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In a recent review[1a] of our book
“Chemical Bonding and Molecular Ge-
ometry”[1b] Frenking praised certain fea-
tures such as our treatment of the
connection between dipole moments
and the charge distribution of a mole-
cule as well as the discussion of the Pauli
principle as fundamental to the under-
standing of the electronic structure of
molecules. However, he severely criti-
cizes our use of the electron density
rather than the wave function approach
and our use of the VSEPR and LCP
models as a basis for understanding
chemical bonding. He cites many state-
ments described as “absurdities” that we
show are either incorrect quotations
from the book, statements taken out of
context, or statements that he has simply
misunderstood.

We do not agree with Frenking/s
claim that chemical bonding and molec-
ular geometry can be understood only in
terms of the wave function and not in
terms of the electron density. The elec-
tron density can not only be obtained
directly from the wave function, it can
also be obtained by experiment. In one
of his early papers Schrodinger[2] states
clearly that the quantity of physical
interest is yy* (from which the density
is obtained) and not the wave function
y, which Frenking himself admits is “too
abstract and too elusive for the human

imagination to grasp”. Nevertheless he
states that “it is only the wave function
that gives an explanation for the chem-
ical bond, whereas all attempts to ex-
plain the chemical bond in terms of the
electron density have failed”, although
he gives no justification for this sweep-
ing statement. Furthermore, in apparent
contradiction, he states that the AIM
theory, which is based on topological
analysis of electron density “has become
an important tool among other methods
for analyzing the bonding situation in
molecules”. This is because, in contrast
to the wave function which is “too
abstract … to grasp”, electron density
is easily understood and pictured.

Slater[3] has shown that the force that
accounts for chemical bonding is the
electrostatic force, in particular the
electrostatic attraction of the nuclei for
the electrons (which is expressible in
terms of the electron density) and the
repulsions between the electrons and
between the nuclei.

There is no “exchange force” nor
any force resulting from the “resonance
of the wave function”. According to
Slater,[4] the exchange integral of Heitler
and London[5] “can be given a physical
interpretation: it rises from the ex-
change charge which piles up between
the atoms, and which is attracted strong-
ly to the nuclei, since it tends to be
localized between them”. All the points
concerning the wave function and the
electron density that we have mentioned
have been thoroughly discussed in a
recent paper by Bader.[6] Finally it
should be noted that Frenking/s argu-
ments are not, in fact, based on the wave
function, but on arbitrary and approx-
imate orbital models and the atomic-
centred basis functions used in their

expansion, which have no more physical
reality than the wave function itself.

Now we deal with some of Frenk-
ing/s more specific criticisms which are
directed mainly at the VSEPR and LCP
models. These models, we should note,
are independent of any quantum-mech-
nical arguments and of the electron
density, although they are supported by
quantum mechanics, particularly, the
importance of the Pauli principle in
leading to the formation of electron
pairs as described in Chapter 4 of our
book and by the analysis of the electron
density using the AIM theory[7,8] as
described in Chapters 6 and 7 of our
book. In the following sections the italic
headers refer to locations in the review.

Page 144, column 1: With regard to
our discussion of dipole moments and
charge distribution, Frenking states
“This part is well done and worth read-
ing but then on page 39 one finds some
statements about the bonding situation
in BF3 and SiF4 which involve contra-
dictory and selective arguments”. Al-
though we stated that in the resonance
structures the positive charges at the
fluorine atoms do not agree with the
large calculated negative charges, we did
not give this as a reason why the
resonance structure description of these
molecules involving double bonds is an
inadequate description. We merely stat-
ed that these formal charges are incon-
sistent with the real charges. The real
reason for the apparently short bonds in
these molecules is, as we state clearly on
page 39, “because of the (strong) attrac-
tion between the atoms due to their
(large and opposite) atomic charges” for
example, B + 2.43, F �0.81. We are well
aware that formal charges are not real
charges, as we state clearly on page 17.
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However, when resonance structures
are written to describe bonding, the
formal charges are then usually regard-
ed as real charges, as, for example, when
the polarity of the bond in HF is
described by a combination of the two
resonance structures H�F and H+ F� . It
is in this sense that we stated that these
resonance structures which place posi-
tive charges on the fluorine atoms are
inconsistent with the calculated charges.

Page 144, column 3 : “When finally
one reads that the orbital model with s

and p bonds would not predict that the
ethylene molecule is planar, it becomes
clear that the view point of the authors is
biased.” We maintain that our viewpoint
is not biased and that this statement is
correct because the s–pmodel is only a
description of the bonding based on the
known planarity of the molecule. Indeed
this description is in general only valid
for planar molecules. The description of
the s bonds as sp2 is based on the
knowledge of the planarity of the mol-
ecule. An alternative, but equivalent,
orbital description of the bonding in
ethylene can be given in terms of
sp3 orbitals and two bent bonds between
the carbon atoms, as is clearly explained
on pages 76 to 79 of our book. In fact
neither of these descriptions of the
bonding is exact in that the HCH bond
angle in ethylene is 116 and not 1208 as is
assumed by the sigma–pi description,
nor is it 109.58 as assumed by the bent-
bond description. A state of hybridiza-
tion in between sp2 and sp3 must be
presupposed to give a description that
corresponds to the observed bond angle.

Page 144, column 3 (bottom): Frenk-
ing criticizes our explanation of the
decrease in bond angles with increasing
electronegativity difference between the
ligand and the central atom on the
grounds that bond angles in AH3 and
AF3 are not always consistent with this
explanation. This is because this is one
of the cases where ligand–ligand inter-
actions are important and may override
the predictions of the VSEPR model. In
the case of the hydrides, the small size of
the hydrogen atom allows bond angles
to be unusually small when the hydro-
gen ligands are repelled close to each
other by a lone pair, as occurs in AH3

molecules. However, there are many
examples where bond angles do de-
crease consistently with this electrone-

gativity difference, as for example
among all the halides listed in Table 4.3
(page 96), where we see, for example,
that the bond angles of the fluorides and
the chlorides decrease consistently from
N to Sb.

We fully realize that there are some
exceptions to the VSEPR model, many
of which can be accounted for in terms
of ligand–ligand interactions, and so we
follow the chapter on VSEPR with a
chapter on the ligand close packing
(LCP) model. It is not to be expected
that a qualitative model such as the
VSEPR model would be without excep-
tions, and we do not claim this. Never-
theless, as Frenking states, “the heuristic
VSEPR model has become an impor-
tant standard model for understanding
the structures of inorganic molcular
compounds”. Moreover, as Frenking
also states, “the VSEPR model receives
a quantum mechanical justification and
explanation that is based on the AIM
theory”. We admit that it has some
deficiences but, as we show, they are not
nearly as numerous or as serious as
Frenking leads readers to believe. More-
over, there are, in most cases, good
explanations for these exceptions.

Page 145, column 1: Frenking states
that the LCP model “appears rather
odd” because “a large number of quan-
tum mechanical calculations show that
the bonded distance between two atoms
is determined mainly by their direct
electronic interactions”. The LCP mod-
el does not claim that the bonding
distance is determined only by packing
considerations but claims only that
bonds in four-coordinated molecules
are longer than in three-coordinated
molecules because three ligands can
pack more closely than four. In other
words, ligand–ligand interactions may
affect bond lengths but they are not the
primary determining factor. The LCP
model provides an alternative explana-
tion to the conventional explanation
based on the change in hybridization
from sp2 to sp3, which, as we have
already pointed out, cannot be regarded
as a true explanation because hybrid-
ization is not a physical phenomenon
but only provides the basis for a partic-
ular description of the bonding. Frenk-
ing states that the LCP model fails for
heavier main-group elements because
the A···X distances for A=Al, Si, P, S

and X=F, Cl, O become shorter, not
longer, as the coordination number in-
creases. However, he quotes only the fact
that the P�F bond is longer in PF3 than in
PF4

+. Here, Frenking ignores two impor-
tant concepts of the LCP and VSEPR
models that are clearly explained in our
book and that are widely accepted,
namely that lone pairs are regarded as
pseudo ligands and contribute to the
coordination number, so that both PF3

and PF4
+ are four coordinate, and that

they lengthen adjacent bonds. In fact, if
we consider a series of molecules in
which the coordination number does
indeed increase and in which there are
no lone pairs then we find that bond
lengths do increase with coordination
number, as is evident in the following
examples: AlF4

� (169.9 pm), AlF6
3�

(189.7 pm); SiF4 (157.0 pm), SiF6
2�

(172.9 pm); PF4
+ (145.7 pm), PF6

�

(158.0 pm). The variation of bond length
with coordination number is also dis-
cussed and illustrated with other exam-
ples on pages 122 and 123.

Page 145, column 3 : Frenking states
that our assertion that the attraction
between the two atoms in a pure cova-
lent bond is due only to the electron
density accumulated between their nu-
clei is “completely wrong”. This claim is
contrary to the opinion of Slater and,
moreover, is in apparent contradiction
with Frenking/s statement in the previ-
ous column that “the bonding line
between two atoms is revealed (in the
AIM theory) without making more or
less arbitrary assumptions”, because this
bonding line is the line along which the
density is larger than in any other
direction; in other words, it shows where
the density is accumulated between the
two nuclei. Since the only forces oper-
ative in a molecule are the electrostatic
forces between the charge density and
the nuclei as well as between the nuclei
themselves, it is reasonable to claim that
the bonding force between two atoms is
due to the electron density accumulated
between the two nuclei.

Page 145, column 3 : We argue that,
because the atomic charges in BF3

suggest a stronger interatomic charge
interaction in BF3 than in LiF, while at
the same time the density at the bond
critical point increases from LiF to BF3,
we must conclude that both the ionic
character and the covalent character of
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the A�F bond increases from LiF to
BF3. This conclusion contradicts the
commonly held view that increasing
covalent character is accompanied by
decreasing ionic character and vice
versa. This view is exemplified by the
common description of bond polarity in
terms of resonance structures such as
H�F and H+ F� , which assumes that as
covalent character increases ionic char-
acter decreases, and vice versa. How-
ever, we do not agree with this view,
although Frenking appears to think that
we do, as it is not consistent with the
evidence from the electron density that
clearly indicates that both covalent
character and ionic character increase
from LiF to BF3 in so far as covalent
character is measured by the electron
density at the bond critical point and
ionic character is measured by the
atomic charges. Thus, it is as clear to
us, as it is to Frenking, that the ionic and
covalent contributions may both in-
crease, although we disagree with
Frenking that this is also clear to all
other chemists. To describe our argu-
ment as a “con”, thus implying that we
have deliberately tried to deceive the
reader, is completely unjustified and
unscientific.

Page 146, column 1: We see nothing
wrong with our laconic or terse state-
ment that “the reasons for the large
bond angles in N(CF3)3 and N(SCF3)3
are not clear”. As we admit, the VSEPR
theory cannot be expected to explain
every feature of molecular structure.
Perhaps Frenking or another reader of
our book might be able to provide an
explanation. In criticizing our discussion
of the relative Lewis acid strengths of
BF3 and BCl3, Frenking states that the
fact that BF3 is a weaker Lewis acid than
BCl3, despite the atomic charge of boron
in BF3 being larger than that of boron in
BCl3, cannot therefore be explained by
the electron density, but he does not
explain how he reaches this conclusion.
We do not criticise the widely held p(p)
back-donation explanation simply be-
cause it is expressed in terms of orbitals,
but because, as we discuss in our book,
there is no other evidence for it other
than the short length of the B�F bond
which can alternatively be accounted for
by the large polarity of the B�F bond.

Page 146, column 2 : We do not
“praise AIM atomic charges as a basis

for the nature of the chemical bond” as
Frenking claims. They are simply one of
the properties of a molecule related to
the electron-density distribution that are
useful in understanding bonding. Al-
though he states earlier that the AIM
theory “has become an important tool
… for analyzing the bonding situation in
molecules” he nevertheless criticizes the
atomic charges, quoting the case of
methane for which the atomic charges
on hydrogen have a very small negative
value of �0.04. In other words, the
atomic charges in this molecule are very
close to zero. However, his criticism of
these charges amounts only to the sub-
jective statement that “everybody who
knows about the fundamental difference
between the chemical behavior of protic
and hydridic hydrogen will be startled
by this”. Perhaps they will be startled,
but this is no evidence that these charges
are incorrect. Essentially, the charge
transfer is zero as expected, which
indicates that CH4, situated at the boun-
dary between hydridic and protic be-
havior, shows neither type of behavior.

There follows a criticism of our
discussion of the geometry of CF3O

� in
which Frenking states that “the authors
fail to justify why they are using the
radius of the carbonyl oxygen for the
oxygen atom”. But nowhere in our
discussion do we use, or even mention,
the radius of the carbonyl oxygen atom.
In general, as we state elsewhere in the
book, we do not find covalent (atomic)
radii to be a useful concept. Frenking
seems to have completely misunder-
stood our arguments, which can be
simply summarized by the statement
that Lewis structures may be used to
describe the bonding in OCF3

� , but they
do not provide an explanation for the
geometry which can be understood in
terms of the LCP model independently
of the Lewis structures used to describe
the bonding. To describe our arguments
as “deceptive” is both unjustified and
unfair. We do not claim, as Frenking
states, that the shorter bond in CO
compared with CO2 is consistent with
the LCPmodel. It is clear to anyone that
ligand packing is not relevant when
there are only one or two ligands. We
state only (p. 206) that “molecules in
which the carbon is four-coordinated
have longer CO bonds than in molecules
in which the carbon is three-coordinated

which in turn are longer than the bonds
in CO2 and CO”. We make no compar-
ison of the bond lengths in CO2 and CO.
Ligand packing places a restraint on the
lengths of the bonds when they are
close-packed, as in four- and three-
coordinated molecules, but this restraint
is absent in both CO2 and CO.

Page 146, column 3 : In our discus-
sion of the description of the bonding in
SF6, our aim was to show that the
common representation of bond polar-
ity using Lewis structures with ionic
bonds is unnecessarily complicated. This
type of description does, as we have
mentioned before, consider formal
charges to be real charges—it would be
useless if it did not. To give a description
consistent with the atomc charge on
sulfur of + 3.55 it would be necessary to
include further structures with more
than two ionic bonds as well as those
written in accordance with the octet rule
structures which give a charge of + 2.0
on sulfur, thus further complicating the
description. If we accept, as Lewis did,
that the bonds are polar, and that a bond
line can be used to describe a polar bond
as well as a nonpolar bond, then the
Lewis type structure with six-bond lines
is a perfectly acceptable description, and
there is no need to use a multitude of
Lewis structures incorporating ionic
bonds. Once again Frenking has not
understood our arguments. We are per-
fectly aware that formal charges are not
real charges, but in describing bond
polarity in terms of Lewis structures
formal charges are indeed taken to
represent real charges, a point that does
not seem to have been appreciated by
Frenking.

Following this discussion he claims
to have found data in the tables that
contradict the VSEPR and LCP models.
He gives only the example of the lengths
of the equatorial bonds in SF4

(154.5 pm) and in SF2 (162.5 ppm) and
claims that these are not in accordance
with the LCP model, which he says
predicts that the bonds in SF4 should be
longer than in SF2. However, he ignores
the bond-lengthening effect of the lone
pairs, which must also be taken it
account since SF2 has two lone paris
whereas SF4 has only one.

Frenking claims that the reason why
the lone electron pair in SeF6

2�, IF6
� ,

and XeF6 “suddenly becomes inactive,
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although it plays an important role in
the C4v geometry of IF5, remains un-
clear”. In fact the lone pair does not
suddenly become inactive in these mol-
ecules, but it is partially active giving the
observed C3v geometries. This, as we
explain, is because the space occupied
by the six ligands leaves insufficient
space for a full lone pair, which there-
fore partially occupies the valence shell
while remaining partially in the region
immediately surrounding the core. In
IF5, which has only five ligands, there is
plenty of space in the valence shell to
accommodate the lone pair. This point
has previously been thoroughly dis-
cussed in an article in this journal[9]

and in a forthcoming article.[10]

We could quote several other exam-
ples where Frenking has misrepresented
or misunderstood our arguments, but
lack of space prevents discussion of
them here.

In summary, we may say a) Frenk-
ing/s detailed criticisms that are leveled
mainly at the VSEPR and LCP models,
based as they are on his lack of under-
standing and misinterpretation of our
arguments are unjustified. These models
are independent of both the wave func-
tion of the molecule and the electron
density, although they receive support

from the analysis of the electron density
and from quantum mechanics. b) The
question of whether or not the wave
function or the electron density is the
more fundamental is perhaps open to
dispute, but in our opinion the electron
density, which is an easily understand-
able property of a molecule and can be
obtained directly from the wave func-
tion and by experiment, is much more
useful for understanding chemical bond-
ing and molecular geometry than is the
wave function, which Frenking states “is
too abstract and elusive for the human
imagination to grasp”. When Frenking
refers to the wave function he must
surely be referring to approximate orbi-
tal models based on the wave function
and, as we show, in the case of ethylene
for example, these are just descriptions
of the bonding that in general are not
unique and do not explain geometry.
c) We believe that our book does indeed
provide a useful introduction to models
and theories of chemical bonding and
geometry, in particular, to simple orbital
models, the VSEPR model, the LCP
model, and the AIM analysis of the
electron density, which is presented at a
level much more accessible to under-
graduate students than Bader/s original
monograph.[7] Moreover, our book

shows students that none of these mod-
els and theories are perfect, although
they all have their uses.
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