to describe virtually all the electron
density of the system, as simple valence-shell MO
theory would suggest. Table II documents the accuracy
of the minimal NMB description for a variety of first-
and second-row molecules, showing the high percentage
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TABLE II. NBO Decompeosition of Total Electron Density
for Selected Molecules (RHF/6-31G* Level, Pople-Gordon
Idealized Geometry), Showing the Percentage Associated
with the Natural Minimal Basis (NMB) NAOs [% p(NMB)]
and the Percentage Associated with the Optimal “Natural
Lewis Structure” [% p(Lewis)]

molecule % p(NMB) % p(Lewis)

- BHy 99.89 99.95
CH, 99.91 99.97
NH;, 99.82 99.98
H,0 99.85 99.98
HF 99.91 99.99
AlH, 99.80 99.64
SiH, 99.72 99.81
PH, 99.57 99.90
H,S 99.71 99.98
HCl 99.88 100.00
CF;H 93.76 99.18
C,H, 99.84 99.74
C.H, 99.72 99.70
C.H, 99.82 99.75
H,CO 99.61 99.42
CeHs 99.69 97.12

of the total electron density that can be associated with
this subset of NAOs.

B. Natural Orbitals and the One-Particle Density
Matrix

“Natural” orbitals in the classic Lowdin sense!® derive
from properties of the one-particle density operator
t1)

ra) =N f (1,2, NW*(1,2,...,N) drgndry  (9)

and its associated matrix representation I' in an AQ
basis {x;}

@y = fx* O drdry  (10)

By definition, the natural orbitals {¢;} are the eigenor-
bitals of T'

T = vie; (11)

with corresponding eigenvalues (occupation numbers)
v;. As shown originally by Lowdin, the natural orbitals
have an important optimum property that leads to the
most rapidly convergent expansion of the electron
density o(r) = I'(r|r). If we seek an approximation to
o(r) using a finite orthonormal basis set {x,} of n or-
bitals, with positive weighting coefficients w,

o(r) = élwuxk(rn? (12)

then, for each n = 1, 2, ..., the best possible repre-
sentation of p(r) in the mean-squared sense is achieved
by choosing x; = ¢; and w; = v; in order,i = 1, 2, ..., n.
This maximum-occupancy property gives rise to the
extremely compact representations of electron density
and other one-electron properties that distinguish
natural orbitals from other basis sets.

In open-shell systems, the density operator separates
into distinct components for o and 8 spin, leading to
the possibility of different NBOs for different spins.!3
In closed-shell systems, to which attention is primarily
restricted here, the spatial parts of these operators are
identical, and the operator of interest is the spinless
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Figure 2. Carbon atom 2s pre-NAO (left) and NAO (right) in
methane (RHF/6-31G* level), showing the additional NAO nodal
feature that is present in the region of the adjacent hydrogen
nucleus.

density operator obtained by summing over the two
spin components. Open-shell NBOs are discussed
briefly in sections III,A.3, III.C.5, and IIL.D.

C. Atomic Eigenvectors: Natural Atomic
Orbitals and Natural Population Analysis

Localized natural orbitals are obtained as eigenvec-
tors of localized blocks of the density matrix. The
localized eigenvectors satisfy maximum-occupancy
properties analogous to those described above, eq 12,
for representing the electron density associated with
that block.

For example, atomic (one-center) eigenvectors ¢,
on atom A are obtained by diagonalizing the localized
block T'™ of the full density matrix T, associated with
basis functions x;* on that atom. Since the eigen-
vectors ¢;) of each block are orthogonal among them-
selves, but not to eigenvectors ¢, from other blocks,
the final NAOs are obtained by removing interatomic
overlap by the OWSO procedure (7). In practice, each
atomic block is first averaged over angular components
(e.g., Pxs Py P;) to preserve free-atom symmetries and
guarantee overall rotational invariance.’

An interesting formal difficulty arises if the basis
functions are not atom-centered, i.e., if single-center
expansions, bond-centered functions, or James—Cool-
idge-type basis functions are employed. In this case,
the initial partitioning of the density matrix into atomic
blocks must be preceded by separate calculations (in
the chosen basis set) of natural orbitals x;/4) for each
isolated atom A. A composite basis set of linearly in-
dependent atom-centered orbitals can then be assem-
bled from the leading x;®’s of these separate atomic
calculations, and the derivation of NAOs proceeds in
the usual way. In practice, atom-centered basis sets are
generally employed,'* so that the partitioning of T is
straightforward.

It is useful to distinguish the NAOs ¢,* from the
associated “pre-NAOs” ¢;4', which differ only in the
omission of the final interatomic orthogonalization step.
The pre-NAOQs lack the “orthogonalization tails” at the
positions of other nuclei, so their shapes more nearly
resemble familiar hydrogenic or Hartree-Fock orbitals
of isolated atoms. Figure 2 compares diagrams of the
carbon 2s NAO (¢,,) and pre-NAO (¢,,) of methane
(RHF/6-31G* level) to illustrate the difference. The
utility of pre-NAOs is to provide estimates of NAO
Fock matrix elements (¢,4|F|¢;®) in terms of pre-NAO
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overlap integrals ($,|¢;®) through Mulliken-type
approximations?® of the form

<¢i(A)IF‘¢j(B)> ~ k(%(A),&J,(B)) (13)

This allows one to retain the useful concept that in-
teraction strength is proportional to overlap and to use
the shapes of the pre-NAOs to estimate the radial and
angular dependence of Fock matrix elements such as
those of eq 3. Reed and Schleyer?® have recently
studied the proportionality constants k for a variety of
first- and second-row atoms.

The orthonormal NAOs {¢;¥)} provide the basis for
an improved “natural population analysis”® which cor-
rects many of the deficiencies of the well-known Mul-
liken population analysis.** The natural population g;*)
of orbital ¢;* on atom A is simply the diagonal density
matrix element in the NAO basis

g™ = (oD, (14)

These populations automatically satisfy the Pauli
principle (0 < g/ < 2) and give atomic populations g%
that sum properly to the total nhumber of electrons

atoms
¢W=La®, Naw=Xg¢¥ 15
i

Natural population analysis has been applied to a wide
variety of chemical systems®! and has been shown to
exhibit good numerical stability and agreement with
other theoretical and experimental measures of charge
distribution. In the present context, its principal use
is to assess the intermolecular charge transfer g (cf. eq
5) that accompanies formation of a van der Waals
complex. In accordance with eq 5, one finds an ap-
proximate proportionality between the natural charge
transfer ¢ and the associated energy lowering AE [i.e.,
g « AE, with a proportionality constant (in atomic
units) of order unity], so that natural population
changes of the order of 0.001 e correspond to chemically
significant energy changes (0.001 au = 0.6 kcal/mol).

D. Bond Eigenvectors: Natural Hybrids and
Natural Bond Orbltals

With the density matrix transformed to the NAO
basis, the NBO program!® begins the search for an op-
timal natural Lewis structure. NAOs of high occupancy
(>1.999 e) are removed as unhybridized core orbitals
K,. The program next loops over one-center blocks I'&),
searching for lone-pair eigenvectors n, whose occupancy
exceeds a preset pair threshold (pyes = 1.90). The
density matrix is depleted of eigenvectors satisfying this
threshold, and the program then cycles over all two-
center blocks I'B) searching for bond vectors a5 whose
occupancy exceeds piesne (The search may be further
extended to three-center bonds if an insufficient num-
ber of electron pairs were found in the one- and two-
center searches.) Each o,p is decomposed into its
normalized hybrid contributions h, and hg from each
atom, eq la, and hybrids from each center participating
in different bonds are symmetrically orthogonalized to
remove intraatomic overlap. The set of localized elec-
tron pairs (K3)2(ns)%(ozg)?... found in this way consti-
tutes a “natural Lewis structure” to describe the system.

The accuracy of this Lewis structure may be assessed
by the total occupancy ppews of its occupied NBOs,
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a. A-H Bond NBOs

b, A-H* Antibond NBOs

SiH,

HoS HCI

Figure 3. Contour plots of first- and second-row hydride bonds o,y (a) and antibonds o* 5 (b), showing periodic trends in the polarization
and diffuseness of the NBOs (RHF/6-31G* level, idealized Pople-Gordon geometry).

which is commonly found to exceed 99.9% of the total
electron density for ordinary molecules. Table II sum-
marizes the value of pr..; for a variety of first- and
second-row hydrides and simple organic molecules to
demonstrate the accuracy of the natural Lewis structure
description. In the less usual (“resonance”) case where
the difference p* = piotal — PLewis €XCeeds one electron,
or, when individual o* occupancies exceed 0.10, pipresh
is successively lowered (1.80, ..., 1.50) and the NBO
search is repeated for each value. The best NBO Lewis
structure is that corresponding to largest overall py ouis
and is generally found to agree with the pattern of
bonds and lone pairs of the chemist’s standard struc-
tural Lewis formula. Figure 3 illustrates contour dia-
grams of o,y and o*,y NBOs (RHF/6-31G* level) for
some simple first- and second-row AH,, hydride mole-
cules. These diagrams illustrate how the NBOs auto-
matically incorporate systematic changes in bond hy-
bridization and polarization, reflecting the expected

periodic trends associated with atomic electronegativity
differences. These functions have been found to be
highly transferable from one molecule to another® and
to correspond well with Bent’s rule®® and other em-
pirical measures of bond hybridization.

E. Natural Localized Molecular Orblitals

In the NBO basis, the density matrix is partitioned
into a block (T',,) associated with the highly occupied
NBOs of the natural Lewis structure and a block (T j«,+)
associated with the remaining weakly occupied NBOs
of antibond and Rydberg type. The off-diagonal matrix
elements connecting these blocks (I',,+) represent the
irreducible ¢ — ¢* mixing of filled and unfilled orbitals
which lead to partial breakdown of the strictly localized
Lewis structure picture. By carrying out a succession
of 2 X 2 Jacobi rotations between these two blocks to
reduce the off-diagonal coupling elements T',,« to zero,
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the density matrix is transformed to block-diagonal
form. In SCF-MO theory these two blocks must cor-
respond to localized molecular orbitals (LMOs), since
the trace of the transformed T',,1M° equals the number
of electrons.

The resulting natural localized molecular orbitals
(NLMOs)* have been shown to be in good agreement
with LMOs calculated by the Edmiston—Ruedenberg!%
or Boys!®® methods, but with greatly improved com-
putational efficiency. The NLMO procedure leads si-
multaneously to sets of filled and empty LMOs that
respectively span the occupied and virtual subspaces.
In addition, the NLMO procedure can be applied to
correlated wave functions beyond the SCF approxi-
mation (although in this case the occupancy of each
NLMO will generally be different from two or zero).
NLMO expansions have been used to compare the
transferability of NBOs and LMOs from one molecule
to another, leading to the conclusion that NBOs are
inherently more transferable than LMOs (often by
factors of 2-4), and thus that NBOs are in better cor-
respondence with the transferable bond units of ele-
mentary valence theory.3?

The expression for each NLMO in terms of its parent
NBO (cf. eq 4) lets one see directly the delocalizing
effect of ¢ — o* interactions, leading to energy lower-
ings of the form (3). In the present context, one may
look at intermolecular delocalization tails of the
NLMOs as a direct manifestation of the noncovalent
contribution (E,; cf. eq 2 and 4) to van der Waals
bonding. For example, in the equilibrium water dimer,
one of the oxygen lone pair LMOs is approximately
expressible as

(no)mo =~ (no)neo + Ma*on)ngo (16)

where o*y is the proximate antibond of the adjacent
monomer associated with the intermolecular ng — o¥gy
interaction, and A is the coefficient of the weak inter-
molecular “delocalization tail” of the lone-pair LMO
onto the adjacent monomer. NLMOs thus provide
additional evidence of the intermolecular delocalization
effects that accompany formation of a van der Waals
complex.

F. Hyperconjugative Interactions in NBO
Analysis

The preceding discussion emphasizes that hypercon-
jugative ¢ — o* interactions play a highly important
role in NBO analysis. These interactions represent the
weak departures from a strictly localized natural Lewis
structure that constitute the primary “noncovalent”
effects. The ¢ — ¢* interactions are manifested in a
variety of forms in NBO analysis: (i) direct variational
energy lowering (and corresponding geometry changes)
associated with the deletion of specific o* basis orbitals
(cf. eq 2), or specific F,,« matrix elements; (ii) changes
in second-order energies (cf. eq 3) associated with the
F_ . interaction; (iii) changes in the natural populations
g, and g, of the hyperconjugating orbitals (cf. eq 5 and
14); (iv) changes in the overlap integral (5|5*) of asso-
ciated pre-NBOs & and * (cf. eq 13); and (v) changes
in the delocalization tails of LMOs (cf. eq 4 and 16).
Some of these changes (i.e., those pertaining to Fock
matrix elements) are specific to the SCF approximation,
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but the remainder apply to correlated wave functions
of any form or accuracy. Together, these changes in
NBO parameters allow a very complete picture of a
specific ¢ — o* interaction, ranging from its quantita-
tive numerical value or effect on the optimized molec-
ular geometry to its qualitative origin in the shape or
diffuseness of the associated orbitals.

The earliest applications of NBO analysis were to
intramolecular noncovalent effects, particular those
associated with the origins of barriers to internal rota-
tion (cf. sections IILE and IV.B). Many of the regu-
larities of ¢ — ¢* interactions were first established in
the intramolecular context, where the relative separa-
tions and orientations of the ¢ and o* orbitals are
constrained by the covalent linkages that form the
molecule. A considerable variety of intramolecular
stereoelectronic effects and bonding phenomena have
subsequently been analyzed with NBO techniques (e.g.,
ref 35-41). The general success of NBO analysis in
treating these phenomena provides additional evidence
for the validity and conceptual utility of the method
and for the pervasive role of ¢ — o* interactions in
chemistry.

However, it was natural to conjecture that the un-
filled valence-shell o* orbitals might also play an im-
portant role in intermolecular interactions. The in-
termolecular ¢ — ¢* interactions could be expected to
be particularly important when the ¢* acceptor orbital
presents a smooth, nodeless aspect (rather than, say,
the highly noded “backside” of an sp® hybrid) toward
a prospective donor ¢ orbital. Among covalently
bonded molecules, this requirement is uniquely satisfied
by o*su hydride antibonds, particularly when the
electronegativity of A leads to strong polarization of
o*,u toward the outer (s-type, hydrogen) end of the
orbital. The best donor orbital for such an interaction
would be expected to be a diffuse lone pair np. From
the shapes of these orbitals, simple maximum-overlap
considerations would suggest that the np-o*,y inter-
action is optimized in linear “end-on” arrangements (as
pictured, e.g., in Figure 4a). The prerequisite for a
strong intermolecular hyperconjugative (np — o*,y)
interaction could thus be expected to involve linear
arrangements of the form D:--H-A, the characteristic
arrangement of hydrogen bonding. The systematic in-
vestigation of this simple conjecture is the subject of
the present review.

I111. Intermolecular Donor-Acceptor Models
Based on NBO Analysis

A. H-Bonded Neutral Complexes
1. Water Dimer

The first natural bond orbital analysis on a hydro-
gen-bonded complex was carried out on the water dimer
by Horn, Weinstock, and Weinhold*? at the semi-
empirical INDO level of theory. The complexation
energy AE was decomposed into AE,, and AE, . com-
ponents. The AE,, was found to be repulsive and AE, .
to be strongly attractive at the equilibrium dimer dis-
tance. Charge transfer from one of the oxygen lone
pairs, n, of the electron donor to the proximate OH
antibond, ¢*, of the electron acceptor was found to be
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TABLE III. Basis Set Dependence of Binding Energy and of Natural Bond Orbital Charge-Transfer Analysis: Water Dimer

H,0 ¢ ¢ ¢« HOH,® SCF Level (All AE Values Given in kcal mol™)

basis set® E(H,0)* E(dimer) AE AEcr AE,_.g° AEp..,¢ N
STO-3G -74.96290 -149.93394 -5.10 -12.09 -11.86 -0.24 +0.0192 (+0.0201)
4-31G ~-75.90739 -151.82708 -1.712 -10.14 ~9.90 -0.24 +0.0152 (+0.0298)
6-31G* -76.010564 -152.03011 -5.67 -9.54 -9.27 -0.30 +0.0137 (+0.0264)
6-31G** -76.02317 -152.05530 -5.62 -9.65 -9.37 -0.29 +0.0140 (+0.0287)
6-31++G** ~76.03050 -152.06899 -5.01 ~-10.40 -9.27 -1.18 +0.0111 (-0.0032)
6-31++G**(2d) ~-76.03455 -152.07597 -4.32 -10.32 -9.16 -1.20 +0.0110 (-0.0064)
TZP ~76.05589 -152.11932 -4.73 -6.58 -6.23 -0.38 +0.0086 (+0.0059)
TZP++ ~76.05662 ~152.12075 -4,71 -6.63 -6.27 -0.38 +0.0083 (+0.0032)
TZP++(2d) -76.06005 -152,12662 -4.09 -6.51 -6.08 —0.47 +0.0081 (+0.0059)
HF limit -76.068 -3.9¢

@At fixed geometry. Intermolecular geometry from: Curtiss, L. A.; Pople, J. A. J. Mol. Spectrosc. 1975, 55, 1. Experimental water
monomer geometry (0.957 A, 104.5°). ®See ref 45 for precise specification of basis sets. Pure d-function sets were used in all cases except
6-31G* and 6-31G**, where Cartesian sets were used. Total SCF energies in au. %“A” refers to H,0, and “B” refers to HOH, in H,O--HOH.
¢Charge on monomer “H,07”, the proton acceptor, by natural population analysis. Values in parentheses are the corresponding Mulliken
charges, shown for comparison purposes only. /Pople, J. A.; Binkley, J. S. Mol. Phys. 1975, 29, 599. #Popkie, H.; Kistenmacher, H.;

Clementi, E. J. Chem. Phys. 1973, 59, 1325.

Figure 4. Contour plots of nonorthogonal pre-NBOs for the
interacting oxygen lone pair ng (right) with the OH antibond o*gy
(a, top) and bond gy (b, bottom) of the equilibrium water dimer
(RHF /6-31G* level), showing the significantly higher overlap
associated with the attractive ng — o*oy interaction than with
the repulsive ng — ooy interaction. The positions of the atoms
in the plane are given by the crosses, the two hydrogens of the
electron donor water monomer (at the right) being out-of-plane.
The outermost contour is at 0.002 au, corresponding roughly to
the empirical van der Waals radius [Bader, R. W. F.; Henneker,
W. H.; Cade, P. E. J. Chem. Phys. 1967, 46, 3341], and the contour
interval is 0.03162 au (for clarity, only the outermost eight contour
lines are shown).

of critical importance. This NBO study was extended
to the ab initio SCF level by Weinstock and Wein-
hold*# with minimal and double-{ basis sets. Though
the quantitative details were somewhat altered, the
essential picture of the water dimer hydrogen bond as
an n — ¢* “charge-transfer” (CT) interaction was found
to be valid.

Subsequently, higher levels of theory confirmed the
n — o* picture.®4’ This was first done with a basis of
better than double-¢{ plus polarization quality and ex-
perimental H)O monomer geometries.® A more sys-
tematic study of the basis set dependence of the NBO'

analysis of the water dimer was then carried out.** Both
of these studies showed that the n — ¢* picture of the
H-bond of the water dimer is stable with respect to
basis set extension. The results for a series of basis sets
are given in Table III. The largest calculation em-
ployed a triple-¢{ plus polarization basis set with diffuse
functions added to all atoms and a second set of d
functions added to the oxygens, denoted as TZP++(2d).
This basis yielded a monomer energy only 0.008 au from
the Hartree-Fock limit for water and gave a water di-
mer complexation enérgy (—4.1 kcal/mol) only 0.2 kcal
more negative than the estimated Hartree-Fock limit.

The complexation energy is decomposed as follows
into charge-transfer (CT) and no-charge-transfer (NCT)
parts:

AE = E(dimer) - E(isolated monomers) =
' AEycr + AEcr (17)

Since charge-transfer interactions are associated with
occupancy shifts from the manifold of filled orbitals of
one monomer to the unfilled orbitals of the other, AEqr
can be estimated (in HF theory) by deleting Fock ma-
trix elements connecting these manifolds and noting the
change in the total energy. In effect, the charge-transfer
component AEqr is evaluated as the variational energy
lowering due to expanding the variational space on each
monomer to include unfilled orbitals on the other mo-
nomer. In addition, one can follow the details of CT
through the natural population changes in individual
NAOs and NBOs, or the net charge g transferred be-
tween monomers, for wave functions at and beyond the
HF level. The remaining part of the binding energy,
AEycr in eq 17, is due to exclusion repulsion and
electrostatic (induction and polarization) interactions.

The largest basis set calculation on the water dimer,
HF /TZP++(2d), gave values of —4.1, +2.4, and -6.5
kcal/mol for AE, AExcr, and AEqy, respectively. The
second-order perturbative analysis (eq 3) of the Fock
matrix revealed only a single intermolecular stabiliza-
tion interaction of greater than 0.25 kcal/mol in mag-
nitude: the proximate n — ¢* interaction, with off-
diagonal Fock matrix element 0.0864 au and energy
denominator 1.42 au, yielding a second-order estimate
of —6.6 kcal/mol, in rough agreement with the value
(-6.5) of AEcp. Accordingly, the NBO occupancies in-
dicate that the proximate o* orbital has increased in
occupancy by 0.0083 e from its monomer value of 0.0000
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AEqy = =9.27 kcal/mol
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+0.0081
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~0.41,-0.68
( ) (+1.71,43.23) +0.0149
Or—Hyg - vv-- 02 (+0.71,40.31)
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5
-0.0143

—
AEcr = -0.30 kcal/mol

Figure 5. Summary of NBO charge-transfer analysis for equi-
librium water dimer (RHF/6-31G* ]level), showing the net atomic
charge (bold) on each atom, the energy change AEqr associated
with charge transfer in each direction, and (in parentheses) the
NBO bond polarization and hybridization changes associated with
formation of the complex. The first number in parentheses
represents the percentage change in the bond polarization toward
oxygen (e.g., the O;~H, bond becomes 1.71% more strongly po-
larized toward O;) and the second number (italics) represents the
percentage change in s character of the oxygen bonding hybrid
(e.g., the O, bond hybrid of the O,-H, bond gains 3.23% in s
character), For an isolated water monomer, the natural atomic
charges are +0.478 on H and —0.957 on O, the OH bond is 73.96%
polarized toward O, and the oxygen bonding hybrid has 23.76%
s character. The changes in bond polarization and hybridization
accompanying complex formation are associated with changes in
monomer bond angles and lengths that are readily rationalized
in terms of Bent’s rule®® and the distinct radii of s and p orbitals.

and that the proximate lone pair has decreased in oc-
cupancy by 0.0081 e from its monomer value of 1.9988.
The total net value of transferred charge, by natural
population analysis, was found to be 0.0081 e (from the
first to the second monomer in H,O-«HOH; see Table
IIT). Figure 4 shows contour diagrams (for the over-
lapping pre-NBOs, RHF/6-31G* level) of the hyper-
conjugative ng—o*gy and the repulsive ng—agy orbital
interactions of the water dimer at its equilibrium ge-
ometry.

Charge transfer not only results in an increase in
binding energy but also allows a significant amount of
exclusion repulsion to be overcome, allowing the mol-
ecules to approach each other more closely and to sig-
nificantly penetrate the van der Waals contact distance
(cf. Figure 4b). To test the magnitude of this effect,
the H-bond distance in the water dimer was reoptim-
ized at the HF/TZP level with CT deleted.*® With the
same geometry as in Table III, the H-bond length was
found to stretch by 0.56 A with deletion of the CT
stabilization, the optimum value of AEycT being —2.44
kcal/mol. The AEycr is significantly less in magnitude
than the full SCF value of AE in this basis set (-4.73
kcal/mol) and the O--H distance in the NCT structure,
2.60 A, is equal to the sum of the Pauling van der Waals
radii for O and H. Thus, in the absence of CT inter-
actions, the remaining electrostatic interactions would
not allow the monomers to approach each other very
closely, and the binding energy would be significantly
less. Electrostatic stabilization is nevertheless an im-
portant component of the binding energy, and it is en-
hanced as CT allows the monomers to approach each
other more closely.

The changes of the atomic populations and the forms
of the NBOs are given in Figure 5 for the water dimer.
In order to become a better electron donor, the bonds
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of the donor monomer become more polarized toward
oxygen (0.7%), this being the origin of the population
increase at O, and decrease at H; and Hg. There is an
associated increase in the s character of the bonding
hybrids on O, (0.3%), in accordance with Bent’s rule.?
This results in an increase in the percent p character
of the oxygen lone pair, slightly increasing its diffuse-
ness and overlap with the acceptor antibond and raising
its energy. By far the largest changes occur in the
H-bonded ooy NBO, ¢(0,H,), which strongly increases
in polarity and in oxygen hybrid s character. Increasing
the polarization of this bond results in a corresponding
increased polarization of the antibond toward H,,
making it a better acceptor (allowing increased overlap
with the donor lone pair; cf. Figure 4a). Perhaps even
more importantly, this bond polarization increase will
result in a decrease of the repulsive lone pair-bond
interaction of the H bond (Figure 4b). This change in
the ooy NBO is clearly the origin of the decrease of
electron density at and around the H end of the H
bond,® charge transfer into the acceptor o* NBO acting
only partially to counteract this decrease. The decrease
in polarization and percent s oxygen hybrid character
of the other bond (O,—Hj) of the acceptor monomer is
simply a consequence of the sharp increases in these
values in the H-bonded ooy NBO. Thus, there are
significant intramolecular changes in electronic struc-
ture that are strongly coupled with the intermolecular
charge-transfer interaction of the H bond. Similar re-
sults are found at higher levels of theory.*!

The n — o* CT picture of the water dimer was tested
with a correlated wave function (i.e., beyond Hartree-
Fock).*> The correlation contribution to the water di-
mer binding energy is about 1 kcal/mol, or about 20%
of the total binding energy, and mainly represents in-
termolecular dispersion energy. The method of con-
figuration interaction with single and double substitu-
tions at the 6-31G* basis set level (CISD/6-31G*) was
used and indicated that the total amount of transferred
charge increased somewhat and that the occupancy
changes of individual NBOs upon complexation were
consistent with the n —¢* picture, keeping in mind the
significantly increased antibond and Rydberg occu-
pancies resulting from correlation effects.

2. OC++HF and CO-HF

The structure and energetics of the isomeric H-
bonded complexes OC--HF and CO-+HF have been in-
vestigated by ab initio molecular orbital theory.*6-4
Only with the inclusion of electron correlation is a
significant preference for the experimentally*® observed
OC---HF isomer found. The large effect of correlation
upon the relative stability of the two isomers is ap-
parently entirely an electrostatic effect caused by the
correlation-induced sign reversal of the dipole moment
of C0O.4850 Two opposing views as to the origin of the
H-bonding in the OC.~HF and CO--HF complexes have
been presented. Benzel and Dykstra*$4’ and Spack-
man®® have suggested that the interaction forces in
these complexes are dominated by electrostatics. In our
work using NBO analysis, we have found that
“charge-transfer” effects are highly significant. In ad-
dition, a simple electrostatic model was found to be
inadequate to account for the principal features of these
complexes and their relative stability. In this section,
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TABLE IV. NBO Analysis of CO:HF Complexes at the
HF/6-31G* Level®

CO-HF OC.-HF
At Optimum HF/6-31G* Geometry
R 2.15 A 2.26 A
AE -2.20 -2.92
N - -3.80 -10.02
AENCT = AF - AEC’I’ +1.60 +7.10
q 0.0034 e 0.0148 e
g, CISD/6-31G* 0.0045 ¢ 0.0155 e
decomposition of AEqr )
AEr(CO—HF) -3.30 ~9.20
AE(HF—~CO) -0.52 —0.88
AE,. -3.14 -9.50
At Geometry Optimized with No Charge Transfer Present (NCT)
Ruor 2.80 A 3.26 A
ARCT = RNCT - Req 0.65 A 1.00 A
AE (CT included) -1.38 -1.13
AEncr (CT excluded) -0.86 -0.61

a All energy values are given in kcal/mol.

we summarize the results of the NBO analysis on
OC.HF and CO--HF.

Table IV presents the NBO estimates of AEqcp and
the net charge ¢ transferred between monomers (de-
termined by natural population analysis) for the two
complexes at the HF /6-31G* level. As can be seen from
the table, the total charge-transfer stabilization AEcp
is more than 6 kcal/mol greater in OC--HF than in
CO--HF at the HF'/6-31G* equilibrium geometry. This
offers a clear explanation for how the severe repulsion®
in the optimum OC.HF structure is overcome to make
this structure more energetically favorable than the
optimum CO-HF structure. (While the 6-31G* results
are subject to superposition error, similar conclusions
are found for much larger basis sets.*8)

Insight into the nature of the charge transfer is ob-
tained by the decomposition of AEqr as presented in
Table IV. The charge transfer is predominately in the
direction from CO to HF. The largest single contribu-
tion to AE¢r can be identified with the matrix element
(n|F|e*yr) between the proximate lone pair of the donor
CO monomer (n¢ or ng for OC-+-HF or CO--HF, re-
spectively) and the unfilled antibond ¢*yy of the ac-
ceptor HF monomer. When this single element of the
Fock matrix is set to zero and all other elements are left
unchanged, the energy denoted by AE,,,. is obtained,
which is —3.14 kcal/mol for CO-~HF and ~9.50 kcal /mol
for OC-«HF. The dominance of this n — ¢* interaction
is consistent with the general picture of hydrogen
bonding derived from the analysis of the water dimer.

Most of the preference for OC--HF can be traced to
the competing donor properties of carbon and oxygen
lone pairs. The AE, « term may be approximated by
a second-order energy expression like eq 3 for each
isomer

(n AP )2

AE,..(OC-HF) = g 21w o
6‘7).!-11"‘ - enc
nolflo*up)?

AEmr"‘(CO"'I'IF) = —QM_ (19)
€orur ~ €ng

where ¢; is a diagonal NBO matrix element of the Fock
operator F. The estimates (18) and (19) give values of
-10.6 and -2.8 kcal/mol, compared to the values -9.5
and -3.1 kcal/mol of Table IV. The rather large size
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of these interactions leads to significant nonadditivity
(of the order of 7-10%), reflecting the importance of
third-order terms. The expressions show that the
charge-transfer preference for OC-+-HF can be largely
attributed to the better donor properties of nc, as
manifested in its higher energy (e,, = -0.66 au versus
€én, = —1.40 au) and greater diffuseness, leading to
stronger matrix elements with the acceptor antibond
((ng|F|o*yr) = 0.109 vs (ng|F|o*yr) = 0.069 au), even
though the C-H distance in OC--HF is 0.11 A longer
than the O--H distance in CO--HF.

The effects of charge transfer on the structure and
energetics of the CO--HF and OC--HF complexes are
also seen when the intermolecular distance of each
isomer is optimized in the absence of charge transfer
by deleting the corresponding intermolecular Fock
matrix elements as described above. The no-charge-
transfer (NCT) values so obtained are denoted Rycr
and listed in Table IV. As should be expected, the
geometry change caused by charge transfer, ARcm =
Rner — Reg, is significantly greater for the carbon-
bonded isomer than for the oxygen-bonded isomer: 1.00
versus 0.65 A. These results demonstrate the impor-
tance of charge transfer in stabilizing neutral molecules
that are within van der Waals contact. From Table IV,
the binding energies with the charge-transfer effect
deleted (AENcr = AE — AEq7) for the NCT structures
are significantly smaller in magnitude (and favor the
wrong isomer) as compared with the AE(R = R,) values
of the structures optimized with charge transfer allowed:
~0.86 versus -2.20 kcal/mol for CO--HF, and -0.61
versus —2.92 kcal/mol for OC...HF.

As in the case of the water dimer, the major effect of
the charge-transfer interaction is to allow the interacting
molecules to move much closer to each other than
would be possible if the interaction between the mole-
cules were purely electrostatic in nature. This
charge-transfer-enabled closer approach of the two
molecules will in turn increase the electrostatic energy.
It is, therefore, quite misleading to evaluate in some
manner an electrostatic interaction energy between two
molecules at an equilibrium geometry, and, finding that
its magnitude is similar to the total binding energy,
draw the conclusion that the interaction is mainly
electrostatic in nature. We may speak of AE(R,,) -
AEncr(Ryer) as the total net effect of charge transfer
on the binding energy. Though much smaller in mag-
nitude than AEc1(R,,), this net effect of charge transfer
is significant [at the HF/6-31G* level, AE(R,,) -
AENCT(RNCT) is -1.34 and -2.31 kcal/mol for CO--HF
and OC--HF, respectively] and seems to provide by far
the most important contribution to the general features
of the complex, especially the short equilibrium dis-
tances characteristic of hydrogen-bonded species.

The conclusions drawn from the HF/6-31G* level
concerning the importance of charge transfer are es-
sentially unchanged when the most accurate wave
functions, i.e. larger basis sets and correlation energy,*®
are employed, just as in the case of the water dimer.

3. Complexes of NO and HF

An interesting comparison and contrast with the
closed-shell CO:HF isomers is provided by the open-
shell complexes of HF with the nitric oxide free radi-
cal.’? Investigation of NO:HF was stimulated by ob-
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servations of Crim and co-workers on the gas-phase
vibrational relaxation of HF.%® Such studies indicate
that NO is a remarkably efficient collision partner in
relaxing HF (e.g., about an order of magnitude more
efficient than CO), suggesting the formation of long-
lived collision complexes of NO and HF in which HF
vibrational excitation is efficiently quenched. Since NO
and CO have rather similar dipole moments (0.153 vs
0.112 D), rotational constants (1.70 vs 1.93 em™), and
molecular weights, there are apparently important
chemical differences in their collision complexes with
HF.

The donor—acceptor picture readily suggests some
qualitative features of the NO:HF potential energy
surface. NO differs from CO by addition of an electron
to a 7* orbital, resulting in the NBO configuration

(on0)H(mN0)3 (o) () 2 (not ) Hny +)?

where ng* and nyt denote the p-type components of
the former « bond, and ng and ny denote the o-type
lone pairs along the internuclear axis. As the analogy
to CO would indicate, HF can form distinct linear iso-
mers by H-bonding to either the nitrogen end (ny —
o*yp) or oxygen end (ng — o*gyp) of the NO. Since N
is more electronegative than C, the linear ON..-HF
isomer is somewhat weaker than the analogous OC--HF
complex.

However, the additional electron in the 7*yg system
implies that NO also has significant donor capacity for
nonlinear H bonds to HF (ny* — o*yp, no* — o*yy
bonding). Thus, compared to CO, NO has the addi-
tional capacity to form “half-H-bonds” with HF over
a wide range of approach angles, and so offers a con-
siderably larger “acceptance angle” for binding to HF.
Since the nyt and ngt orbitals are essentially p type,
these orbitals have considerable donor strength com-
pared to the s-rich ny and ng o-type lone pairs.

This picture can be sharpened in terms of the
“different hybrids for different spins” open-shell NBO
description.’® The « (majority) and 8 (minority) natural
Lewis structures are as follows:

N=0: (« spin) :N=0: (8 spin)

The 3-spin set favors the two linear structures (analo-
gous to the isovalent :C=0: molecule), whereas the
carbonyl-like a-spin system evidently favors bent (~
120°) structures of the form

N=0 N=0,
H H

/ \

F F
In fact, for any approach angle x = Zyng or Zon in the
interval 0° < x < 180°, the a-spin Lewis structure can
rehybridize (at little energetic cost) to point a donor ny+
or ngt orbital toward the hydride o*gr acceptor orbital.
In agreement with this qualitative picture, the FH..NO
potential surface is found to exhibit net binding for FH
approaching at any angle around the NO (unlike the
case of CO:HF, where attractive wells are concentrated
around the linear approach directions). Thus, the
added electron of NO “unlocks the Lewis structure” to
allow more flexible deployment of n donor orbitals for
strong n — o*yy interactions with HF. The dramatic
change in the “acceptance angle” for H-bonding ac-
counts simply for the increased efficiency of NO in
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Figure 6. Graphical summary of NBO analysis for H-bonded
complexes involving NH;, H,0, and HF, showing the trends in
charge-transfer energy AEcy (hatched bar), total binding energy
AE (solid bar), and net charge g transferred between the species
(printed number). For each A-H--B complex, the Lewis acid
(acceptor) A-H is along the forward axis and the Lewis base
(donor) B is along the receding axis. Note that AEqr significantly
exceeds the net AE in all the H-bonded complexes and that AEqr,
AE, and g vary smoothly with Lewis acid—base strength (elec-
tronegativity differences) of the monomers in the expected way.
(Data from Table VI, ref 45.)

A (keal/mol)

Figure 7. Similar to Figure 6, for H-bonded complexes between
Lewis acids HF, HOH, or HNH, and Lewis bases CO, CO,, N,
F,, or O,. (Data from Table IV, ref 45.)

forming long-lived collision complexes with HF. Fur-
ther details of the NBOs and the potential surface are
presented in ref 52.

The striking difference in angular properties of
CO:HF and NO:HF complexes is further evidence for
the important role of chemical forces in van der Waals
bonding. While such differences would seem difficult
to rationalize on electrostatic grounds, they have a
simple, intuitive explanation in the donor-acceptor
picture.

4. Survey of a Large Series of H-Bond Complexes

The general importance of n — o* and other forms
of CT stabilization in intermolecular interactions has
been examined by NBO analyses on a large series of
H-bonded complexes at the HF/6-31G* level, using
optimized intermolecular geometries. All dimer com-
binations A+-B between A = N,, O,, Fy, CO,, CO, HF,
H,0, and NH; and B = HF, H,0, and NH; were in-
vestigated. This study was reported in detail in ref 45.
In this section, we report a summary of the results. In
section III.B, the results from the study for the non-
hydrogen-bonded complexes in this series are summa-
rized. Figure 6 illustrates the results of the charge-
transfer analysis for the hydrogen-bonded complexes
between the hydrides. Figure 7 illustrates the results
for hydrogen-bonded complexes between the hydrides
and the diatomics OC, O,, Ny, and F, and the triatomic
CO,. In all of the H-bonded complexes, AEqr is sig-
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(—--), and AEycr () plotted as a function of displacements from
the equilibrium intermolecular separation, R — R, for some
H-bonded (upper four) and non-H-bonded (lower two) complexes.
The energies are denoted in kcal/mol on the ordinates. The arrow
denotes the distance of van der Waals contact. (Reproduced from
ref 45; copyright 1986 American Institute of Physics.)
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nificantly greater in magnitude than AE. That AEqp
is greater than AE in the hydrogen-bonded interactions
is consistent with the results for the water dimer and
the CO:HF complex.

It is important in this context that the charge-transfer
and exclusion repulsion energies both vary exponen-
tially with distance. Hence, as the CT interactions
increase, more repulsion can be overcome and more
penetration of the van der Waals distance, d,,, is pos-
sible. In the complexes of each donor monomer (A), the
magnitudes of both the dominating AE, g and the
much smaller AEp ., increase strongly, as does d,,, when
the acceptor monomer is progressively changed from
HNH, to H,O to HF. Contributions to AEqr from
individual orbital interactions can be estimated from
the NBO Fock matrix by the second-order perturbation
theory described previously. These second-order esti-
mates show that the dominant contribution to AEcy
and to AE,_.p arises, in each H-bonded complex, from
a single n — ¢* interaction. This single contribution,
AE®,, was found (except in a few of the weaker cases)
to be 1 or 2 orders of magnitude greater than any other
second-order contribution in the hydrogen-bonded
complexes.

Unless there is significant CT in both directions, the
total charge transferred g is a useful measure of the
importance of CT. The relative magnitudes of AE,_.p
and AEpg_., indicate whether the CT is predominantly
in one direction. One of the most important findings
derived through the NBO method is that seemingly
small values of transferred charge (0.001-0.01 e) are
associated with energy stabilizations of chemical sig-
nificance. A proportionality of roughly unity between
the quantity of charge transferred into an orbital and
the energy stabilization (in atomic units) associated with
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the transfer has been found (cf. eq 5). A charge transfer
of merely 0.01 e will thus have an associated AEqp of
around 6 kcal/mol. Except where the CT is not over-
whelmingly in one direction, this rough “rule of thumb”
holds up very well. The NBO method gives values for
g that are usually significantly smaller (and never
larger) in magnitude than the Mulliken values at the
HF/6-31G* level. The Mulliken values for g have a
much greater basis set sensitivity.

Figure 8 illustrates the variations of AE, AEqr, and
AEycr as a function of internuclear separation R for
four H-bonded complexes (H,0--HOH, CO---HF, OC.
«HF, Ny-HF) at the HF/6-31G* level with 6-31G*-
optimized monomer geometries. The “no-charge-
transfer” term AEycT represents the effects (steric re-
pulsion, electrostatic, internal polarization, etc.) of terms
other than charge transfer. There is a single dominant
interaction of n — ¢* type in each H-bonded complex
in Figures 6 and 7. Hence, for the four H-bonded
complexes considered here we have shown in Figure 8
the values of AE@, the second-order estimate of the n
— ¢* interaction energy. Marked on the axis of each
plot in Figure 8 is the value of the empirical van der
Waals contact distance R,qw. At this distance, repul-
sions of the closed-shell monomers would be expected
to become significant.

As Figure 8 shows, the variations of the NBO
charge-transfer term with internuclear distance are
smooth, exhibiting no anomalies or artifacts at the
equilibrium distances and having the general behavior
expected on physical grounds. The term AEycr gen-
erally exhibits weak attractions at larger R (presumably
of electrostatic origin) but starts rising near R, 4w in the
approximately exponential manner associated with
steric forces. For the H-bonded species, the CT term
AEsp (dominated by AE@.) is negligible in the long-
range region but leads to a strong attractive contribu-
tion that pulls the monomers into the observed equi-
librium distances. It can be seen that the simple sec-
ond-order estimate AE, closely tracks the total AEcy
in each H-bonded complex. The NBO analysis is thus
found to give a consistent picture of the bonding in this
entire series of complexes in terms of CT interactions,
showing a close correlation of these interactions with
the van der Waals penetration distance and the disso-
ciation energy of the complex.

The orderings of Lewis base (electron donor) and
Lewis acid (electron acceptor) strength among these
molecules are in accord with chemical intuition and are
qualitatively understandable on the basis of orbital
overlap and energy considerations.

5. Cooperativity in H-Bonding

Cooperativity effects in clusters seem to be generaily
associated with donor-acceptor interactions where a
monomer can participate concertedly as a donor and
acceptor. Neutral water clusters are a good example
of this. The NBO analysis of the charge distributions
in the water dimer (see Figure 5 and related discussion
in section II1.A.1) shows why it is easy to predict that
in a H-bonded network, such as ice, where each mole-
cule acts twice as an electron donor and twice as an
electron acceptor, all of the OH bonds will significantly
increase in polarity and oxygen hybrid s character.
Such changes enhance both the acceptor and donor
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TABLE V, Natural Atomic Charges and Forms of ¢ NBOs in Cyclic Water Polymers (H,0), (n = 3-6), with the
Corresponding Values for n = 1 (Monomer) and n = 2 (Electron Acceptor Monomer of Dimer) Also Given®
n=1 n=2 n=23 n=4 n=5 n==6
Binding Energies
AE -5.73 ~15.58 -36.13 ~-50.96 -61.90
AE/n (-5.73) -5.19 -9.03 -10.19 -10.32
Natural Charges
0 -0.381 -0.433 -0.441 -0.461 ~0.469 —0.470
H +0.191 +0.220 +0.258 +0.279 +0.288 +0.290
H” +0.191 +0.168 +0.183 +0.182 +0.181 +0.179
NBOs
a(0-H")
% pol 59.54 62.41 64.98 67.70 68.64 68.76
% s 14.33 16.28 17.20 18.78 18.93 18.63
(0-H)
% pol 59.54 58.42 59.17 59.09 59.03 58.95
% s 14.33 14.24 14.01 13.72 13.55 13.53

%In the cyclic polymers, all water molecules are equivalent. The H-bonded hydrogens are denoted as H’ and the non-H-bonded hydrogens
as H”. For the ¢ NBOs, the percent polarization toward oxygen and the percent s character of the oxygen hybrid are given. Basis set is
STO-4G; structures from ref 54. Binding energies are in kcal/mol and differ slightly from those in ref 54 due to the use of water-optimized

STO-4G scale factors in that work.

abilities of the molecule. The enhanced negative charge
at Oy in the water dimer and the significantly decreased
s character (and hence, increased p character) of the
o-type lone pair on O; mean that the electron-donor
ability of the H,~0,—-Hj; monomer will be significantly
enhanced over that of an isolated monomer. Clearly,
these changes in monomer orbitals also result in en-
hancement of dipole—dipole electrostatic interactions
between the water molecules and also allow the H-bond
distance to further decreagse. Thus, CT interactions will
strongly contribute to the observed cooperativity in
H-bonding that occurs upon forming chains or networks
of H bonds. We illustrate the strong changes that can
occur in monomer ¢ bonds and atomic charges in Table
V with data from NBO analyses of cyclic water poly-
mers (up to the hexamer), using the optimized struc-
tures of Del Bene and Pople® and the minimal STO-4G
basis set. The trends in this table are consistent with
the effects discussed above. Finally, it is interesting
that when one forms a one-dimensional (noncyclic)
chain of H bonds, the middle monomers are nearly
uncharged, and there is a strong transfer of charge from
one end of the chain to the other. For instance, Koll-
man and Allen® find a charge transfer (Mulliken
analysis, minimal basis level) of 0.054 e from one end
to the other of a linear duodecamer of water. It is
noteworthy that cooperative effects cannot be described
by purely electrostatic models, since the Coulomb in-
teraction involves only pairwise additive terms.

6. Hydrophobic Interactions

The nature of the interaction between hydrocarbons
and water (the “hydrophobic effect”) remains para-
doxical after more than a century of intensive investi-
gation.”® The interactions of water with nonpolar
groups of proteins are thought to be an important as-
pect of virtually all biophysical phenomena.’” In the
context of this review, the hydrophobic effect is of
particular interest because nonpolar species inherently
lack the leading multipole moments that would be
considered necessary, in an electrostatic picture, for
effective H-bonding. As Hvidt has noted,*® “aqueous
solutions of nonpolar molecules are notorious because

of their eccentric thermodynamic properties, and be-
cause of our limited understanding of the molecular
interactions in the solutions”.

The CH,-OH, complex serves as the prototype for
hydrophobic C-H-+-O bonding. Ungemach and Schae-
fer®® examined this species at DZ and DZP levels of SCF
theory and found that the interaction energy varies
strongly with the choice of basis set. Their estimate of
the H-bond energy (AEyg =~ -0.5 kcal/mol, including
an estimated 0.1 kcal/mol correction for the neglected
dispersion contribution) suggests that the hydrophobic
C-H--O bond is very weak. Similar estimates of C-
H---O strength have been adopted by others.5

The question of the strength of C-H:-O bonding was
recently taken up again by Seiler et al.t! in the context
of some remarkable features of the crystal structure of
the tricyclic orthoamide Ia. Most surprising is the

CHg
Ib

o

CHg
Ia

observation that the methyl group is nearly eclipsed
(N-C-C-H torsion angle of 8.0 (9)°) in the hydrated
form of the crystal, an apparently unprecedented result
for an ethane-like C(sp?)-CHj conformation. In the
crystalline hydrate, each orthoamide molecule is com-
plexed via nitrogen atoms to a chair-like arrangement
of six water molecules. Inspection of the crystal
structure reveals that each C—-H bond of the methyl
group points nearly at an oxygen atom of a neighboring
triad (C-H--O angle, 170°; H--O distance, 2.67 A) in an
arrangement suggestive of hydrogen bonding. Ab initio
calculations of the torsional potential indicate that the
isolated orthoamide molecule must substantially favor
the usual staggered conformation (by ~5.5 kcal/mol).
Experimentally, the methyl group is indeed found to
revert to the normal staggered conformation in the
anhydrous form of the crystal, whose unit cell consists
of asymmetrically paired Ia,Ib orthoamide molecules.
The clear indication of both theoretical and experi-
mental results is that methyl-water H-bonding inter-
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actions of quite surprising strength (~1.5-2 keal/mol
per C-H---O unit) are acting to twist the methyl group
out of its accustomed staggered conformation in the
hydrated orthoamide. The possible biophysical im-
plications of such hydration-specific control of an alkyl
conformational preference are quite apparent.

Ab initio calculations and NBO analysis have been
employed to investigate C-H++O H-bonding in the
CH,;-OH, complex and other model complexes
[CH;O(H)H--NH,, H,NCH,CHg--O(H)H--NHj, etc.]
related to the hydrated orthoamide system, using highly
extended basis sets and extensive treatment of corre-
lation effects.! Several noteworthy conclusions emerge
from these studies:

(i) Correlation “corrections” to C-H--O bonding are
truly dramatic. For example, the MP2/6-31G* C-H.-O
bond strength of ~1.6 kcal/mol corresponds to an ap-
proximate 160% correlation “correction.”®? At all basis
set levels the electron correlation effect is nearly an
order of magnitude greater than the value (~0.1
kcal/mol) that had previously been estimated® on the
basis of dispersion forces in systems of similar size (e.g.,
Ne-Ne).

(ii) Cooperative enhancement (section III.A.5) is
found to be highly significant, amounting to at least
0.5-1.0 kcal/mol in the arrangements characteristic of
the hydrated orthoamide. Thus, the nonadditive co-
operative “corrections” may actually rival or surpass the
binding energy of the CH,-OH, binary complex.

(iii) The optimized CH+OH, geometry reveals many
surprises. Contrary to the universal experience with
other A-H.-B hydrogen bonds,® the C-H bond of the
C-H.:O interaction is shortened and vibrationally
blue-shifted with respect to the other C-H bonds of the
complex (or of isolated CH,). Although the H--O sep-
aration of the monomers is unusually large (providing
somewhat improved mathematical justification for ex-
pansions of multipole type), the optimized structure
exhibits its indifference to the leading terms of an
electric multipole expansion by turning the water dipole
nearly perpendicular to the C-H--O bond direction!

It might be supposed that such radically different
properties of C-H--O hydrogen bonding would require
a completely revised NBO picture of the origin of H-
bonding, but this is not the case. The ng — o*cy in-
teraction (with AE®, ~ 2 kcal/mol) appears in typical
fashion as the dominant contribution to bonding.
Natural population analysis indicates net transfer of
charge into the o*cy antibond, as usual. It appears that
the principal role of correlation effects is to reduce the
steric repulsion of filled ng and ocy orbitals (e.g., by
contracting the electron density to reduce the effective
van der Waals radius of the C-H bond; cf. Figure 4b),
thus allowing the ~2 kcal/mol hyperconjugative ng-
o*gy interaction to fully assert itself.

The extreme sensitivity of C-H--O bonding to coop-
erativity effects may play an important role in the
anomalous thermodynamic behavior associated with
hydrophobic interactions. It is interesting that the most
distinctive features of hydrophobic bonds may be as-
sociated with non-pairwise-additive cooperativity (and
anticooperativity) effects that are inherently outside an
electrostatic picture. Further studies of cooperatively
enhanced hydrogen bonding in systems of biophysical
interest are likely to be a fruitful area of application of
the NBO donor-acceptor picture.
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7. Other Topics

Brief mention should be made of the IR spectral
features of H-bonded complexes, in relation to the do-
nor—-acceptor model. The formation of B--H-A hy-
drogen bonds is accompanied by significant IR spectral
changes in the A-H stretching absorbance, which de-
creases in frequency (v5y) and increases (by an order
of magnitude or more) in intensity.5®6¢ The decrease
in »5y is consistent with the bond weakening associated
with increased occupancy of the o*,y orbital. The
dramatic intensity enhancement is almost entirely due
to the increase of the derivative of the molecular dipole
moment with respect to displacement of the H-bond
proton H, along the H-bond axis, du/dy(H,), and the
importance of charge transfer is indicated by the finding
that the enhancement of du/dy(H,) cannot be explained
on the basis of an electrostatic model alone.* Zilles and
Person®® carried out a charge—charge flux-overlap
analysis of the intensity enhancement and found that
the dominant charge flux contribution to du/dy(H,) was
composed of nearly equal contributions from intramo-
lecular polarization and intermolecular charge-transfer
terms. Their division between intra- and intermolecular
contributions was carried out in the framework of
Mulliken population analysis, which is qualitatively
similar (in the symmetric treatment of intermolecular
overlap; see section IV) to NBO analysis, and thus
would be expected to lead to a qualitatively similar
decomposition of du/dy(H,). The alternative analysis
by Swanton, Bacskay, and Hush® was based on an
unsymmetric Morokuma-type treatment of the valence
AO space (section IV) and again led to strong contri-
butions from both electrostatic and charge-transfer in-
teractions. Thus, charge transfer is found to be a prime
factor in the intensity enhancement of v,y however one
partitions valence AO space. Since many theoreticians
strongly favor electrostatic over charge-transfer models
of H-bonding, the above results were interpreted to
mean that charge transfer is important dynamically
(i.e., throu%h its variation with vibration) but not
statically.84®8 Of course, no such paradoxical dis-
tinction is necessary in the donor—acceptor picture, since
vibrational enhancement appears as a direct corollary
of the essential charge-transfer nature of the H-bonding
interaction.

Other experimental studies® involving IR spectral
changes and other techniques have given important
evidence concerning the role of covalency and cooper-
ativity effects in H-bonding (cf. also sections III.A.6 and
II1.C.2). Huyskens®® studied the factors governing the
influence of a first hydrogen bond (with formation
constant K;) on the formation constant K, of a second
hydrogen bond. For instance, H-bonding between two
phenol molecules is significantly enhanced when the
first phenol molecule is H-bonded (in PhOH.-NR,
fashion) to an amine. If K,° denotes the formation
constant of the second H bond in the absence of the
first H bond, then it is found that log (K,/K,°) corre-
lates much more favorably with (—Avay);, the A-H
frequency shift due to the first H bond, than with the
stability constant K; for formation of the first bond.
Since this correlation is observed to persist irrespective
of the charge of the partners, Huyskens concludes that
“the influence of the first bond on the reactivity of the
other sites has thus rather a covalent than an electro-
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Figure 9. Similar to Figure 7, for non-H-bonded complexes
between HF, H,0, or NH; and CO, CO,, Ny, Fy, or O,. Note the
many elements of dissimilarity (relative strength of AE and AE¢r,
dependence on electronegativity differences, sign of g, etc.) that
distinguish these complexes from the corresponding H-bonded
complexes of Figure 7. (Data from Table V, ref 45.)

static character.”®® Additional experimental studies
pertaining to H-bond cooperativity are described in ref
66D.

B. Non-H-Bonded Neutral Complexes

1. Survey of a Large Series of Non-H-Bonded
Complexes

The importance of charge-transfer stabilizations in
neutral molecular complexes not involving hydrogen-
bond formation has also been examined by NBO
analysis.¥% All dimer combinations A--B between A =
N, O, Fy, COy, and CO and B = HF, H,0, and NH;
were investigated. The work was done at the HF /6-
31G* level in a manner similar to the H-bonded com-
plexes discussed in section II.A.4. Figure 9 compares
AFE and AEqp for complexes that were found to have
non-H-bonded structures in this series. The strong
contrast with H-bonded complexes (Figures 6 and 7)
is immediately evident.

Charge transfer is generally much less important in
the non-H-bonded complexes than in the H-bonded
complexes. This is indicated by the fact that AE is
generally greater in magnitude than AEqp. Although
CT effects are smaller, there are some important trends
to point out in the NBO CT analyses of these com-
plexes. In the T-shaped complexes

A A ,'A
----- XH, --==~XH,, !ls----XH,,
A B A

the only significant CT interaction would be of n — =*
type. The n — 7* interaction would, however, be zero
when the acceptor monomer is a homonuclear diatomic
since the n — 7* overlap would be zero. Diatomics (as
CO) or triatomics (as CO,) that have polarized 7-sys-
tems should, however, act as significant =* acceptors.
These expectations are borne out by Figure 9, where one
can see that, in the Ny, Fy, and O, T-complexes, g is of
negligible magnitude (0.0001), whereas in the CO, T-
complexes and the OC.-NH; T-complex, g is of sig-
nificant magnitude (0.0018-0.0042). In the former set
of complexes, there are very weak nonspecific CT in-
teractions in both directions that result in a net g of
nearly zero, The latter set of T-complexes involving CO
and CO,, however, has a clear CT direction, with AEg .5
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significantly greater than AE,_.5. These could be called
n — 7* complexes. The CO..OH, complex

although in some ways analogous to the other CO, and
CO T-complexes, is unique in that it has nonnegligible
CT of comparable magnitude in both directions. In this
complex, HyO is positioned such that it can act not only
as a donor in an n ~> 7* interaction but also as a weak
o* acceptor. Finally, the linear F, complexes with NH,,
H,0, and HF

F—F---XH,

provide examples of weak, non-H-bond, n — ¢* CT
interactions that grow progressively stronger as the
donor into o*pp changes from FH to OH, to NH..

It may be noted that Morokuma-type analysis (sec-
tion IV.B) had led to the conclusion that there is no
clear distinction to be drawn between complexes of
H-bonded and non-H-bonded type (the Morokuma
“electrostatic” term being predictably dominant in all
cases). In contrast, NBO analysis reveals a striking
distinction between H-bonded (Figures 6 and 7) and
non-H-bonded species (Figure 9), in accord with chem-
ical evidence.

The variations of AE, AEqt, and AEncr as a function
of internuclear separation for two of the non-hydro-
gen-bonded complexes, the T-shaped CO,+OH, and
Ny+FH complexes, are shown in Figure 8. As in the
case of the hydrogen-bonded complexes, the variations
in AEqr are smooth with no anomalies or artifacts at
the equilibrium distance.

Peterson and Klemperer suggested®” that the ap-
proximately 1 kcal/mol internal rotation barrier in
COy+OH; might arise from the formation of a =-type
bond through the interaction of the lone pairs of H,O
with the two 7* orbitals of CO,. NBO analysis*®
showed, however, that this interaction is only about 0.2
keal/mol (compared to the total barrier of 0.95 kcal/mol
at the MP2/6-31G* level), due to the weak =—= overlap
at the intermolecular distance of ~2.8 A. (In contrast,
the much stronger o-type CT interaction is about 3
kecal/mol, but of course gives no contribution to the
rotation barrier.) Simple electrostatic models based on
qguadrupole—quadrupole interactions support the con-
clusion that the internal rotation barrier in CO,-OH,
is essentially electrostatic in nature.*

2. Competition between H-Bonded and Non-H-Bonded
Structures

We turn now to the question of the competition be-
tween H-bonded and non-H-bonded structures for this
series of complexes. For this discussion we use the
MP2/6-31G* energies from ref 45. By far the weakest
of the complexes are those of O, which have a maxi-
mum binding energy of 0.8 kcal/mol. All of the other
complexes have at least one structure with a binding
energy of more than 1 kcal/mol.

There are some clear trends regarding the competi-
tion between H-bonded and non-H-bonded structures
for the complexes of Ny, Fy, CO, and CO, with HF, H,0,
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TABLE VI. Natural Bond Orbital Charge-Transfer Analysis of Ion-Molecule Complexes (All AE Values Given in keal mol™)

complex?® basis set AE AEcr AE; 0 AEY,0+ion QHs0

F~H,0 HF/6-31+G* -23.1 -34.5 -34.1 -0.3 —0.048 (-0.037)
CI=H,0 HF/6-31+G* -11.6 -11.2 -11.0 -0.2 -0.023 (-0.031)
0,:H,0 HF/6-31+G* -17.3 -13.5 -13.5 ~-0.6 -0.029 (-0.021)
Li*:0H, HF /6-31G* -39.6 -7.2 -1.0 -6.7 +0.012 (+0.102)
Na*:0H, HF/6-31G* —-28.6 -3.9 -0.7 -3.3 +0.008 (+0.074)
Mg?*:0OH, HF/6-31G* -84.2 -14.1 -14 -13.1 +0.030 (+0.185)
Fe?*:0H, b -88.0 -27.5 -6.1 -22.9 +0.050 (+0.088)
Fe?*:0H, b -166.4 -70.1 -6.8 -62.3 +0.200 (+0.286)

¢Geometries: F:H,0 and CI"H,0 are from: Kistenmacher, H.; Popkie, H.; Clementi, E. J. Chem. Phys. 1973, 58, 5627 (C, X-~HOH
structures); O5:H,0 is from ref 75 (HF/6-31G* 2A; C,, structure) Li*:OH,, Na*:OH,, and Mg?*:0H, are from HF/6-31G* optimizations of
Cy, planar structures; Fe?*:0H; and Fe®*:0H, are C,, planar structures described in ref 76b. >Basis set I in ref 76b.

and NH;. The competition between isomeric structures
for the complexes is strongly influenced by CT, which
can be understood by very simple considerations of
Lewis acid and Lewis base strength and the shapes of
the participating orbitals. Electrostatic interactions
play a subsidiary, though sometimes important, role.
In all cases, the complexes with HF are H-bonded, these
being favored over non-H-bonded structures by 0.9-2.2
kcal/mol. This trend is clearly due to the role of HF
as a strong o* acceptor. Continuing this trend, N, and
CO prefer H-bonded complexes with Hy,O, but by
smaller margins than that with HF. The linear non-
H-bonded structure is slightly favored over the H-
bonded one for F, with H,0, evidently by a subtle
balance of electrostatic, charge-transfer, and correlation
effects. The case of CO, with H,O is more clear-cut,
with the non-H-bonded structure being favored by 1.3
kcal/mol over the H-bonded one. Note from Figures
7 and 9 that AEq7 is nearly identical for the two
structures at —2.7 kcal/mol, revealing the comparable
electron donor and acceptor strength of HyO. This
points to the presence of significantly more favorable
electrostatic interaction in the T-shaped non-H-bonded
structure, which is understandable on the basis of in-
teractions of dipole and quadrupole moments. The ¢*
acceptor strength of NH;, however, is weak enough that
H-bonded structures are not dominant in any of its
complexes.® The H-bonded and non-H-bonded com-
plexes of N, and CO with NHj are too close in binding
energy to judge which are more stable. Continuing the
trends started in the complexes of H;0, non-H-bonded
structures of NH; with F, and CO, are strongly favored,
with, in the latter case, no H-bonded minimum existing.
In the complexes of CO there is, in addition to the
competition between H-bonded and non-H-bonded
structures, the competition between C--H and O--H
H-bonded structures, which is always won by the C..H
isomer due to significantly stronger s-donor ability of
the carbon lone pair.*®

3. Complexes of Rare Gases with BeO

Stable molecules involving the rare gases xenon and
krypton have been known since 1963,%° but corre-
sponding molecules involving helium, neon, and argon
have not yet been observed, other than very weakly
bound van der Waals complexes.”® Recently, however,
some more strongly bound species have been discovered
calculationally, involving the bonding partner BeO.™
Rare gases are of course very poor acceptors, but can
serve as donors in complexes with BeO, which is a
strong acceptor through its o*g.g orbital. The work of
Koch et al.”! has been extended by Hobza and Schley-

er,”> who employed basis sets that exhibited less basis
set superposition error. The latter workers also per-
formed NBO analysis and confirmed that the essential
nature of the interaction is charge transfer. At the MP2
level, using extended basis sets, they found binding
energies for HeBeO, NeBeO, and ArBeO of 4.8, 4.8, and
10.1 kcal /mol, respectively. In the case of HeBeO, for
example, AEq is found to be -24 kcal/mol in the He
— BeO direction, and -3.7 kcal/mol in the reverse di-
rection. The overlap (see section I1.C) of the donor 1s
orbital of He with the acceptor o* orbital of BeO was
found to be quite large, at 0.42. Dispersion is not im-
portant in these complexes, as the MP2 binding ener-
gies are only 0.3-0.6 kcal/mol greater than the SCF
values. It is surprising that He bonds as strongly to
BeO as does Ne; this is due to the stronger orbital
overlap in the He case, and the fact that some back-
transfer to He is possible (the lowest unoccupied orbital
of He is much lower than that of Ne or Ar).

C. Ion-Molecule Complexes and Contact Ion
Pairs

1. Anion-Water Complexes

The interaction between ions and neutral molecules
has generally been interpreted as being electrostatic in
nature.”>™ Kebarle, referring to the fact that only 0.05
e was transferred from F- to H,;0 in the F:H,0 complex
(binding energy 23.3 kcal/mol), concluded that the
hydrogen bond was “essentially electrostatic in nature”.
However, NBO analysis has indicated that transfers of
small quantities of charge (0.01 e or less) can correspond
to energy changes (~20.01 au) that are chemically very
significant and that charge transfer can play a dominant
role in H-bonded complexes involving neutral molecules
(see section III.A.4).

In anionic H-bonded complexes, the role of purely
electrostatic (particularly, ion—dipole) interactions is
enhanced, but the CT interactions are also expected to
increase due to the increased donor strength of the
anion. Since the CT interactions increase exponentially
with interpenetration of the van der Waals spheres and
are highly sensitive to orbital shape, they may exert a
disproportionate influence on the short-range energetics
and geometries of cluster ions. Table VI presents NBO
estimates of AE¢r, the changes AE,_.p and AEg_ ., in
the individual molecular directions, and the net charge
g transferred between monomers for a number of an-
ion—molecule complexes involving hydrogen bonding.
As can be seen from Table VI, the CT contributions for
the anion complexes are of the same general magnitude
(11 to —34 kcal/mol) as AE. As expected, charge
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transfer is found to occur almost exclusively in the ion
— molecule direction. The role of charge transfer in
the structural features of the 0,7Hy,0 complex is sig-
nificant and has been described in detail in ref 75.
However, the AEqy for the anion complexes are not
dominant as in the case of neutral hydrogen-bonded
complexes (see Figures 6 and 7). Thus, without sig-
nificant electrostatic contribution, AEqcr would not be
large enough to give rise to the net AE, as well as ov-
ercome the strong steric repulsions that must be present
at the close approach distances of these anion—molecule
complexes. It should be noted that even though AEqr
does not dominate in these hydrogen-bonded anion-
molecule complexes, it is as large as, or larger than, that
of the neutral hydrogen-bonded complexes.

2. Cation—Water Complexes

The situation is significantly different in the case of
the cation—-water complexes. Such complexes do not
involve hydrogen bonding. The NBO estimates of the
charge transfer in a series of cation—water complexes
(cation = Li*, Nat, Mg?*, Fe?*, Fe®t) are listed in Table
VI. The AE¢t values are only 5-40% of the AE values.
This is a significantly smaller proportion than for the
anion-water complexes. The reduced importance of
AEqq for the cation—-water complexes is due to the fact
that the metal cations are poor acceptors compared to
the H,0 ¢* orbitals, which accept most of the charge
in the anion—water complexes. However, it appears that
the charge transfer is significantly larger in the tran-
sition metal cation—water complexes than in alkali metal
or alkaline earth complexes.

Whereas NBO analysis presents a picture of the
bonding in these ion—molecule complexes that is gen-
erally in accord with chemical intuition, there are
sharply contrasting results for ion—water complexes
from analyses by Morokuma-type SCF partitioning.™
As expected (see section IV.B), a Morokuma-type
analysis gives the electrostatic interaction as the pre-
dominant attractive force. However, the Morokuma-
type charge-transfer component is calculated to be
positive, the values for Li*, Mg?*, and F~ complexes
with HyO being +5.2, +108, and +7.2 kcal/mol, re-
spectively. This is contrary to physical intuition and,
hence, is referred to as a “residual” energy containing
higher order effects.™

Finally, as mentioned in section IIL.A.5, cooperativity
effects in cluster formation seem to be generally asso-
ciated with donor—acceptor interactions. In cases where
a monomer can participate concertedly as a donor and
acceptor (as in the case of neutral water clusters), the
binding tends to be cooperative. In cases where a
species must participate as a multiple donor (as in the
anion complexes) or acceptor (as in the case of cation
complexes), the binding is not cooperative. There are
numerous examples of this in the literature. %6757

3. Bifluoride Ion

A special case of ion—molecule H-bonding is the bi-
fluoride ion FHF~. Here, the donor—-acceptor interac-
tion is so great that the donor F~ and the F atom of the
HF acceptor become indistinguishable; one has a sym-
metric structure where hydrogen is effectively hyper-
valent (bivalent). This limiting case of extremely strong
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H-bonding was investigated by a calculation at the
HF/6-31G* level on FHF-,*! using F-H bond lengths
(1.13 A) that are in accord with the range of F-F dis-
tances found in crystals (2.26-2.28 A).”” The NBO
analysis leads to one of two equivalent Lewis structures:
F-.H-F or F-H.«F~. The departure from the Lewis
structure is very large: the n — o*yp CT interaction
amounts to 0.20 e and about 160 kcal/mol in magni-
tude.*! The H-F bond is very polar (88.9% toward F,
compared to 77.8% in HF), and thus the antibond is
practically a hydrogen 1s orbital (o*yp is polarized
88.9% toward H). This species provides a dramatic
example of Bent’s rule.®® The hybridization on fluorine
of the H-F bond orbital is 31.8% s character in FHF-,
compared to 20.7% s character in isolated HF, so that
the polarization and s character both increase by about
11% upon complexation with fluoride. The natural
charges are rather ionic: —0.80 on F and +0.60 on H.
A fully ionic model of this species, [F-][H*][F"], strongly
modified by donor-acceptor interactions of the order
of 0.20 e, is equivalent to Pimentel’s three-center,
four-electron MO bonding model of this system.” It
is interesting to note that the electron population on
H (0.4 e in this case) will be twice the amount of each
F~ — H* donor-acceptor interaction in the ionic model.
Note also that the value (0.20 e) of n — ¢* CT in the
structure F~--H-F is that which is needed to make the
electron distribution of this structure equivalent to that
in the alternative resonance structure, F-H...F~. This
system should be compared with benzene, where the
amount of # — 7* CT out of each 7 bond that is needed
to convert from one resonance structure to the other
is 0.33 e.4!

4, “Salt” Isomer of Carbon Tetrachioride

The possibility of non-H-bonded n — ¢* interactions
has been suggested by Weiss, primarily in connection
with experimental studies of iodocarbenium iodide
species of type R,C*-I.«I".™ Weiss pointed out that an
analogous species, trichlorocarbenium chloride,
C1,C*-Cl---CI', might have transient stability and that
this could be a possible structure for the CCl;*Cl™ ion-
pair species that Bithler and Hurni have postulated to
explain the transient 500-nm absorption observed in
pulse radiolysis studies of liquid CCl,% The apparent
stability of such a “salt” isomer of carbon tetrachloride
of Cy, symmetry was confirmed by high-level ab initio
calculations,® leading to the conclusion that the n(Cl")
— ¢*(C-Cl) CT stabilization is of the order of 30
kcal/mol. Changes in the forms of the NBOs analogous
to those discussed previously in the water dimer were
found to occur. Though this ion pair is primarily sta-
bilized by the ionic interaction, the additional n — ¢*
interaction is needed to make this unusual isomer of
carbon tetrachloride a minimum on the potential energy
surface. A number of important factors will tend to
make a salt isomer of carbon tetraiodide significantly
more favorable than that of carbon tetrachloride, in-
cluding the fact that ¢*(C—I) will be a better acceptor
than ¢*(C-C}).

5. Ground and Excited States of (CO),*

Gas-phase dimer cations (XY),* are species of at-
mospheric interest whose typical bond energies of ~1
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eV are somewhat stronger than those of van der Waals
complexes and hydrogen-bonded species, yet much
weaker than typical chemical bonds. The (CO)," ion
is highly anomalous among such species in that its
photodissociation spectrum is found to consist of
well-resolved vibrational bands in the near-UV®2 [rather
than the broad, featureless continuum absorption that
characterizes other simple (XY),* species, including
isoelectronic (Ny),*]1.88 Ab initio MCSCF methods and
NBO analysis have been used to explore the ground 2B,
and excited ?B, and 215;% potential energy surfaces of this
interesting species.®

NBO analysis of (CO),* in terms of its parent CO and
CO* monomers reveals that the surprising topological
features of the ground potential energy surface can be
associated with an avoided crossing between two
“diabatic” potential surfaces of quite'different electronic
character, dividing the surface into two distinct regions.
The “outer” region corresponds to the usual weakly
bound state that correlates to ground-state CO + CO*
fragments, while the “inner” region corresponds to a
covalently bonded carbon suboxide structure that
correlates to an excited-state asymptote CO(A 1II) +
CO*. These regions are connected by a low-energy,
nonlinear valley that permits remarkably large geome-
try changes (e.g., ~0.9-A CC stretches, ~70° Zocc
bends with only about 15 kcal /mol excitation energy).
The “weakly bound” (CO),* is thus found to be a
species of ambivalent electronic structure, a remarkably
short equilibrium bond distance (Roc =~ 1.5 A, about
half the van der Waals contact distance), a pliable
nonrigid structure, and complex vibrational dynamics.

Reference 84 describes how NBO analysis was used
to provide qualitative pictures of the dimer ion states
evolving from monomer fragment states and to show
how a qualitatively simple picture can be useful in
electronically complicated open-shell species such as
(CO),*. The NBO procedure leads to strikingly dif-
ferent orbitals for « and 8 spins in the open-shell species
CO* and (CO),*, indicative of the need for “different
Lewis structures for different spins™® to describe these
structures compactly.

A noteworthy feature of the analysis is the need to
treat both the outer limit of weak van der Waals
bonding and the inner limit of strong covalent bonding
(where an electrostatic treatment would be manifestly
inadequate). NBO analysis of (CO),* shows clearly the
continuity between these two limits and how the weak
donor-acceptor character of the outer limit (the n¢ lone
pair of CO donating into the half-occupied n, of CO*)
merges smoothly into the covalently bonded inner limit
via a “banana-bonded” bent intermediate. Thus, this
system serves to demonstrate the close connection be-
tween the van der Waals bonding regime and the regime
of covalent phenomena, and to show how the NBO
donor-acceptor picture can illuminate interesting
chemical aspects of the bonding that are intrinsically
beyond electrostatic models.

D. Chemisorption

The traditional picture of bonding of lone-pair ligands
to metals is based on o donation to the metal and =
donation from the metal to the ligand.®87 For CO
bonding to metals, the ¢ donation arises from the 5¢
molecular orbital of CO to the unoccupied metal ¢ or-
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Figure 10. Summary of natural population changes (and asso-
ciated energy lowerings AEqy) for Alg-CO and Al~NH; complexes
(UHF/3-21G level), showing the o donation (g,) and = back-
donation (g,) that accompany formation of each complex.

bitals; the = donation is from the metal to the empty
ligand orbitals (2#* MO) of CO. This picture of the
bonding aiso holds for the bonding of CO to metal
surfaces.3%%

The natural bond orbital method strongly supports
this traditional picture in calculations on Al,+CO and
Al ~NH;% These calculations were done with CO and
NH; sitting atop an Al, tetrahedral cluster (spin triplet).
The results from a 3-21G calculation® are summarized
in Figure 10. The nature and extent of the orbital
interaction between Al, and CO or NH; can be judged
by comparing the forms and occupancies of the NBOs
in the isolated species with those in the complex. The
most significant occupancy changes in Al;CO are a
depletion of the carbon lone pair NBO by 0.30 e, with
an associated occupancy increase of NBOs of ¢ sym-
metry on Al,, and an increase of 0.39 e in the occupancy
of the CO »* NBOs, with an associated depletion of the
Al total = occupancy. However, the 7* back-transfer
occurs only in the a-spin manifold as there are no oc-
cupied valence orbitals on Al, of = symmetry in the
B-spin manifold. Since occupancy changes of other
NBOs are minor (<0.01 e) in comparison to these, the
cited NBO occupancy changes can be used to decom-
pose the net charge transfer of 0.09 e determined by
NPA in ¢ and = components, g, and ¢,, as given in
Figure 10. In the Al,-NHjy complex, where 7* back-
transfer is not possible, the net CT of 0.14 e from NHj,4
to Al is almost entirely accounted for by the occupancy
loss of the nitrogen lone pair NBO. A significant
amount of nonadditivity in AEqy is observed. This is
due to the fact that the total CT energy is quite large
(175 and -74 kcal/mol in Al;CO and Al,~NHg, re-
spectively), and the CT interaction is thus a very strong
perturbation on the system. In the other complexes in
this review, the AEqr values were much smaller in
magnitude and no significant nonadditivity was ob-
served.

The bonding in the Al+CO system is quite inter-
esting in that very large changes in the electronic
structure of CO occur even though the binding energy
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of the complex (i.e., the driving force for these changes)
is only a couple of kcal/mol. The strong CT interac-
tions are thus almost equally balanced by strong re-
pulsive interactions (the Al-C distance is only 1.98 A,
much closer than van der Waals contact) and the
metal-CO bond is relatively labile. Note that the
binding strength is on the same order as that in the
water dimer, a complex where much smaller changes
in the electronic structure occur. The bonding of CO
with Al, is also closely related to the bonding of CO with
HF (section II1.A.2) and with CO* (section III.C.5), the
major differences being the strength of the CT inter-
action and the additional feature of =* back-transfer.

Bagus et al.?>®® have come to a contrary conclusion
using CSOV analysis,® an analysis method of Moru-
kuma type (section IV.B).%% For example, the CO o
donation to Al, in the Al+CO complex is calculated in
CSOV analysis to contribute only 9.5 kcal/mol to the
binding energy, as opposed to around 150 kcal/mol in
the NBO analysis. The unsymmetrical treatment of
valence-space intermolecular overlap in the CSOV
method, the unoccupied orbitals of one monomer (e.g.,
the valence-space g-accepting orbitals of Aly) being im-
plicitly Schmidt orthogonalized to the occupied orbitals
of the other monomer (e.g., the carbon lone pair of CO),
has the consequence that the portion of the intermo-
lecular stabilization energy directly associated with
valence-shell intermolecular overlap is absorbed into
electrostatic energy terms. Charge transfer and delo-
calization are, of course, not strictly definable in
quantum mechanics and thus the Morokuma-like
CSOV analysis has its own mathematical validity, given
the particular definitions of the various energy decom-
position terms that it employs. However, in orbital
models in chemistry, one usually associates strong va-
lence-shell intermolecular (or intramolecular) overlap
with strong delocalization effects. By effectively ab-
sorbing such terms (via Schmidt orthogonalization) in
localized “electrostatic” contributions, CSOV analysis
deemphasizes this aspect of the bonding. The sym-
metric treatment of valence-shell overlap in the NBO
procedure is thus much more consistent with the com-
monly used orbital interaction models (section IV.B).
The strong o-donor role of CO has also been confirmed
in a recent GVB study on NizAl-CO by Tatar and
Messmer.?” The buildup of partial metal-carbon ¢
bonding is clearly seen in their orbital plots, as well as
a significant amount of w*qq back-bonding.

E. Relationships between Inter- and
Intramolecular Interactions

When a bond (and antibond) involves a multivalent
and a monovalent element (such as C-F or O-H), one
can speak of it as having “inward” and “outward” ends
with respect to the molecule. We wish to point out here
the relationship of the outward (intermolecular) n —
o* interactions discussed so far with inward (intramo-
lecular) n — o* and o — ¢* interactions, which are more
commonly referred to as hyperconjugation or negative
hyperconjugation. This allows intra- and intermolecular
interactions to be discussed on a common footing.

One of the first applications of bond orbital analysis
was to the study of the internal rotation barrier of
ethane.®® It was found that the rotation barrier prac-
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tically disappears® or is reversed in sign*"*® upon re-
moval of the o*gy orbitals from the basis set. The
rotation barrier can thus be attributed to ¢ — ¢* hy-
perconjugation.!® (Other interpretations of the rotation
barrier of ethane are mentioned in section IV.B.) The
o — o* interaction was found to be increased when the
accepting antibond was made more polar (i.e., o*¢f) and
decreased when the donor bond was made more polar
(i.e., ocp). Replacement of the ¢ donor with a lone pair
donor n significantly increases the interaction with the
o* orbital. Such n — ¢* interactions constitute negative
hyperconjugation.!®? The involvement of negative hy-
perconjugation in the generalized anomeric effect'?? has
recently been confirmed through detailed natural bond
orbital analysis studies.!? The generalized anomeric
effect involves the preferential stabilization of confor-
mations of R, Y-AH,,—X species where the lone pair of
highest p character on the donor atom Y is antiperi-
planar to the acceptor ¢*,x orbital, X being an element
significantly more electronegative than the central atom
A 101108 Negative hyperconjugation of ny — o*sp type
(analogous to hydrogen bonding of ny — o*yp type) is
found to be particularly strong, leading to, for instance,
a rotation barrier of 18 kcal/mol in FSNH,.10%

A topic of particular interest with respect to this re-
view is the coupling between intra- and intermolecular
charge transfer. The influence of solvent on the anom-
eric effect is, for example, a topic of current interest in
the literature.’®* In a recent study of coupling between
hydrogen bonding and negative hyperconjugation, we
optimized structures for various complexes of CISNH,
with HF.1%d The anomeric effect is particularly strong
in the case of CISNH,, which exhibits a single minimum
for the syn conformation.! On going from the syn
minimum to the transition state for internal rotation
of uncomplexed CISNH,, the changes in the energy,
S-N and S-Cl bond lengths, and sum of the bond an-
gles at N (3_68y) are found (at the HF/6-31G* level) to
be AE = +15.9 kcal/mol, AR(S-N) = +0.104 A, AR(S-
Cl) = -0.048 A, and AZfy = -26.7°. This is consistent
with the strong ny — o*gq interaction seen in the NBO
analysis, which favors a significant planarization at
nitrogen in the syn conformer (consequently, there is
no minimum for the anti conformer of CISNH,).10%
The results of full geometry optimization of complexes
of CISNH, with HF are summarized in Table VII.103d
Complexation of HF to the nitrogen lone pair in an
N:+-HF manner reduces the energy and geometry
changes upon internal rotation to AE = +12.2 kcal /mol,
AR(S-N) = +0.080 A, AR(S-CI) = -0.031 A, and AZ6y
= —18.4°. This is because the nitrogen lone pair must
now donate in two directions. Complexation of HF to
the chlorine in a Cl--HF fashion [8(S~Cl.--H) ~ 105°]
results on the contrary in increased energy and geom-
etry changes upon internal rotation: AE = +17.0
kcal/mol, AR(S-N) = +0.111 &, AR(S-Cl) = 0.058 A,
and AZfy = -28.9°. Here, a positive cooperativity effect
is observed, the electron acceptor HF acting to en-
courage stronger hyperconjugation from the nitrogen
lone pair. The changes in the internal rotation barriers
are of course due to differing strengths of hydrogen
bonding in the syn and transition structures. The hy-
drogen bond formed by HF with the nitrogen lone pair,
for instance, has a strength of only -5.2 kcal/mol with
the syn structure, but —8.9 kcal/mol with the transition
structure. The latter value is much closer to the
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TABLE VII. Relative Energies (kcal mol™!) and Key Geometrical Parameters (A, Degrees) of Hydrogen-Bonded Complexes of

HF with CISNH, from Full HF/6-31G* Optimizations®

species E(H bond) E R(H bond) R(S-N) R(8-CI) G(NSCI1) oy
Minimum Structure with CISNH,; in Syn Conformation (C,)
CISNH, + HF 0.0 0.0 o 1.642 2.074 105.8 346.7
CISNH,-HF -5.2 -5.2 1.98 1.670 2.052 104.3 339.5
FH--CISNH, -24 2.4 2.57 1.633 2.092 105.5 349.1
Transition Structure for Internal Rotation about S-N Bond (Cy)
CISNH; + HF 0.0 +15.9 © 1.746 2.026 99.5 320.0
CISNH,-HF -8.9 +7.0 1.88 1.750 2.021 99.3 321.1
FH--CISNH, -1.3 +14.6 2.70 1.744 2.034 99.2 320.2

¢Data from ref 103b; 3 6y is the sum of the HNH and the two SNH angles, and R(H bond) is the distance of the hydrogen bond with HF.

Energies are all relative to isolated syn CISNH, and HF.

HF/6-31G* energy of the HyN-HF bond of -12.2
kcal/mol. If an HF molecule bonds to both the chlorine
and nitrogen sites of CISNH,, one can estimate from
these results that the internal rotational barrier would
undergo a net reduction of 2.6 kcal/mol from the iso-
lated-molecule value. Without the donor-acceptor
model of the anomeric effect and of the hydrogen bond,
such changes would be more difficult to rationalize in
chemical terms.

Intramolecular vibrational excitation can directly
affect the strength of both intra- and intermolecular
forces. The case of vibrationally excited A-H bonds is
of particular experimental interest, since hydride bonds
characteristically exhibit the large anharmonicities that
make it feasible to selectively excite high-v states by
laser overtone spectroscopy.'% It is easy to recognize
from the donor-acceptor picture that elongation of an
A-H bond through vibrational excitation should gen-
erally increase the acceptor strength of the associated
o*,u hydride antibond, making it a better Lewis acid.}®
Overtone excitation of an A-H stretch should thus tend
to strengthen hyperconjugative interactions involving
the o*,y orbital, including hydrogen bonds. In the case
of intramolecular interactions of rotation barrier type,
particularly strong effects of this type have been ob-
served as vibration—torsion coupling terms in high-ov-
ertone states of hydrogen peroxide, as investigated ex-
perimentally by Diibal and Crim,'%” and high-level ab
initio calculations and NBO analysis have led to a very
satisfactory qualitative and quantitative account of the
theoretical origin of these effects.?® In the case of in-
termolecular interactions of H-bond type, related effects
of vibrational excitation (likely to have a similar origin)
have been observed in high-precision nozzle-beam vi-
brational spectroscopic studies of van der Waals com-
plexes by Nesbitt and co-workers.1%

Coupling between inter- and intramolecular donor—
acceptor interactions is of enormous biological impor-
tance, for the intermolecular interactions between
functional groups on enzymes and substrates at active
sites induce intramolecular changes that enhance and
direct substrate reactivity. Specifically directed in-
termolecular interactions can thus serve catalytic
functions through their donor-acceptor character (as
well as in other ways). Further discussion of this topic
(cf. sections III.A.5 and III.A.6) is beyond the scope of
this review, and the reader is referred to the reviews of
Kirby, of Deslongchamps, and of Gorenstein.l%? In-
termolecular donor—acceptor interactions are biologi-
cally important not only with respect to stereoelectronic
acceleration of enzymatic reactions but also with respect

to the mechanisms of molecular binding and recogni-
tion.

IV. Relationship of Donor-Acceptor and
Electrostatic Models

A. Historical Overview

As pointed out in the Introduction, the van der Waals
bonding regime lies at the interface between “chemical”
and “physical” bonding. Historically, therefore, it has
been interpreted in terms of varying proportions of
interactions of chemical (donor-acceptor) and physical
(electrostatic, polarization, dispersion) nature.!® In this
section, we shall discuss in detail the relationship of
donor-acceptor and electrostatic models of van der
Waals complexes, with emphasis again on the hydrogen
bond.

With regard to the first theoretical conception of the
hydrogen bond, it is appropriate to cite Lewis’s 1923
book on valence theory.!1? In a section with the pro-
vocative title “Bivalent Hydrogen”, Lewis wrote, “It
seems to me that the most important addition to my
theory of valence lies in the suggestion of what has
become known as the hydrogen bond. The idea was
first suggested by Dr. M. L. Huggins, and was also ad-
vanced by Latimer and Rodebush [ref 113]... This
suggestion is that an atom of hydrogen may at times
be attached to two electron pairs of two different atoms,
thus acting as a loose bond between these atoms.”
Lewis dot structures for the water dimer and the bi-
fluoride ion FHF~ were drawn,!!2!1% and Lewis sug-
gested the use by hydrogen of a secondary valence shell.
This initial discussion, of course, preceded the intro-
duction of quantum mechanics. Thereafter, Pauling
argued on the basis of the Pauli exclusion principle and
the fact that the hydrogen atom has only one valence
orbital that hydrogen bond formation must be due to
ionic forces.!'* The success of simple electrostatic
models in predicting the hydrogen bond energy between
water molecules was then generally taken as proof of
the essentially electrostatic nature of the hydrogen
bond. The 1960 book by Pimental and McClellan?!®
represented a departure from this line of thought. They
wrote, “At the 1957 Ljubljana Conference one of the
important points of fairly general accord was that the
electrostatic model does not account for all of the
phenomena associated with H bond formation.” They
tended to favor a more covalent description of the hy-
drogen bond, though they realized the difficulty of



920 Chemical Reviews, 1988, Vol. 88, No. 6

reconciling extravalency with covalent bonding con-
cepts. In this book, Pimentel’s MO description™!16 of
the symmetric trihalide and bifluoride ions (three-cen-
ter, four-electron bonding model) was extended to un-
symmetrical hydrogen bonds. Many workers still pre-
ferred an electrostatic model, however.

The discussion up to this point had been based out
of necessity on crude (though intelligently chosen) wave
functions for hydrogen-bonded systems, as exemplified
by the valence bond analysis of Coulson,!!” and one
might have expected that the controversy would be
resolved with the rapid improvement of computers and
of quantum chemical methods in the 1960s and 1970s.
Indeed, when taken at face value, the influential work
of the Kollman!!® and Morokuma!'® groups in the 1970s
would seem to have resolved the controversy in favor
of electrostatics.!® The present decade has witnessed
the (in many respects successful) modeling of solutions
and biological molecules, and this has been achieved to
a large extent through the adjustment and application
of electrostatic potentials.!?! In addition, Buckingham
and co-workers!?? have recently developed a rather
succesful electrostatic plus hard-spheres repulsion
model of van der Waals complexes. It would seem,
therefore, that a solid body of theoretical evidence
against a donor-acceptor model of hydrogen bonding
exists. These conclusions have been disputed, however,
by Klemperer and co-workers, who have favored do-
nor—-acceptor models for the structures of many of the
van der Waals complexes that they have studied ex-
perimentally.!?® As we shall discuss, we believe that the
evidence that has been put forth against the donor-
acceptor model rests more on the assumptions embed-
ded in the analysis methods than on the wave functions
themselves and that NBO analysis permits modern
calculations to be essentially reconciled with the con-
ceptions expressed by Lewis, Coulson, Pimentel, Klem-
perer, and others.

B. Relationship to Kitaura—Morokuma Analysis

The most widely applied method for decomposing ab
initio intermolecular interaction energies is that of
Kitaura and Morokuma (KM).% In the case of the
water dimer, for instance, the AEcy estimates by the
KM and NBO methods are —1.8% and -9.6% kcal/mol,
respectively, at the 6-31G** basis set level. According
to KM analysis, the electrostatic energy term plays the
central role in the hydrogen bond,* in contrast to the
central role of charge transfer that is assigned by NBO
analysis. This qualitative discrepancy in the analyses
has its subtle origin in the treatment of the valence-shell
intermolecular overlap, or, roughly said, in how one
“draws the line” between the two molecules in the va-
lence-shell orbital space.

In order to define charge transfer, one first partitions
the total AO space into orthogonal subspaces associated
with each species, so that electron occupancy can be
divided between them. (We restrict our discussion to
the valence-shell AO space, as the core and extra-va-
lence-shell AO spaces are of little importance in terms
of the intermolecular interaction energy.) In the NBO
procedure, this is done explicitly by the weighted sym-
metric orthogonalization procedure, incorporating all
valence NAOs (the natural minimal basis, NMB; section
IL.A) of each atom in the dimer. When the orthonormal
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NAQOs are transformed to orthonormal NBOs, the space
spanned by the nearly doubly occupied lone pair and
bond (in-phase) orbitals plus that spanned by the
corresponding antibonds is nearly equivalent to the
space that is spanned by the NMB (see section II),
which is the valence-shell space of the constituent at-
oms,

In contrast, the partitioning of the AO space in the
KM decomposition is carried out implicitly, based on
the antisymmetrization of the product of nonorthogonal
occupied MOs. In effect, the virtual MO space of each
monomer is Schmidt orthogonalized to the occupied
MO space of the other monomer. (In the closely related
method of Stevens and Fink,'? the Schmidt orthogo-
nalization is carried out explicitly, and the numerical
results are very similar to KM analysis.) Since the
antibonds have low occupancy, they will be almost en-
tirely contained in the virtual monomer MO space. To
illustrate this, consider the overlap of the proximate
oxygen lone pair orbital (which is almost entirely con-
tained in the occupied MO space due to its near double
occupancy) with the O-H antibond orbital in the water
dimer. After the implicit Schmidt orthogonalization,
almost all of the n — o* overlap has been awarded to
the oxygen lone pair, so that it significantly penetrates
the region around the acceptor monomer. Most of the
energy associated with the proximate n — ¢* overlap
is therefore attributed to energy terms involving occu-
pied orbitals only. As will become more obvious from
the discussion below, the n — ¢* energy term is in-
corporated in the electrostatic interaction energy term.
It is then clear that the KM decompositon must con-
sistently lead to a much smaller estimate of charge
transfer, since the only contribution attributed to un-
filled (acceptor) orbitals is from remnant portions of
these orbitals having no significant overlap with filled
orbitals. But since both the filled n and unfilled o*
orbitals originate from the atomic valence shells, this
procedure amounts to a highly unsymmetric orthogo-
nalization of the atomic valence subspaces. In effect,
the KM procedure employs symmetric orthogonaliza-
tion for only 8 of the 12 valence AOs of the water dimer,
whereas the remaining one-third of the valence AO
space is subjected to Schmidt orthogonalization. The
KM method thus involves an unsymmetrical treatment
of the valence AO space, which necessarily implies some
loss of resemblance to parent nonorthogonal AOs in the
sense of Loéwdin’s maximum resemblance theorem
(section IL.A).

NBO analysis®*® stresses the role of quantum me-
chanical orbital interaction of filled and unfilled or-
bitals, whereas the KM analysis stresses the role of
classical electrostatics of overlapping charge distribu-
tions. When two molecules are brought together, the
orbitals of each monomer penetrate into the regions of
Cartesian space that are occupied by the positively
charged nuclei of the other molecule. This leads to a
lowering of the potential energy of the valence AOs of
each monomer by virtue of the increased electron—nu-
clear attraction. [It is important to mention that, as
two spherically symmetric (unpolarized) atoms such as
He are brought together, the electron—nuclear attraction
increases faster in magnitude than the sum of elec-
tron—electron and nuclear-nuclear repulsion.!® For this
reason, there is a net electrostatic attraction between
any pair of molecules when the Pauli exclusion repul-
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sion is ignored.] A large part of this energy lowering
is artificial, however, for the valence orbitals of each
monomer are penetrating into regions of the valence
(and core) orbitals of the other monomer without the
corresponding increase in kinetic energy that is required
by the Pauli exclusion principle. This penetration is
avoided in the NBO method, because the
“orthogonalization tails” at other nuclei incorporate the
kinetic energy increase needed to prevent the Pauli-
violating delocalization of the valence AOs of one mo-
nomer into those of the other. The valence AOs of each
monomer are thereby raised in energy and reduced in
“volume” to values consistent with their actual molec-
ular environment.?

The first step of the KM analysis involves computing
the wave functions ¥, and yp of the isolated monomers
A and B and then bringing the monomers together to
their position in the complex without allowing the wave
functions to change.® This is accomplished through the
exclusion-principle-violating wave function ygg, from
which the KM electrostatic interaction energy is de-
fined:

VEs = ¥a¥B (20)
AEgs = E(Yus) - EWa) - E(Yp) (21)

Pauli exclusion is restored through the action of the
antisymmetrizer A on Ygg, leading to the KM definition
of the exchange interaction energy:

VEx = Az (22)
AEgx = E(Ygx) — E(Ygs) (23)

The antisymmetrizer A in eq 23 corrects for the pen-
etration of the electrons of monomer A into the regions
of orbital space of the occupied orbitals of monomer B,
but not for the penetration of the monomer A electrons
into the regions of the unoccupied orbital space of the
valence-shell orbitals of monomer B involving the an-
tibonds. Terms corresponding to the overlap of filled
orbitals of one monomer with unfilled orbitals of the
other thus remain embedded in the wave function Aygg
and are perforce defined as “electrostatic” in nature.
Only the energy changes beyond those incorporated in
AYgg (and thus, involving only those portions of un-
filled monomer orbitals that are orthogonal to filled
orbitals on the other monomer) are defined as being of
“charge-transfer” type.

It is apparent from this discussion, however, that no
a priori argument in favor of the NBO or the KM de-
composition can be made on the basis of quantum
mechanics, and whichever description one prefers will
depend on how one defines the words “electrostatic”,
“charge transfer”, “delocalization”, etc. Since the mo-
lecular Hamiltonian contains only Coulombic potential
terms (and is in this sense purely electrostatic in na-
ture), there can be no ultimate conflict between NBO
and “electrostatic” interpretation of the wave function.
However, we believe that a satisfactory theory of H-
bond complexes (with monomers lying 0.5 A or more
inside van der Waals contact) must be able to join
smoothly with established concepts of covalency and
coordinate covalency in the strong-overlap regime. In
this respect the NBO donor—acceptor model has a sig-
nificant conceptual advantage over electrostatic models.
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Just as the concept of donor-acceptor interactions
extends from inter- to intramolecular interactions and
metal-ligand binding (sections II1.D,E), so also does the
controversy that surrounds it. The classic intramolec-
ular case is that of the internal rotation barrier of eth-
ane. In the framework of the NBO method, the rotation
barrier is found to be due to ocy — o*cy interactions,
both at semiempirical® and ab initio**%1% levels of
theory. Analysis by the Morokuma'?® and by Moro-
kuma-like!?5127 (in the treatment of valence-shell
overlap)® methods leads to an exclusion repulsion ex-
planation of the rotation barrier involving “filled” or-
bitals only.1?8

A similar disagreement has arisen with regard to the
origin of the anomeric effect.!%2 In NBO analysis, the
anomeric effect is found to be due to n — ¢* negative
hyperconjugation.l®® The Morokuma-like analysis
method of Smits and Altona'? characterizes the anom-
eric effect in terms of geminal exclusion repulsion in-
teractions. The Smits—Altona method is based on non-
orthogonal localized molecular orbitals. It is analogous
to Morokuma analysis, the main difference being that,
instead of starting with the nonorthogonal wave func-
tions of two isolated monomers (or, two molecular
fragments!?6), one starts with the nonorthogonal
localized molecular orbitals associated with all of the
occupied core, lone-pair, and two-center bond orbitals
of the molecule. Of course, all such interpretations
based on nonorthogonal fragment orbitals are subject
to the objection? (section II.A) that there can be no
possible Hermitian Hamiltonian corresponding to the
presumed initial energy E;; the calculated “energy
change” AE = E; — E; therefore cannot have a mean-
ingful physical interpretation.

As discussed in section IIL.D., the Morokuma-type
analysis method that has been developed by Bagus et
al.%% to analyze metal-ligand bonding and chemi-
sorption to metal surfaces (CSOV analysis) leads to the
conclusion that the traditional model of metal-CO
bonding involving ¢ donation from the carbon lone pair
to the metal is incorrect. NBO analysis of complexes
of Al, with CO and NHj confirms the traditional o-
donor picture but also indicates the important role of
7* back-bonding interactions, as Bagus et al.?>%* have
stressed.

C. Semiempirical Potential Functions

Up to now, intermolecular interactions have been
primarily modeled in terms of electrostatics plus Len-
nard-Jones 6-12 potentials (the latter taking dispersion
and exclusion interactions into account). This is partly
due to the mathematical simplicity of Coulombic in-
teractions and partly due to the widespread assumption
that intermolecular interactions are primarily of elec-
trostatic rather than donor-acceptor nature. It is clear
from the discussion above that such electrostatic po-
tential models can incorporate a significant portion of
what is labeled charge-transfer energy in NBO analysis.
The possibility of modeling intermolecular interactions
with explicit inclusion of charge-transfer energy terms
has not yet been seriously considered, though some of
the available macromolecular modeling programs in-
clude an attractive “hydrogen bond” term that has an
R19 dependence.1?®
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Although a measure of success has been achieved by
fitting classical .electrostatic formulas to model H-
bonding, such fits do not necessarily contradict the
validity of the donor-acceptor picture.!!5117 It is easy
to recognize® how the n—o* interaction can be absorbed
into an apparent “electrostatic” contribution by
Schmidt-orthogonalizing the unfilled ¢* to the filled n
orbital. The angular dependence of the n—¢* interac-
tion can often be mimicked by low-order multipole
terms, since the n and o orbitals are usually leading
contributions to the dipole and quadrupole moments
of a diatomic molecule. Spackman®® has also pointed
out that the electrostatic model assumption'?? of zero
van der Waals radius for the H atom is equivalent to
neglect of steric repulsions (neglect of the Pauli prin-
ciple!®) and neglect of an attractive charge-transfer
interaction of approximately compensating strength.

Certain disadvantages of the electrostatic modeling
approach can be mentioned. Such formulas are ill-
adapted to describe H-bonding effects involving apolar
species (such as CH,; section III.A.6) which lack the
leading terms of a multipole expansion. Since Cou-
lomb’s law involves pairwise-additive interactions only,
classical electrostatic formulas are intrinsically inca-
pable of describing cooperative effects (section IILA.5).
Another aspect of the electrostatic potential approach
is that the resuits are somewhat dependent on the
choice of the dielectric parameter ¢, which is often made
to be distance dependent.!3® Also, reasonable results
can be obtained without the use of electrostatic po-
tentials, as shown by the recent work of Miiller,!3! who
has developed a united atom force field method for
polypeptides and other macromolecules that includes
a special hydrogen bond function, but no Coulombic
charges.

At the present time, the lack of empirical model po-
tential functions based on the donor-acceptor approach
must be counted a significant disadvantage, relative to
the electrostatic approach. However, this situation also
points to an opportunity for future work in this area
to repair known defects of existing electrostatic model
potentials with insights gained from the donor-acceptor
picture.

V. Concluding Remarks

In this review, we have described the methodology
of natural bond orbital (NBO) analysis and its recent
applications to ab initio wave functions of “van der
Waals molecules”, particularly of H-bonded type. Our
investigations have lent support to a chemical inter-
pretation of the bonding in these species, based on
orbital interactions of donor—acceptor (Lewis base—
Lewis acid) type.

Although such a “charge-transfer” picture of hydro-
gen bonding had achieved considerable support in the
decades preceding the advent of large-scale ab initio
computer calculations in the 1960s, it came into ap-
parent conflict with analyses of ab initio wave functions
which suggested a relatively minor role for charge
transfer.!%2 We believe that such interpretations rest
on fallacious assumptions embedded in the analysis
methods, rather than on the wave functions themselves.
NBO analysis has shown how ab initio wave functions
of the highest quality can be directly reconciled with
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the simple donor—acceptor “chemical” picture. Such a
chemical interpretation is in general harmony with the
viewpoint expressed (among others) by Lewis, Coulson,
Pimentel, and Klemperer, but it diverges sharply from
the electrostatic view that has been espoused by many
other workers.

What are the limits of the donor—acceptor picture?
Clearly, charge transfer in unimportant in the weakest
van der Waals molecules, such as He--He, where no
empty valence-shell orbitals are available. As two He
atoms are brought together, some charge transfer does
indeed occur, but this is into high-energy (extravalence)
2s and 2p orbitals and is by no means strong enough
to overcome the strong exchange repulsion of filled 1s
orbitals. In this case, the equilibrium separation lies
outside the distance of contact of empirical van der
Waals radii, the overlap of filled orbitals is neligible,
and the conditions for applying the standard theory of
long-range intermolecular forces!?® are well satisfied.
For donor-acceptor interactions to become important,
the available acceptor orbitals must be sufficiently low
in energy and must protrude further into space than
the corresponding filled orbitals, as depicted in Figure
4. This allows the n-¢* interaction to overcome n—o
repulsion and pull the monomers inside van der Waals
contact distance. A criterion for significant donor-ac-
ceptor (“chemical”, “overlap”) character in the bonding
is therefore that the van der Waals penetration distance
d

P
dp = RvdW - Req (24)

is appreciably positive, say, d, = 0.1 A. Since the em-
pirical van der Waals radius is related to effective
gas-phase collisional diameters under ambient condi-
tions (kT =~ 1 kcal/mol), one could also associate sig-
nificant donor-acceptor character with complexes
whose net binding energies are ~1 kcal/mol or higher.
Such rough “rules of thumb” relating to dj, and D, seem
to do a good job in distinguishing complexes of do-
nor-acceptor type (such as H-bonded complexes, clearly
dominated by CT forces) from those where CT plays
a secondary role to electrostatic and dispersion inter-
actions (such as the T-shaped complexes of N, and O,
with HF, H,0, and NH,).

In this context, it is instructive to characterize a van
der Waals complex in terms of a dimensionless
“covalency ratio” x

RvdW - Req

X= 55 (25)
RvdW - Rcov

where R, denotes the covalent bonding distance (sum
of atomic covalent radii) for the atoms in closest contact
in the complex. As the covalency ratio x increases to-
ward unity, the role of chemical overlap-type forces
must become dominant, whereas for x — —«, these
forces are absent. Since the empirical van der Waals
radius of an atom is approximately 0.8 A greater than
the covalent or metallic radius,'? one can rewrite the
expression for x in the form

x ~d,/1.6 (26)
where d, is in angstrom units. Common values of the

covalency ratio for H-bonded species are in the neigh-
borhood of x =~ 0.3, but range up to x = 0.9 for bi-
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fluoride ion. It is highly implausible that overlap-type
forces would have only a secondary role for all x values
in this range (as electrostatic models or the results of
Morokuma-type analysis would suggest). Yet there is
no apparent discontinuity in the properties of H-bonded
complexes to suggest that the nature of the bonding
changes abruptly in this range, nor any basis for ex-
empting more strongly bonded species from Moroku-
ma-type decompositions or electrostatic models as the
results become increasingly implausible from a chemical
point of view. NBO analysis suggests on the contrary
that donor—acceptor interactions of n — ¢* type are the
dominant, characteristic feature of the bonding
throughout this range of x values, and that the limiting
“boundary” of the donor—-acceptor model is near the
value x =~ 0-0.1 of weak non-H-bonded complexes.

A distinguished theoretician once remarked,!'¥ “One
of the principal objects of theoretical research in any
department of knowledge is to find the point of view
from which the subject appears in its greatest simplic-
ity.” In this golden age of discovery of van der Waals
chemistry, the horizons of “the subject” are still ex-
panding rather dramatically. There is reason to an-
ticipate that studies of van der Waals molecules can
lead to valuable insights into the solvation process as
well as more general complexation phenomena such as
host—-guest interactions, biophysical self-assembly
mechanisms, solvated electrons, Hassel compounds,
etc.!3® As we strive to attain the point of view from
which the rich structural and energetic patterns of van
der Waals molecules appear in their greatest simplicity,
we should also anticipate possible relationships to these
more general chemical phenomena. At present, the
donor—acceptor picture of van der Waals bonding re-
mains a minority viewpoint.!*” However, we believe
that as additional structures, patterns, and phenomena
are encompassed within the term “van der Waals
chemistry”, the pervasive role of chemical (overlap type)
interactions in complex formation will be more widely
perceived, and the simplifications inherent in a unified
donor-acceptor viewpoint will be increasingly appre-
ciated.

Note Added in Proof. Since the completion of this
manuscript, a number of additional NBO studies per-
taining to donor-acceptor interactions have been carried
out: Hydrogen bonding of solvated electrons to water
clusters, ethanol, and propane [Reed, A. E.; Clark, T.;
J. Chem. Soc., Farad. Discuss., in press]; bonding in
oligomers of methyllithium, and the influence of ocy
— ny; (“Li-H” or “agostic”) interactions on the methyl
group internal rotation barrier in the methyllithium
tetramer [Kaufmann, E.; Raghavachari, K.; Reed, A. E,;
Schieyer, P. v. R. Organometallics, in press]; the re-
markable structures of salt-like (Al*AlH ") and Lewis
acid/base (AlH;/:AlH) structures of AlL,H, [Lam-
mertsma, K.; Griner, O. F.; Drewes, R. M.; Reed, A. E.;
Schleyer, P. v. R. Inorganic Chemistry, in press]; the
role of og; 1; — ny; delocalization (“Li-Li attraction”)
in the unusual Cy, structure of SiLi, [Schleyer, P. v. R,;
Reed, A. E. J. Am. Chem. Soc. 1988, 110, 4453-4454];
a general overview of the NBO Lewis structure concept
[Weinhold, F.; Carpenter, J. E. In International
Workshop on the Structure of Small Molecules and
Ions; Naaman, R., Vager, Z., Eds.; Plenum, New York,
1988].
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