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1. INTRODUCTION

Hydrogen bonding is an important interaction playing a key
role in chemical, physical, and biochemical processes.1-4 One
can mention numerous examples such as the role of hydrogen
bonding in enzymatic catalysis,5,6 arrangement of molecules in
crystals,7,8 crystal engineering,9 proton transfer reactions,10,11

and also its important role in life processes.12,13 Hence, its nature
is often the subject of investigations and polemics.

One of the first definitions of hydrogen bonding was for-
mulated by Pauling who stated that14 “under certain conditions
an atom of hydrogen is attracted by rather strong forces to two
atoms, instead of only one, so that it may be considered to be
acting as a bond between them. This is called the hydrogen
bond”. Pauling also pointed out that the hydrogen atom is
situated only between the most electronegative atoms and it
usually interacts much stronger with one of them. The latter
interaction is a typical covalent bond (A-H). The interaction
between hydrogen and another electronegative atom is much
weaker and mostly electrostatic in nature; it is a nonbonding
interaction (H 3 3 3B). This system is often designated as A-
H 3 3 3B where the B-center (acceptor of proton) should possess
at least one lone electron pair;14 A-H is called the proton-
donating bond. Pauling stated that sometimes the H 3 3 3B
interaction possesses characteristics of the covalent bond. The
[FHF]- ion is an example where the proton is inserted between
two negative fluorine ions, accurately in the middle of the F 3 3 3 F
distance. Hence, both H 3 3 3 F interactions are equivalent. This is
in line with an early conclusion of Lewis that “an atom of hydro-
gen may at times be attached to two electron pairs of two
different atoms”15 and with the statement of Latimer and Rode-
bush that “the hydrogen nucleus held by two octets constitutes a

weak bond”.16 The latter statements correspond to recent studies
on proton bound homodimers, that is, systems where the proton
is inserted between two closed-shell moieties and where it often
interacts equivalently with both of them. Chan and co-workers
analyzed recently what factors determine whether the proton-
bound homodimer has a symmetric or an asymmetric hydrogen
bond.17 In the other study, it is discussed what conditions should
be fulfilled for the proton situated accurately in the midpoint of
the donor-acceptor distance.18 The high level calculations up to
CCSD(T)/6-311þþ(3df,3pd)//CCSD/6-311þþ(3df,3pd) were
performed on the [FHF]- ion and systems with O-H 3 3 3O or
N-H 3 3 3N hydrogen bonds. The latter study is supported by
the experimental X-ray and neutron diffraction data because
there are numerous crystal structures with short O-H 3 3 3O
hydrogen bonds and the proton situated in the central position or
nearly so.18 Also recently, homogeneous and heterogeneous
short and strong hydrogen bonds (SSHBs) as well as the proton
bound homodimers were analyzed theoretically at MP2/aug-cc-
pVDZ þ diffuse(2s,2p) level.19

Among various topics, the matter was raised if hydrogen bon-
ding is an electrostatic or covalent interaction.20,21 The following
question arises: what does the covalency of hydrogen bonding
mean? The decomposition of the interaction energy is useful to
analyze hydrogen bonding and particularly to answer the latter
question. One of the first decomposition schemes introduced is
one of Morokuma and Kitaura,22 where the interaction energy is
calculated within the Hartree-Fock one-electron approximation
and it is decomposed into the following components: the
exchange energy, EEX (arising from repulsive forces), and the
other components, which might be a result of attractive forces:
the polarization energy, EPL, the charge transfer energy, ECT, and
the electrostatic energy, EES. If a method is applied where the
correlation of electrons is taken into account, then the correlation
energy may be included.23,24 One of the most important attrac-
tive components of the correlation energy is the dispersive
energy.25 Different H-bonded systems were analyzed early by
Umeyama and Morokuma who stated that: “The energy com-
ponents are strongly distance dependent. At a relatively small
separation, ES, CT, and PL can all be important attractive
components, competing against a large EX repulsion. At larger
distances for the same complex the short-range attractions CT
and PL are usually unimportant and ES is the only important
attraction.”26 One can see that the “covalency of interaction”may
be connected with short H 3 3 3B distances where terms other
than the electrostatic attractive one are important.
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It was pointed out that the electron transfer from the acceptor to
the proton-donating bond is characteristic for hydrogen bonding.27

This transfer is greater for stronger interactions. Desiraju claimed
that stronger hydrogen bonds are characterized by considerable
charge transfer energy, whereas weaker hydrogen bonds are elec-
trostatic in nature.28 It was found recently that the delocalization
(approximately both ECT and EPL terms if one refers to the
Kitaura-Morokuma partitioning) and the electrostatic interac-
tion energy, EES, are the most important attractive terms for
hydrogen-bonding interactions.29 If the interaction strength
increases, then the H 3 3 3B distance shortens and also the ratio
between delocalization and electrostatic interaction energy terms
increases.29 Gilli and co-workers pointed to the so-called reso-
nance-assisted hydrogen bonds (RAHBs) where the enhance-
ment of hydrogen-bond strength is the result of π-electron
delocalization.30,31 The authors stated that RAHBs are often
strong and covalent in nature; similarly, charge-assisted hydrogen
bonds (CAHBs) are often classified as strong hydrogen bonds.

There are different definitions of hydrogen bonding; thus, in
numerous studies the classification of any interaction considered
may be equivocal. For example, numerous C-H 3 3 3B interac-
tions were classified as hydrogen bonds.21,32,33 However, they
could not be classified as hydrogen bonds if the Pauling definition
of hydrogen bonding is applied because carbon is not an elec-
tronegative atom. There are the other examples; in the mid-
1990s an interaction named as dihydrogen bond (DHB) was
detected and analyzed.34 Since then, the number of studies con-
cerning DHB systems has increased rapidly; such systems were
analyzed both experimentally35 and theoretically.36,37 It seems
that the definition of hydrogen bonding introduced very early by
Pimentel and McClellan covers a broad range of interactions.21

The authors stated that:

“A H bond exists between a functional group A-H and an
atom or a group of atoms B in the same or a different molecule
when
(a) there is evidence of bond formation (association or

chelation),
(b) there is evidence that this is new bond linking A-Hand B

specifically involves the hydrogen atom already bonded
to A.”

Thus, all kinds of hydrogen bonding mentioned above are
covered by this definition, among them dihydrogen bonds and
C-H 3 3 3B interactions. However, it is not precisely defined
what is “evidence of bond formation”; additionally, according to
this definition, the so-called inverse hydrogen bonding or hydride
bonding38,39 is also classified as hydrogen bonding. The latter
interaction is characterized by the existence of the negatively
charged hydrogen atom inserted between two electropositive
atoms; thus, it seems that it is not the kind of hydrogen bonding.
Similarly, the so-called agostic interaction is not classified as
hydrogen bonding either because it was shown that this interac-
tion possesses characteristics of hydride bonding.39 On the other
hand, dihydrogen bond may be classified as hydrogen bonding;
this will be explained in detail in the next sections. Such
considerations depend on the kind of definition applied.

Chart 1 presents different types of interactions, not only
hydrogen bonds but also such interactions that are in nature
similar to hydrogen bonding. All interactions presented may be
classified as Lewis acid-Lewis base ones,40 and all of them are
represented in crystal structures of organic and organometallic
compounds. It was pointed out in early studies41 that hydrogen

bonding may be treated as the Brønsted acid-Brønsted base
interaction. The transfer of electron charge (Chart 1, arrows)
from the Lewis base to the Lewis acid is one of the characteristics
attributed to hydrogen bonding.27 The Natural Bond Orbitals
method (NBO)42,43 shows that for typical hydrogen bonding, a
two-electron nB f σAH* intermolecular donor-acceptor inter-
action exists where electron density from the lone pair nB of the
Lewis base B delocalizes into the unfilled σAH* antibonding
orbital of the Lewis acid. The nB f σAH* orbital overlap is
characteristic for hydrogen-bonding interaction.20,42,43 There are
other methods to analyze intra- and intermolecular interactions;
the QuantumTheory of “Atoms inMolecules” (QTAIM)44-47 is
one of the approaches often applied to analyze the electron
charge distribution for the hydrogen-bonded systems.

It was pointed out in numerous studies that the short and
strong hydrogen bonds (SSHBs) have a partly covalent chara-
cter,48 similarly to low barrier hydrogen bonds (LBHBs).49 Is the
covalent character attributed to weaker hydrogen bonds? This
matter was considered in recent studies,50 but it was also pointed
out early by Pauling who even proposed how to estimate the
covalency for hydrogen bonds existing in ice.14 These topics are
discussed in this Review, not only for typical Pauling-type
hydrogen bonds but also for the other interactions often
classified as hydrogen bonds.

2. GEOMETRICAL PARAMETERS OF HYDROGEN
BONDING

The dependence between the strength of hydrogen bonding
and the H 3 3 3B distance is often discussed, especially for O-
H 3 3 3O systems.30 However, such a relationship is only a rough

Chart 1. a

aReprinted with permission from ref 40 . Copyright 2006 American
Chemical Society.
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one even if H 3 3 3O distances concern similar species immersed
into similar environments, in other words, if the considered
sample of O-H 3 3 3O systems is homogeneous.51 The estima-
tion of hydrogen-bonding strength on the basis of distances is not
possible for a heterogeneous sample, especially if hydrogen
bonds differ in the type of proton donor and/or proton acceptor.
In view of the above difficulties, such ideas as the bond order52,53 or
the other ones allow one to unify interactions to estimate their
strength even if different pairs of atoms are considered. The bond
number connected with interatomic distance seems to be good to
introduce a measure of strength for nonbonding contacts including
hydrogen bonds. The bond numberwas introduced early by Pauling
for interatomic distances observed in metals.54 The distance-bond
number relationship is expressed by the following equation:

rn - rS ¼ Δr ¼ - c log n ð1Þ
where rn and rS designate bond lengths, the given one with the
bond number equal to n, and a single, reference one with the
bond number equal to 1. c is the constant that varies depending
on the nature of atoms involved in the interaction. Most often
this constant is calculated from the symmetrical systems. Thus,
the A-H 3 3 3B (A = B) system with the centric position of pro-
ton is taken into account. Then, for such a system, we have two
equivalent half-bonds, and further one can estimate the value of c:

r1=2 - rS ¼ - c log 1=2 ð2Þ
For the O-H 3 3 3O system with the proton situated in the
middle of the O 3 3 3O distance, the following O 3 3 3O distances,
2.44 Å55 and 2.4 Å,30 were taken into account, leading to the
corresponding half-bond lengths. Thus, one can see that the
reference interatomic distance choice is arbitrary, and this
concerns the half-bond as well as the single bond.

The bond number may be understood as the fraction of electron
pair participating in the atom-atom contact, and the logarithmic
relation expressed by eq 1 is a consequence of the exponential
character of intermolecular forces. Hence, one may say that for the
proton-acceptor distance (H 3 3 3B), the bondnumber, n, expresses
the sharing of electrons in an interatomic region, in other words, the
covalency of intermolecular interaction. It is not a new idea since
Pauling used the concept of bond number to estimate the covalent
contribution of intermolecular H 3 3 3O interactions to amount to
6% for the crystal structure of ice.14

B€urgi andDunitz55,56 adopted Pauling’s relationship (eq 1) for
triatomic systems with an additional assumption postulating that
the sum of two bond numbers within the system considered is
equal to unity, which leads to the equation:

10-Δr1=c þ 10-Δr2=c ¼ 1 ð3Þ
where Δr1 = r1 - rS and Δr2 = r2 - rS are bond length increases
and correspond to r1 and r2 bond lengths within the considered
system. Equation 3 is known as the bond number conservation
(BNC) rule. A similar relation was introduced by Johnston57,58

to describe the gas-phase reactions, and originally it was called
the bond order conservation rule. BNC rule may be applied for
hydrogen bonding.30,55,59 It may be understood in the following
way. If the A-H bond is not involved in any additional external
interaction, then its bond number amounts to unity. If the A-H
bond participates in the intermolecular interaction such as
hydrogen bonding, then the A-H bond elongates, and conse-
quently (eq 1) the bond number value decreases. In other words,

the proton donating bond “loses its covalency” as a result of
complexation. This loss is compensated by the H 3 3 3B contact
where one can observe the sharing of electrons; a fractional part
of the electron pair is expressed by the bond number. Hence, for
the shorter H 3 3 3B contacts within the A-H 3 3 3B systems, there
are longer A-H bonds. The latter relationship was analyzed for
numerous samples taken from experimental measurements as
well as from theoretical calculations.1,30,51,60-62 It was found for
the neutron diffraction results concerning various types of
hydrogen bonds in crystals of organic and organometallic
compounds.63 The heteronuclear hydrogen bonds such as N-
H 3 3 3O, O-H 3 3 3N, O-H 3 3 3 S, S-H 3 3 3O, and N-
H 3 3 3Cl

- were considered.63 Especially, there are numerous
neutron diffraction results onO-H 3 3 3O systems and numerous
studies concerning the relationships between geometrical para-
meters of these systems.64-67

The sample of CdO 3 3 3H-O-H systems is considered here,
that is, systems containing the carbonyl group as a proton
acceptor and the O-H proton-donating bond connected with
carbon atom. The Cambridge Crystal Structure Database68 was
searched for such systems of neutron diffraction organic and
organometallic crystal structures where R e 7%, esd’s for CC
bonds e 0.005 Å, and also only error free and no disorder
structures were declared. Figure 1 presents the dependence
between the H 3 3 3O distance and the O-H bond length for
this sample; the line obtained from the bond number conserva-
tion rule is also given (r0 = 0.957 Å, r1/2 = 1.2 Å). Weak O-
H 3 3 3O hydrogen bonds are excluded because the H 3 3 3O
distance was fixed to be less than 2 Å.

This relationship between the H 3 3 3O distance and the O-H
bond length is well approximated by the monotonic function
(eq 3; Figure 1) with a few exceptions only. For the shorter
H 3 3 3O distances, there occurs a more meaningful elongation of
theO-Hbond; the shortest observedH 3 3 3Ocontacts are of about
1.2 Å. Further shortening of H 3 3 3O distance is not possible
because it would be connected with longer O-H bond lengths
than the correspondingH 3 3 3Ocontacts.However, theO-H 3 3 3O
hydrogen bonds are possible where the elongation of O-Hbond
is connected with the elongation of H 3 3 3O contact. Three such
cases were found for the sample considered. For these entries,
H 3 3 3O and O-H interactions are equivalent because these

Figure 1. Relationship between the H 3 3 3O distance and O-H bond
length (both in Å) for the accurate neutron diffraction results of
CdO 3 3 3H-O-C systems. Three symmetric O 3 3 3H 3 3 3O systems
with central position of the proton are shown; the solid line represents
this relationship obtained from the bond number conservation rule.



2600 dx.doi.org/10.1021/cr800346f |Chem. Rev. 2011, 111, 2597–2625

Chemical Reviews REVIEW

distances are equal to each other. They amount to 1.22, 1.224,
and 1.237 Å. The latter O 3 3 3H 3 3 3Osystemsmay be classified as
similar to the (FHF)- system where a very strong hydrogen
bond occurs. One may say of such systems that the proton is
inserted between two oxygen centers both possessing lone pairs
of electrons. Thus, there is no diversity between O-H and
H 3 3 3O because both are equivalent and both may be treated as
interactions possessing the characteristics of the covalent bond.
There are numerous such O 3 3 3H 3 3 3O systems known from the
crystal structures with the proton situated exactly in the middle of
the O 3 3 3O distance.18 However, the sample analyzed here is only
concernedwith neutron diffraction results; thus, only two accurately
determined crystal structures contain such systems (Figure 2).
These are the crystal structures of potassium hydrogen bis(ace-
tylsalicytate), Kþ,C18H15O8

-,69 and potassium hydrogen mesotar-
trate, Kþ,C8H11O12

-;70 the first one contains one type of O 3 3 3
H 3 3 3O system with the central position of the proton, and the
second structure contains two such systems (Figure 2).

The dependence between the O-H bond number (nOH)
and the corresponding H 3 3 3O bond number (nH 3 3 3O) for
the CdO 3 3 3H-O-C systems analyzed here is presented in
Figure 3. This relationship may be interpreted in the following
way. The bond number is the fraction of pair of electrons shared
between atoms; thus, the shorter H 3 3 3O distance corresponds
to the greater covalency contribution. Hence, even weak hydrogen
bonds have the characteristics of covalent interaction because any
atom-atom distance may be interpreted in terms of the bond
number approach.

The linear correlation coefficient for this relation amounts to
0.957. The solid line in Figure 3 corresponds to the BNC rule
(y = -x þ 1), and this model is in agreement with the expe-
rimental data for which the regression line is very close to the
theoretical one (broken line in Figure 3, y = -1.047x þ 0.999).

There is another approach referring to the bond length, which
also allows one to consider a broader spectrum of atom-atom
interactions. It is the Bond Valence model (BVmodel).71-73 The
BNC rule and BVmodel were often applied in numerous investiga-
tions concerning interactions74-76 and chemical reactions,77-79

among the latter ones, proton transfer processes.80-83

The A-H 3 3 3B angle is another geometrical characteristic of
hydrogen bonding. The hydrogen-bonded systems tend to
linearity. This may be explained as a consequence of the maximal
nB f σAH* overlap.

20 Hence, if hydrogen bonding is stronger,
thus the A-H 3 3 3B angle is closer to 180�. It was stated that for
very strong hydrogen bonds, the A-H 3 3 3B angle range is 175-
180�, for strong it is 130-180�, while for weak it is 90-180�.3
This is supported by the crystal data taken from the Cambridge
Structural Database (CSD);68 for short H 3 3 3O contacts of O-
H 3 3 3O interactions (strong hydrogen bonds), the angle range is
narrower than for long such distances (weak hydrogen bonds).
For C-H 3 3 3O interactions, a similar tendency is observed;
however, no such short H 3 3 3Odistances are observed as for O-
H 3 3 3Ohydrogen bonds. Thus, even for the shortest (C)H 3 3 3O
distances, the C-H 3 3 3O angle range is not as narrow as for the
short (O)H 3 3 3O distances.3

3. HYDROGEN-BOND ENERGY

It was shown in the previous section that the covalency of
hydrogen bonding is related to the H 3 3 3B proton-acceptor dis-
tance. If that distance is expressed in terms of the Bond Valence
(BV) model73 or the bond number idea,54,55 then it is possible
to estimate “the degree of covalency”. However, these ideas are
only approximate, having physical meaning only if one assumes
that the bond number is understood as the fraction of elec-
tron pairs shared within the considered atom-atom region.54

Therefore, the parameters better attributed to well-defined
terms of physics, for example, the hydrogen-bond energy,
should be taken into account to discuss the hydrogen-bonding

Figure 2. Fragments of crystal structures containing symmetric
O 3 3 3H 3 3 3O systems designated in Figure 1. For the first crystal
structure (KHDASL01 refcode), there is one symmetric O 3 3 3H 3 3 3O
hydrogen bonding; for the second crystal structure (KHMTAR01
refcode), there are two such interactions, and those O 3 3 3H 3 3 3O
systems are indicated by arrows; red circles, oxygen atoms; black,
hydrogen; gray, carbon; violet, potassium ion.

Figure 3. Relationship between the H 3 3 3O and O-H bond numbers
of O-H 3 3 3O hydrogen bonds taken from accurate neutron diffraction
results. The solid line corresponds to the bond number conservation
rule, and the broken line represents the linear regression. The sample
considered here is the same as that of Figure 1.
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characteristics.84 Desiraju claimed “Pronounced covalent charac-
ter in a hydrogen bond is found only occasionally and that too in
very strong bonds (energy range 20-40 kcal mol-1).”28 How-
ever, it is proven in this Review that the covalent character is
attributed to hydrogen-bonding interaction and it exists not only
occasionally.

It is usually assumed85 that if there is intermolecular hydrogen
bonding between two species designated as R1-A-H and B-
R2, then the energy of such an interaction may be expressed by
eq 4.
ΔE ¼ EðR1-A-H 3 3 3B-R2Þ- EðR1-A-HÞ- EðB-R2Þ ð4Þ

There is stabilization of the R1-A-H 3 3 3B-R2 system con-
nected with the H-bond formation; thus, the ΔE-value is
negative.86 It is usually assumed that the hydrogen bonding is
the most important and predominant interaction for two inter-
acting species and the other interactions between them are
meaningless. The ΔE value is exactly the binding energy where
all interactions leading to the stabilization of the complex are
taken into account, not only the single A-H 3 3 3B connection.
The binding energy of the A 3 3 3B complex is usually calculated
according to the supermolecular approach,87,88 eq 5.

Ebin ¼ EA 3 3 3B
ðA 3 3 3BÞA ∪ B - EA 3 3 3B

ðAÞA - EA 3 3 3B
ðBÞB

ð5Þ
The designations in parentheses correspond to systems in which
energies are considered; the superscripts indicate the basis sets
used for the corresponding systems, and the subscripts indicate
the geometries optimized. The binding energy given by eq 5 is
the difference between the energy of the A 3 3 3B complex with
the fully optimized geometry and the complex A∪B basis set and
the energies of A and B subsystems with geometries taken from
the complex for which the energies are calculated within A and B
monomers’ basis sets. However, this approach (eq 5) does not
take into account the deformation energy being the result of
complexation. The deformation energy is positive because the
isolated monomers involved in any stabilization interaction
change their geometries and are taken out from minima. This
energy is defined as follows:

Edef ¼ EA 3 3 3B
ðAÞA þ EA 3 3 3B

ðBÞB - EAðAÞA - EBðBÞB ð6Þ

The designations of eq 6 correspond to those of eq 5. Thus, one
can obtain the binding energy where the deformation energy is
taken into account (Ebin/def).

Ebin=def ¼ Ebin þ Edef

¼ EA 3 3 3B
ðA 3 3 3BÞA ∪ B - EAðAÞA - EBðBÞB ð7Þ

The other effect that should be taken into account to calculate the
binding energy is the Basis Set Superposition Error (BSSE).89

BSSE is more distinct for incomplete, unsaturated basis sets, and
it may be explained as follows. For the complex, each monomer
may compensate the basis set incompleteness using the basis
function of its neighbor. Hence, the energy of the complex is
lowered, and the H-bond energy (generally the binding energy)
is overestimated (it is “more negative” than it should be). This
effect decreases if the basis set applied is enlarged, and within the
limits of the complete basis set, BSSE tends to zero.24,90 How-
ever, it is not possible to use the large, saturated basis sets for large
and complicated molecular systems as, for example, biochemically

active species because this requires considerable computational
effort and the corresponding calculations are very time-consum-
ing. Thus, for incomplete basis sets, a frequently applied app-
roach to estimate the BSSE is the Counterpoise (CP) correction
defined as:91

ΔECP ¼ EA 3 3 3B
ðAÞA þ EA 3 3 3B

ðBÞB - EA 3 3 3B
ðAÞA ∪ B

- EA 3 3 3B
ðBÞA ∪ B ð8Þ

ΔECP is positive because the energy calculated at complex basis
set (A∪B) is lower than the energy calculated with the use of the
monomer basis sets (A or B).89 The correction introduced by
Boys and Bernardi and expressed by eq 8 is most frequently
applied. However, there are also other approaches that lead to the
reduction of the basis set superposition error.92-96 The other
important correction often included in calculations is the so-
called “zero point vibrational energy” (ZPVE).97,98 Thus, there
are the following important effects that should be taken into
account to estimate the binding energy, particularly H-bond
energy: the deformation energy, a physical effect being the result
of complexation; ZPVE, the physical effect connected with
vibrations in the ground state; and BSSE, the effect connected
with computational limitations because the frequently applied
basis sets are not saturated.

It was shown that the deformation of species forming hydro-
gen bonding increases if the strength of this interaction increases
too.99,100 This was confirmed by the calculations performed on
complexes connected by various types of hydrogen bonding.101

MP2/6-311þþG(d,p) calculations were performed on systems
with such hydrogen bonds as O-H 3 3 3O, O-H 3 3 3N, F-
H 3 3 3O, F-H 3 3 3N, and C-H 3 3 3O, dihydrogen bonds, and
very strong charge-assisted (F 3 3 3H 3 3 3 F)

- hydrogen bond was
also included. Particularly, the following complexes were con-
sidered: (C2H2)2, FH 3 3 3OCH2, NF3H

þ
3 3 3HBeH, H3N 3 3 3

HF, NH4
þ
3 3 3HBeH, NH4

þ
3 3 3HBeF, (H2O)2, FH 3 3 3C2H2,

(FHF)-, FH 3 3 3OH2, FH 3 3 3HLi, HCCH 3 3 3OH2, and
HOH 3 3 3NH3.

101 Figure 4 presents selected complexes of this
sample.

Figure 5 shows, for this sample, the relationship between the
proton-acceptor distance (H 3 3 3B) and the binding energy.
Open symbols represent the binding energies where the defor-
mation energies are included, whereas closed ones correspond to
the energies where the deformation is not taken into account.
(F 3 3 3H 3 3 3 F)

- is designated by triangles; for this system, the
deformation energy outweighs 20 kcal/mol. Squares correspond
to dihydrogen-bonded systems; these are usually strong charge-
assisted interactions. For these species, the deformation is also
visible. The remaining complexes correspond to weaker interac-
tions like C-H 3 3 3O for the complex of water (proton acceptor)
and acetylene (proton donor) or T-shaped dimer of acetylene.
Figure 5 does not show open circles for such complexes because
the deformation energies are very close to zero. If one assumes
that the H 3 3 3B distance roughly expresses the hydrogen-bond
strength, then one can observe the more important deformation
energy (expressed in Figure 5 by the displacement between open
symbols and the corresponding closed ones) for stronger hydro-
gen bonds. Two species are significantly out of the range of the
remaining ones; they are the (F 3 3 3H 3 3 3 F)

- system where the
deformation energy is equal to 21.2 kcal/mol and the charge-
assisted dihydrogen-bonded system of the F3NH

þ
3 3 3HBeH

complex where this energy is equal to 6.1 kcal/mol. For the other
complexes, the deformation energy does not exceed 0.8 kcal/mol.
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The decomposition of the interaction energy is a very useful
tool to characterize hydrogen bonding. One of the first decom-
positions was that of Kollman and Allen.102,103 However, the first
approach that was commonly accepted and further applied was
proposed byMorokuma andKitaura.22,104,105 TheHartree-Fock
(SCF) interaction energy is decomposed here according to eq 9.

ΔESCF ¼ EES þ EEX þ EPL þ ECT þ EMIX ð9Þ

EES designates the energy of interaction between the undistorted
charge distributions of two interacting moieties, and this is called
electrostatic interaction energy. EPL is the energy of the distor-
tion of charge distribution within monomers as an effect of
complex formation, the polarizarion interaction energy. ECT is
the energy of charge transfer from one moiety to the other as an
effect of complexation. EEX is the exchange energy, which may be
roughly defined as a result of the repulsion of electron clouds.
EMIX is the energy difference between SCF interaction energy
and the above-mentioned four components, and it is usually
named as “the coupling energy term”. EEX is the repulsive inte-
raction energy term, whereas the other terms, EES, EPL, and ECT,
are attractive interaction energy terms.

Formethods including the correlation energy, for example, the
MP2 method, the binding energy is expressed by eq 10.

ΔEMP2 ¼ ΔESCF þ ECORR ð10Þ
The dispersion energy (EDISP) is one of the most meaningful
attractive interaction energy components of the electron correla-
tion energy, ECORR. However, ECORR and consequently EDISP are
not included in SCF binding energy. Hence, if one would like to
include dispersion interaction energy, one should go beyond the
Hartree-Fock method. Another inconvenience of the approach
expressed by eq 9 is the EMIX term, which does not have precise
physical meaning because it is the result of poorly separated
interaction energy.

There is another variation-perturbation approach where the
starting wave functions of the subsystems are obtained in the
dimer-centered basis set.106,107 The results of that decomposition
are presented in this Review. In the latter scheme, due to the full
counterpoise correction, the total interaction energy as well as all
of its components is free of basis set superposition error (BSSE).
In this approach, the following interaction energy terms are
obtained:

ΔE ¼ EES
ð1Þ þ EEX

ð1Þ þ EDEL
ðRÞ þ ECORR ð11Þ

where EES
(1) is the first-order electrostatic interaction energy

term describing the Coulomb interaction of static charge dis-
tributions of both moieties within the complex; EEX

(1) is the
repulsive first-order exchange term resulting from the Pauli
exclusion principle; and EDEL

(R) and ECORR correspond to
higher order delocalization and correlation components. The
delocalization component contains all classical induction, ex-
change-induction, etc., from the second order up to infinity. For
the approach expressed by eq 11, the delocalization interaction
energy term EDEL

(R) roughly corresponds to ECT and EPL terms
in eq 9. The EDEL

(R) term of the variation-perturbation approach
(eq 11) is not partitioned because the charge transfer interaction
energy is strongly basis set dependent, while the delocalization
energy is much less sensitive to the basis sets effects.

The results of the Natural Bond Orbital (NBO), also pre-
sented in this Review, differ significantly from the other decom-
position schemes. The disagreements between different
approaches are connected with different treatments of orbital
overlap,42,108-110 which intrinsically affects how electron density
is attributed to atomic centers; the Mulliken scheme is an exam-
ple of the unrealistic overlap population division. In schemes
based on the NBO method, the orbital overlap is removed at the
atomic level because such approaches are formulated in the
overlap-free domain of natural atomic orbitals (NAOs). This
assures consistent charge assignments for further hybridization,
bond formation, and intermolecular interactions, particularly

Figure 5. Relationship between the proton-acceptor distance (in Å)
and the binding energy (kcal/mol) for complexes of Table 1. Squares
correspond to the dihydrogen bonds, triangles to the (FHF)- system,
and circles to the other complexes. Open symbols correspond to the
binding energies calculated in such a way that the deformation energy is
taken into account, and closed symbols correspond to supermolecular
approach where deformation energy is not included. Reprinted with
permission from ref 101. Copyright 2005 Wiley Interscience.

Figure 4. Selected systems of those presented in Table 1. Reprinted
with permission from ref 101. Copyright 2005 Wiley Interscience.
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H-bond formation. In Morokuma-type decompositions, this is
valid only in the long-range limit far beyond interatomic orbital
interactions. For hydrogen-bonded systems, especially in the case
of strong hydrogen bonds, the proton-acceptor distance is
inside van der Waals contact, where atomic orbital overlap con-
fuses assignments of atomic charge and consequently the elec-
tron transfer betweenmonomers and the evaluation of ECT term.

The other methods, like the Ziegler-Rauk approach,111 Baer-
ends-Bickelhaupt decomposition,112,113 BLW,114-116 or ALMO-
EDA,117,118 treat the overlap-density terms in different ways, but
all differ significantly from the overlap-free NBO methods.

Table 1 presents the results of the decomposition of interac-
tion energy (eq 11) for the same set of complexes as that pre-
sented in Figure 5. Additionally the first-order Heitler-London
energy term, EH-L

(1) = EES
(1)þ EEX

(1), is included, as well as the
Hartree-Fock interaction energy, ΔEHF. Generally, for the
complexes presented in Table 1, the electrostatic interaction
energy term is the most important attractive one. However, one
can see that for some of the complexes, the Heitler-London
interaction energy term is positive. This is observed for strong
interactions, for such complexes as NH4

þ
3 3 3HBeH, NH4

þ
3 3 3

HBeF, and F3NH
þ
3 3 3HBeHwhere dihydrogen bonds exist. For

the latter complex, the delocalization interaction energy term is
the most important attractive one. Similarly, positive EH-L

(1)

appears for those complexes where π-electrons are the acceptor
of proton in hydrogen bonds, that is, T-shaped complexes: dimer
of acetylene, (C2H2)2, and F-H 3 3 3C2H2 complex.

Table 2 contains the interaction energy terms (eq 11) for
complexes linked by intermolecular N-H 3 3 3O, O-H 3 3 3N,
and O-H 3 3 3O hydrogen bonds. These interactions are rela-
tively strong because H-bond enhancement is observed for them
as the result of π-electron delocalization. All these complexes
optimized at the MP2/6-311þþG(d,p) level are centrosymme-
tric dimers corresponding to minima.119-121 The N-H 3 3 3O
bonds exist for formamide and its fluoro derivatives, whereas the
O-H 3 3 3N hydrogen bonds exist for their tautomeric forms.
Formamides and their tautomers are related by the process of
double proton transfer. Table 2 also contains results for centro-
symmetric dimers of carboxylic acids: formic acid and acetic acid
as well as the dimer of the pyrrole-2-carboxylic acid. Three
configurations of the latter complex are considered. For two of

them, similarly as for formic and acetic acid dimers, the O-
H 3 3 3O hydrogen bonds exist, whereas for the third one, two
related by symmetry N-H 3 3 3O hydrogen bonds exist. Figure 6
presents a few species of the sample considered here, acetic acid
dimer, formamide dimer, and its tautomeric form.

One can see that O-H 3 3 3N are the strongest hydrogen
bonds, the O-H 3 3 3O interactions are weaker than the previous
ones, and the N-H 3 3 3O interactions are the weakest hydrogen
bonds. The binding energies (each concerns two hydrogen
bonds that are equivalent and related mutually by inverse center)
collected in Table 2 show the above-mentioned relation. There
are interesting relationships between the interaction energy
terms. For the O-H 3 3 3N systems, the Heitler-London energy
is positive because the exchange energy outweighs the electro-
static energy term, while for the O-H 3 3 3O hydrogen bonds
EH-L

(1) is close to zero. Figure 7 shows the relationship between
the Heitler-London energy, EH-L

(1), and the delocalization
interaction energy. For the weakest N-H 3 3 3Ohydrogen bonds,
the Heitler-London energy is negative. The latter complexes do
exist at longer distances where delocalization is not so important
but electrostatic energy is sufficient to overcome the exchange
repulsion. These results confirm the unique role of the deloca-
lization (or charge transfer) interaction in the hydrogen bond’s
formation. Particularly, this interaction is very important for
strong hydrogen bonds where the short H 3 3 3B distances are
observed and the electrostatic interaction does not outweigh the
exchange repulsion. For such strong interactions, the term
“covalency” is often attributed. For the sample presented here
(Table 2), there is also a very good linear correlation between the
binding energy and the delocalization interaction energy term
because the linear correlation coefficient amounts to 0.987.

These findings are in line with the other investigations. It was
found, using the natural bond orbitals (NBO) analysis, that for
numerous hydrogen-bonded systems the charge transfer energy
is the major energetic contribution and that the electrostatic
attraction is largely canceled by the exchange repulsion.20 The
electrostatic component is a consequence of this charge transfer
because if one eliminates CT attraction then stabile complexes
cannot be formed or they are formed at larger distances between
linked monomers.20 However, one should remember differences
between different decomposition schemes.108-110

Table 1. Binding Energies (ΔE) and Interaction Energy Terms (in kcal/mol) for H-Bonded Complexesa

complex EH-L
(1)b EES

(1) EEX
(1) EDEL

(R) ΔEHF ECORR ΔE RH 3 3 3B

HOH 3 3 3OH2 -1.97 -8.75 6.78 -2.19 -4.16 -0.29 -4.46 1.950

HOH 3 3 3NH3 -1.16 -12.09 10.92 -3.8 -4.96 -0.91 -5.87 1.974

FH 3 3 3OCH2 -3.85 -8.87 5.02 -2.65 -6.5 1.06 -5.44 1.869

FH 3 3 3OH2 -2.82 -14.23 11.41 -5.08 -7.9 0.21 -7.69 1.73

FH 3 3 3NH3 -1.34 -22.47 21.13 -10.09 -11.43 -0.4 -11.83 1.703

(F 3 3 3H 3 3 3 F)
- -4.22 -78.15 73.93 -63.92 -68.14 7.08 -61.05 1.138

HCCH 3 3 3OH2 -1.4 -4.79 3.39 -1.06 -2.46 -0.01 -2.47 2.443

F-H 3 3 3C2H2, T-shaped 0.1 -6.27 6.37 -2.82 -2.73 -0.46 -3.19 2.186

(C2H2)2, T-shaped 0.08 -2.13 2.21 -0.54 -0.47 -0.59 -1.06 2.697

F-H 3 3 3H-Li -0.88 -19.27 18.39 -10.75 -11.64 -1.74 -13.37 1.399

NH4
þ
3 3 3HBeH 0.36 -8.62 8.98 -8.15 -7.79 -1.77 -9.57 1.571

NH4
þ
3 3 3HBeF 2.95 -4.26 7.2 -6.92 -3.97 -2.32 -6.28 1.62

NF3H
þ
3 3 3HBeH 15.58 -13.37 28.95 -38.69 -23.12 -3.63 -26.74 1.114

aThe results obtained are at the MP2/6-311þþG(d,p) level; the proton-acceptor (RH 3 3 3B) distances (in Å) are also included. Results reprinted with
permission from ref 101. Copyright 2005 John Wiley and Sons. b First-order Heitler-London energy term; EH-L

(1) = EES
(1)þ EEX

(1).
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4. QUANTUM THEORY OF “ATOMS IN MOLECULES” IN
ANALYSIS OF HYDROGEN BONDING

The Quantum Theory of “Atoms in Molecules” (QTAIM)46 is
an approach to analyze different intra- and intermolecular
interactions,122 particularly atom-atom interactions such as typi-
cal covalent bonds, more or less polarized, but not only, also
nonbonded atom-atom contacts, and, what is most important as
concerns the present Review, the hydrogen bonds. Briefly speak-
ing, QTAIM is based on the analysis of electron density of any
considered system:molecule, ion, more or less complex, ionic pair,
complex. Also, greater aggregates and systems may be considered
such as biomolecules, particularly proteins, or even crystals.123,124

One of the ideas of QTAIM is based on the assumption of
transferability of some of the properties of atoms, or groups if
they are considered in various systems. However, the other ideas

are also highly inspiring and informative; the more complex and
extensive descriptions of QTAIM are presented in the original
monographs, chapters, or in reviews.44-47,125-127

The analysis of the electron density of the considered system
provides the characteristics of various interactions. Hence, the
ideas of QTAIM related to the electron density, are roughly
presented here. The electron density distribution is mainly
affected by interactions between nuclei. The maxima of electron
density are attributed to these nuclei (approximately to the atomic
positions), and each atom may be described by its boundaries
dependent on the balance of forces of the considered system.

The electron density may be considered as a multivariable
function of three space coordinates (x, y, z); hence, it is not
possible to present its view for any system, even a simple one.
One can compare the latter situation to a map presentation
where on the plane (two dimensions) the third dimension may

Figure 6. Selected systems of those included in Table 2, acetic acid dimer, formamide dimer, and the dimer of tautomeric form of formamide. Reprinted
with permission from ref 121. Copyright 2009 The Croatian Chemical Society.

Table 2. Decomposition of Interaction Energy for Dimers of Formamide and Its Tautomeric Form as Well as Their Fluoro
Derivativesa

complex EH-L
(1)b EES

(1) EEX
(1) EDEL

(R) ΔEHF ECORR ΔE

N-H 3 3 3O -3.6 -23.3 19.7 -8.5 -12.1 0.0 -12.1

N(F)-H 3 3 3O -2.5 -22.6 20.1 -9.0 -11.5 0.1 -11.3

N-H 3 3 3O(C-F) -4.9 -20.0 15.1 -6.5 -11.4 0.1 -11.3

N(F)-H 3 3 3O(C-F) -3.5 -17.3 13.8 -6.1 -9.6 0.3 -9.4

O-H 3 3 3N 8.8 -45.4 54.2 -26.6 -17.8 -2.7 -20.5

O-H 3 3 3N(F) 3.6 -32.0 35.6 -17.4 -13.8 -1.9 -15.7

O-H 3 3 3N(C-F) 13.9 -57.1 71.0 -40.1 -26.2 -3.6 -29.8

O-H 3 3 3N(F)(C-F) 6.4 -37.7 44.1 -23.8 -17.4 -2.9 -20.3

HCOOH 3 3 3HCOOH -0.1 -30.1 30.0 -14.3 -14.4 0.9 -13.6

CH3COOH 3 3 3CH3COOH 0.1 -32.2 32.3 -15.2 -15.1 0.5 -14.5

C4H4NCOOH 3 3 3C4H4NCOOH (A) 0.9 -36.7 37.6 -18.6 -17.7 0.6 -17.1

C4H4NCOOH 3 3 3C4H4NCOOH (B) 1.3 -34.8 36.1 -17.3 -16.0 0.3 -15.7

C4H4NCOOH 3 3 3C4H4NCOOH (C) -3.8 -19.9 16.1 -6.9 -10.7 -1.4 -12.1
aThe results of studies on dimers of carboxylic acids are included; all energies are in kcal/mol, theMP2/6-311þþG(d,p) level of approximation. Results
reprinted with permission from ref 121. Copyright 2009 Croatian Chemical Society. N(F): There is fluoro-substituent at nitrogen atom. (C-F): Fluoro-
substituent connected with carbon atom. b First-order Heitler-London energy term; EH-L

(1) = EES
(1)þ EEX

(1).
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be expressed by color, thus indicating, for example, the height of
mountains, the sea level, etc. The case of electron density is much
more complicated because, being the fourth dimension, it is the
function of three coordinates. However, if any plane passes
through the considered system (three or even more atoms),
then one may consider “in plane electron density” where conse-
quently there is a reduction of one of the dimensions. Thus, for
any plane (two dimensions), one can express the electron density
(the third dimension) either by color or by applying the so-called
relief map. Figure 8 presents the relief map of electron density for
the plane passing through benzoic acid dimer. Because the whole
system is coplanar or more exactly, nearly so, thus all the maxima
of electron density corresponding to the positions of atoms are
nicely visible. The maxima corresponding to non-hydrogen
atoms are much “higher” than those of hydrogen atoms; thus,
the former are cut in the figure at the electron density of 4 au.

There are special points of the considered electron density;
these are critical points (CPs), for which the gradient of electron
density vanishes (eq 12).

rF ¼ i
dF
dx

þ j
dF
dy

þ k
dF
dz

f
¼ 0B ðat critical points and at ¥Þ

generally 6¼ 0B ðat any other pointÞ

8<
:

ð12Þ
The critical points may correspond to the maxima, to the saddle
points, or to the local minima. It is possible to distinguish between

various CPs if the second derivatives of the electron density are
considered. The nine possible second derivatives of the electron
density form the so-called Hessian matrix; if the derivatives are
calculated at CP, this matrix may be expressed by eq 13.

AðrcÞ ¼

D2F
Dx2

D2F
DxDy

D2F
DxDz

D2F
DyDx

D2F
Dy2

D2F
DyDz

D2F
DzDx

D2F
DzDy

D2F
Dz2

0
BBBBBBBB@

1
CCCCCCCCA

r¼ rc

ð13Þ

The Hessian matrix may be diagonalized via the unitary trans-
formation leading to its diagonal form (eq 14).

ΛðrcÞ ¼

D2F
Dx02

0 0

0
D2F
Dy02

0

0 0
D2F
Dz02

0
BBBBBBB@

1
CCCCCCCA

r0 ¼ rc

¼
λ1 0 0
0 λ2 0
0 0 λ3

0
BB@

1
CCA ð14Þ

x0, y0, and z0 correspond to new coordinates because the unitary
transformation may be understood as the rotation of the
coordinate system. The diagonal elements of the Λ matrix, λ1,
λ2, and λ3, are named as eigenvalues. The sum of these diagonal
elements, the trace of the Hessian matrix of the electron density,
expresses the Laplacian (eq 15).

r2FðrÞ ¼ D2F
dx02

þ D2F
dy02

þ D2F
dz02

¼ λ1 þ λ2 þ λ3 ð15Þ

Critical points are designated as (ω,σ)122 where ω means the
rank of CP and σ is its signature. The rank is the number of
nonzero eigenvalues of the electron density at the critical point;
there are no CPs with rank less than 3 for the equilibrium
structure. The signature is the sum of the signs of eigenvalues.
There are the following critical points: (3,-3) corresponds to the
local maximum, the attractor; (3,-1) is the bond critical point
(BCP); (3,þ1) is the ring critical point (RCP); and (3,þ3) is the
local minimum, that is, the cage critical point (CCP). The
analysis of BCP provides information on the nature of intera-
tomic interaction.128 For shared interactions like covalent and
polarized bonds, the Laplacian of electron density is negative
because there is concentration of electron density within the
atom-atom region. For the interactions between closed-shell
systems like van derWaals interactions, ionic ones, and hydrogen
bonds, there is the depletion of electron charge within the atom-
atom region, and hence the Laplacian is positive. Thus, the sign of
the Laplacian may indicate the kind of interaction. There is a very
interesting situation in the case of hydrogen bonding where
usually the Laplacian is positive; however, for very strong
hydrogen bonds like those in H5O2

þ or (FHF)-, the Laplacians
are negative, respectively, for both H 3 3 3O or H 3 3 3 F contacts.
This is the strong evidence for the covalent character of hydrogen
bonding.

Figure 7. The relationship between the Heitler-London interaction
energy term and the delocalization energy, both in kcal/mol. Adapted
with modifications from ref 121. Copyright 2009 The Croatian Chemi-
cal Society.

Figure 8. The relief map of the electron density of the benzoic acid
dimer expressed in the plane of this system. In front, the O-H 3 3 3O
hydrogen bond is visible, and benzene rings are also designated.
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The more detailed descriptions of QTAIM are given in the
other studies; for example, Matta and Boyd presented brief
descriptions of the basic assumptions of that approach.125,126

The bond critical point (BCP) is the minimum of electron
density on the bond path. For the structure in energetic mini-
mum, the bond path (BP) is the line of maximum electron
density connecting two interacting atoms.122 One may imagine,
looking at Figure 8, the summits of two mountains (two
attractors of the electron density); somebody would like to climb
from one summit to the other choosing the shortest and also “the
highest”way. Such climbing is possible through the pass (the line
of the greatest electron density). There is a special place, the
minimum height on the pass. Similarly, there is the point with the
minimum value of electron density on the bond path. This is the
bond critical point. The bond paths are usually the straight lines
connecting interacting atoms (attractors). However, special
cases are known where these connections are strongly curved.
The diborane molecule and other boron species are examples of
such cases.129 It is very important that the meaning of the bond
path is not the same as that of the bond.130,131 The BP indicates
that two atoms are bonded. The bond paths show the preferable
interactions, whichmay be also bonds in the chemical sense.130-133

Similarly, one can imagine the ring critical point, correspond-
ing to a situation of a valley between mountains as the place
situated at the lowest height. There are three RCPs for the
benzoic acid dimer. Figure 9 presents the molecular graph of that
complex where the positions of all critical points are indicated as
well as the bond paths between attractors. There are RCPs for
benzene rings surrounded by carbon atoms’ attractors (six
mountains) and one RCP within the eight-member ring of
carboxylic groups created due to two equivalent hydrogen bonds.
These RCPs are designated by yellow circles in Figure 9.

There are other useful terms derived from the QTAIM
approach, for example, gradient paths being the lines of the
steepest increase of electron density, and determining intera-
tomic boundaries. The interatomic boundary consists of a bundle
of gradient paths originating at infinity and terminating at the
critical point. Figure 10 presents the contour map of the electron
density for the benzoic acid dimer with gradient paths indicated.

Recently, there are controversies134,135 and discussions136-140

concerning the meaning of the bond path. Sometimes, there is
the misunderstanding connected with the attributing of BP to
any pair of interacting atoms. Popelier explains122 that the bond
path exists for the structure being in an energy minimum; in
other cases, the electron density accumulation between nuclei is
not sufficient to be bonded. In such a case, the line of the greatest
electron density connecting the interacting atoms is named as the
atomic interaction line (AIL).

Another problem is the existence of the so-called H-H sta-
bilizing interactions existing for systems being in minima,126,141,142

for example, for phenanthrene molecule, dibenz[a,j]anthracene,
or 1-phenyl-0-carborane. There are also other numerous exam-
ples of such interactions. It seems that such H-H interactions,
different from dihydrogen bonds, exist for the crystal structures
of [4-((E)-but-1-enyl)-2,6-dimethoxyphenyl] pyridine-3-carbo-
xylate and [4-((E)-pent-1-enyl)-2,6-dimethoxyphenyl]pyridine-
3-carboxylate as well as for the styrene molecule.143 Very recently,
the concept of H-H stabilizing interactions was criticized, which
roused polemics and discussions.134-136

It is not the aim of this Review to discuss various concepts and
polemics; the recent study of Bader explains clearly the physical
meaning of the bond path.131 There is no doubt that the QTAIM

provides powerful tools and techniques to investigate various
interactions. For example, the characteristics of critical points
provide additional information on the nature of interactions. The
topological criteria of the existence of hydrogen bonding were
proposed by Koch and Popelier.144 They may be summarized as
follows:

(1) There is the bond path between the hydrogen atom and
proton acceptor with the bond critical point on it (BCP of
H 3 3 3B contact).

(2) There should be a relatively high value of the electron
density at the H 3 3 3B BCP (FH 3 3 3B), in the range 0.002-
0.034 au.

(3) The Laplacian of the electron density at H 3 3 3B BCP
should be within the 0.024-0.139 au range.

(4) Mutual penetration of the hydrogen and acceptor atoms
should be observed upon hydrogen-bonding formation.
Such penetration may be evaluated in the following way:
the nonbonded radii of both atoms (rB

0,rH
0 are compared

to the corresponding radii within the H-bonded system
(rB,rH). The nonbonded radius r0 is defined as the
distance between the nucleus of the considered atom
and a fixed electron density contour; this fixed value is
usually assumed to amount to 0.001 au. The radii within
H-bonded systems are estimated as distances between the
considered positions of nuclei and the position of H 3 3 3B
BCP. Finally, the total penetration may be separated into
contributions of hydrogen and acceptor atoms: ΔrH

0 = rH
0

- rH and ΔrB
0 = rB

0 - rB.
(5) There is a loss of electron charge of the hydrogen atom.
(6) One can observe energetic destabilization of the hydro-

gen atom because there is a positive difference between
the total energy of hydrogen atomwithin the complex and
the energy of H-atom not involved in hydrogen bonding.

(7) The decrease of dipolar polarization of the hydrogen
atom is observed as a result of complexation.

(8) There is a decrease of the hydrogen atom volume after
hydrogen-bonding formation.

These criteria may seem to be equivocal. This concerns the
ranges of electron density and its Laplacian at H 3 3 3B BCP,
FH 3 3 3B, and r2FH 3 3 3B, respectively. For very strong hydrogen
bonds r2FH 3 3 3B is negative and hence outside the range
proposed; the same concerns FH 3 3 3B, which for such interactions
is close in values to the values typical for covalent
bonds.83,145-148

The other characteristics may be applied to describe the
considered bond critical point and further the atom-atom
interaction. There are well-known relationships between ener-
getic topological parameters and the Laplacian of electron
density at critical point (expressed in atomic units, eq 16, virial
equation, and eq 17).

1
4
r2F ¼ 2GC þ VC ð16Þ

HC ¼ VC þ GC ð17Þ
GC, VC, and HC are the kinetic, potential, and total electron
energy densities at critical point, respectively. GC is a positive
value, whereas VC is a negative one. One can see that if the
modulus of the potential energy outweighs two times the kinetic
energy, then the Laplacian is negative (eq 16). This implies the
covalent character of interaction, and, as it was mentioned here, it
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may concern covalent bonds as well as very strong hydrogen
bonds. However, there are such interactions where the modulus
of the potential energy only one time outweighs the kinetic
energy; in such a case, the Laplacian is positive, butHC is negative
(eq 17). Rozas et al. have classified hydrogen bonds on the basis
of r2FC and HC values.149 Weak and medium in strength
hydrogen bonds show both positive r2FC and HC values. For
strong H-bonds, r2FC is positive and HC is negative. For very
strong hydrogen bonds, r2FC and consequently HC values are
negative.

Cremer and Kraka involved the energetic topological para-
meters into the classification of interactions much earlier.150

They found positive Laplacian values for covalent double and
triple CO bonds. This implies that the condition of the sign of
Laplacian to classify any interaction as covalent is not satisfactory.
They involved eqs 16 and 17 into their classification. The sign of
the total electron energy density at BCP (HC) determines whe-
ther or not the local potential or kinetic electron energy density

dominates at the considered BCP. IfHC is negative, then the local
potential electron energy dominates and the localization of
electron density at BCP has a stabilizing impact on the species;
when HC is positive, then the electron localization has a
destabilizing impact on the system. Thus, Cremer and Kraka
stated that any interaction may be covalent for a positive value of
the Laplacian, but HC has to be negative. This means that if the
Rozas et al. classification of hydrogen bonds is considered, then
covalency is attributed not only to very strong interactions but
also to strong hydrogen bonds (HC negative, r2FC positive).
Some of the authors claim that the latter case corresponds to
partial covalency of the interaction.151,152

Numerous correlations and dependencies between the ener-
getic parameters derived from the Bader theory (eqs 16 and 17)
and the other parameters of the analyzed systems were
found.153-165 For example, metal-oxide interactions were ana-
lyzed, and the monotonic changes ofHC,GC, and VC were found
if the oxygen-metal distance is changing.166

Figure 9. Molecular graph of the benzoic acid dimer. All critical points are shown, as are attractors by greater circles: carbon atoms, black; hydrogen
atoms, gray; oxygen atoms, red; BCPs, small red circles; RCPs, yellow ones. The bond paths are also shown.

Figure 10. The contour electron density map for the benzoic acid dimer; attractors are designated by blue circles, BCPs by small red circles, and RCPs
by yellow ones, and the gradient paths are also presented by violet lines. This contour map was obtained for planar geometry of benzoic acid dimer to
obtain the picture with visible gradient paths’ lines. There is only a slight energy difference between the fully optimized geometry of the dimer and the
planar configuration (less than 0.05 kcal/mol for B3LYP/6-311þG(d,p) level of calculations).
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There are relationships between different parameters if dimers
of amides are analyzed. Recently, the crystal and molecular
structure of pyrrole-2-carboxamide (PyCa) was determined by
single crystal X-ray diffraction.167 It was found that PyCa
molecules form centrosymmetric dimers in crystals (Figure 11)
with two equivalent N-H 3 3 3O hydrogen bonds existing be-
tween amide groups because the eight-member pseudo ring is
formed with the inversion center within. One can see that s-cis
conformers exist in the crystal structure of PyCa. For the s-cis
conformer, the CdO carbonyl group is at the same side as the
N-H bond of the pyrrole ring (Figure 11); for the s-trans
conformer, the CdO group is at the opposite side of the N-H
bond of the pyrrole ring. The 1H and 13C NMR spectra of
pyrrole-2-carboxamide indicate the existence of both conformers
in DMSO solution. The population of these forms was calculated
from the integral intensity of carbon signals in the 13C NMR
spectra. It was found that s-cis pyrrole-2-carboxamide is the
dominant form (70%). Also, the IR spectrum confirms the exis-
tence of both forms in the DMSO solution. Hence, the appro-
priate B3LYP/6-311þþG(d,p) calculations were performed for
centrosymmetric dimers of both forms. Optimizations of the
dimers were carried out with symmetry constraints to keep the
inversion center within the eight-member ring mentioned
above. The optimized species correspond to minima because
no imaginary frequencies are observed. Similar calculations
were performed for the derivatives of PyCa, where the -NFH
group is inserted instead of the-NH2; two related dimers with
the same symmetry constraints as for the source systems were
analyzed. The calculations for the simple formamide dimer
(Figure 6) and its fluorine centrosymmetric analogs were also
carried out.120,121 For all these dimers, PyCa, formamide, and
their fluorine derivatives, the double proton transfer N-
H 3 3 3O S N 3 3 3H-O reaction was considered. This means
that the same type of calculations was performed for the
centrosymmetric conformations with two equivalent O-
H 3 3 3N hydrogen bonds. Figure 6 shows formamide dimer
with N-H 3 3 3O hydrogen bonds and its centrosymmetric
analogue possessing O-H 3 3 3N interactions. For all systems
and their analogues, the transition states (TSs) were found,
and for each TS, the imaginary frequency corresponding to the
double proton transfer process was detected. For the sample of
dimers described here, numerous relationships were found
between geometrical, topological, and energetic characteristics
of hydrogen bonding.

Figure 12 presents the relationship between the atom-atom
distance and the electron density at the corresponding BCP. This
concerns the above-described amides’ dimers and their analo-
gues. Two kinds of atom-atom pairs are taken into account,
H/N andH/O. For both pairs, the following interactions within the
N-H 3 3 3O and O-H 3 3 3N hydrogen bridges are considered:
typical covalent bonds, O-HandN-Has well as intermolecular
contacts, and H 3 3 3N and H 3 3 3O. Additionally, the interactions
of transition states are included. For both pairs of atoms, the
exponential relationships were found (Figure 12). It reflects the
exponential dependence between the distance and the interac-
tion energy because the electron density at BCP is usually a good
description of the strength of interaction. The correlations
between the binding energy and FC were presented in numerous
studies.84,155,157 Generally better correlations are detected for
homogeneous samples of species. For example, R-CtN 3 3 3
H-F and R-CtN 3 3 3H-Cl complexes were analyzed with
numerous R-substituents.168 Two linear correlations for two
samples differing in the proton donor system (HF or HCl) were
found for the dependence between proton-acceptor distance
and the binding energy. If the dependence between the H 3 3 3B
distance and electron density is considered, then a linear corre-
lation is found for all complexes (bothHF andHCl donors). This
means that the topological parameters (in this case, the electron
density at BCP) are better descriptors of H-bond strength than
the binding energy because the former may be applied to
heterogeneous samples of complexes. For this H 3 3 3B versus
FC relationship, the linear correlation was detected inasmuch the
narrow range of H 3 3 3B distances is considered with the same
kind of acceptor center, nitrogen. However, Figure 12 presents
the dependences for a wide range ofH 3 3 3B distances concerning
typical covalent bonds, intermolecular contacts, and contacts for
transition states. Hence, two nonlinear exponential relationships
were found for N and O centers. Ellipsoidal shapes in Figure 12
indicate the regions of covalent bonds (NH and OH) and
intermolecular interactions (H 3 3 3O and H 3 3 3N). The remain-
ing results represent all contacts of transition states. The results
presented in this figure are interesting because the division into

Figure 11. Fragment of the crystal structure of pyrrole-2-carboxamide
(PyCa) determined by single-crystal X-ray diffraction; one can observe
dimers of PyCa connected through N-H 3 3 3O hydrogen bonds.

Figure 12. Dependence between the atom-atom distance (in Å),
H 3 3 3N (N-H) or H 3 3 3O (O-H), and electron density at the
corresponding BCP (in au). Solid circles correspond to the O,H pair
of interacting atoms, and the open circles correspond to the N,H pair.
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three regions, covalent bonds, TS-contacts, and intermolecular
interactions, includes the division into regions connected with
QTAIM parameters. For example, for both positive r2FC and
HC values, we have all H 3 3 3O intermolecular interactions of N-
H 3 3 3O hydrogen bridges. For r2FC positive and HC negative,
the interactions are at least partially covalent in nature. The latter
ones are all H 3 3 3N interactions of O-H 3 3 3N hydrogen bonds
and also twoH 3 3 3N interactions of transition states. One can see
negative values of Laplacians for the remaining covalent H 3 3 3N
and H 3 3 3O interactions. Summarizing, almost all hydrogen
bonds’ contacts of transition states are covalent ones because
they have negative Laplacians. What is most interesting, for O-
H 3 3 3N hydrogen bonds for all H 3 3 3N BCPs there are negative
values of HC; this indicates that these hydrogen bonds are at
least partially covalent. Another interesting observation is
that all O-H 3 3 3N hydrogen bonds are stronger than the N-
H 3 3 3O counterparts, while hydrogen bonds of transition states
are the strongest ones. If one considers total energies of the
corresponding species, then the amides’ dimers with N-H 3 3 3O
hydrogen bonds are characterized by the lowest energies, their
counterparts with O-H 3 3 3N hydrogen bonds have higher total
energies, and it is well-known that transition states are character-
ized by the highest total energies. This is in agreement with
the Leffler-Hammond postulate169,170 because hydrogen bonds are
stronger for systems being closer to the transition state. A similar
analysis was performed for the intramolecular N-H 3 3 3O
resonance-assisted hydrogen bonds, and the results being in line
with the Leffler-Hammond postulate were found.171-174 The
enhancement of hydrogen bonds by π-electron delocalization is
observed for such complexes as carboxylic acid dimers,119,175,176

malonaldehyde derivatives,30,31,177-180 and the other systems181,182

where short H 3 3 3B (proton-acceptor) distances were found,
relatively high values of the electron density at the corresponding
BCP, and very often negative values of Laplacians or at least
negative HC values. Some of these species are often classified as
resonance assisted hydrogen bonds (RAHBs), especially malonal-
dehyde derivatives, but also carboxylic acid dimers are sometimes
assigned to intermolecular RAHB systems.175

The other indices derived from the Bader theory were
introduced to systematize various interactions, particularly to
estimate the degree of covalency. For example, Espinosa and co-
workers analyzed a wide range of H 3 3 3 F interactions,183 from
short ones usually attributed to covalent bonds to longer H 3 3 3 F
distances of hydrogen bonds, or evenmuch weaker van derWaals
interactions. Figure 13 shows the relationship between H 3 3 3 F
distance and the parameter defined as |VC|/GC. According to
eqs 16 and 17, the latter ratio is positive because the modulus of
VC is considered and GC is always positive. This ratio is greater
than 2 for negative values of the Laplacian (r2FC) attributed
to covalent bonds (region III, Figure 13); it is in the range Æ1,2æ
for positive Laplacians and negative HC values, which corre-
sponds to partially covalent bonds (region II, Figure 13); and
the ratio is smaller than 1 (region I, Figure 13) for weak closed-
shell interactions where both r2FC and HC are positive. The
borderline between covalent and partially covalent systems
occurs for the H 3 3 3 F distance of 1.62 Å, whereas the border
between the latter systems and the weakest interactions is
for 1.96 Å.

There is another parameter presented in Figure 13, bond
molecular orbital (BMO) electrons calculated from the Natural
BondOrbitals (NBO)method.20 The BMOelectrons for F 3 3 3H
interactions were calculated in the following way.183 One may

assume that the interaction is along the Z-axis. Five molecular
orbitals (MOs) are created for F 3 3 3H interaction. Four MOs are
built only from the fluorine atomic orbitals, and each molecular
orbital is occupied by two electrons coming from 1s(F), 2py(F),
2px(F) orbitals and a hybrid of 2s(F) and 2pz(F). One bonding
molecular orbital (BMO) positioned according to the Z-direc-
tion is built from 2s(F), 2pz(F), and 1s(H) atomic orbitals.
Hence, 1σ and 2σH-F bonding orbitals are created from 1s(F)
atomic and mixing of 2s(F), 2pz(F), and 1s(H) atomic orbitals,
respectively. BMO electrons are those participating in the
formation of the H-F bond. Figure 13 shows that the number
of BMO electrons is equal to 2 for the F 3 3 3H distance
corresponding to the H-F bond length of hydrogen fluoride
molecule. The BMO electrons’ number decreases if the H 3 3 3 F
distance increases, but even for the distance equal to 2 Å it is
greater than 1.6.

One can also observe (Figure 13) the negative values of the
Laplacian (|VC|/GC ratio greater than 2) for H 3 3 3 F distances
being far from the H-F bond length (distances shorter than 1.62
Å). If negativity of HC is attributed to covalency, then the latter
characteristic arises for H 3 3 3 F distances as only slightly shorter
than 2 Å. These findings show that the covalency is connected
not only with very strong hydrogen bonds and short H 3 3 3B
distances, but it covers a wide range of interactions.

The use of localization λ(A) (eq 18) and delocalization δ(A,
B) (eq 19) indices184,185 may provide additional information on
the nature of interactions.

λðAÞ ¼ -
Z
A
ð2Γðr1, r2Þ- Fðr1ÞFðr2ÞÞ dr1 dr2 ð18Þ

δðA, BÞ ¼ - 2
Z
A, B

ð2Γðr1, r2Þ- Fðr1ÞFðr2ÞÞ dr1 dr2 ð19Þ

F(r) and Γ(r1,r2) are one- and two-electron densities, respec-
tively, and the integrations are performed through one or two
atomic basins. Briefly speaking, the localization index λ(A)
corresponds to the number of electrons that are localized in
one atom, while the delocalization index δ(A,B) measures the
number of electrons delocalized between two atoms (A and B).
In other words, the latter parameter may be treated as being
related to the degree of covalency or directly as the number of

Figure 13. Relationship between H 3 3 3 F distance (Å) and the |VC|/GC

parameter (9); the dependence between H 3 3 3 F distance and BMO
electrons (f) is also included. The data corresponding to the 1.85-2.55
Å range of the H 3 3 3 F distance are focused. Reprinted with permission
from ref 183. Copyright 2002 American Institute of Physics.
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shared electrons. However, for the sample of various H-bonded
systems (for a nonhomogeneous sample), a few relationships
between the delocalization index and the parameters correspond-
ing to hydrogen bond strength were analyzed, and such corre-
lations appeared rather poor.186

The evidence of the covalent character of hydrogen bonding
was detected not only from results of calculations. The QTAIM
analyses on experimental electron densities were performed for
different crystal structures. It was found in several structures that
for A-H 3 3 3B hydrogen bonds for both A-H and H 3 3 3B
interactions the Laplacian of electron density at the correspond-
ing bond critical points was negative. That was found for
the intramolecular O-H 3 3 3O hydrogen bond of benzylace-
tone,48,187 or for N-H 3 3 3N systems of some of proton
sponges.188

Chart 2 shows the classification of interactions based126,189 on
the QTAIM parameters: the electron density at BCP and its
Laplacian, the total electron energy density at BCP, the deloca-
lization index, etc. (the subscript ”b” is applied in the chart
instead of the “C” subscript occurring in this Review). Different
types of interactions, among them hydrogen bonds, are pre-
sented (Chart 2). The characteristics collected in Chart 2
correspond to the medium in strength hydrogen bonds because
strong and particularly very strong hydrogen bonds often have
the characteristics of covalent bonds.

One can see that the Bader theory provides additional para-
meters, which allow one to characterize interactions, among
them hydrogen bonds. Traditional investigations were based
on analyses of geometrical parameters such as the A-H bond

length, H 3 3 3B and A 3 3 3B distances, and also A-H 3 3 3B angle,
which may be calculated if the latter distances are known. Chart 3
presents themolecular graph of the FH 3 3 3NH3 complex where a
few parameters useful to describe hydrogen bonding are indi-
cated. It is shown that BCP’s characteristics of the H 3 3 3B
contact as well as of the proton-donating A-H bond may be
taken into account. The characteristics of H 3 3 3B BCP were
earlier described in this Review. However, the A-H bond critical
point properties may also be considered. Because A-H is a
covalent bond, thus its elongation as a result of H-bond forma-
tion is connected with a decrease of electron density at A-H
BCP. Similarly, there is an increase of the Laplacian (a decrease of
its modulus) and consequently a decrease of |VC| and GC.

A measure of the hydrogen-bonding strength, named as a
“complex parameter”, based on geometrical and topological
parameters of the A-H proton-donating bond, was introduced
and calculated for a sample of different hydrogen-bonded
complexes.84,190

Δcom ¼ f½ðrA-H - rA-H
0Þ=rA-H

0�2

þ ½ðFA-H
0 - FA-HÞ=FA-H

0�2

þ ½ðr2FA-H -r2FA-H
0Þ=r2FA-H

0�2g1=2 ð20Þ
where rA-H, FA-H, and r2FA-H correspond to the proton-
donating bond involved in H-bonding, the bond length, electro-
nic density at A-H bond critical point, and the Laplacian of this
density, respectively; rA-H

0, FA-H
0, andr2FA-H

0 correspond to
the same parameters of the A-H bond not involved in H-bond
formation or any other nonbonded interaction. It seems that the
Δcom parameter may be useful because the normalization of the
characteristics of the proton-donating bond in relation to the
same characteristics of the uninvolved in additional interactions
and thus undisturbed proton-donating bond allows one to con-
sider samples of heterogeneous systems. Figure 14 presents the
relationship between the complex parameter Δcom and the
binding energy for a sample of various complexes. The following
complexes were taken into account: (FHF)- (with covalent
hydrogen bonding, r2FC < 0 for both H 3 3 3 F contacts), the
interactions where HC is negative and which are often classified
as partially covalent: (FHCl)-, F-H 3 3 3H-Li (dihydrogen
bond), H2CO 3 3 3HF, H2O 3 3 3HF, H3N 3 3 3HF, (HCOOH)2,
H3N 3 3 3H2O; for the other complexes there are weaker hydro-
gen bonds with positive values of HC, these are (H2O)2,
(C2H2)2, C2H2 3 3 3HF, H2O 3 3 3HCCH, C2H2 3 3 3H2O, and
HCCH 3 3 3HLi. The calculations for these complexes were
performed at MP2/6-311þþG(d,p) level of approximation.
There is a good linear correlation between the complex para-
meter and the binding energy (the linear correlation coefficient
R = 0.98). Figure 14 presents this dependence where the (FHF)-

is excluded because it is far from the range of the other species.
Despite this exclusion, R is still high and even has the same value
(R = 0.98). There is the border designated within Figure 14
between hydrogen bonds possessing the characteristics of cova-
lent interaction and rather weak closed-shell interactions.

The complex parameter expresses the covalency of hydrogen-
bonding interaction because the higher values of Δcom simply
correspond to a greater lengthening of the proton donating bond,
which corresponds to shorter proton-acceptor distances (see
previous section). This is shown in Figure 14: the higher areΔcom

values, the greater are binding energies and negative values of the
total electron energy density at the H 3 3 3B BCP, HC.

Chart 2. a

aReprinted with permission from ref 126. Copyright 2006 Springer.
Reprinted with permission from ref 189. Copyright 2000 American
Chemical Society.
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One can see that the square of expression 20 may be divided
into three terms; the first one is connected with geometrical
parameters, the second one is connected with electron densities,
and the third one is based on Laplacians. It was shown that if only
one term is taken into account, then it still expresses the strength
of hydrogen bonding. A good linear correlation was found
between the binding energy and the term that corresponds to
the lengthening of the proton-donating bond (eq 21) for a
sample of complexes bound by F-H 3 3 3NtC-R and Cl-
H 3 3 3NtC-R hydrogen bonds, where R is a simple
substituent.168

Δgeo ¼ ðrA-H - rA-H
0Þ=rA-H

0 ð21Þ

In some cases, Δcom cannot be applied because there are
certain systems, which, although classified as hydrogen bonds, do
not possess their typical characteristics. There are the so-called
blue-shifting hydrogen bonds191-198 where there occurs a con-
traction of the proton-donating A-H bond as a result of
complexation. For these interactions, a decrease of the stretching
vibration frequency is observed (the blue-shift) as compared to
the noninteracting species. It seems that for such interactions the
use of the complex parameter is not justified.

Apart from QTAIM, there is another topological approach
based on the electron localization function (ELF). This is a local
scalar function related to the Fermi hole curvature, proposed by
Becke and Edgecombe and usually denoted by η(r).199 The ELF
measures the excess kinetic energydensitydue to thePauli repulsion,200

and it is close to unity if such repulsion is weak, which corres-
ponds to the single electron or opposite spin-pair. If the prob-
ability to find the same-spin electrons close together is high, thus
the ELF tends to zero. Because ELF is a scalar, thus its gradient
fieldmay be performed to locate its attractors (maxima) as well as
the corresponding basins.201 There are two types of basins: the
core basins designated by C with the atom symbol in parentheses
(the nuclei withZ > 2may be taken into account) and the valence
basins designated by V with the list of atoms in parentheses. The
latter ones are characterized by the synaptic order, that is, the
number of core basins with which they share a common
boundary; a proton as a formal core increases the synaptic order
by one. The idea of the localization domains directly connected
with basins is also very important for this approach.202,203 The
picture of molecule provided by ELF approach is in agreement
with the Lewis valence theory.

Different kinds of hydrogen bonds and related interactions
were analyzed by ELF.204,205 Figure 15 presents η(r) localization
domains for selected systems. For diborane, B2H6, the V(B,H,B)
basins link two boron centers belonging to the atomic valence
shell of boron atoms, and thus it is not hydrogen-bonding
interaction. In FH 3 3 3N2, V(F,H) basin belongs to the fluorine
valence shell sharing a boundary with V(N) basin, which is
typical for hydrogen bonding; the similar situation occurs for
malonaldehyde, C3H4O2, where there are V(O,H) and V(O)
basins. ClH 3 3 3H3CH complex is an example of so-called
bifurcated dihydrogen bond because there is one Cl-H pro-
ton-donating bond and three acceptor centers of methane
molecule. Thus, there is V(Cl,H) basin sharing a boundary with
three V(C,H) basins. For two complexes with strong hydrogen
bonds, H5O2

þ and C2H2 3 3 3Hþ 3 3 3C2H2, there is the mono-
synaptic basin V(H), which does not belong to any heavy atom
valence shell. In H5O2

þ, V(H) is linked to each V(O) of oxygen
atom, while in C2H2 3 3 3Hþ 3 3 3C2H2, there are two V(C,C)
basins for each acetylene molecule, and thus V(H) is linked to
four such basins. One can see that monosynaptic V(H) basins
occur for very strong hydrogen bonds, while for weaker A-
H 3 3 3B interactions there are V(A,H) disynaptic basins. The ELF
topological classification of hydrogen bonds was performed by
Fuster and Silvi.204

The ELF indicator of hydrogen-bonding strength was also
introduced, the core-valence bifurcation (CVB) index,
ICVB,

204,205 which is the difference of η(rcv), the lowest value
of the ELF for which all the core basins are separated from the
valence, and η(rAHB), the value of the saddle link of V(A,H) and
V(B) basins. The ICVB is positive for weak hydrogen bond, and it
decreases if the strength of this interaction increases; usually this
index is negative for strong hydrogen bonds. Figure 15 presents
the ICVB values for hydrogen-bonded systems (except for B2H6

species). The lowest values of the index are observed for H5O2
þ

and C2H2 3 3 3H
þ
3 3 3C2H2, -0.579 and -0.443, respectively.

The latter complexes correspond to “the proton bound homo-
dimers” described earlier here, where the proton is situated in the
midpoint of the donor-acceptor distance, or nearly so. For such
a case, the bond number of both A 3 3 3H andH 3 3 3B interactions
is equal to 0.5 or very close to such a value.

5. INTERRELATIONS BETWEEN QTAIM AND THE IN-
TERACTION ENERGY COMPONENTS

The delocalization interaction energy (or charge transfer) is
usually attributed to the covalency of interaction considered.

Chart 3

Figure 14. The relationship between the complex parameter Δcom and
the binding energy (kcal/mol).
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Similarly, the negative value of Laplacian of the electron density
at the bond critical point or at least the negative value of the total
electron energy density at BCP is treated as the evidence of the
covalency of interaction. Hence, the interrelations between the
energy terms derived from the partitioning scheme and the
QTAIM characteristics seem to be interesting.206 Various rela-
tionships were analyzed for a wide range of hydrogen-bonded
complexes101,206 and also for a narrow range of specific hydrogen
bonds, as, for example, for dihydrogen bonds.207

Figure 16 presents the relationship between the proton-
acceptor distance and the ratio of delocalization and electrostatic
energy.29 Different complexes are taken into account here:
systems with very strong hydrogen bonds, such as (FHF)-,
and the other charge-assisted hydrogen bonds, interactions
enhanced by π-electron delocalization, complexes bound
through dihydrogen bond, systems with π-electrons as the pro-
ton acceptors, and the other ones. For strong hydrogen bonds,
this ratio is greater than for the other weaker interactions. This
indicates the meaningful covalency contribution. For weak
hydrogen bonds, the electrostatic energy is the most important
attractive term, and the ratio is not high. Because different types
of acceptors are considered, then this dependence (Figure 16) is
only a rough one. However, one can observe three regions of
hydrogen-bonding interactions. There are hydrogen bonds with
very short H 3 3 3B distances, shorter than 1.2 Å, with a negative
r2FH 3 3 3B and a high value of the ratio EDEL

(R)/EES
(1) (see eq

11). (FHF)- ion is representative of this subsample; however,

there are also other species, the charge-assisted dihydrogen
bonds. The next subsample is situated in Æ1.2; 1.8æ Å range of
H 3 3 3B distances; here, r2FH 3 3 3B is positive but HC is nega-
tive. These interactions are partially covalent in nature. The
formic acid dimer represents this subsample, and the EDEL

(R)/
EES

(1) ratio is still high here. The last subsample concerns the
weakest hydrogen bonds where both r2FH 3 3 3B and HC are
positive; here, the electrostatic interaction is the dominant
attractive interaction, and thus the energy ratio is low. The trans-
linear water dimer represents such an interaction. Figure 16 shows
the horizontal broken line for EDEL

(R)/EES
(1) ratio equal to 0.45;

this is the borderline between closed-shell interactions and
partially covalent interactions for whichHC is negative. Figure 16
shows the interrelations between the geometrical (H 3 3 3B dis-
tance), energetic (EDEL

(R)/EES
(1) ratio), and topological

(r2FH 3 3 3B and HC) characteristics. The same sample of com-
plexes as the one applied in Figure 16 was used to analyze the
dependence between electron density at H 3 3 3B BCP, FH 3 3 3B,
and the delocalization interaction energy term, EDEL

(R). This is
the second-order polynomial correlation (Figure 17). It is
important that the correlation concerns various unrelated sys-
tems. FH 3 3 3B is the well-known and frequently applied descriptor
of hydrogen-bonding strength, whereas EDEL

(R) is responsible
for the covalent character of interaction. It was shown earlier here
(Table 2) that the latter term correlates well with the binding
energy.

The results of the Natural Bond Orbitals (NBO) method20,42

are in line with the latter relationships. According to the NBO
approach, the nB f σAH* interaction is responsible for the
hydrogen-bonding formation. This interaction is connected with
the maximum nB f σAH* overlap, which leads to a linear, or
nearly so, A-H 3 3 3B arrangement. nB designates the lone elec-
tron pair of the proton acceptor (electron donor). The hydrogen-
bond formation leads to an increase of the occupancy of the σAH*
antibond orbital and hence the weakening and lengthening of
the A-H bond. This leads to the red-shifted νAH stretch-
ing frequency. The nB σAH* interaction may be estimated by

Figure 15. η(r) localization domains of B2H6 (top left), FH 3 3 3N2 (top
right), C3H4O2 (center left), ClH 3 3 3CH4 (center right), H5O2

þ

(bottom left), and C2H2 3 3 3H
þ
3 3 3C2H2 (bottom right); the core

valence bifurcation indices (ICVB’s) are also included. Reprinted with
permission from ref 205. Copyright 2005 Springer.

Figure 16. Relationship between the proton-acceptor distance (Å)
and the ratio of delocalization and electrostatic energy. Three regions are
designated: green color corresponds to the strongest H-bonds with
negative r2FH 3 3 3 B values, blue region is of the partially covalent
interactions with positive r2FH 3 3 3 B values but negative HC’s, and red
color designates the weakest interactions with positive HC values.
Reprinted with permission from ref 29. Copyright 2006 American
Chemical Society.
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second-order perturbation theory (eq 22).

ΔEðnB f σAH
�Þ ¼ - 2ÆnBjFjσAH

�æ2=ðεðσAH
�Þ- εðnBÞÞ

ð22Þ
ÆnB|F|σAH*æ is the Fock matrix element, while ε(σAH*)- ε(nB)
is the orbital energy difference (the difference of diagonal Fock
matrix elements). The decomposition of the interaction energy
(ΔE) within the NBO approach may be briefly presented by
eq 23.

ΔE ¼ EðcomplexÞ- Eðmonomer 1Þ- Eðmonomer 2Þ
¼ ΔENCT þΔECT ð23Þ

ΔENCT and ΔECT are noncharge transfer and charge transfer
energies, respectively. Charge transfer interaction is connected
within NBO scheme with the shift of occupancy from the
manifold of filled orbitals of one monomer to the unfilled orbitals
of the other. This energy may be calculated within the Hartree-
Fock theory by deleting Fock matrix elements connecting the
mentioned manifolds and further expressing the change in energy.

ΔE (nB f σAH*) energy expresses the delocalization of
electrons within the system considered. Table 3 presents the
results concerning various complexes where different types of
hydrogen bonds exist;20 the ΔE(nB f σAH*) energy is great for
FH 3 3 3 F

-, H2OH
þ
3 3 3OH2, and HOH 3 3 3

-OH Lewis acid-
Lewis base interactions, and it is equal to 166.2, 168.4, and 63.4
kcal/mol, respectively. The corresponding H 3 3 3B bond orders
for the latter complexes are equal to 0.5, 0.5, and 0.365, indicating
the meaningful covalent character of these interactions. For the
other weaker H-bonded complexes like, for example,
H3CH 3 3 3OH2, H2NH 3 3 3OH2, and HOH 3 3 3OH2, this energy
amounts to 0.9, 3.1, and 7.5 kcal/mol, respectively. The bond
orders for the corresponding H 3 3 3B contacts, that is,
(C)H 3 3 3O, (N)H 3 3 3O, and (O)H 3 3 3O, are equal to 0.001,
0.008, and 0.030. These bond orders are much less than those of
the charge-assisted hydrogen bonds. Thus, if the bond order is a
measure of covalent character of any interaction, then the ΔE
(nB f σAH*) energy also clearly expresses such a character.

Table 3 contains the results concerning neutral hydrogen
bonds as well as the results for charge-assisted hydrogen bonds.
One can see that the latter interactions are stronger than
the former ones. There are the binding energies, ΔE’s, as well
as the net charge transfers from the acceptors of proton to the

proton-donating systems (QBfAH’s), and bond orders of A-H
bonds and H 3 3 3B contacts. Various correlations for the results
of Table 3 were reported earlier;20 one can see that an increase in
binding energy is connected with an increase of ΔE(nB f σAH*)
andQBfAH, a decrease of A-H bond order, and an increase of the
H 3 3 3B bond order. Figure 18 presents the relationship between
A-H and B 3 3 3H bond orders and ΔE(nB f σAH*) energy.

The calculations showing the importance of the charge
transfer energy for hydrogen-bonded systems were performed.20

The binding energies were evaluated for various complexes, and
later the calculations were performed for the same complexes but
with deleting all intermolecular charge transfer interactions. In
other words, the reoptimizations of these complexes were carried
out with the exclusion of the charge transfer interaction energy. It
was found that these “CT-deleted” structures were characterized
by much less hydrogen-bonding energies than the true such
energies. Additionally, the intermolecular distances for “CT-
deleted” complexes are more than 1 Å beyond those of the true
hydrogen-bonded complexes. The “CT-deleted” H 3 3 3B dis-
tances are usually much greater than the corresponding sums
of van derWaals radii. Table 4 contains the corresponding results
for a few complexes.

The charge transfer, CT, energy for hydrogen-bonded systems
within NBO scheme is connected with the electron flow from the
proton acceptor to the proton donor.20 This is the Lewis base-
Lewis acid interaction, that is, the electron donor-electron
acceptor interaction. Such donors and acceptorsmay be classified
according to the type of orbitals donating and accepting elec-
trons. There are the following orbitals donating electrons,σ,π, or
n (nonbonding orbitals), and orbitals accepting electrons, σ, π,
or ν (vacant orbitals). It was pointed out that the charge-transfer
nf ν complexes are the strongest, whereas the π f π* type

Figure 17. Relationship between FH 3 3 3B (in au) and the delocalization
interaction energy term,EDEL

(R) (in kcal/mol), using the same sample as
that of Figure 16.

Table 3. Complexes with Various Kinds of Hydrogen Bondsa

Lewis base, B Lewis acid, AH charge ΔE ΔEnBfσAH* QBfAH bA-H bB 3 3 3H

H2O HCH3 0 0.4 0.9 2.0 0.999 0.001

HF HNH2 0 1.1 0.6 1.2 1.000 0.000

H2CO HNH2 0 1.4 1.2 2.6 0.921 0.071

CO HF 0 1.8 1.5 28.0 0.988 0.009

H2O HNH2 0 2.7 3.1 3.4 0.990 0.008

OC HF 0 3.6 10.4 28.0 0.941 0.059

HF HF 0 5.1 6.7 12.4 0.967 0.026

H2O HOH 0 5.8 7.5 13.8 0.969 0.030

HO- HCH3 - 6.5 10.9 40.0 0.957 0.043

H3N HOH 0 7.3 12.6 26.9 0.951 0.049

H2O HF 0 10.1 18.0 33.9 0.902 0.074

HF HNH3
þ þ 12.9 8.9 19.8 0.957 0.034

H3N HF 0 14.3 34.9 72.1 0.826 0.164

OH- HNH2 - 17.1 31.1 85.9 0.856 0.143

H2O HNH3
þ þ 22.0 30.1 64.4 0.868 0.117

H3N HNH3
þ þ 28.2 75.6 169.1 0.685 0.306

HO- HOH - 29.4 63.4 188.6 0.634 0.365

H2O HOH2
þ þ 36.7 168.4 236.5 0.500 0.500

F- HF - 46.5 166.2 233.6 0.500 0.500
aThe binding,ΔE, and the charge transfer,ΔEnBfσAH* , energies (in kcal/
mol) are given, as well as the net transfer charge, QBfAH (in milli-
electrons), and bond orders of the A-H bond and B 3 3 3H intermole-
cular contact, bA-H and bB 3 3 3H, respectively. This table is reprinted with
permission from ref 20. Copyright 2005 Cambridge University Press.
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interactions are the weakest ones.208 The typical hydrogen-
bonding interaction being in agreement with the Pauling defini-
tion may be classified as the electron donor-electron acceptor
interaction of the type n f σ*.

6. COVALENCY OF DIFFERENT TYPES OF HYDROGEN
BONDS

It was described in the previous section that the charge transfer
interaction is very important for the stability of hydrogen-bonded
systems.20 However, it is also postulated in the literature from
time to time that the electrostatic forces sufficiently describe the
hydrogen-bonding interaction. For example, the simple electro-
static model may properly describe numerous complexes con-
nected through hydrogen bonds. For such a model,209-211 the
electrostatic interaction between monomers is calculated with
the use of point multipoles located on atoms and bond centers;
the hard spheres are also modeled on heavy atoms to mimic the
repulsive interactions. The multipoles were obtained from SCF
and SCF/MP calculations performed on individual monomers.
The hard spheres correspond to the van derWaals radii proposed
by Pauling. The geometry of the complex corresponds to the
minimum of electrostatic interaction between monomers. This
model predicts properly the geometries of hydrogen-bonded

species; for example, the following complexes were considered:
H3N 3 3 3HF, N2 3 3 3HF, (HF)2, (HCl)2, H2CO 3 3 3HF, but also
the systems with π-electrons as a proton acceptor were analyzed,
like, for example, acetylene-HF or ethylene-HCl.211 The
considered complexes are not characterized by very strong
interactions, and thus the systems where the covalent nature is
clearly manifested were not taken into account.

The other approach, the Electrostatic-Covalent H-Bond
Model (ECHBM), connects various former ideas.30,31 Both
aspects of the interaction, the covalency and the electrostatic
character, are taken into account here. There are following the
assumptions of that model: weak hydrogen bonds are electro-
static interactions, and they become more covalent if their
strength increases; very strong hydrogen bonds are three-
center-four-electron covalent bonds; very strong hydrogen
bonds are homonuclear and symmetrical because two VB
structures (for example, I and II; see Figure 19) are in such a
case isoenergetic and equally contribute to the real structure of
hydrogen bonding.

According to Gilli et al., there are three ways to enhance the
hydrogen-bonding strength: by adding an electron, by with-
drawing an electron, or by resonance. Hence, the following types
of strong and covalent in nature hydrogen bonds are possible:
charge-assisted hydrogen bond, (-)CAHB or (þ)CAHB, and
the resonance-assisted hydrogen bond, RAHB (Figure 19).

The (FHF)- is an example of (-)CAHB, H5O2
þ is an

example of (þ)CAHB, and the malonaldehyde having the
intramolecular hydrogen bonding is an example of the RAHB
system. The idea of the RAHB type of interaction was questioned
in both earlier212,213 and recent studies.214,215 It was found that
neither the coupling constants nor the proton chemical shifts for
the species with intramolecular O-H 3 3 3O and N-H 3 3 3N
hydrogen bonds in malonaldehyde and its diaza derivative,
respectively, showed the existence of the resonance-assisted
stabilization.212,213 The authors found that for the latter systems
there are stronger H-bonds than for their saturated analogues. In
their opinion, it is connected with the σ-skeletons of unsaturated
molecules containing π-electrons because the skeleton structural
requirements allow the donor and the acceptor atoms to be
closer than in the corresponding saturated systems.

The so-called resonance-assisted hydrogen bonds (RAHBs)
are sometimes given different names. For example, the name
resonance-assisted binding (RAB) was suggested recently.176 It
seems that despite controversies over some of the statements of
RAHB model, the π-electron delocalization is certainly typical of
such hydrogen bonds. As it was pointed out byGilli et al.,30,31 one
of the main characteristics of RAHBs is the existence of con-
jugated single and double bonds, which leads to the π-electron
delocalization, the equalization of bonds, and finally to the
enhancement of H-bond strength. This is in force for malonal-
dehyde and its derivatives (Chart 4) where equalization of CO
bonds (d1 and d4) can be observed, on the one hand, and also
equalization of CC bonds (d2 and d3), on the other. It was
proven that at least 20-30% of the hydrogen-bond energy for
malonaldehyde and its simple chloro and fluoro derivatives is
connected with π-electron delocalization.216 However, it was
also found that the equalization of CO and CC bonds for such
species is not always connected with the enhancement of
hydrogen-bonding strength. For example, the external agents,
like strong Lewis acids interacting with carbonyl oxygen center,
lead to such an equalization and to a weakening of the intramo-
lecular hydrogen bond.217,218

Figure 18. Relationship between A-H and B 3 3 3H bond orders and
ΔEnBfσAH* energy (in kcal/mol); the sample presented in Table 3 is
considered here.

Table 4. Binding energies, ΔE (in kcal/mol), B 3 3 3H
Distances, RH 3 3 3B (in Å), and the Corresponding Sum of van
der Waals Radii, RH 3 3 3B

νdW (in Å)a

species ΔE ΔEc RH 3 3 3B RH 3 3 3B
c RH 3 3 3B

νdW

H3N 3 3 3HOH 7.27 0.16 1.96 5.80 3.05

HF 3 3 3HF 5.05 0.84 1.83 3.65 2.69

H2CO 3 3 3HNH2 1.41 0.14 2.35 6.72 2.88

HO-
3 3 3HF

b 52.18 12.5 1.06 2.32 2.88

HO-
3 3 3HOH 29.39 5.5 1.363 2.68 2.88

HO-
3 3 3HNH2 17.09 1.6 1.685 6.76 2.88

HO-
3 3 3HCH3 6.48 0.2 1.979 2.71 2.88

aThis table is based on tables taken from ref 20, table 5.1 (p 598), table
5.4 (p 603), table 5.7 (p 609), and table 5.10 (p 614). Copyright 2005
Cambridge University Press. bBinding energy and H 3 3 3B distance with
respect to HO- and HF in the HOH 3 3 3 F

- complex. cConcerns the
“CT-deleted” complexes.
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A similar π-electron delocalization as for malonaldehyde and
its derivatives can be observed for the intermolecular hydrogen
bonds in dimers of carboxylic acids119 and amides.120,167 For
these complexes, there occurs equalization of CO bonds of the
carboxylic group, whereas for amides there occurs the shortening
of C-N bond and the lengthening of CdO bond within the
amide group. These changes may lead to the strengthening of
hydrogen bonding. It was also found that, similarly as for
intramolecular hydrogen bonds, the external agents may cause
the π-electron delocalization and the weakening of hydrogen
bonding.219 However, the systems where the π-electron deloca-
lization enhances the strength of hydrogen bond are classified as
rather strong hydrogen bonds. The formic acid dimer is char-
acterized by a negative HC of the H 3 3 3O (proton 3 3 3 acceptor)
bond critical point (Figure 16). This shows the covalent char-
acter of the H 3 3 3O intermolecular interaction.29 The results of
calculations performed on a few dimers of amides and carboxylic
acids are summarized in Table 2, and such systems were analyzed
in the previous section.

According to Gilli et al. (see Figure 19), the π-electron
delocalization in homonuclear RAHBs systems leads to the
situation that two VB resonance structures X-H 3 3 3X and
X 3 3 3H-X are isoenergetic (or their energies are close to each
other) and can mix at the greatest extent.171,172 Similarly, adding
an electron or withdrawing an electron leads to the same energies
of I and II VB structures (Figure 19) for (-)CAHBs and
(þ)CAHBs, respectively. It seems that the statement about the
same energy of VB structures is equivalent with the principle
of equality of proton affinities of the donor and acceptor
(ΔPA = 0).220 It is also equivalent with the principle of equality
of pKa values of Bþ-H and A-H (ΔpKa = 0). The latter
parameter introduced by Huyskens and Zeegers-Huyskens to
analyze the proton transfer process in hydrogen-bonded
systems221 was later applied and described in numerous
studies.222-224There are theoretical and experimental investigations
that show linear relationships between ΔpKa and the hydrogen-
bonding strength.225-229 This means that the former value
decreases if the strength of interaction increases. The latter
relationship is only approximately linear, and the deviations from

linearity increase if the donor and acceptor of proton become
different. Besides, it was pointed out that the hydrogen bonds
fulfilling theΔpKa = 0 principle are not characterized by the same
strength.230 The dependencies mentioned above were analyzed
in detail very recently.231

These rules, ΔpKa = 0, ΔPA = 0, and the same energy of the
proton donor (A-) and the proton acceptor (B), roughly refer to
the identity or at least similarity of the donor and acceptor of
proton. This is in line with the early concept of Latimer and
Rodebush16 that “the hydrogen nucleus held between 2 octets
constitutes a weak ‘bond’.” If there are the same systems and the
hydrogen nucleus is inserted between, then the above rules
concerning the donor and acceptor may be fulfilled. Also, all
categories of “assisted” hydrogen bonds (Figure 19) are in line
with the latter statements. For example, the proton inserted bet-
ween two octets of water molecules leads to the H5O2

þ system
where the proton is situated in the center of thewhole system,232-234

or nearly so; both water molecules are characterized by the same
pKa’s, and this is the case of (þ)CAHB. Similarly, if the proton is
in themiddle of F- 3 3 3 F

- andCl- 3 3 3Cl
- distances for (FHF)-

and (ClHCl)- systems,235-237 respectively, they are classified as
(-)CAHB interactions. In the case of the RAHB systems,
π-electron delocalization leads to a decrease of ΔpKa and ΔPA
values; in other words, the proton donor and the proton acceptor
become similar in nature. Because additional effects are needed
to equalize the acceptor and donor properties, it is difficult to find
the system belonging to the RAHB class of interactions with the
proton situated exactly in the middle of the donor-acceptor
distance. A few examples of the neutral species are known from
crystal structures where the proton is situated approximately in
the middle of the donor-acceptor distance. These are, for exam-
ple, benzylacetone187 and nitromalonamide238 crystal structures.

The principles of ΔpKa and ΔPA = 0 require the same donor
and acceptor, and if they are symmetrically positioned then this
may lead to a single-well potential hydrogen bond with the pro-
ton in the center. For example, in the case of H5O2

þ the proton
lies exactly on the inversion center or nearly so, as different
studies present various pictures. Such a situation was also
observed for the (XYO 3 3 3H 3 3 3OXY)

þ (X, Y = H, F, Cl)
systems where in almost all cases the proton is situated exactly
in the middle of the O 3 3 3O distance.232 These are (þ)CAHB
systems. It seems that such symmetric species are characterized
by the greatest possible covalency of hydrogen bonding. In fact,
the bond orders for them are equal to 0.5, similarly as for the
(FHF)- and H5O2

þ species presented in Table 3.
However, the ΔPA = 0 principle and the requirements of

symmetry described above are not sufficient to have the proton
situated exactly in the middle of the donor-acceptor distance.
Chan et al.239 analyzed proton-bound (Y 3 3 3H

þ
3 3 3Y) homo-

dimers. According to them, the proton is shared equally between
two moieties for Y = Ne, O, and F; O is the Lewis base center
of water, and F- ion is considered in these studies. Such equal
sharing is not the case for N. For example, for the NH4

þ
3 3 3NH3

complex, the proton is closer to one of the nitrogen centers.

Figure 19. The model of enhancement of hydrogen bonding, through
addition of an electron, (-)CAHB; through withdrawing an electron,
(þ)CAHB; and through the resonance, RAHB. Reprinted with permis-
sion from ref 30. Copyright 1994 American Chemical Society.

Chart 4
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Generally, it was found for a series of (Y 3 3 3H
þ
3 3 3Y) homo-

dimers that the binding energies neither decrease nor increase
monotonically with the increasing proton affinity of Y. However,
there are recent interesting studies on H3O2

- and N2H7
þ

systems,240 which were analyzed with the use of the multi-
component density functional theory (MC_DFT)241 and the
gauge-including atomic orbital (GIAO) or continuous set of
gauge transformation (CSGT) techniques. In the case of classical
nuclei, the asymmetric O-H 3 3 3O structure was found for
H3O2

-; however, for quantum protons and quantum deuterons,
the symmetric structures exist corresponding to the single
potential well with respect to the H(D) coordinate. In the case
of the N2H7

þ system, the single well with symmetrical
N 3 3 3H 3 3 3N was found only for quantum proton. The latter
result seems to be surprising because the previous studies never
showed the symmetric N2H7

þ system being in the energetic
minimum.

A similar situation may be found for proton sponges where the
proton is situated between lone electron pairs of nitrogen
atoms.242,243 N-H 3 3 3N proton sponges exist most frequently,
but other types of proton sponges are also possible, for example,
P-H 3 3 3 P interactions.244 For the N 3 3 3H

þ
3 3 3N systems, the

proton may be positioned in the middle of N 3 3 3N distance or
nearly so, but also the cases with proton attached exactly to one of
the nitrogen centers are known. The position of the proton
depends on the character of species where hydrogen bond exists,
on the environment, and also on steric effects. The latter ones
may be important because the short N 3 3 3N distance is often
forced by molecular constraints. Figure 20 presents the case of
the crystal structure of an adduct of 1,8-bis(dimethylamino)2,7-
dimethoxynaphthalene ((CH3O)2 3DMAN)245 where the stud-
ies revealed a symmetric and planar DMAN 3H

þ cation with a
short N 3 3 3H

þ
3 3 3N hydrogen bond (N 3 3 3N distance equal to

2.567(3) Å). The X-ray diffraction results show the central
position of the proton within N 3 3 3H

þ
3 3 3N, which is reflected

by symmetry requirements. However, DFT and MP2 calcula-
tions show two potential minima for the proton position with the
zero point energy level close to the proton transfer barrier height.
Hence, the calculations show there is the low barrier hydrogen
bond (LBHB) in this case.

There is another case of strong hydrogen bonds analyzed
earlier. Jeffrey analyzed the effect of cooperativity in crystal
structures.2 It is connected with σ-bonds, which interrelate in a
chain or a cycle. The chain of molecules interacting through OH
bonds is an example, like within [(R)OH 3 3 3 (R) OH 3 3 3 -
(R)OH 3 3 3 ]. It can be expected that such a situation often
occurs in crystals where the translational symmetry exists and
it requires a subsystem reduplicated within a chain, often through
hydrogen-bonding interactions. Hence, there is strong experi-
mental evidence of the importance of this kind of cooperativity.
However, not only crystal structures provide the evidence in this
respect. For example, the cooperative effect was also investigated
by the microwave and ab initio techniques for H3N 3 3 3HF and
H3N 3 3 3HF 3 3 3HF complexes.246 It was found that for the
H3N 3 3 3HF 3 3 3HF complex the H 3 3 3N distance is by 0.21(6)
Å shorter than such a distance for the complex containing one
HF molecule. There are also other studies on the cooperativity
effect.247 For example, the cooperativity effects in C-H 3 3 3O
and OH 3 3 3O hydrogen bonds were compared.248 It was found
that the enhancement of H-bond strength occurs for the
O-H 3 3 3O interaction; one can observe a decrease of covalent
nature of the proton-donating O-H bond revealed by its

elongation and the red-shift of the corresponding stretching
mode. In the case of C-H 3 3 3O interaction, the blue-shifting is
observed for H-bonds in (H2CO)n and (HFCO)n systems. The
cooperativity for the other types of H-bonds was also investi-
gated, for example, for CH 3 3 3 F hydrogen bonding, where an
increase of blue-shift was observed as a result of coope-
rativity.249 Another interesting example involves the so-called
πH-bonded interactions analyzed at the MP2/6-311þþ
(2d,2p) level of approximation.250 There are numerous studies
on cooperativity effect where the enhancement of hydrogen-
bonding strength is observed.251-254 However, it was also
found that the weakening of hydrogen bonding may be
possible if any species acts simultaneously as the proton donor
and the proton acceptor.255 Thus, the positive cooperativity is
attributed to the strengthening of hydrogen bonding and the
negative cooperativity if the weakening of that interaction is
observed. The cooperativity term is not strictly defined;
however, very often it is understood as the enhancement (or
diminution) of hydrogen bond if the additional species inter-
acts either with the proton donor or with the proton acceptor
forming the next hydrogen bonding.254,256,257

In the case of positive cooperativity, the enhancement of any
H 3 3 3B interaction within the A-H 3 3 3B system may be ex-
plained in the following way (Chart 5). The A-center acts as the
proton donor for A-H 3 3 3B interaction, on the one hand, and
also as the proton acceptor for the additional A-H 3 3 3A inter-
action, on the other. Such an additional interaction causes greater
polarization of the A-Hbond and finally the enhancement of the
H 3 3 3B interaction. This explains the relationship between the
proton donating bond length and the proton-acceptor distance.
The cooperativity effect expressed by the additional A-H 3 3 3A
interactions (see Chart 5) weakens the A-H proton-donating
bond and enhances H 3 3 3B interaction; this is also in line with
the bond number conservation rule (see the previous section)55

because the lowering of the A-H bond number has to be
connected with the increase of bond number of H 3 3 3B contact.
Chart 5 shows that the enhancement of polarization of the A-H
proton-donating bond is connected with the electron charge
transfer, from B to A-H and next from A to A-H, and so on,

Figure 20. Crystal structure of an adduct of 1,8-bis-
(dimethylamino)2,7-dimethoxynaphtalene ((CH3O)2 3DMAN), and
the 40% probability displacement ellipsoid with atom numbering.
Reprinted with permission from ref 245. Copyright 2005 American
Chemical Society.



2617 dx.doi.org/10.1021/cr800346f |Chem. Rev. 2011, 111, 2597–2625

Chemical Reviews REVIEW

within the chain of σ-bonds and the proton-acceptor contacts
(B 3 3 3H, A-H, and H 3 3 3A).

The cooperativity effect was analyzed recently for complexes
of H2CO with HF molecules.258 Full optimizations were per-
formed for the H2CO 3 3 3HF, H2CO 3 3 3HF 3 3 3HF, and
H2CO 3 3 3HF 3 3 3HF 3 3 3HF systems. The results of these opti-
mizations correspond to energy minima because no imaginary
frequencies were found. Additionally, C2v symmetry H2CO 3 3 3
(HF)n systems were considered (CdO 3 3 3 (HF)n atoms are situ-
ated on the same line) with the number of HF molecules ranging
from 1 to 9. The calculations were carried out using MP2
method,; the Pople style 6-311þþG(d,p) basis set was applied
as well as the Dunning type basis sets: aug-cc-pVDZ and aug-cc-
pVTZ.

Figure 21 presents the relationship between H 3 3 3O distance
and the ratio of the interaction energy terms (delocalization and
electrostatic); the linear systems of C2v symmetry and fully opti-
mized complexes are included. One can observe that a decrease
of the H 3 3 3O distance is connected with an increase of the
delocalization interaction energy term. In other words, if the
proton-acceptor distance roughly reflects the strength of inter-
action and the delocalization energy corresponds to the cova-
lency, then one can observe that cooperativity effect increases the
covalent character of the interaction. Figure 21 shows that coope-
rativity is stronger for the fully optimized, nonlinear systems
(molecular graphs of two such complexes are presented) and for
the greater number of HF molecules. Closed circles (Figure 21)
correspond to linear systems; the number of HFmolecules is not
indicated for linear systems. However, this number increases if
H 3 3 3O distance decreases. The other parameters of hydrogen
bond such as the binding energy and the topological character-
istics also correlate with the H 3 3 3O distance. Figure 21 shows
that for two nonlinear systems containing two and three HF
molecules, the H 3 3 3O interaction possesses the characteristics
of covalent interaction because the total electron energy density
(HC) for H 3 3 3O BCP is negative.

There are interactions classified as hydrogen bonds where
π-electrons play the role of Lewis base and the acceptor of proton;
they are designated as X-H 3 3 3π (or as X-H/π).3,259-261 The
question arises: what is the nature of such interactions? The early
studies show that they are common in crystal structures3 and are
rather weak because very often the X-H 3 3 3π hydrogen-bond
energy is of about 2 kcal/mol.262 However, stronger interactions
also occur; for example, for the T-shaped FH 3 3 3C2H2 complex,
the binding energy calculated at the MP2/6-311þþG(d,p) level
of approximation amounts to 3.1 kcal/mol (BSSE correction
included).262 The decomposition of the interaction energy per-
formed within the Kitaura-Morokuma scheme22 (eq 9) shows
the following energy contributions: EES (-6.4 kcal/mol), EEX
(þ6.3 kcal/mol), EPL (-1.5 kcal/mol), ECT (-2.2 kcal/mol),
and the correlation energy calculated as the difference between
MP2 and SCF binding energies is equal to -0.4 kcal/mol. One
can see that the Heitler-London energy (EESþ EEX) is close to

zero because the electrostatic (EES) attractive term is balanced by
the positive exchange energy (EEX). Hence, the polarization and
charge transfer energies (EPL and ECT) are responsible for the
stability of that complex for relatively short distance between HF
and C2H2 (∼2.19 Å is distance separating bridging H from the
center of CtC bond). For the C2H2 3 3 3H3O

þ complex calcu-
lated at theMP2/6-311þþG(d,p) level of approximation,263 the
following energy contributions were found: EES (-19.1 kcal/
mol), EEX (þ25.4 kcal/mol), EPL (-15.3 kcal/mol), ECT (-16.3
kcal/mol), EMIX (þ6.9 kcal/mol), and the correlation energy is
equal to -3.5 kcal/mol. The O-H 3 3 3π hydrogen bonding is
much stronger here than F-H 3 3 3π in the case of C2H2 3 3 3HF
T-shaped complex. However, the former O-H 3 3 3π interaction
may be classified as the charge-assisted hydrogen bonding,
CAHB(þ), where both polarization and charge transfer interac-
tion energies are much more important than the electrostatic
one. Hence, one may expect that for some of the X-H 3 3 3π
interactions the covalent character of H 3 3 3π interaction may be
detected.

The σ-electrons may also act as the proton acceptor in X-
H 3 3 3 σ interactions. For example, the calculations were per-
formed on NH4

þ
3 3 3H2 complex264 and further on the other

complexes such as PH4
þ
3 3 3H2, AsH4

þ
3 3 3H2, SbH4

þ
3 3 3H2,

and BiH4
þ
3 3 3H2; the systems containing the greater number of

molecular hydrogen molecules were also considered.265 These
complexes may be classified as charge-assisted ones. However,
also the neutral X-H 3 3 3 σ interactions were investigated,
HCCH 3 3 3H2 and FCCH 3 3 3H2 complexes, for which the
calculations were carried out up to the MP2/6-311þþG-
(3df,3pd) level of approximation showing the binding energies
for both complexes of -0.3 kcal/mol.266 The F-H 3 3 3H2

T-shaped complex is another example, as it was analyzed up to
the MP2/aug-cc-pV5Z level of approximation showing the
binding energy of -0.99 kcal/mol.267

Chart 5

Figure 21. Linear relationship between H 3 3 3O distance (Å) and the
ratio of the interaction energy terms (electrostatic and delocalization).
Solid circles correspond to linear systems, while the open ones corre-
spond to those fully optimized; numbers 1, 2, and 3 correspond to
complexes fully optimized and containing one, two, and three HF
molecules, respectively. The decomposition scheme is according to eq
11, MP2/aug-cc-pVDZ level of approximation. The molecular graphs of
H2CO 3 3 3 (HF)2 and H2CO 3 3 3 (HF)3 complexes are included. The
regions with positive and negative values of the total electron energy
density (HC) at H 3 3 3O BCP are shown.
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Table 5 summarizes the results of investigations on complexes
where acetylene or molecular hydrogen act as Lewis bases268 and
there are different Lewis acids; some of the complexes may be
treated as connected through hydrogen bonds. For the NH4

þ
3 3 3

C2H2, H2OH
þ
3 3 3C2H2, and C2H3

þ
3 3 3C2H2 complexes, there

are negativeHC values for H
þ
3 3 3π BCPs, indicating that they may

be treated as partially covalent interactions. Similarly, for the
H2OH

þ
3 3 3H2 complex, the value of HC is negative.

These are the N-H 3 3 3π, O-H 3 3 3π, and π-H 3 3 3π hydro-
gen bonds (Table 5). The latter type of interaction was analyzed
earlier for two complexes of C2H3

þ
3 3 3C2H2 and C2H5

þ
3 3 3

C2H2;
269 these are the systems of twomolecules of acetylene and

the proton inserted between them, and the ethylene and acety-
lene molecules with the proton between π-electron systems.

Figure 22 shows examples of complexes presented in Table 5;
for all of them there are Hþ

3 3 3π(σ) interactions, relatively
strong because the HC values are negative. The H3O

þ
3 3 3H2

complex is very interesting; despite the weak Lewis base
(molecular hydrogen), the binding energy of 5.2 kcal/mol out-
weighs such values for the typical H-bonded system, dimer of
water, where the binding energy is of about 4.5-5 kcal/mol,
depending on the level of approximation used in calculations.270

The C2H3
þ
3 3 3C2H2 complex presented in Figure 22 contains

two Hþ
3 3 3π interactions; for the shorter Hþ

3 3 3π contact, the
Laplacian of electron density at the corresponding BCP is
negative as for a typical covalent bond, and this interaction
may be classified as the multicenter covalent bond. The second
Hþ

3 3 3π contact is slightly longer and may be treated as the
proton-acceptor interaction within this unusual π-H 3 3 3π
hydrogen bonding. However, for the C2H3

þ
3 3 3C2H2 complex,

the energy difference between the transition state of the proton
transfer reaction and the form corresponding to the local
minimum amounts to 0.1 kcal/mol (MP2/6-311þþG(3df,3pd)
level of approximation);271 thus, the zero-point energy along the
proton transfer coordinate places the proton above this barrier in
the symmetric position. It is in agreement with the later experi-
mental and theoretical studies on this species and related systems.272

Table 5 also presents the interactions of Liþ and Naþ ions
with acetylene or molecular hydrogen; the topological para-
meters clearly indicate that these are the closed-shell interactions.
There are the Hþ

3 3 3C2H2 and Hþ
3 3 3H2 complexes, proto-

nated acetylene (C2H3
þ) and protonated hydrogen (H3

þ),
respectively. These are the multicenter π-H and σ-H covalent
bonds. The binding energies for them are much higher than for
the remaining systems and do correspond to typical covalent
bonds’ energies. Thus, the one-center and multicenter proton

Table 5. Topological Parameters (in au) of the Complexes
with Acetylene and Hydrogen as Lewis Basesa

C2H2 Lewis base FC r2FC GC VC HC ΔE

Hþ
3 3 3C2H2 0.2059 -0.3220 0.0776 -0.2357 -0.1581 -154.45

Liþ 3 3 3C2H2 0.0192 0.0907 0.0198 -0.0169 0.0029 -19.68

Naþ 3 3 3C2H2 0.0124 0.0581 0.0118 -0.0091 0.0027 -12.16

FH 3 3 3C2H2 0.0199 0.0532 0.0127 -0.0122 0.0005 -3.91

C2H2 3 3 3C2H2
b 0.0077 0.0235 0.0047 -0.0036 0.0011 -1.43

NH4
þ
3 3 3C2H2 0.0251 0.0554 0.0147 -0.0156 -0.0009 -10.74

H3O
þ
3 3 3C2H2 0.0534 0.0278 0.0265 -0.0461 -0.0196 -19.39

C2H2 3 3 3H
þ
3 3 3C2H2 0.0651 0.0126 0.0289 -0.0546 -0.0257 -15.46

H2 Lewis base FC r2FC GC VC HC ΔE

Hþ
3 3 3H2 0.1380 -0.2458 0.0021 -0.0656 -0.0635 -105.74

Liþ 3 3 3H2 0.0126 0.0685 0.0141 -0.0110 0.0031 -5.68

Naþ 3 3 3H2 0.0075 0.0401 0.0079 -0.0058 0.0021 -2.94

FH 3 3 3H2
b 0.0109 0.0079 0.0381 -0.0062 0.0319 -0.84

C2H2 3 3 3H2
b 0.0033 0.0124 0.0024 -0.0016 0.0008 -0.28

NH4
þ
3 3 3H2 0.0131 0.0406 0.0088 -0.0074 0.0014 -2.34

H3O
þ
3 3 3H2 0.0307 0.0536 0.0185 -0.0235 -0.005 -5.19

C2H2 3 3 3H
þ
3 3 3H2 0.0167 0.0428 0.0100 -0.0094 0.0006 -2.76

aThe characteristics of Hþ(Liþ, Naþ) 3 3 3π (σ) BCP: the electron
density at BCP (FC), its Laplacian (r2FC), the potential electron energy
density (VC), the kinetic electron energy density (GC), and the total
electron energy density at BCP (HC). The binding energies (ΔE’s)
corrected for BSSE (kcal/mol) are also included. The results obtained at
MP2/6-311þþG(3df,3pd) level of approximation. Results reprinted
with permission from ref 268. Copyright 2007 American Chemical
Society. bT-shaped complex.

Figure 22. Molecular graphs of selected complexes presented in
Table 5. For all of them, there are Hþ

3 3 3π(σ) interactions; big circles
correspond to the attractors (all gray circles correspond to hydrogen
atoms), and small circles correspond to critical points. The following
molecular graphs are presented: NH4

þ
3 3 3C2H2, H2OH

þ
3 3 3H2, and

C2H3
þ
3 3 3C2H2. Adapted with modifications from ref 268. Copyright

2007 American Chemical Society.
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donors and acceptors are possible. Such systems were analyzed
recently,273 and a new classification of hydrogen bonds was
proposed (Table 6).271

Among the different types of hydrogen bonds collected in
Table 6 there is the dihydrogen bond (DHB). DHB may be
designated as A-H 3 3 3H-B, where A-H is the typical proton-
donating bond with the excess of positive charge on hydrogen
atom, and the second hydrogen connected with B plays the role of
the proton acceptor and it is negatively charged. DHBs have been
investigated since the mid-1990s by experimental34,35,274-278 as
well as theoretical methods.36,37,279-287 It was proven that these
interactions are a subclass of hydrogen bonds because they have
the characteristics typical of hydrogen-bond interactions.288

Very recently, a large sample of various dihydrogen-bonded
complexes was analyzed at the MP2/6-311þþG(d,p) level of
approximation.207 Figure 23 presents molecular graphs of repre-
sentatives of that sample. The NH4

þ
3 3 3HBeH, H2OH

þ
3 3 3

HBeH, andHCCH 3 3 3HLi complexes are presented; for the first
two species, the H 3 3 3H interactions belong to strong ones (9.6
and 19.5 kcal/mol, respectively), while for the last complex, the
interaction is of medium strength (4.2 kcal/mol). It was found
that a wide range of H 3 3 3H interactions exist,207 from van der
Waals contacts, through stronger interactions, and finally to
covalent bonds. Figure 24 presents the relationship between
the H 3 3 3H distance and the interaction energy components
obtained from the decomposition scheme expressed by eq 11.
Three regions of interactions can be seen: closed-shell interac-
tions, those classified as partially covalent because the HC values
for H 3 3 3H BCPs are negative there, and the strongest H 3 3 3H
interactions classified as covalent ones. For closed-shell interac-
tions, the electrostatic interaction energy is the most important
attractive term; for the other, stronger interactions (with at least
HC negative values), the delocalization interaction energy is the
most important attractive factor. For these two subclasses, the
H 3 3 3H distance versus exchange energy dependences may be
clearly separated. Besides, one can see that for the whole sample
there is a nonlinear relationship between the H 3 3 3H distance
and the delocalization interaction energy, whereas no such
dependence can be found between the H 3 3 3H distance and
the electrostatic energy. This may mean that the delocalization
interaction is the driving attractive force for a wide range of
interactions from van der Waals to very strong interactions
possessing the covalent character.

Chart 1 presents various Lewis acid-Lewis base interac-
tions.40 All contain hydrogen atom situated between the other
atoms; halogen bonding is the only exception. There are nume-
rous studies and discussions on the C-Hal 3 3 3B halogen bonding
where C-Hal acts as the Lewis acid and B is the Lewis base

center, and Hal designates Cl, Br, or I halogen atom (fluorine is
rarely accepted as the atom involved in halogen bonding).289-293

The nature of halogen bonding is out of the scope of this Review.
As concerns hydrogen bonding, it is stated in numerous definitions
of this interaction that the hydrogen atom is positively charged and
positioned between the other negatively charged centers; this may
be treated as Brønsted acid-Brønsted base interaction41 or at least
as the Lewis acid-Lewis base interaction.40 The hydride bonding is
not in line with such definitions because the hydrogen atom is a
negatively charged Lewis base center,39 and a similar situation
occurs for the halogen-hydride bonding.40 It was also proved that
an agostic interaction is the special case of hydride bonding;39 thus, it
could not be classified as hydrogen bonding.

The results presented in this Review show that different types
of hydrogen bonding, among them dihydrogen bonding, reveal
the covalent character of the interaction. The question arises if
the covalent character may be also attributed to the blue-shifting

Table 6. Classification of Hydrogen Bondsa

A-H 3 3 3B H-bond more detailed characterization examples

one-center proton donor and one-center acceptor Pauling type H-bond (3c-4e) O-H 3 3 3O, N-H 3 3 3O, N-H 3 3 3N
nonelectronegative A (3c-4e) C-H 3 3 3O, C-H 3 3 3N, C-H 3 3 3 S
nonelectronegative B O-H 3 3 3C, N-H 3 3 3C
nonelectronegative A and B C-H 3 3 3C
A-H 3 3 3H-B (dihydrogen bond) N-H 3 3 3H-Re, C-H 3 3 3H-C, O-H 3 3 3H-Be

multicenter A or/and B multicenter proton acceptor X-H 3 3 3π, X-H 3 3 3 σ
multicenter proton donor and proton acceptor π-H 3 3 3π, π-H 3 3 3 σ, σ-H 3 3 3σ
multicenter proton donor π-H 3 3 3O

aTable reprinted with permission from ref 271. Copyright 2007 American Chemical Society.

Figure 23. Molecular graphs of representatives of a sample of com-
plexes bound through dihydrogen bond. The following complexes are
presented: NH4

þ
3 3 3HBeH, H2OH

þ
3 3 3HBeH, and HCCH 3 3 3HLi

complexes. Big circles correspond to the attractors (gray circles correspond
to hydrogen atoms), and small circles correspond to critical points.
Reprinted with permission from ref 207. Copyright 2007 Elsevier.
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hydrogen bonding. There are different explanations of the nature
of the latter type of interaction.195-198,294-296 However, briefly
speaking, the contraction of the proton-donating A-H bond as a
result of complexation is characteristic for this interaction. This is
not in line with the bond number conservation rule (eq 3)
because the bond number for A-H in blue-shifting A-H 3 3 3B
interaction (most often this is C-H 3 3 3B interaction) exceeds
unity. On the other hand, any H 3 3 3B contact may be described
by the corresponding bond number, and hence it possesses the
covalent character.

It was stated that for the hydrogen-bonding formation there
are two effects: hyperconjugation leading to the weakening and
elongation of the proton-donating bond, and the rehybridization
that promoted the strengthening and shortening of that bond.297

If the latter effect outweighs hyperconjugation, thus it is the blue-
shift hydrogen bonding. However, it was also found297 that for
the sample of blue-shifting hydrogen bonds, there is the increase
of the hyperconjugative energy expressed by eq 22 if the H 3 3 3B
distance decreases. It proves that also the blue-shifting hydrogen
bonds are the covalent in nature interactions.

Both effects, hyperconjugation and rehybridization, are general
for all types of hydrogen bonds; thus, there are no fundamental
differences betweenblue-shifting and red-shifting hydrogenbond.297

The rehybridization is connected with the strengthening of A-H
proton-donating bond and an increase in s-character of A hybrid
orbital in this bond; such an increase is greater for the shorter
(A)H 3 3 3B distances.297 The increase of the s-character of hybrid
orbital is in line with the Bent rule.298 The latter states that the
s-character of A-atom hybrid orbital increases if this orbital is aimed
toward electropositive substituent; if this orbital is aimed toward the
electronegative orbital, thus its p-character increases. The formation
of A-H 3 3 3B hydrogen bonding is connected with the increase of
the electropositivity of H-atom and hence with the increase of the
s-character of A hybrid orbital.

7. SUMMARY

What is specific to the hydrogen-bonding interaction? Such a
question is sometimes asked, and the usual answers involve two
concepts. The first one says that it is mainly electrostatic
interaction. The second concept, while appreciating the electro-
static interaction, holds that some other kinds of interaction
energy terms are also important, mainly charge transfer and
dispersive energies. However, many lines of evidence converge
on recognition of the unique importance of covalency (charge
transfer) in the general H-bonding phenomenon. Remaining
disagreements can be traced to discordant definitions of charge
transfer, which naturally depend on how atomic charge density is
assigned to each atomic center. Because “atomic boundary” is
understood quite differently in QTAIM-based versus NBO-
based methods, one might have expected these methods to yield
quite different charge assignments. However, QTAIM andNBO-
based descriptors of H-bonding are actually found to exhibit
reasonably consistent patterns. Much deeper disagreements
separate the overlap-dependent energy decomposition schemes
of Morokuma type from the NBO-based NEDA method. For
reasons discussed previously in this Review and in earlier
studies,20,42,43,108-110 one can believe that apparent conclusions
drawn from such overlap-dependent analysis are misleading.

The covalent character is connected with those terms of
interaction that concern the redistribution of electronic charge
as an effect of complexation. According to the NBO approach,
this is the energy connected with electron charge transfer from
the lone pair of acceptor to the antibonding σ* orbital of the
proton-donating bond;20 it was shown here that this may be any
other transfer from the acceptor orbital to σ* orbital. Because for
all hydrogen bonds the stabilizing role of charge transfer inter-
action may be found, thus one may state that all hydrogen bonds
are in any way covalent in nature.

The Quantum Theory of “Atoms in Molecules” (QTAIM)45

provides the characteristics of critical points, for example, of
H 3 3 3B critical points. The negative value of the Laplacian of
electron density at H 3 3 3B bond critical point proves the electron
charge concentration in the H 3 3 3B region and the covalent
character of the interaction. There is substantial theoretical and
experimental evidence of the existence of hydrogen bonds, which
are covalent in nature, because Laplacians of the electron density
at H 3 3 3B BCP are negative or at least the total electron energy
density at H 3 3 3B BCP is negative.

There is abundant evidence that covalency is attributed to
hydrogen bond as a kind of interaction, not only to short and
strong interactions. The covalency is the driving force of hydro-
gen bond determining its characteristics. The following evidence
of the covalent nature of hydrogen bond can be mentioned.
(1) The delocalization interaction energy (or any other

related energy, charge transfer, polarization, etc.) corre-
lates with the proton-acceptor distance for a wide range
of hydrogen-bond interactions; this correlation is much
better than for any other term of interaction energy
(electrostatic, exchange, etc.).

(2) The delocalization interaction energy correlates with the
binding energy.

(3) The so-called “CT-deleted” structures, that is, those
where the charge transfer interaction energy is rejected
and the complex stability is based on the remaining interac-
tion energy terms. They form intermolecular links at much
greater distances between monomers; in other words, the

Figure 24. Relationship between the H 3 3 3H distance (Å) and the
interaction energy components obtained from the decomposition
scheme expressed by eq 11. O, exchange energy; 4, correlation energy;
9, electrostatic energy; b, delocalization energy. Three regions of
interactions are designated; covalent interactions correspond to the
strongest H-bonds with negative r2FH 3 3 3 B values, partially covalent
interactions with positive r2FH 3 3 3B values but negative HC’s, and
closed-shell interactions are the weakest ones with positive HC values.
Reprinted with permission from ref 207. Copyright 2007 Elsevier.
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formation of hydrogen bonds in such cases is problematic, or
the H-bonded complexes are not formed at all.

(4) This is in line with the third statement; for numerous
hydrogen-bonded complexes, the exchange energy term
cancels the electrostatic interaction energy, and hence
the other attractive energy terms, mainly delocalization
energy, are responsible for the stability of the system at a
relatively short distance between linked monomers.

(5) The potential electron energy density at H 3 3 3B BCP,
VC, decreases (its modulus increases) monotonically if
the H 3 3 3B distance decreases; this topological parameter
derived fromQTAIM correlates with the other measures of
the hydrogen-bond strength. Because the negative value of
VC determines the sign of the “indicators” of covalency,HC

andr2FH 3 3 3B values, one can see that VC fulfills the similar
role as the delocalization interaction energy term within any
energy partitioning scheme. It was shown that the total
electron energy density at the proton 3 3 3 acceptor BCP
(HC) is negative if the Heitler-London energy is positive.
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