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ABSTRACT: Different methods of estimating H-bond strength are presented. The studies are based on the results of
MP2/6–311þþG** calculations and the binding energies are corrected for the basis set superposition error (BSSE).
The wavefunctions were further applied to localize bond critical points and ring critical points. The characteristics
based on the Bader theory are also applied as indicators and measures of hydrogen bonding. This study compares
samples of different compounds. The H-bond strength measures such as the proton–acceptor distance (H � � �Y), the
length of the proton donating bond, the electron density at H � � �Y bond critical point, the H-bond energy and others
are analysed. The case of the intramolecular hydrogen bonding is also analysed, and its special characteristics are
given. Copyright # 2003 John Wiley & Sons, Ltd.
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INTRODUCTION

Hydrogen bonding is one of the most important interac-
tions encountered in the gas, liquid and solid states. It plays
a crucial role in many chemical processes1 and influences
the arrangement of molecules in crystals.2 It is the inter-
action which may be treated as a preliminary stage of the
proton transfer process.1 Hydrogen bonding plays an im-
portant and dominant role in many life processes.1 Hydro-
gen bonding is understood as a very broad phenomenon
and hence it is among the terms most frequently used in
chemistry, biochemistry and medicine.3,4

The knowledge of hydrogen bonding strength is very
important in the study of chemical, physical and bio-
chemical processes. The estimation of the H-bond
strength is ambiguous since there are a variety of defini-
tions and classifications of this type of interaction.5–7

The hydrogen bond is usually symbolized by X—
H � � �Y and results from the interaction between a pro-
ton-donating bond X—H and a proton acceptor Y, where
X and Y designate electronegative atoms such as O, N

and Cl.8 Hence O—H � � �O, N—H � � �N, N—H � � �O,
N—H � � �Cl and other similar systems are treated as
typical, conventional hydrogen bonds. However, the
ability of carbon atoms to act as proton donors has
been the subject of many studies and C—H � � �Y hydro-
gen bonds have been indicated in many systems.9–11

Additionally, it was pointed out that in a molecular
assembly in the case of deficiency of typical H-bond
acceptors, �-electrons or carbon atoms may act as such
accepting centres12 and thus X—H � � �� or X—H � � �C
hydrogen bonds are possible.13 The above-mentioned
interactions, C—H � � �Y and X—H � � �C (or �-electrons
as acceptor), are usually known as unconventional
H-bonds. Such interactions are often weak since binding
energies for the corresponding complexes amount to
0.5–4 kcal mol�1 (l kcal¼ 4.184 kJ).14,15 Some authors
even suggest that C—H � � �C or C—H � � �� interactions
may stabilize the crystal structures. For example, O—
H � � �O, C—H � � �O and C—H � � �� interactions were
analysed early for crystal structures of propyne and
butyne carbocylcic acids.16 The role of the C—H � � ��
interactions in the arrangement of molecules of one of the
polymorphic forms of acetylene (Acam space group) was
investigated with the use of the atom–atom potentials.17

On the other hand, strong hydrogen bonds are known.
Those which are assisted by charge, so-called charge
assisted H-bonds: CAHB(þ ) and CAHB(� ); an exam-
ple of the latter is the [F � � �H � � �F]� system18,19 and those
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which are assisted by resonance, so-called resonance-
assisted hydrogen bonds (RAHBs).20–22 However, it
should be pointed out that for neutral molecules very
strong intermolecular hydrogen bonds also exist. For
example, phosphonic acid (PA) and its dimethyl deriva-
tive (DMPA) have been studied at the MP2(full)/6–
31þG** and B3LYP/6–31þG** levels of theory.23

Both PA and DMPA form cyclic dimers, where the two
monomers are held together by hydrogen bonds which
are stronger than those existing for carboxylic analogues.
Dimerization enthalpies for PA and DMPA are the high-
est reported for neutral homodimers (23.2 kcal mol�1 for
both complexes). These calculations are in agreement
with the experiment since the study of the gas-phase IR
spectrum of DMPA showed the existence of the ABC
�(OH) absorption structure compatible with the presence
of very strong hydrogen bonds within the dimer.24

An approximate classification of the hydrogen bonding
interaction according to its strength and a composition of
atoms within the X—H � � �Y system may be given
(Table 1). It is worth mentioning that the ranges of energy
for several types of H-bonds are different in various
monographs and review articles on hydrogen bonding.
Hence the values given in Table 1 are a compromise
between different classifications and are mainly based on
the classification given by Kaplan.25 For example, Al-
korta et al.14 established a new classification of hydrogen
bonds with interaction energies up to 5 kcal mol�1 con-
sidered as weak, with energies between 5 and
10 kcal mol�1 defined as medium and those with energy
values >10 kcal mol�1 defined as strong or very strong.

We see that complexes characterized by weak H-bond
strength are similar to van der Waals complexes for which
the binding energies are 0.1–1 kcal mol�1. On the other
hand, the energy of strong H-bonds is 15–60 kcal mol�1

(Table 1), similar to typical covalent bonds for which
bond energies are around 100–200 kcal mol�1.

Table 1 shows that the type of hydrogen bonding and
the composition of the X—H � � �Y system is approxi-
mately related to the H-bond strength. For example, H-
bonds with C—H donors are weaker than H-bonds

containing O—H proton donors if, for both cases, the
acceptors are the same. However, we should be very
careful when applying this crude estimation since there
are many specific cases for which more detailed classi-
fications should be applied. Very strong H-bonds in
neutral molecules of PA and DMPA are examples of
such specific cases. In another example, the theoretical
evidence for moderate C—H � � �C H-bonds was analysed
and the binding energy for H3Nþ—CH2

�� � �HCCH at
the MP2/6–311þþG(3d,3p) level [basis set super-
position error (BSSE) included] was calculated to be
8.16 kcal mol�1.26 Another example concerns the classes
of O—H � � �O bonds which are usually treated as mod-
erate. The detailed classification shows27 that such sys-
tems may be divided into five classes: strong negative
charge assisted, CAHB(� ), strong positive charge as-
sisted, CAHB(þ ), strong resonance assisted, also called
�-cooperative H-bonds, RAHB, moderate polarization
assisted H-bonds, PAHB, and weak isolated H-bonds
which are non-charged, non-resonant and non-coopera-
tive systems. It is worth mentioning that strong resonance
assisted (RAHB) O—H � � �O bonds are often referred to
as low-barrier H-bonds (LBHB).28,29

The most widely employed indicators of the presence
and strength of hydrogen bonding are those connected
with spectroscopic results. The stretching vibration of the
X—H proton donating bond changes significantly upon
complexation with an acceptor molecule. The stretching
mode can be shifted to the red region by hundreds of
cm�1, and the band is intensified several fold.1,5 The red
shift may be treated as a measure of the hydrogen
bonding strength since it correlates with other typical
measures such as H-bond energy and the proton–acceptor
(H � � �Y) distance.8

NMR is a very important tool in the analysis of
H-bonds. The existence of hydrogen bonding causes
electron density shifts which result in perturbation of
the proton shielding tensor.30 The proton chemical shift
anisotropy is a sensitive parameter applied to detect the
presence of H-bonds.31 It has been shown that the
isotropic and anisotropic shieldings correlate with
H � � �Y distance.32 Shifts in anisotropic chemical shield-
ing obtained from ab initio and DFT calculations have
been used for an analysis of weak C—H � � �O hydrogen
bonds within systems where methane or its fluorine
derivatives act as proton donor and water or methanol
is a proton acceptor.15,33 NMR parameters were also
applied for the analysis of other weak H-bonds such as
C—H � � �O and C—H � � �C (or � electrons).34,35

The aim of this review is to discuss different indicators
of the presence and strength of hydrogen bonding. The
emphasis is put on the geometric, energetic and topolo-
gical parameters, the latter being results of the Bader
theory.36 The analysis of other parameters, including
those derived from spectroscopic methods, are not taken
into account here. Different ways of estimating H-bond
strength are presented in next sections. The samples

Table 1. Types of H-bonds

Type of H-bond Examples H-bond energy
(kcal mol�1)

Strong O—H � � �O 15–60
(RAHB; CAHB) [O—H � � �O]�

[O—H � � �O]þ

[F—H � � �F]�

Moderate O—H � � �O 4–15
N—H � � �O
F—H � � �O

Weak C—H � � �O, C—H � � �N, C—H � � �S 0.5–4
O—H � � �C, N—H � � �C, O—H � � � �,

N—H � � ��
C—H � � �C, C—H � � � �

HYDROGEN BONDING STRENGTH 19

Copyright # 2003 John Wiley & Sons, Ltd. J. Phys. Org. Chem. 2004; 17: 18–31



analysed in this study are mainly based on ab initio and
density-functional theory (DFT)37 calculations. It is worth
mentioning that DFT performs satisfactorily38 and that
generally DFT-optimized geometries are not inferior to
geometries predicted by conventional ab initio techniques
incorporating electron-correlation effects. However, for
complexes the DFT predictions of H-bond energies are
not as reliable as those of the MP2 method. DFT methods
are suitable for studies on intramolecular H-bonds; for
example, the B3LYP/6–31G(d) level of theory has been
found to give results in good agreement with high-level
ab initio calculations for such interactions.39

This review is restricted to the applications to organic
species. Very recently, a review on H-bonds has ap-
peared;40 however, it is mainly focused on the structure
and strength of H-bonds with respect to the various X—
H � � �Y motifs possible in inorganic solids.

GEOMETRIC PARAMETERS

The proton donating bond and
the proton–acceptor distance

The geometry of the X—H � � �Y hydrogen bond may be
defined by three scalar quantities,5 X—H covalent bond
length, H � � �Y hydrogen bond length and X � � �Y dis-
tance; these parameters define the X—H � � �Y hydrogen
bond angle. It is well known that the formation of
hydrogen bonding is connected with the elongation of
the proton-donating bond. The shorter the H � � �Y contact,
the greater is the X—H elongation, the closer the X—
H � � �Y angle is to linearity and the stronger is the
hydrogen bonding. These dependences were often exam-
ined with the use of experimental and theoretical results.
For example, the relationship between the O—H bond
length and the O � � �O distance for O—H � � �O systems
taken from x-ray diffraction results for organic com-
pounds has been investigated for various species.41,42 It
was found that this relationship is better for homogeneous
samples of compounds.43 For example, for accurate
neutron diffraction data (R� 8%, e.s.d.s� 0.005 Å) of
C——O � � �H—O systems there is an H—O vs H � � �O
relationship. The experimental results are in agreement
with this relationship obtained from the bond valence
model.43

The H � � �Y distance is often applied as a criterion of
the presence of hydrogen bonds; it should be shorter than
the corresponding sum of H-atom and Y-atom van der
Waals radii, �r ¼ rvdW

H þ rvdW
Y .9 However, there are pro-

blems with the application of this criterion since the
hydrogen bonding is mainly of an electrostatic nature
and hence this interaction acts far beyond the van der
Waals radii cut-off.6,21

It has been pointed out that the difference between �r
and the H � � �Y distance (rH � � �Y) may be treated as a
measure of the strength of hydrogen bonding even for

heterogeneous samples of complexes since it correlates
with the H-bond energy:44

�r ¼ �r � rH���Y ð1Þ

The H-bond strength depends on the type of proton
donor and also on the type of accepting centre. Table 2
shows the geometric and energetic parameters of H-
bonds characterized by the same type of proton donor,
F—H � � �Y hydrogen bonds. All systems in Table 2
belong to strong or moderate H-bonds and are linear or
approximately linear. The greatest H-bond energies are
those of the (F � � �H � � �F)� and (F � � �H � � �Cl)� systems:
the charge assisted hydrogen bonds, CAHB(� ). The �-
electron system of the C2H2 molecule is the weakest
proton acceptor for this sample. The results in Table 2
were obtained for optimized complexes calculated at the
MP2/6–311þþG** level of theory.44 For the estimation
of H-bond energies, the BSSE correction of Boys and
Bernardi was taken into account.45 This error has been
extensively studied for intermolecular H-bonded sys-
tems.46,47 It is due to the fact that each monomer in
the complex uses to some extent the basis functions of the
other monomer, causing a lowering of the energy of the
system. The data presented in Table 2 are based on results
obtained earlier.44,48 They concern dimers optimized with
the use of the Gaussian 9449 and Gaussian 98 sets50 of
codes.

Figure 1 shows the relationship between the above-
mentioned �r parameter [Eqn. (1)] and H-bond energy
for the sample in Table 2. The correlation coefficient for a
polynomial regression of second order amounts to 0.971.

Table 2. Hydrogen-bonded systems with hydrogen fluoride
as a proton donor and different proton acceptorsa

Proton acceptor HF bond H � � �Y H-bond
length contact energy

F� 1.138 1.138 �39.87
Cl� 0.968 1.895 �20.94
OCH2 0.923 1.869 �5.43
OH2 0.931 1.73 �7.54
NH3 0.948 1.703 �11.18
LiH 0.950 1.399 �12.62
C2H2 0.923 2.186 �3.15
LiCN 0.941 1.732 �12.3
CH3CN 0.931 1.835 �7.9
CH2FCN 0.928 1.878 �6.47
HCN 0.927 1.887 �6.51
FCN 0.926 1.901 �5.86
CHF2CN 0.926 1.915 �5.42
CF3CN 0.924 1.946 �4.68
NO2CN 0.923 1.974 �4.03
NH2CN 0.931 1.823 �8.27
BH2CN 0.928 1.875 �6.61
HOCN 0.929 1.847 �7.42

a The geometric data are given: H � � �Y contacts and HF bond lengths (in
Å) and also the H-bond energies corrected for BSSE (in kcal mol�1). All
results were obtained at the MP2/6–311þþG** level of theory. Results
taken from Refs. 44 and 48.
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The better H-bond strength measure for this sample is
the H—F bond length. Figure 2 shows the correlation
between H—F bond length and the H-bond energy; the
linear correlation coefficient is 0.962 for all entries; the
correlation coefficient for the polynomial regression
of second order is better, 0.994. Table 2 shows that the
sample contains a sub-sample of F—H � � �N———C—R
complexes. If we take into account only that sub-sample
and thus for the relationship between HF bond length and
EHB, the linear correlation coefficient equals to 0.995. We
see that the linear correlation is better if only strongly
related systems are considered.

The geometry of the proton donor may be applied as a
measure of the H-bond strength even for heterogeneous
samples since the normalization of the X—H bond
length elongation is possible51 according to the relation

�XH ¼ ðrX�H � r0
X�HÞ

r0
X�H

ð2Þ

where rX—H is the length of the X—H bond within the
X—H � � �Y system and rX—H

0 is the length of the free
bond not involved within H-bonding. In other words, �XH

is the elongation of the X—H bond due to H-bridge
formation in relation to the free X—H bond length.

It should be pointed out that there are correlations
between geometric and energetic parameters for homo-
geneous samples of dimers connected by strong or
moderate H-bonds. Hence the relationships presented in
the literature usually concern O—H � � �O systems most
often existing in liquids and solids and belonging to
moderate hydrogen bonds. The sample in Table 2 con-
tains systems for which there is the same proton-donating
molecule and hence we may order the strength of accep-
tors from the results in Table 2. The order of the strength
of acceptors is F�>Cl�>H� (LiH)>CN� (LiCN)>
NH3>H2O>HCN>CH2O>C2H2.

The dependences analysed in this section are not so
evident for weak H-bonds such as those of C—H � � �O
type. There is no dependence between C—H bond length
and H � � �O distance for C(sp2)—H � � �O systems52 taken
from the Cambridge Structural Database (CSD);53 only
neutron diffraction results of high accuracy were included
(R� 5%; e.s.d.s� 0.005 Å). In other words, elongation of
the C—H bond due to H-bond formation is not observed
since all neutron diffraction-measured C—H bond
lengths are close to 1.08 Å. The lack of correlation for
C(sp2)—H � � �O systems may be caused by the hetero-
geneous character of the sample. A correlation between
C—H bond length and H � � �O distance was found54 for a
homogeneous sample—neutron diffraction results con-
cerning amino acids and taken from the CSD. However, a
C—H length vs H � � �O distance relationship is not linear
or easily detectable; the Spearman test has been applied
to justify such a relationship.54

The acidity of donors decreases in the following order:
C(sp)—H>C(sp2)—H>C(sp3)—H,55 since the elec-
tronegativity of the carbon atom also decreases for such
an order of bonds.56 C(sp)—H � � �O hydrogen bonds
were analysed34 and compared with other C—H � � �O
systems with sp2 and sp3 hybridizations of carbon atoms
and the results of calculations of H-bond energies are in
agreement with the acidity of donors. Table 3 presents
C(sp)—H � � �O systems for which a water molecule is the

Figure 1. Dependence of the difference between the sum
of H-atom and Y-atom van der Waals radii in the X—H � � �Y
system and H � � �Y distance (in Å) on H-bond energy
(in kcal mol�1); the data used for this relationship are given
in Table 2

Figure 2. Relationship between the HF bond length (in Å)
and H-bond energy (in kcal mol�1). Results from Table 2. The
broken line is the polynomial regression applied for all results
and the solid line corresponds to the linear regression for
N———C—R acceptors

Table 3. Geometric and energetic parameters of complexes
with a water molecule as a proton acceptor and different
R—C—H proton donorsa

HCCH FCCH ClCCH HCN

H-bond energy �2.48 �2.61 �2.64 �4.67
X � � �Y distance 3.268 3.250 3.247 3.142
�R 4.8 6.0 6.0 7.3

a H-bond energies corrected for BSSE (in kcal mol�1), X � � �Y distances in
Å; �R is the elongation of the proton-donating bond (in mÅ); results
obtained at the MP2/6–311þþG** level of theory. Results taken from
Ref. 34.
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proton acceptor. Hence we may analyse the strength of
proton donors, since the acceptor is fixed. We see that the
HCN molecule is the strongest donor and HCCH is the
weakest. The strength of the C(sp)—H � � �O bond
corresponds to the lengthening of the C—H donor
(Table 3).

Use of the bond valence model

The concept of bond number was introduced by Pauling57

and was later used successfully in many chemical pro-
blems.58,59 It is particularly useful for the systems which
fall between the typical covalent bonds and non-bonded
contacts. A coherent model similar to the Pauling idea of
the bond number was introduced by Brown and
Shannon60 and named the bond valence (BV) model.
The designations and definitions of the BV model are
used in this paper since this model was introduced to
describe interactions and it seems to be convenient for
describing hydrogen bonding interactions. According to
the BV model,61 the strength of the bond and of the inter-
or intra- molecular contacts is related to the bond valence.
In Pauling’s original definition it was stated that the bond
number is the number of electron pairs involved in the
bond; the bond valence has a similar meaning to the
meaning of the bond number. The bond valence definition
may be expressed by the following exponential function,
although the other relations may be also applied:

sij ¼ exp½ðr0 � rijÞ=B� ð3Þ

where r0 and B are constants and rij is the length of the
given bond or contact. The constant r0 is often related to
the length of a bond of unit valence. For example, for an
O—H bond not involved in any intermolecular interac-
tion (such as the OH bond of the water molecule in the
gas phase), the bond valence amounts to unity and
rij ¼ r0. The O—H bond length within the O—H � � �O
system is usually elongated and hence the sij value is
lower than unity. The difference between unity and the sij
value of the OH bond (sOH) corresponds to the bond
valence of the H � � �O contact (sH � � �O). Hence we may
write the expression

exp½ðr0 � rOHÞ=B� þ exp½ðr0 � rH���OÞ=B� ¼ 1 ð4Þ

The constant B is usually calculated from Eqn. (3) for a
system for which the bond valence and the bond length
are known. Such calculation is possible from the geome-
try of symmetrical and strong O � � �H � � �O H-bonds
where the proton is in the middle of the O � � �O distance
and the bond valence of H � � �O is equal to 0.5.

It is worth mentioning that for some studies both
constants r0 and B are related to the experimental results:
both are fitted to experimental data.60,61 Equation (4) is a

special case of the more general expression called as the
valence sum rule (VSR):

Vi ¼
X

j

sij ð5Þ

This means that the atomic valence Vi of the ith atom is
equal to the sum of the bond valences of all its connec-
tions, bonds and contacts. According to the BV model,
atomic valences Vi are equal to the oxidation states of
atoms. For the O—H� � �O system, the VSR may be
applied to the construction of the relation between the
length of the O—H bond and the H � � �O (or O � � �O)
distance.62 Furthermore, it was found that Eqn (4) based
on the VSR is in excellent agreement with experimental
results.21,43,63 A similar situation was observed for the
other H-bonded systems such as N—H � � �O, O—H � � �N,
O—H� � �S and S—H � � �O, for which accurate neutron
diffraction results taken from the Cambridge Structural
Database are in agreement with the relations obtained
from the BV model.64 For some cases, a correlation
between X—H bond length and H � � �Y distance may be
detected in spite of a slight elongation of the proton-
donating bond due to H-bond formation. It has been
pointed out earlier21 that the N—H bond can be only
slightly stretched by hydrogen bond formation (from 1.01
to 1.06 Å), in spite of the strong electronegativities of the
donor and acceptor atoms involved in the N—H � � �O
system. Such a situation occurs not only for N—H � � �O
H-bonds but also for the other systems considered by
Steiner.64

The above-presented relationships also exist for mod-
elled unconventional dihydrogen bonds calculated with
the use of different ab initio and DFT levels of theory.65,66

Dihydrogen bonds have been investigated recently both
experimentally67–69 and theoretically.70–72 The concept
of the dihydrogen bond has been introduced a few years
ago67 to express the interaction occurring between a
conventional hydrogen bond donor such as an N—H or
O—H bond as the weak acid component and an element–
hydride bond as the weak base component, where the
element in question can be a transition metal or boron;
they are usually designated X—H�þ� � � ��H—M (Me¼
metal or boron atom).

The relationship between the H�þ� � ���H distance and
H—F bond length for simple H—F � � �H—M (M¼C, Si,
Li, Na, Be, Mg) dimers was based65,66 on MP2/6–
311þþG**, MP4(SDQ)/6–311þþG** and QCISD(T)/
6–311þþG** levels of theory, showing that the applica-
tion of the BV model is also possible for such systems,
since the relationship obtained from the VSR is in
agreement with the calculated results. The VSR for the
H�þ atom within the F—H�þ� � � ��H system may be
written in the following way:

VH ¼ exp½ðrH--F
0 � rH--FÞ=BHF�

þ exp½ðrH���H
0 � rH���HÞ=BH���H�

ð6Þ
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where rH—F and rH � � �H are the H—F bond length and the
H � � �H distance within the F—H � � �H system and rH--F

0 ,
BHF, r

H���H
0 and BH � � �H are constants. Figure 3 shows the

relationships between intermolecular contacts and the
proton-donating bond lengths for two samples of com-
plexes, those connected through typical, conventional
O—H � � �O hydrogen bonds and those connected through
unconventional dihydrogen bonds. The relationships are
based on the calculations performed for complexes of
acetic acid derivatives with water (B3LYP/6–31G** level
of theory)63 and for the above-mentioned modeled sys-
tems with dihydrogen bonds (MP2/6–311þþG** calcu-
lations).65 For both samples, the correlations are
compared with the relations obtained from the VSR.
The VSR is represented by Eqn. (6) for dihydrogen bonds
and for O—H � � �O H-bonds it may be expressed by
Eqn. (4).

Figure 3 shows that the results of calculations are in
agreement with the BV model. The H � � �Y contacts and
H—X proton-donating bond lengths correlate, and are
good descriptors of H-bond strength. These dependences
are fulfilled for both calculations and experimental data.
However, for experimental results, for example those of
neutron diffraction measurements, the relationships are
not so evident. This is due to the many possible effects
existing for crystal structures. Figure 4 shows the rela-
tionship between H � � �O distance and O—H bond length
for O—H � � �O systems taken from CSD.53 Only accurate
neutron diffraction structures were included (with
R� 7% and e.s.d.s� 0.005 Å, error free and not disor-
dered). The only restriction that was given was for H � � �O
distances to be <3.2 Å. We see that for these experi-
mental results, in spite of the high accuracy, a correlation
is not detectable. One reason disturbing the correlation is

the shortening of O—H proton-donating bonds for some
O—H � � �O systems,73 especially for water molecules as
proton donors.74 This effect is visible in Fig. 4. The
second reason is connected with the longer H � � �O dis-
tances for which H-bonds are weaker or do not exist. For
such cases, the influence of intermolecular forces in
crystals causes a greater perturbation of the geometry
of O—H � � �O systems and hence the correlation between
OH and H � � �O is disturbed. Additionally, for longer
H � � �O distances the existence of bifurcated H-bonds is
more probable.

To avoid factors disturbing the correlation analysed
above, the sample of O—H � � �O systems is considered
again (Fig. 5). The accuracy of neutron diffraction results
is the same. However, the sample is homogeneous, only
C——O � � �H—O—C systems are taken into account.
There are two limits: H � � �O contacts <2.6 Å are con-
sidered (the sum of Pauling’s van der Waals radii of
hydrogen and oxygen atoms) and O—H bonds which are
>0.957 Å (the length of the OH bond for the water
molecule in the gas phase). Figure 5 shows that for this
sample the correlation is good; the solid line represents
the polynomial regression of second order with a correla-
tion coefficient of 0.983.

Figure 3. Relationship between the H � � �Y distance and the
proton-donating bond length (in Å) for two samples, the first
one calculated at the MP2/6–311þþG** level of theory for
dihydrogen bonds (�) and the second calculated at the
B3LYP/6–31G** level (&) for O—H � � �O systems. The con-
tinuous lines correspond to the relations obtained from the
valence sum rule

Figure 4. OH vs H � � � .O dependence for a heterogeneous
sample taken from neutron diffraction results. Bond lengths
and distances in Å

Figure 5. OH vs H � � � .O dependence for a homogeneous
sample taken from neutron diffraction results. Bond lengths
and distances in Å
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Proton acceptors

In the previous section, it was shown that systematic
changes in proton-donating bonds are detectable owing to
the formation of hydrogen bonding. The situation is more
complicated for the proton acceptors and has been not
investigated extensively. For example the relationship
between the C——O bond length and the H � � �O distance
in C——O � � �H—O—C systems was investigated43 and a
correlation was detected; for shorter H � � �O distances
there are longer C——O bonds. This correlation was
observed for neutron diffraction results of high accuracy
taken from the CSD. In other words, the elongation of an
accepting carbonyl bond within an H-bonded system may
be treated as a measure of the H-bond strength. This
correlation is supported43 by the BV model, since the
neutron diffraction experimental data are in good agree-
ment with the valence sum rule applied to the oxygen
atom of the carbonyl group.

SH���O þ SC------O ¼ VO ¼ 2 ð7Þ

Equation (7) may be understood in the following way; the
sum of bond valences of the H � � �O contact and of the
C——O bond is equal to the atomic valence of oxygen
atom, i.e. 2 (the oxidation number of oxygen).

Studies concerning the influence of intermolecular
interactions on the geometry of the methoxy group
have been carried out recently.75 Methoxybenzene and
its complexes with HF, H2O, C2H2, C2H4, CH4, CH3F and
NH2CH3 were investigated with the use of DFT calcula-
tions (B3LYP/6–311þG* level of theory and BSSE
included). The results show that the oxygen atom of the
methoxy group is the proton acceptor for different types
of H-bonds: F—H � � �O, O—H � � �O, C—H � � �O, N—
H � � �O. The calculations on methoxybenzene complexes
are in line with the BV model. It has been pointed out that
the bond valence of the H � � �O contact correlates with the
H-bond energy. Additionally, these H-bond strength
measures are related to the changes in geometry of the
methoxy group. For stronger H-bonds the H � � �O contact
is shorter and the corresponding H � � �O bond valence
increases; additionally, the sum of C—O bond valences
of the methoxy group decreases. This is in line with the
relation obtained from the valence sum rule for the
oxygen atom of the methoxy group:

VO ¼ SCðaromÞ�O þ SCðmethylÞ�O þ SH���O ¼ 2 ð8Þ

Figure 6 shows the molecular graph of the complex of
methoxybenzene with hydrogen fluoride to illustrate the
situation described above. This graph was obtained using
the Bader theory36 as a powerful method to investigate
intermolecular interactions, including H-bonds. The de-
scriptors of hydrogen bonds based on this theory are
presented in the following sections.

The above-mentioned dependences between different
parameters are very useful for studing reaction pathways.
It has been pointed out that for molecules or molecular
fragments taken from crystal structures, the shape of the
correlation curves between geometric parameters of mo-
lecules may be reminiscent of structural changes occur-
ring along the pathways of the respective chemical
reactions.76,77 The points of the correlation curve corre-
spond to different stages of the investigated structure
during the reaction. Different types of reactions have
been studied using this method, such as nucleophilic
substitution or addition and elimination reactions.78

Proton transfer reactions have been also investigated for
C——O � � �H—O—C systems,79 and the proton transfer
from the neutral to zwitterionic forms of amino acids
supported by a water molecule-mediated mechanism
has been analysed.80 The BV model was also applied
to N—H � � �N , N � � �H—N81 and N—H � � �O ,
N � � �H—O 82 proton transfer reactions. The relationships
between the hydrogen bond length (N � � �O or N � � �O
distance) and the proton transfer coordinate (the distance
between the position of proton and the middle of N � � �N
or N � � �O) were studied. It was found that these curves
obtained from the BV model are in excellent agreement
with the neutron diffraction data, similarly as for O—
H � � �O systems.79,80

It may be generalized that in proton transfer reactions,
the geometry of the donating molecule changes in the
direction of the deprotonated species and the geometry of
the acceptor changes in the direction of the protonated
species.11 This has been observed for the changes of the
geometries of phenol—amine adducts during the proton
transfer process.83,84 Relationships between the geo-
metric parameters of O—H � � �N and N—H � � �O systems
have been found, and the analysis showed that the

Figure 6. Molecular graph of the complex of methoxyben-
zene with hydrogen fluoride. The large circles represent
attractors attributed to atomic nuclei and the small circles
show the bond critical points and the ring critical point
(inside the benzene ring). Solid lines represent the bond
paths
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shortest H-bonds exist for the position of the hydrogen
atom being close to the centre of O � � �N; such quasi-
symmetric H-bonds are sensitive to pressure, temperature
and deuteration.83

The geometric parameters analysed here are useful as
descriptors of hydrogen bonds. Hence the so-called
‘geometrical criteria’ of the existence of hydrogen bond-
ing are often applied85 in studies, and they may be
summarized as follows:9

� the distance between the proton and the acceptor atom
is shorter than the sum of their van der Waals radii;

� the donor–proton–acceptor angle in a hydrogen bond
must be at least 90 �;

� there is the elongation of the proton-donating bond due
to hydrogen bond formation.

However, these criteria are often the subject of contro-
versy. Some authors claim that the difference between the
sum of van der Waals radii mentioned within the first
criterion and the corresponding H � � �Y distance should
be >0.3 Å. Others point out that the H-bond interaction is
electrostatic in nature and hence the limit for the H � � �Y
distance should be even greater than the corresponding
sum of van der Waals radii.21 There are problems with the
second criterion since it is not possible to determine the
angle limit arbitrarily. The third criterion seems to be
unequivocal. However, for weak C—H � � �Y hydrogen
bonds there is only a slight elongation of the proton-
donating bond, or the effect is not detectable. For all the
criteria mentioned here, there are problems with their
application to x-ray crystal structure results. It is well
known that x-ray crystalloography is unsuitable for
determining H-atom positions, and neutron diffraction
methods have to be used. However, the number of the
neutron diffraction measurements within the CSD is less
than 0.5% of the whole; the remainder are x-ray measure-
ments. Hence investigations are usually based on inaccu-
rate geometries of the hydrogen bonds. There are various
ways to avoid such inaccuracy.86 There are many simple
semi-empirical models of the hydrogen bond for which
the knowledge of the accurate geometry of the X—
H � � �Y system is needed. One of the most often applied
was introduced early on by Lippincott and Schroeder87

and applied later in many chemical and physical pro-
blems.21,88 Hence the use of neutron diffraction results or
the improvement of x-ray data is important.

Topological parameters

The distribution of the electron density (�) is additional
information often used to describe hydrogen bonding.
The ‘atoms in molecules’ (AIM) theory of Bader,36

mainly based on an analysis of the electron distribution,
is an additional tool allowing the detection and charac-
terization of hydrogen bonding. The analysis of critical
points in the electron density obtained from AIM theory

seems to be the most important for studies on inter-
atomic interactions. These interactions may be connected
with typical covalent bonds and with the intermolecular
non-bonded contacts such as hydrogen bonds. For the
critical points (CPs) the gradient of �(r) vanishes:

r�ðrcÞ ¼ 0 ð9Þ

CPs are classified according to the number of negative
eigenvalues of the Hessian of � (matrix of partial second
derivatives with respect to {x, y, z}):

hpq ¼
@2

@p@q
�ðrcÞ p; q ¼ x; y; z ð10Þ

Stable critical points fall into one of four categories:
maxima in �(r) correspond to attractors (which are almost
always attributed to nuclei), minima are connected with
cage points and saddle points; and the last-mentioned
ones correspond to bond or ring critical points.

Koch and Popelier introduced new criteria based on
AIM theory to detect and characterize hydrogen bonds.89

They were later described in detail by Popelier in a
monograph on the AIM theory.90 The criteria may be
briefly summarized as follows:

� there is a BCP for the H � � �Y (proton � � �acceptor)
contact which topologically proves the existence of a
hydrogen bonding interaction;

� the value of electron density at the BCP of H � � �Y
(�H � � �Y) lies within the range 0.002–0.040 au;

� the corresponding Laplacian (r2�H � � �Y) is 0.024–
0.139 au;

� there is a ‘mutual penetration’ of the hydrogen and
acceptor atoms;

� we observe a loss of charge of the hydrogen atom;
� there is an energetic destabilization of the hydrogen

atom;
� a decrease of the dipolar polarization of the hydrogen

atom;
� a decrease in the volume of the hydrogen atom.

The above-mentioned topological criteria are very
useful since the geometric criteria are not sufficient to
decide if hydrogen bonding exists. The topological cri-
teria were applied to detect C—H � � �O hydrogen
bonds,89 to characterize dihydrogen bonds 91 or to ana-
lyse an agostic bond.92 The criteria connected with the
critical point of the H � � �Y contact seem to be the most
often used. For example, it was pointed out for clusters of
water with methanol that there is a reasonably good linear
correlation between the charge density at H � � �Y BCP
and the strength of hydrogen bonding.93,94 It was detected
later in many papers that the electron density at H � � �Y
BCP and its Laplacian well correlate with the hydrogen
bond energy.44 Similarly, the relationships between
H-bond energy and topological parameters of the
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proton-donating bond are often detected for different
samples of compounds.44 Hence the following para-
meters may be applied as additional topological measures
of the hydrogen bonding strength: electron densities at
the BCP of proton donating bond and at the BCP of
proton–acceptor contact, and the Laplacians of these
electron densities. Scheme 1 shows geometric parameters
which are usually used to characterize H-bonds and the
topological parameters as new measures of the H-bond
strength.

Scheme 2 shows the molecular graph obtained from the
MP2/6–311þþG** wavefunction for water dimer; the
critical points are detected (small circles), those corre-
sponding to typical covalent bonds and that corresponding
to the H � � �O intermolecular contact. We see the increase
in the hydrogen atom radius towards the oxygen-accept-
ing centre for the hydrogen atom participating in the
hydrogen bonding. This increase is connected with the
location of the H � � �O bond critical point since CP lies on
the boundary between the oxygen and hydrogen atoms.

We may roughly find the following tendencies for the
hydrogen bonding interaction: the increase in the H-bond
strength is connected with the elongation of the proton-
donating bond, a shorter proton–acceptor (H � � �Y) con-
tact, and the tendency of the X—H � � �Y system to be
linear. These changes are also connected with changes in
topological parameters: the decrease of the electron
density at the proton-donating BCP and the increase in
the electron density at the H � � �Y BCP. An increase in H-
bond strength also causes changes in r2�(rc), the Lapla-
cian of the electron density at X—H BCP increases (it has
a negative sign for a covalent bond and its modulus
decreases); the Laplacian of the electron density at the
H � � �Y BCP is positive and it increases.

Figures 7 and 8 reflect these dependences for the
sample with the hydrogen fluoride donating molecule
and for the sample with the hydrogen chloride molecule;
R—C———N molecules are proton acceptors.48 Figure 7
shows the dependence between the Laplacian of the
electron density at the H � � �Y BCP and hydrogen bond
energy; Fig. 8 presents the correlation between the
electron density at HX donator (HF or HCl) BCP and
H-bond energy. In both figures, there are linear correla-
tions for sub-samples: the first one with HF as donor and
the second with HCl. There are slight incompatibilities
with the linear correlations for systems with LiCN ionic
acceptors, since such a type of acceptor breaks the
homogeneity of the sub-samples.

The topological parameters mentioned in this section
are connected with the electron density in different
regions of the complex: in the proton-donating bond or
the proton � � �acceptor contact. The Bader theory also
delivers information on energetic parameters. Hence the
so-called energy density, H(r), has been proposed as an
index to describe the H-bond strength.23,95 H(r) seems to

Scheme 1

Scheme 2

Figure 7. Relationship between the Laplacian of the elec-
tron density at H � � �Y BCP (in au) and the H-bond energy
(in kcal mol�1); the circles correspond to the systems with
the hydrogen fluoride donor and the squares correspond to
the systems with the hydrogen chloride as the proton donor.
The open square and the open circle designate the
LiCN � � �HCl and LiCN � � �HF systems, respectively. Results
obtained at the MP2/6–311þþG** level of theory

Figure 8. Relationship between the electron density at X—
H BCP (in au) and the H-bond energy (in kcal mol�1); desig-
nations of the systems as in Fig. 7. Results obtained at the
MP2/6–311þþG** level of theory
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be a more reliable parameter than the Laplacian. The
Laplacian identifies regions of space where the electron
charge is locally depleted (r2�> 0) or concentrated
(r2�< 0). The former case is connected with interactions
between closed-shell systems such as ionic bonds, van
der Waals systems or hydrogen bonds. The latter is
associated with covalent bonds where there is the con-
centration of the electron density within the inter-nuclear
region. However, there are exceptions such as those
concerning the connections between electronegative
atoms. Hence H(r) at the bond critical point of the
proton � � �acceptor contact has been proposed as a useful
index to characterize hydrogen bonding.96 Rozas et al.96

suggested that both the Laplacian and the energy density
at H � � �Y BCPs should be used as criteria to characterize
hydrogen bonding. They found that weak H-bonds show
both r2�BCP and HBCP> 0; medium H-bonds show
r2�BCP> 0 and HBCP< 0, while strong ones show both
r2�BCP and HBCP< 0. This is in line with the statement
of Gilli et al.21 that for the strong resonance-assisted
hydrogen bonds the H � � �O contact of the O—H � � �O
bond has partly covalent nature; hence for such a case we
may observe that r2�BCP and HBCP< 0.

Theoretical studies based on ab initio or DFT calcula-
tions deliver both electronic and energetic properties at
critical points. Experimental studies of electron density
do not provide a description of energetic properties of
critical points. However, Abramov has proposed97 the
evaluation of G(r), the local kinetic energy density, in
terms of electron density �(r), its gradient r�(r) and its
Laplacian r2�(r) functions. At the critical point, where
r�(rCP)¼ 0, the Abramov relation takes the form

GðrCPÞ ¼ ð3=10Þ ð3�2Þ2=3 �5=3ðrCPÞ þ ð1=6Þr2�ðrCPÞ
ð11Þ

All values in this relation are expressed in atomic units.
The local potential energy density V(rCP) can be obtained
from the virial equation

2GðrCPÞ þ VðrCPÞ ¼ ð1=4Þr2�ðrCPÞ ð12Þ

It was found for samples taken from the crystal
structures that V(rBCP) correlates with the H-bond energy,
EHB [EHB � 1/2V(rBCP)].98 V(rBCP) designates the local
electron potential energy density at the H � � �Y bond
critical point. Hence the AIM theory is also useful for
the estimation of H-bond energy from the electron
density obtained experimentally, for example from
high-resolution x-ray diffraction measurements. It is
worth mentioning that the first topological analyses based
on such measurements were reported about 5 years
ago22,99 and nowadays this type of the study is more
often applied.

In the theoretical case, where the wavefunction is
accessible, both G(rBCP) and V(rBCP) values may be

obtained directly. Additionally, V(rBCP) may be estimated
from the Abramov relations [Eqns (11) and (12)] and it
may be treated as an approximation of the true V(rBCP)
value. There is an excellent correlation between V(rBCP)
values obtained from both approaches for samples of H-
bonded systems.100,101 The linear correlation coefficient
between V(rBCP), values obtained from the Abramov
relation applied to the electron density, and V(rBCP),
values obtained directly from the theoretical wavefunc-
tions, amounts to 1.000 or to 0.999.100,101 We see that due
to the finding of Espinosa et al.100 that EHB� 1/2VrBCP, it
is possible to estimate the H-bond energy directly from
the energetic parameters of AIM. If the experimental
electron density is accessible, it is also possible to
calculate those energetic parameters due to the Abramov
relations and hence further to calculate the hydrogen
bonding energy.

Complex measure of the H-bond strength

A new measure of the hydrogen bonding strength based
on the proton-donating bond properties has been intro-
duced and tested on a small sample of complexes.44,51

This measure is based on both geometric and topological
parameters of the X—H bond and may be named as a
‘complex parameter:’

�com ¼ f½ðrX--H � r0
X--HÞ=r0

X--H�
2

þ ½ð�0
X--H � �X--HÞ=�0

X--H�
2

þ ½ r2 �X--H �r2 �0
X--H

� �
=r2 �0

X--H�
2g1=2 ð13Þ

where rX—H, �X—H and r2�X—H correspond to the
parameters of the proton-donating bond involved in H-
bonding: the bond length, electronic density at the H—X
bond critical point and the Laplacian of that density,
respectively; r0

X--H, �0
X--H and r2�X--H0 correspond to the

same parameters of the X—H bond not involved in H-
bond formation. The parameter �com was introduced to
avoid problems connected with the heterogeneity of the
analysed sample. We see that squared terms in Eqn. (13)
may be divided into three parts: the first one may be
called a geometric term, the second is based on electron
densities and the last is based on Laplacians. Each of
these terms is normalized. For example, for the geometric
term the normalization is related to the free proton-
donating bond length not involved in H-bond interaction.

The parameter describing H-bond strength may be
based only on geometric data as mentioned earlier
[Eqn. (2)]. The measures of H-bond strength may also
be based on the term connected with electron densities or
on the term connected with Laplacians. It has been shown
that for heterogeneous samples of hydrogen bonds there
are correlations between H-bond energy and the complex
parameter.44,51 There are also good correlations only if
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the normalized geometric part is considered as a measure
of the H-bond strength.44,48,51

Table 4 presents the �com measure calculated for
different hydrogen bonds of the heterogeneous sample
of complexes considered earlier.44 The results based on
MP2/6–311þþG** and HF/6–311þþG** calculations
are included and compared with H-bond energies cor-
rected for BSSE. We see that �com correlates well with
H-bond energy since the linear correlation coefficients for
the dependence between the complex parameter and H-
bond energy for a heterogeneous sample of complexes
are 0.986 and 0.981 for HF and MP2 levels of theory,
respectively.

It is worth mentioning that �com in some cases may not
be a good measure of H-bond strength, since in recent
years complexes with unusual H-bonds were detected.102

For these interactions, the contraction of the X—H
donating bond and hence a decrease of the stretching
vibration frequency compared with the non-interacting
species is observed (blue shift). Such interactions were
first called ‘anti-hydrogen bonds’ but currently the term
‘improper’ or ‘blue-shifting’ hydrogen bond is preferred.
Few examples of investigations are known concerning
blue-shifting hydrogen bonds, studied both experimen-
tally and theoretically. The large blue shift of 47 cm�1

predicted theoretically was reported for the
F3CH � � �OHCH3 complex.15 Blue shifts of >100 cm�1

were detected from infrared spectra for X�� � � H3CY
ionic complexes (X¼Cl, I; Y¼Br, I); the theoretical
calculations are in excellent agreement with these experi-
mental data.102 Blue shifts were also theoretically pre-
dicted for intramolecular H-bonds existing in aromatic
N-sulfinylamines with ortho C—H bonds as proton
donors.103 For such interactions, the use of the complex
parameter is not justified.

THE CASE OF INTRAMOLECULAR HYDROGEN
BONDING

The intermolecular H-bond energy (EHB) is calculated as
a difference in energy between the complex on the one
hand and the sum of isolated monomers on the other.104 It
is worth mentioning that if this energy is a result of ab
initio or DFT calculations, the energies are connected
with the optimized geometry of the complex and with the
optimized geometries of the monomers. In the case of
intramolecular hydrogen bonds (IMHBs), such an ap-
proach cannot be applied and so far there is no way to
calculate directly the H-bond energy for such systems.
However, several approximate estimations have been
proposed. For example, for malonaldehyde and its deri-
vatives (Scheme 3) it may be roughly estimated as a
difference between the bridging intramolecular system
and the corresponding one obtained after the rotation of
the O—H bond 180 � around the C—O bond. For the
other systems a similar procedure is usually applied to
compare the so-called ‘closed conformation’ where the
intramolecular H-bond exists with the ‘open’ one ob-
tained after the rotation described above; both compared
conformations are obtained after geometry optimisations.

Intramolecular hydrogen bond energies may be also
calculated by means of the corresponding isodesmic
equations.105,106 However, in both cases other effects
may influence the calculated H-bond energies. Hence
such energies often only approximately correspond to
H-bond energies.107,108 The analysis of the calculation of
intramolecular H-bond energy has been presented pre-
viously.109,110 Recently, a method for the estimation of
intramolecular H-bond energy based on utilizing barriers
of the donor and/or of the acceptor groups was proposed
and tested successfully.110

Additional possibilities for estimating the H-bond en-
ergy for intramolecular interactions may be considered
for resonance-assisted hydrogen bonds (RAHBs).20 The
above-mentioned malonaldehyde is an example of
RAHB. For malonaldehyde, �-electron delocalization
of the O——C—C——C—O—H keto–enol group is ob-
served. Similar delocalization may be detected for the
other resonance-assisted H-bonds of O—H � � �O type21,27

and of N—H � � �O or O—H � � �N type.111,112 For RAHBs
the real structure may be treated as a mixture of two
tautomers; the wavefunction of such a structure is a linear
combination, �¼ a1�1þ a2�2, of its VB resonance
forms.

Table 4. The complex parameter �com as a measure of H-
bond strength and H-bond energies (EHB) corrected for BSSE
(in kcalmol�1)a

Acceptor–donor complex �com
b EHB

b �com
c EHB

c

(F � � �H � � �F)� 1.085 �40.5 1.054 �39.9
(F � � �H—Cl)� 0.417 �19.4 0.332 �20.9
CH2O � � �HF 0.190 �6.1 0.038 �5.4
H2O � � �HF 0.233 �8.2 0.094 �7.5
H3N � � �HF 0.325 �10.2 0.211 �11.2
HLi � � �HF 0.334 �10.6 0.225 �12.6
�(C2H2) � � �HFd 0.197 �2.7 0.043 �3.2
H2O � � �HOH 0.021 �4.3 0.026 �4.5
HCOOH � � �HCOOH 0.067 �6.1 0.106 �5.9
H2O � � �HCCH 0.004 �2.5 0.006 �2.5
�(C2H2) � � �H2O 0.005 �1.4 0.011 �1.8
�(C2H2) � � �HCCHd 0.001 �0.7 0.002 �1.1
HLi � � �HCCH 0.009 �3.1 0.017 �3.7
H3N � � �H2O 0.037 �5.0 0.056 �5.8

a HF and MP2 results are given. Results of H-bond energies taken from Ref.
44; �com descriptors calculated from geometric parameters of Ref. 44.
b HF/6–311þþG** level of calculations.
c MP2/6–311þþG** level of calculations.
d T-shaped configuration.
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The consequences of �-electron delocalization within
intramolecular RAHBs of malonaldehyde and within
similar systems are as follows:

(i) the shortening of O � � �O distances;
(ii) the strengthening of H-bonds;

(iii) the shift of the proton towards the centre of O � � �O
contact;

(iv) the equalization of C—C, C——C bonds and of C—
O, C——O bonds.

A parameter for describing electron delocalization in
RAHBs has been proposed:20

Q ¼ ðd1 � d4Þ þ ðd3 � d2Þ ð14Þ

where d1, d2, d3 and d4 are bond lengths (see Scheme 3).
Correlations of Q with the other parameters of the
hydrogen bond have been found, such that the lower
the value of Q the stronger is the H-bond and the greater
is the �-electron delocalization.21,107 However, the mean-
ing of the Q parameter is very limited; Q correlates well
with EHB for malonaldehyde derivatives107 but there is no
such correlation for derivatives of o-hydroxybenzalde-
hyde.108

The topological parameters described in the previous
sections, the electron density of the proton � � �acceptor
contact within H-bonding, the electron density of the
proton-donating bond and the Laplacians of those den-
sities, better reflect the energy of intramolecular H-bonds.
Recently, new parameters connected with ring critical
points have been proposed as measures which may
describe the H-bond strength for intramolecular interac-
tions.108,113 The ring critical point (RCP) is a point of the
minimum electron density within the ring surface and a
maximum on the ring line.90 For example, in the case of
benzene the RCP lies in the centre of the ring owing to
symmetry constraints. In the absence of symmetry, an
RCP can be found anywhere inside the ring. Figure 9
shows the molecular graph for the fluoro derivative of o-
hydroxybenzaldehyde; there are bond paths, bond critical
points and two RCPs—one for the benzene ring and a

second for the ring created due to intramolecular H-bond
formation.

It was found that the electron density at the RCP
created due to the hydrogen bond formation and the
Laplacian of its density correlate well with the H-bond
energy.108 Figure 10 shows the dependence between the
electron density at the proton � � �acceptor contact and the
electron density at the ring critical point of intramolecular
systems. Two samples are considered: the derivatives of
malonaldehyde (closed squares) and the fluoro deriva-
tives of o-hydroxybenzaldehyde (open squares).

CONCLUSION

This study of hydrogen bonding strength is based on the
geometric parameters which may be known from experi-
ment, from the CSD, or which may be derived from ab
initio or DFT calculations. Since the geometric criteria of
the existence of hydrogen bonding are controversial, the
‘atoms in molecules’ (AIM) theory was applied here to
analyse this type of interaction. To avoid vagueness, this
study was restricted only to geometric and topological
parameters derived from the Bader theory and many
powerful tools have been omitted, such as spectroscopic
and NMR techniques, new computational methods, etc.

The measures analysed here are usually connected with
the proton-donating bond and with the proton . . . acceptor
contact; however, the parameters attributed to acceptors
may also be useful. It was also shown in this study that
these parameters correlate, especially for homogeneous
samples of compounds. In other words, the change in one
parameter, for example the elongation of the proton-
donating bond, is connected with the other changes, the
shortening of the H � � �Y contact and the changes of
topological parameters. This means that such changes
describe practically the same effect—the increase in
H-bond strength. It may be supported by the use of factor
analysis,114 which is often applied in physical and
chemical problems.115 For example, one of the first

Figure 9. Molecular graph for the fluoro derivative of o-
hydroxybenzaldehyde

Figure 10. Correlation between the electron density at
H � � �O BCP and the electron density at the ring critical point
(both values in au) for intramolecular H-bonds of malonal-
dehyde derivatives (&) and derivatives of o-hydroxybenzal-
dehyde (&)
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applications of factor analysis in chemistry was con-
nected with the thermodynamic data describing solvent
effects.116 For hydrogen bonding, factor analysis was
applied for heterogeneous samples of H-bonded com-
plexes.44 The following variables were considered: those
connected with the proton-donating bond—the bond
length, the electron density at BCP and its Laplacian,
all normalized in the way described in this study—those
connected with the H � � �Y contact (one geometric and
two topological parameters) and the H-bond energy. For
these variables only one factor was retained; this means
that the loadings obtained refer to one eigenvalue which
explains the largest part of the variance (91.3%). Similar
results based on factor analysis were obtained for other
samples of H-bonded complexes.44,48

The other ways to detect and describe the hydrogen
bond introduced recently are analysed here, including the
relations introduced by the groups of Abramov and
Espinosa, which allow estimation of the H-bond energy
from the electron density and the properties of the ring
critical point.
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93. Mó O, Yánez M, Elguero J. J. Chem. Phys. 1992; 97: 6628–6638.
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