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Abstract

This review provides a comparative assessment of hydrogen bonding (HB) interactions with halogen (X) acceptors. Based on the data
in the literature we selected various inter- and intramolecular systems, for which (possibly) all the four halogen derivatives have been studieher
by experimental or theoretical methods. Four main acceptor types have been considered in our assessment, viz., free X− anions, halogens involved
in M X (M = transition metal), H X and C X bonds. The hydrogen donors in the HB systems (DH) included the simple H2O, NH3, HX, H2

molecules, various alcohols, amines as well as aliphatic and aromatic CH groups. Among the molecular properties we focussed on the H
and structural characteristics (at the first place on the H· · ·X distance), which are particularly informative on the HB propensities of the halogen
Where available, the shift of the DH stretching frequency (νDH) involved in the HB interaction is also discussed.
© 2005 Elsevier B.V. All rights reserved.

Keywords: Halogen acceptor; Hydrogen bonding; Hydrogen bonding energy; Geometry

∗ Corresponding author. Tel.: +36 1 4632278; fax: +36 1 4633408.
E-mail address: akovacs@mail.bme.hu (A. Kovács).

1. Introduction

Although the primary attention within the huge area o
hydrogen bonding (HB) is on the oxygen and nitrogen accep
tors functioning in essential systems like water and biologica

0010-8545/$ – see front matter © 2005 Elsevier B.V. All rights reserved.
doi:10.1016/j.ccr.2005.04.031
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molecules, interactions involving halogen acceptors have been
reported from the early years of HB research[1]. In fact, the
(probable) first use of the term “hydrogen bond” is connected
with a halogen acceptor[2] in the discussion of bonding in the
[F H F]− anion by Pauling[3]. Halogen acceptors in strong HB
interactions often appear as textbook examples (HF2

−, KH2F3,
etc.).

From the halogen group fluorine and chlorine are detected
most frequently in HB due to the generally large partial nega-
tive charges in their compounds. The less electronegative heav-
ier halogens bromine and iodine have weaker proton acceptor
abilities. Therefore, except the anions and metal halides, their
interactions have often been considered as van der Waals (vdW)
interactions. This classification was based on the vdW cut-off
criterion (1970s among crystallographers), requiring that the
H· · ·acceptor distance be substantially shorter than the sum of
the vdW radii (

∑
vdW) of H and the acceptor[2]. The criterion

fails for many H· · ·Br and H· · ·I contacts being around
∑

vdW
of the interacting atoms[4]. Recently, the cut-off criterion was
seriously criticised as being far too restrictive and misleading
[2,4,5]. In fact, the forces establishing HB interactions do not
terminate at any cut-off distance, hence an exact border cannot be
drawn between HB and vdW interactions. Rather, H· · ·acceptor
distances near

∑
vdW should be considered as HB if the direc-

tions are also appropriate[2] distinguishing from vdW contacts,
where no directionality is required.
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In order to retrieve lacking data in some important series of
hydrogen-bonded compounds we performed quantum chemical
calculations with the Gaussian ’98 program[9]. These compu-
tations were carried out at the MP2/6-311++G(d,p) level using
quasi-relativistic effective core potentials (ECP) for Br and I
[10]. The valence basis set of the ECPs was extended by a
single set of d-polarisation functions[11]. Our computed ener-
gies listed in the paper are corrected for zero-point vibrational
energies (ZPE) obtained at the same level and – except for the
intramolecular interactions – for basis set superposition error
(BSSE).

Note that several books and comprehensive review papers on
HB are available including also (mostly structural) data on halo-
gen acceptors. A general overview of hydrogen bonding is given
by Jeffrey in his book “An Introduction to Hydrogen Bonding”
[2]. Theoretical data on HB of smaller systems prior to 1996 are
collected in the book of Scheiner[7]. General characteristics of
HB in the solid state are summarised by Steiner[12], whereas
weak hydrogen bonds in the solid state are assessed in the book
of Desiraju and Steiner[4]. Binding enthalpies and entropies of
several hydrogen-bonded complexes and clusters are available
in the NIST WebBook database[13].

The most comprehensive source of information on hydrogen-
bonded structures in the solid phase is the Cambridge Structural
Database (CSD, Ref.[14]). Several statistical analyses based on
CSD appeared for the HB interactions of fluorine[15–20]and
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The directionality of HB is governed by the electron den
istribution around H and the acceptor. The depletion o
lectron density on the opposite side of the DH bond would

avour a linear D H· · ·A (D H = hydrogen donor; A = hydroge
cceptor) HB arrangement. On the other hand, the rich ele
ensity around A in the direction of the lone pairs would pr
H· · ·A Z (Z = any atom) angle of around 110◦. Such angula
references have been revealed in HB systems both in th
nd solid phases[2,4–7]. Even in crystals, where the ang
an be distorted by weak forces, the linear DH· · ·A angles are
tatistically favoured over bent ones and the angular cut-
sually set at >90◦ [8].

Reports on HB to halogen acceptors are less frequent
hose to oxygen and nitrogen and describe mostly strong
ctions to halide ions and metal halides[2]. The goal of ou
eview is an assessment of HB interactions with halogen a
ors. We selected inter- and intramolecular systems, for w
ata are available for (possibly) all the four halogens. The m
lar properties in our focus are the HB energy and struc
haracteristics (such as the H· · ·A distance) being particular
nformative on the HB propensities of the halogens. Where
re available, the discussion is extended to the shift of the
tretching frequency (νDH) upon the interaction. Our assessm
s primarily based on the most recent literature data from

odynamic, crystallographic (neutron and X-ray diffractio
uantum chemical and vibrational spectroscopic studies.

hat several simple HB systems have been repeatedly in
ated during the past decades taking advantage of improve

n the experimental and theoretical methods. In such case
o not intend to list the complete literature of the topic, inst
e focus on the most reliable recent data.
n
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hlorine [19,21–24]. The rare data on Br and I acceptors
ot permit an analysis of these interactions until recently.
rst CSD searches on the latter two acceptors were repor
999 by Desiraju and Steiner[4] and by Brammer et al.[25].

n recent years, two additional studies based on CSD have
ublished: Neve and Crispini studied specifically CH· · ·Br M

nteractions (M = metal)[26] while the analysis of van der Be
nd Seddon included CH· · ·X interactions of all the four halo
ens[19].

. Methods important in hydrogen bonding research

In this section, we briefly introduce the methods freque
pplied in HB research. Note that a complete description o
ethods is beyond the scope of this review. Instead, we
ere on their characteristics, advantages and disadvantage

he point of view of HB interactions.

.1. Experimental methods for gas-phase studies

Isolated hydrogen-bonded complexes can be investigat
arious gas-phase methods. Quantitative information on
tructure is provided by electron diffraction and microw
pectroscopy. However, these methods (particularly micro
pectroscopy) are limited to small molecules only. Infrared
pectroscopy is a simple but effective tool for identifying
haracterising HB interactions. In addition to the gas ph
his technique can be used for both liquid and solid sam
his is particularly advantageous for large molecules, w
ecompose upon vaporisation. Among liquids the solution
polar solvents are informative on the isolated hydrogen-bo



712 A. Kovács, Z. Varga / Coordination Chemistry Reviews 250 (2006) 710–727

system, as these solvents have only marginal influence
on HB.

The most significant feature in the infrared spectrum is the
shift of theνDH frequency, connected to the change of the DH
bond distance upon HB[27]. Particularly in the case of weak
HB can we benefit from the accurate determination of theνDH
frequency, representing an important advantage of vibrational
spectroscopy.

On the basis of data on various organic and inorganic HB sys-
tems, the red-shift of theνDH frequency has been correlated with
the H· · ·A and D· · ·A donor–acceptor distances[28]. In addi-
tion, a correlation of�νOH with measured bond enthalpies has
been reported for OH· · ·O bonds[29]. However, more accurate
crystal structure and computed data recently showed deviations
(exceeding the uncertainties of the data) from a smooth rela-
tionship[2]. Moreover, the correlation was poor for weak HB
interactions, particularly for those with CH donors. Note that
in some weak HB systems, an anomalous shift of theνDH fre-
quency to higher wavenumbers (blue shift) was observed parallel
with a marginal shortening of the DH bond[30].

As the bands of the hydrogen-bonded and non-hydrogen-
bonded systems appear at different wavenumbers in the IR
spectrum, IR spectroscopy is well suited to study their equi-
librium in the gas phase. The free energy and bonding enthalpy
of the hydrogen bond can be determined from the van’t Hoff
plots of equilibrium constants obtained from temperature vari-
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is given by Finney[36]. The crystal structure data of inorganic
and organic compounds are collected in the Cambridge Struc-
tural Database[14].

The primary information on HB from diffraction studies are
the distances and bond angles of the DH· · ·A Z moiety. Most
informative on the strength of HB is the H· · ·A distance and
the elongation of the DH interaction. The latter parameter is
less straightforward in the case of weak interactions, where the
change of the DH bond falls in the magnitude of experimen-
tal errors. In the case of moderate and weak hydrogen bonds
the normalisation of the angular distribution effects is impor-
tant as the DH· · ·A bond angle is easily bent from linearity,
the bent bonds being entropy favoured. After application of the
cone correction method[37] the distribution of the hydrogen
bond angles cluster around the theoretically optimum value of
180◦.

2.3. Quantum chemical computations

Quantum chemical computations gain increasing importance
in HB research, particularly in the study of weak interactions.
The main advantage of the computations is that, in principle, they
model the isolated hydrogen-bonded system. This is particularly
important for weak HB, where the characteristics of the weak
H· · ·X interaction are difficult to separate from other effects in
condensed phases. In addition, simple approaches can be applied
i at of
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ble measurements. Limitations of the method appear in the
f overlapping bands and in the assumed identical absor
oefficient of the hydrogen-bonded and non-hydrogen-bo
pecies.

Additional, although less distributed, experimental meth
or gas-phase equilibrium studies are high-pressure mass
rometry[31,32]and ion cyclotron resonance mass spectrom
33]. Vibrational predissociation spectroscopy connected
ass spectrometer can be used to identify the mass-se
ydrogen-bonded species and to gain useful information on
ibrational properties[34,35].

.2. X-ray and neutron diffraction

In the solid phase, neutron diffraction and X-ray diffract
re the primary tools in HB research. Locating the positio

he hydrogen atom in the hydrogen bond, they give unam
us information on the existence and strength of the interac
odern diffractometers with their associated commercial
are packages have made X-ray and neutron crystal stru
nalysis an almost foolproof analytical procedure, providing
nly the atomic coordinates, but also the equally important
al motion parameters. From the two methods, X-ray diff

ion is feasible and X-ray diffractometers belong to the b
nstruments in molecular structure research. In contrary, ne
iffractometers require a neutron source, only available
ational or international centers. Another advantage of X
iffraction is the shorter data collection time, while the neu
iffraction technique provides a more accurate determinati

he positional parameters of hydrogen. A detailed discussi
he advantages and disadvantages of the two diffraction me
e
n
d

c-

ed
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-
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e
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n

f
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n the computations to assess the effect of solvent and th
eighbours in the crystal[38,39].

Several properties of HB can be obtained from quan
hemical computations, viz., full geometry, energy, molec
ibrations, detailed bonding interactions (electrostatics, po
ation, exchange repulsion, charge transfer and dispersion[40]).
rom the above properties, the bonding interactions can be

igated only by theoretical methods. Similarly, computations
he only tools to determine the HB energy of systems not s
or gas-phase experimental studies.

Ab initio calculations have been applied to hydrogen-bon
ystems since the late 1960s[41]. While the early low-leve
orks gave only qualitative information on some character
B features, today the accuracy of the computational m
ds can approach that of the experiments[7]. It was made
ossible by the dramatic progress in computational chem

ncluding the development of new theoretical models, impr
ents in algorithms, and the advent of larger and faster
uting machines. Despite of these developments, truly so

icated theoretical levels can still only be applied for sm
olecules.
Selection of the theoretical level is very important in

omputation of weak interactions like HB. Correlated wa
unctions and basis sets of at least double-zeta quality
olarisation functions on all atoms and diffuse functions
on-hydrogen atoms were found to be necessary to pro
easonable binding energies and reduce the basis set su
ition error. As a minimum theoretical level for HB studi
he second-order Moller–Plesset theory (MP2[42]) in con-
unction with a 6-31+G(d,p) basis set has been recomme
43,44]. From density functional theory (DFT) methods, th
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incorporating the hybrid exchange functional of Becke[45] were
found to be adequate, but the use of large basis sets was sug-
gested[46]. The most popular density functional in HB research
is presently the Becke3–Lee–Yang–Parr exchange-correlation
functional (B3LYP[45,47]). The requirements are more rig-
orous for weak HB interactions, where the dispersion term
becomes important beside the small electrostatic one[4]. In such
cases DFT is principally deficient due to the inability to account
for dispersion forces[48].

Computation of the heavier halogens Br and I deserves spe-
cial attention because of their large number of electrons and the
relativistic effects. Both difficulties can be solved by using rel-
ativistic effective core potentials (ECP), the two most popular
ones being those of Wadt and Hay[49] and Bergner et al.[10].
Polarisation functions for these ECPs are also available in the
literature[11,50,51].

Comparison of experimental and computed data, however,
should be done with caution. Experimental and computed results
have generally different physical meanings[52]. The thermal
motions are generally not included in the computed data whereas
they appear in both the experimental geometrical parameters
and binding enthalpy. The computed vibrational frequencies are
usually obtained using the harmonic approximation, while the
experimental values include the anharmonic effects. Therefore,
a very good agreement occasionally found between experiment
and theory can be illusory and is likely a result of fortunate can-
c ffer
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Table 1
Binding enthalpies (kJ/mol) and XH bond distances (̊A) of [X H X]− and
XH species

F− Cl− Br− I−

[X H X]−
�H◦ 191.4± 6.7a,

187.5b
96.7± 4.2c,
100.9b

87.5± 4.2d,
90.4b

71.1± 4.2d,
54.9e

X H 1.13886f ,
1.141b

1.57332f ,
1.556b

1.703b 1.910e

XHg

�H◦ 569.87 431.62 366.35 298.407
X H 0.91681 1.27455 1.41444 1.60916

∑
vdWh 2.67 2.95 3.05 3.16

a From energy-resolved collision-induced dissociation measurements in a
flowing afterglow-triple quadrupole instrument[56].

b From equilibrium measurements by ion cyclotron resonance mass spectrom-
etry for X = F and Cl[33].

c From equilibrium measurements by high-pressure mass spectrometry[57].
d Computed at the CCSD(T)/aug′-cc-pVTZ level. The computed energy was

not corrected for BSSE[58].
e Computed in the present study at the MP2/6-311++G(d,p) level using quasi-

relativistic ECP for Br and I[10,11]. The given energy is corrected for ZPE and
BSSE.

f From rotational constants obtained by infrared diode laser spectroscopy:
X = F (experimental error:±0.00007Å) [59], X = Cl (experimental error:
±0.00006Å) [60].

g Bond dissociation energies and bond distances of the XH compounds[61].
h Sum of the van der Waals radii of H and X[62].

by 20–25% in the bihalide anions. The bonds in [XH X]− are
far below the sum of the van der Waals radii (

∑
vdW) of X and

H, indicating the very strong character of HB.
The bonding in the [XH X]− (X = F, Cl, Br) anions has

recently been analysed by Berski and Latajka by means of a
topological analysis of the electron localisation function[53].
In agreement with previous suggestions[54,55], their study
revealed the considerable covalent character of the FH bond
in [F H F]−. In accordance with the lower electronegativity
of the heavier halides, the properties of the electron localisa-
tion function referred to a covalent nature of the XH bond in
[X H X]− increasing from X = F to Br[53].

3.1.2. Small halide complexes
Hydrogen-bonded complexes of halide ions with several

small hydrogen donor molecules (DH = H2O, alcohols, NH3,
C2H2, CH4, H2, etc.) have been observed and characterised by
gas-phase experimental and quantum chemical methods. Due
to the small size of the donors and the free space around the
X− anion, larger clusters can also be formed with coordination
of additional donor molecules to X− in the DH· · ·X− complex.
These clusters are well suited to model ion–solvent interactions
governing the structural and energetic properties of electrolyte
solutions, hence the large interest in these systems. Especially
the water· · ·X− interaction is important due to the ubiquitous
p

e
D s
o will
b

ellation of errors. Data from different computations can su
rom the different approximations involved in the various t
retical levels. All these influence the absolute values o
etermined molecular parameters. More reliable are differe
etween the energies, geometrical parameters or vibra

requencies of related compounds, e.g., between the hydr
onded and non-hydrogen-bonded isomers or between s
ydrogen-bonded derivatives.

. Intermolecular hydrogen bonding interactions

.1. Anionic (X−) acceptors

Halide anions form very strong HB interactions, as the
tively charged X− is a very good proton acceptor. There
any data available on the small hydrogen-bonded comp

hat are stable enough for gas-phase experimental investiga

.1.1. Hydrogen bihalides [X H X]−
The hydrogen bihalide anions have a linear structure

∞h symmetry. The potential energy curve of the asymm
tretching is rather flat in the proximity of the minimum in
ase of heavier halogens (Cl, Br, I) leading erroneously toC∞v
ouble-well potential at less sophisticated quantum chem

evels [7]. The binding enthalpies and XH distances of th
X H X]− bihalides are given inTable 1.

Comparison of the dissociation enthalpies and XH distance
n the [X H X]− anions to those of the XH molecules sho
hat the H· · ·X interaction is considerably weaker in [XH X]−.
he dissociation enthalpies of an XH bond in [X H X]− are
a. 25% of those of HX, whereas the XH distances are long
resence of halide ions in aqueous chemistry.
The bonding enthalpies and H· · ·X− distances of th

H· · ·X− complexes are compiled inTable 2. Important feature
f the larger clusters formed by additional DH-coordination
e included in the discussion below.
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Table 2
Bonding enthalpies (kJ/mol) and hydrogen bond lengths (Å) of selected D H· · ·X− hydrogen-bonded complexes

DH F− Cl− Br− I−

H2O
�H◦ 97.51± 8.37a 61.52± 2.51b 48.96± 1.67b 43.11± 1.26b

H· · ·X− 1.365c 2.151d 2.378e 2.805f

CH3OH
�H◦ 123.88± 4.18g 73.24± 1.26h 60.68± 0.42h 49.80± 0.84h

H· · ·X− 1.339i 2.079i 2.42j 2.588k

EtOH
�H◦ 135.59± 2.93h 74.91± 1.67h 59.00± 0.84h 54.41± 0.84h

i-PrOH
�H◦ 140.20± 2.93h 81.19± 0.84h 60.26± 0.84h 54.82± 0.82h

H· · ·X− 1.374i 2.190i 2.346k 2.677k

t-BuOH
�H◦ 139.78± 2.93h 84.54± 1.67h 66.12± 0.84h 54.82± 1.26h

NH3

�H◦ 46.0± 4.2l 34.32± 0.42m 32.22± 0.42m 30.97± 1.26m

H· · ·X− 1.617k 2.290n 2.572k 2.875k

C2H2

�H◦ 100.9o 43.9o 36.12± 0.04p 29.31± 0.88q

H· · ·X− 1.054o 2.253o 2.4800q 2.7626q

CH4

�H◦ 28.04± 0.84r 15.90± 0.84r 12.97± 0.84r 10.88± 0.84r

H· · ·X− 1.88r 2.66r 2.887k 3.185k

H2

�H◦ 18.8s 5.84t 4.37t 3.03t

H· · ·X− 1.678u 2.841k 2.983k 3.297k
∑

vdWv 2.67 2.95 3.05 3.16

a From gas-phase equilibrium measurements by high-pressure mass spectrometry[63].
b From gas-phase equilibrium measurements by pulsed electron beam high-pressure mass spectrometry[32].
c From MP2/aug-cc-pVTZ calculations[64].
d From MP2/6-311++G(d,p) calculations[65].
e From MP2/6-31++G(d,p) calculations[66].
f From MP2/6-311++G(d,p) calculations using relativistic ECP[67] for I [34].
g From gas-phase equilibrium measurements by high-pressure mass spectrometry[31].
h From gas-phase equilibrium measurements by high-pressure mass spectrometry[68].
i From MP2/6-311+G** calculations on the CH3OH complexes and from B3LYP/6-311++G** calculations on thei-PrOH complexes[69].
j From MP2/D95 calculations[70].
k Computed in the present study at the MP2/6-311++G(d,p) level using quasi-relativistic ECP for Br and I[10,11].
l Estimated on the basis of the observed trend in the X = FI series and simple electrostatic model calculations[71].

m From gas-phase equilibrium measurements by high-pressure mass spectrometry[71].
n From MP2/aug-cc-pVTZ calculations[72].
o From CCSD(T)/aug-cc-pVQZ calculations[73]. The entry under�H◦ for X = F− is the equilibrium bond dissociation energy (without ZPE correction) with

respect to the educts F− and HCCH.
p From vibrational predissociation spectroscopy[74].
q From CCSD(T)/aug-cc-pVQZ calculations using ECP with valence basis of similar quality for I[75]. The�H◦ value of C2H2· · ·I− is based on the computed

dissociation energy, corrected empirically by the observed difference between the experimental and computed data for C2H2· · ·Br− [75].
r �H◦ from gas-phase equilibrium measurements by high-pressure mass spectrometry, H· · ·X− from B3LYP/6-31+G* calculations[76].
s From CCSD(T)/VQZP calculations[77].
t From vibrational predissociation spectroscopy[35].
u From QCISD(T)/6-311++G(2df,2pd) calculations[78].
v Sum of the van der Waals radii of H and X[62].

The data inTable 2reflect quantitatively the HB propensities
of the different DH donors with halide ions. The strength of the
hydrogen bond varies parallel with the acidity of the DH hydro-
gen. The strongest interactions appear with DH =i-PrOH and
i-BuOH, although being weaker by 15–25% than in the respec-
tive [X H X]− bihalides (cf.Table 1). Among the DH donors

listed inTable 2, the interaction is the weakest (by one order of
magnitude) with the least acidic H2. The H· · ·X− distances are
generally in good agreement with the bonding enthalpies. Except
for the CH4· · ·I− and H2· · ·I− complexes, they are below the∑

vdW value. We note the larger computed H· · ·X− distances
in the i-PrOH complexes with respect to CH3OH in contrast
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Fig. 1. Characteristic structures of water· · ·X− complexes.

to the stronger HB in the former complexes. In the cases of
X = Cl−, Br− and I−, the difference is around 0.1̊A, well over
the expected deviation due to the different computational level
for the i-PrOH and CH3OH complexes of Cl− and Br−, while
the two I−-complexes were calculated at the same level. The
longer i-PrOH· · ·X− distance may likely be attributed to the
larger steric effects ofi-PrOH.

Quantum chemical calculations on the 1:1 complexes of
water and X− indicated the single-coordinatedCs isomer (Fig. 1)
being the global minimum on the potential energy surface,
whereas theC2v isomer proved to be a somewhat higher lying
saddle-point[34,64–66,79,80]. These computed results were
supported by the IR spectra of HOH· · ·Cl− [65] and HOH· · ·I−
[34] showing free and bound OH stretching vibrations in agree-
ment with only one hydrogen of the water molecule involved in
HB.

When increasing the number of solvent molecules around
X−, a competition occurs between the solute–solvent and
solvent–solvent HB interactions. F− prefers to be surrounded
by water molecules because the HOH· · ·F− interaction is some-
what stronger than the H2O· · ·H2O interaction. Further addition
of H2O ligands to the HOH· · ·F− complex is accompanied by
smaller enthalpies of hydration than that of the first step. The
�H◦ values of the additional hydration steps are smaller by 17%
(n = 2) to 53% (n = 6) [32].

Compared to F−, the importance of the H2O· · ·H2O interac-
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HOH· · ·X− is also supported by the measured red-shifts of the
OH stretching frequencies (e.g., 386 cm−1 in CH3OH· · ·I− ver-
sus 300 cm−1 in HOH· · ·I− [85]).

The two-dimensional (H· · ·X− distance versus OH· · ·X−
angle) potential energy surfaces of the CH3OH· · ·X− com-
plexes indicated a nearly symmetric, hydrogen-bonded surface
for X = F. The surface of complexes with X = Cl, Br and I
becomes more asymmetric due to the increased importance of
other (ion–dipole, ion–induced dipole) interactions[69]. The
computed flat potential energy surfaces also confirmed the
“floppy” nature of the motion of the halide ion around the alcohol
molecule.

McMahon et al. assessed the performance of three pop-
ular quantum chemical levels (G2, MP2/6-311+G(d,p), and
B3LYP/6-311+G(d,p)) to estimate the enthalpies of formation
of (ROH)n· · ·X− [68,69]. The G2 values differed by 7.5 kJ/mol
from experiment, which is within the generally found accu-
racy of the G2 method (8–12 kJ/mol). The B3LYP/6-311+G(d,p)
level performed somewhat worse, these data deviated up to
12 kJ/mol from experiment.

The�H◦ values of the second and third DH ligands in the
X−(HOR)n clusters (n = 2, 3) are considerably smaller than�H◦
of the first DH[68]. The decrease is most pronounced in the
fluorides (ca. 40% for the second and ca. 50% for the third ligand)
in agreement with the large steric interactions around the small
F− ion. Down the halogen group the weaker steric effects result
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ion is increased in the clusters of the heavier halide ions (−,
r−, I−) with H2O. In these systems X− favours a connectio

o the surface of the hydrogen-bonded (H2O)n cluster and, if n
s small enough, the other side of X− can be unoccupied[66].
his surface-bound structure was supported by spectros
tudies[34,65]. On the other hand, computations at the MP
11++G(d,p) level indicated small energy differences betw

he various cluster structures[81–84]. This points to a possib
nterchange of the stability order at higher temperatures up
he entropy effect.

The complex formation of halide anions with small al
ols (CH3OH, EtOH, i-PrOH, t-BuOH) has been investigat
ecently by McMahon et al.[68] using pulsed-ionisation hig
ressure mass spectrometry. They determined the enthalp

ormation of several smaller clusters X−(HOR)n (n = 1–3) and
eviewed the previous literature on the subject. The cons
esults of McMahon et al. compiled inTable 2(for earlier data se
ef.[68]) reflect well the trends within both the halide and a
ol groups. The bonding enthalpies increase from DH = CH3OH

o i-BuOH parallel with the deprotonation enthalpies of
lcohols. The stronger HB in CH3OH· · ·X− with respect to
ic

o

of

t

n less drastic decrease, e.g., in the iodide clusters ca. 15%
0% for bonding of the second and third DH, respectively.

Fewer examples of NH3· · ·X− systems are known than f
omplexes of H2O and alcohol ligands. The most extensive s
es have been performed for the NH3· · ·Cl− complex using pho
oelectron spectroscopy[86], high-pressure mass spectrome
71], infrared spectroscopy[72] and quantum chemical calcu
ions[72,86]. For the bromide and iodide complexes the asso
ion enthalpies have only been determined by high-pressure
pectrometry[71]. The bonding enthalpy of NH3· · ·F− has bee
stimated on the basis of the trend in the halide group and s
lectrostatic model calculations[71]. The bonding enthalpie
ompiled inTable 2reveal by ca. 50% weaker interaction
H3· · ·F− with respect to HOH· · ·F−. The relative strength o

he NH3· · ·X− complexes with respect to the HOH· · ·X− ones
s somewhat larger in the heavier halides (up to ca. 75% i
ase of X = I).

Quantum chemical calculations on NH3· · ·Cl− at the
P4SDTQ/aug-cc-pVTZ//MP2/aug-cc-pVTZ level (using Z
nd BSSE corrections) revealed the preference of the mon

ate Cs structure presented inFig. 2 over the tridentateC3v
tructure by 8.9 kJ/mol[72]. The bidentateCs structure prove
o be a transition state on the potential energy surface. Ana
f the NH stretching vibrations in the IR spectrum of NH3· · ·Cl−
upported the preference of the monodentate stru
72].

Among the C2H2· · ·X− complexes experimental bond en
etic data are only available for C2H2· · ·Br− [74]. In addi-

ion, sophisticated quantum chemical calculations using
CSD(T) method have been performed for all the four ha
omplexes[73,75]. Both the spectroscopic and computatio
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Fig. 2. Characteristic structures of the NH3· · ·X− complexes.

studies supported a linear structure of the complexes with only
one acetylene hydrogen attached to X−.

The equilibrium structure of the three heavier halides (X = Cl,
Br, I) corresponds to C2H2· · ·X− [73,75]. There is, however,
contradicting information on the equilibrium structure of the
C2H2· · ·F− complex in the literature. Its formation among the
elimination products of vinyl fluoride was proposed by Roy and
McMahon[87] and supported later by Rabasco and Kass on the
basis of reactivity studies (hence not observed directly) and ab
initio computations[88]. HF/6-31+G(d) and MP2/6-31+G(d)
computations resulted in reasonable bond dissociation energy
of ca. 80 kJ/mol and H· · ·F− distance around 1.5̊A [88]. The
C2H2· · ·F− structure of as the reaction product of C2H2 + CsF
deposited in Ar-matrix was verified on the basis of the modest
red-shift of the CH stretching vibration[89]. However, high-
level CCSD(T)/aug-cc-pVQZ[73] and DFT computations[90]
did not find any C2H2· · ·F− minimum on the potential energy
surface, instead, the geometry optimisations converged to a
linear HC2

−· · ·HF structure. The latter computed results are par-
ticularly surprising, because the equilibrium proton affinity of
the acetylide anion is larger by 30.9 kJ/mol than that of F− [73].
The proton affinity, however, refers to the isolated HC2

− and F−
anions, whereas in the [HC2· · ·H· · ·F]− complex the composite
bonding interactions determine the energy profile. The differ-
ent results from the low- and high-level computations imply a
flat potential energy curve of the proton transfer between HC−
a tions
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For the (C2H2)n· · ·I− clusters (nmax= 4) only the first solvation
shell could be observed[92].

Methane is a very weak CH donor, yet it can form hydrogen-
bonded complexes up to small clusters with the strong X−
acceptors. The bonding enthalpies have been determined by gas-
phase equilibrium measurements using pulsed electron-beam
high-pressure mass spectrometry[76]. Quantum chemical com-
putations at the MP2 level gave somewhat lower binding ener-
gies[93,94].

The computations indicated that from the three possible
geometries (monodentate, bidentate, tridentate, cf.Fig. 3) only
the linear monodentate structure is a true minimum on the poten-
tial energy surface. ThisC3v structure of CH4· · ·F−, CH4· · ·Cl−
and CH4· · ·Br− complexes was supported by vibrational predis-
sociation spectroscopy in a low-energy tandem mass spectrome-
ter[94,95]. The relatively low binding energies of the CH4· · ·X−
complexes are also reflected in the small red-shifts of the CH
stretching frequencies (380, 40 and 30 cm−1 for X = F, Cl and Br,
respectively[95]). They are smaller by one order of magnitude
than the correspondingνOH shifts observed for the HOH· · ·X−
complexes (2000, 570 and 430 cm−1 for X = F, Cl and Br, respec-
tively) [96,97].

Among the (CH4)n· · ·X− systems the fluoride clusters
(n = 1–4) have been observed and computed at the B3LYP/6-
31+G* level [76]. The computations revealed symmetric struc-
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nd F−. The discrepancy between the high-level computa
nd the matrix-IR study of Simmonett et al.[90] can addition
lly be explained by the different conditions in the two stud
he computations model the isolated [HC2· · ·H· · ·F]− anion,
hereas in the Ar-matrix the Cs+ ions were also around a
ould stabilise the C2H2· · ·F− structure.

The considerable energy gain can facilitate the formatio
C2H2)n· · ·X− clusters with spherical arrangement of the ac
ene ligands around X−. The IR spectra of the clusters of X = C
r and I showed that the first solvation shell of Cl− includes six

o eight acetylene[91], that of Br− six to seven acetylene[35].

Fig. 3. Possible struc
ures:D∞h, D3h and Td for n = 2, 3 and 4, respectively. Th
xperimental bonding enthalpies of the additional CH4 ligands
ecrease by 13%, 19% and 26% forn = 2, 3 and 4, respectivel
s compared to the bonding enthalpy of the CH4· · ·F− complex
arallel, the computations indicated H· · ·F− distances increa

ng from n = 1 to 4[76].
H2· · ·X− dimers of all the four halogens have been obse

y vibrational predissociation spectroscopy[98–100]. The spec
ra are indicative of a linear structure with X− connected
o one of the hydrogens only. On the other hand, qua
hemical calculations revealed a flat potential energy su
or the rotation of H2. Hence, the system is rather flop

of CH4· · ·X− complexes.
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facilitating an interchange of the bonding and terminal H atoms
[35,78].

The hydrogen bond in H2· · ·F− is quite strong as evidenced
also by the 940 cm−1 red-shift in the H H stretching vibration
[100]. The HB interaction is much weaker in the H2· · ·Cl−,
H2· · ·Br− and H2· · ·I− complexes showing�νHH = 150, 111
and 54 cm−1, respectively[98,99].

Larger clusters of such systems have been reported only for
(D2)n· · ·F− (n = 1–6) and (D2)n· · ·Cl− (n = 1–3) on the basis
of vibrational predissociation spectroscopic studies[101]. The
spectra were compatible with roughly equivalent D2 ligands
attached end-on to the central anion in the clusters. There were
no signs of a second D2 solvation shell up ton = 6 and 3 in the
(D2)n· · ·F− and (D2)n· · ·Cl− clusters, respectively. The shift of
theνDD frequency to the lower wavenumbers depends strongly
on the size of the (D2)n· · ·F− cluster (e.g., 457 and 214 cm−1

for n = 2 and 6, respectively), whereas it changes within a few
cm−1 only for the (D2)n· · ·Cl− clusters.

3.1.3. Halide complexes observed in the condensed phase
Structural data on HB complexes with larger DH donors are

available from CSD. The most thorough analysis was performed
by Steiner in 1998, who sorted the observed contacts by the
character of the hydrogen donor[102]. Other (earlier and more
recent) CSD studies[4,15–26]did not distinguish in such detail
between various DH donors, therefore we discuss here selected
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Table 3
Mean H· · ·X− distances (in̊A, X = F, Cl, Br, I) with D H· · ·X− angles >140◦
[102]a

DH F− Cl− Br− I−

O–H donors
H O H 1.71 (14) 2.237 (799) 2.400 (148) 2.66 (47)
C(sp3) O H 1.58 (1) 2.150 (299) 2.310 (90) 2.55 (27)
O C O H 1.50 (5) 2.044 (65) 2.20 (16) 2.42 (1)

N H donors
N(sp2)H2 1.74 (2) 2.350 (314) 2.52 (77) 2.79 (30)
N+H3 1.67 (3) 2.247 (467) 2.49 (88) 2.72 (29)
N(sp2)H 1.64 (5) 2.221 (256) 2.39 (40) 2.69 (20)
N+H2 1.69 (1) 2.162 (312) 2.34 (63) 2.76 (1)

(CC)N+ H 1.56 (2) 2.126 (174) 2.29 (39) 2.63 (3)
(CCC)N+ H 2.079 (232) 2.29 (90) 2.54 (5)

C H donors
Cl3C H 2.39 (14) 2.62 (1) 2.84 (4)
C C H 2.49 (8) 2.70 (5)
(NC)C(sp2) H 2.18 (1) 2.64 (110) 2.74 (56) 2.99 (44)

∑
vdWb 2.67 2.95 3.05 3.16

a Distances are normalised, number of contacts are given in parentheses.
b Sum of the van der Waals radii of H and X[62].

As was shown above for the small halide complexes, the
halide anion acceptors are favourable for HB interactions with
more than one donor simultaneously. Multiple hydrogen bonds
have been observed particularly at the heavier halogens with
weak hydrogen donor CH groups[102], where the large size
of the halogen and the relatively long H· · ·X− distances are ster-
ically favourable. The small and strong F− acceptor is generally
involved in a single hydrogen bond (especially if DH = OH or
NH) being sterically less available for a second donor.

In competitive situations, where different types of donors
coordinate to the acceptor, the stronger donor dominates. Repre-
sentative examples are the propargyl ammonium halides (Fig. 4),
in which the halide anions interact with three ammonium groups
and with the acetylenic CH of the propargyl residue[104]. In
this structure the CC H· · ·X− bonds (2.62, 2.75 and 2.96Å for
Cl−, Br− and I−, respectively) are longer than the mean value
given in Table 3, whereas the N+H3· · ·X− bonds are slightly
shorter (2.19, 2.33 and 2.57Å for Cl−, Br− and I−, respectively)
than observed generally (cf.Table 3). The structure reveals opti-
mised N+H3· · ·X− interactions at the expense of the weaker
C C H· · ·X− ones.

We terminate this section with a characteristic host–guest
interaction operating through HB to halide anions. Halide-
receptor calix[4]pyrroles have the ability to capture a single

lline
esults of Steiner (Table 3). They are the mean H· · ·X− distance
or most of which a large number of contacts are available,
ifying their reliability.

The most important conclusion from the data inTable 3is,
hat the differences between the different halides agree wel
he variation of the halide ionic radii from F− to I− (1.33, 1.81
.96 and 2.20̊A, respectively[61,103]). Note that the gas-pha
nd computed H· · ·X− distances for HB complexes with sm
Hs (Table 2) show deviations up to 0.35̊A from the solid-phas
ata. The difference may primarily be attributed to steric, cry
acking and additional intermolecular (e.g., HB) effects in
olid.

Regarding the proton donor groups, the data inTable 3revea
he expected trend for the strength of the H· · ·X− interactions
t increases parallel with the acidity of DH pointing to
inor importance of solid-phase effects on the HB systems
B propensity of the various DH groups can be distinguis
learly: the H· · ·X− distances differ generally by 0.1–0.2Å for
selected X−. Among the listed DH groups the group of NH
onors shows smaller variations, indicating smaller differe

n the acidic character within the group.

Fig. 4. HB interactions in crysta
 propargyl ammonium halides[104].
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Fig. 5. Chemical structure of calix[4]pyrrole complexed with a halide anion.
B = bridging moiety.

X− by forming four equivalent NH· · ·X− hydrogen bonds
[105–110](Fig. 5). Experimental binding constants of deriva-
tives with B = C(CH3)2 indicate a substantially decreasing sta-
bility of the halide complex down the halide group[105].
In agreement with that, quantum chemical calculations at the
B3LYP/LANL2DZ//HF/LANL2DZ level gave BSSE-corrected
binding energies of 394.1, 259.0, 219.7 and 183.3 kJ/mol for
the F−, Cl−, Br− and I− complex of calix[4]pyrrole (B = CH2),
respectively[111]. The flexibility of calixarenes facilitates the
best arrangement for the capture of X−, hence the strength
of the interaction will be determined by the HB propensity
of X−.

3.2. M X acceptors

Halogens bonded to transition metals (M) are good HB accep
tors. This property is based on the strongly polarised characte
of the M X bond resulting generally in an enhanced partial
negative charge of the halogen. The phenomenon is know
as metal-assisted HB[26]. Whereas a large number of struc-
tural data on H· · ·X M hydrogen bonds is available in the
crystallographic literature, information on the HB energy of
such systems is rare. Our literature search found only on
example with consistent data on the whole halogen group: th
bond strength of the intramolecular NH· · ·X Ir interaction in
m 5,
< by
N

b r-
f re
c d
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Table 4
MeanRHX

a normalised distances (Å) of H· · ·X contacts

F M Cl M Br M I M

O Hb 0.703 0.799 0.820 0.868
N Hb 0.776 0.853 0.879 0.923
C Hb 0.943 0.975 0.982 0.997
C Hc 0.924 1.009 1.024 1.060

a RHX = d(H· · ·X)/(rH + rX), whered(H· · ·X) is the measured H· · ·X distance,
rH andrX are the vdW radii of H and X, respectively.

b From Ref.[25]: RHX < 1.048Å and D H· · ·X > 110◦.
c Evaluated in the present study from the data given in Ref.[19]: dHX < 7Å

and D H· · ·X > 90◦.

and X, respectively. The advantage of theRHX parameter is that,
being the ratio of the H· · ·X distance and

∑
vdW, it provides a

uniform clue for the strength of HB.
The results of Brammer et al.[25] given in Table 4are in

agreement with expected trends for the strength of HB based on
the polarity of the D H and X M bonds with different D and
X. Hydrogen bonds with metal fluorides are markedly shorter
than those of their heavier halogen congeners. The preference
for D H· · ·X linearity at short H· · ·X separations was found
to decrease in the order MF > M Cl > M Br > M I for the
acceptors and in the order OH > N H > C H for the donors
[25]. In a recent CSD analysis of CH· · ·Br M interactions
Neve and Crispini found also a pronounced preference for lin-
earity [26]. The directionality of the interactions supports that
these C H· · ·X M interactions (with X = Br and I), although the
H· · ·X distances are near the

∑
vdW cut-off limit, can still be

considered as weak hydrogen bonds instead of vdW interactions.
The analysis of Brammer et al. revealed H· · ·X M angles

(X = Cl, Br, I) preferring values between 90◦ and 130◦ [25].
Regarding the NH· · ·X M hydrogen bonds, for example,
H· · ·X M angles within the range of 90–130◦ were found in
66.0%, 62.3% and 75.4% of all the observations with Cl, Br and
I acceptors, respectively. On the other hand, the ratio found for
X = F was 32.4% only. Rather, 64.1% of all the NH· · ·F M
contacts adopted H· · ·X M angles in the range of 130–160◦
[25]. The marked difference in the above angular preferences
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er-[IrH2X(pyNH2)(PPh3)2] was found to be 21.8, 8.8, 7.
5.4 kJ/mol for X = F, Cl, Br and I, respectively, determined
MR spectroscopy in solution[112].
A comprehensive search of CSD on H· · ·X M hydrogen

onds including the OH, N H and C H donors has been pe
ormed by Brammer et al.[25]. The hydrogen-bond lengths we
haracterised by the mean normalisedRHX distances obtaine
rom the formulaRHX = d(H· · ·X)/(rH + rX), whered(H· · ·X) is
he measured H· · ·X distance,rH andrX are the vdW radii of H
-
r
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e
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as attributed to the greater contribution of the axial p-orbit
he heavier halogens to the MX bonding. Note that Neve an
rispini found a very weak anisotropy in the (C)H· · ·Br M
ngle[26], much weaker than reported for interactions with
tronger donor OH and NH groups[25].

C H· · ·X M interactions have been covered recently in
SD search of van der Berg and Seddon[19]. Due to the dif

erent search criteria and data analysis process they rep
omewhat different optimal lengths for the CH· · ·X hydrogen
onds than given by Brammer et al.[25]. The normalisedRHX
alues derived from the results of van der Berg and Se
re included in the last line ofTable 4. Nevertheless, the tren
mong the different MX acceptors agrees with that repor
y Brammer et al.[25].

.3. H X acceptors

The HX dimers and oligomers have been the subjec
n extensive research. The lighter derivatives HF and HC
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Fig. 6. The pseudolinear and cyclic structures of (HX)2 dimers.

known to organise themselves as zig–zag chains in condensed
phases[113]. A neutron diffraction study of the HI liquid at
253 K indicated no HB interaction, the average I· · ·I distances
being around 4.5̊A [114]. The dimers have been detected in
the gas phase with various methods[113,115,116]. Molecular
beam and microwave spectroscopic studies reported pseudo-
linear structures (cf.Fig. 6) for (HF)2 [67] and (HCl)2 [117],
respectively. However, the large amplitude motions on the flat
potential energy surface hampered the determination of the
H· · ·F and H· · ·Cl distances. For detailed spectroscopic studies
on the dynamical properties of the two dimers, see e.g., Refs.
[118,119].

Due to their simplicity, the structure and potential energy sur-
face of the homo- and heterodimers of HX have already been
explored early by quantum chemical computations. Computa-
tions at both the Hartree–Fock[120,121]and MP2[122] levels
gave the pseudolinear structure preferred over the cyclic tran-
sition state (cf.Fig. 6), although the difference is very small
(3.3 kJ/mol for (HF)2 [120] and between 0.8 and 0.4 kJ/mol for
(HX)2 with X Cl I [122]).

The dissociation energies and H· · ·X distances of the
D H· · ·X H homo- and heterodimers are given inTable 5.
Because the H· · ·X distances were not given in Refs.[122,124],
we derived them from the geometrical data reported in the
above studies. The dissociation energy and H· · ·X distance of
(HF) indicate a considerable, whereas those of the other (HX)
c
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5 e
h tri-
b ced
d ed on
t or-
t cter
o olar-
i er
( sub-
s end
i ems
t ter-
a

f the
X ion,
t t
t n the
b onga-
t o

Table 5
Dissociation energies (De, in kJ/mol) and H· · ·X distances (̊A) of D H· · ·X H
dimers (D, X = halogen) from quantum chemical calculations

Acceptor DH

F Cl Br I

F
De

a 19.1± 1.2 (12.4± 0.5)
De

b 20.9
H· · ·Xb 1.873

Cl
De

a 9.5± 1.0 (5.2± 0.3)
De

c 6.8 6.0 4.7
H· · ·Xc 2.562 2.606 2.797

Br
De

c 6.5 5.8 4.6
H· · ·Xc 2.722 2.749 2.944

I
De

c 5.8 5.4 4.4
H· · ·Xc 2.964 2.987 3.133

∑
vdWd 2.67 2.95 3.05 3.16

µe 1.826178 1.1086 0.8272 0.448
αe 0.80 2.63 3.61 5.44

a Experimental dissociation energies (De) from absolute infrared intensities.
�H◦ values are given in parentheses[123].

b From MP2/6-311++G(2d,2p) calculations including correction for BSSE
[124].

c From MP2 calculations using an ECP with double-� valence basis sets aug-
mented by diffuse sp and two sets of polarisation functions[122]. TheDe values
lack ZPE, but include BSSE corrections.

d From Ref.[62].
e Dipole moments (µ, in Debye) and average electric dipole polarisabilities

(α, in ×10−24 cm3) [61].

dimers showed an effect of only 0.002Å [122]. Similarly, the
computed red-shifts ofνXH are in disagreement with the trend
in the dissociation energies. The largest effect was found in the
(HBr)2 dimer (88 cm−1) whereas it was smaller in both (HCl)2
(53 cm−1) and (HI)2 (36 cm−1) [122]. The available experimen-
tal data are less suitable for comparison. For (HCl)2 a red-shift
of 29 cm−1 was measured in the gas phase[125], whereas for
(HBr)2 and (HI)2 shifts of 60 cm−1 [126] and 54 cm−1 [116],
respectively, in Ar-matrix. Beyond the obvious difference in
the vapour and matrix-isolation conditions, the Ar-matrix may
have slightly different effects on (HBr)2 and (HI)2, as they have
different polarisabilities. Nevertheless, the computed and exper-
imental trends agree for the latter two dimers.

Except for the microwave spectroscopic study of the HI· · ·HF
complex[127] suggesting a similar pseudolinear structure like
found for the homodimers (cf.Fig. 6), only computational
results have been reported for the DH· · ·X H heterodimers.
The computed dissociation energies and characteristic geomet-
rical parameters of the heterodimers are intermediate of those
of the homodimers[122]. On the basis of the data inTable 5the
nature of the proton-donor molecule seems to have a larger effect
on the strength of interaction than that of the proton acceptor.
Changing the donor results in a difference of up to 2.1 kJ/mol
in the dissociation energy, whereas a change of the acceptor up
to 1.0 kJ/mol only. In agreement with both the dipole moment
2 2
ompounds rather weak HB interactions. Note that the H· · ·X
istances with X = I acceptor are near the

∑
vdW value, yet

hese interactions show dissociation energies between 4.
.8 kJ/mol, ca. 25% of that of (HF)2. The binding energies of th
eavier (HX)2 dimers, however, include a considerable con
ution from dispersion forces beyond HB. The dipole–indu
ipole and induced dipole–induced dipole interactions (bas

he polarisability of the monomer) become particularly imp
ant in the dimers of HBr and HI, in which the polarised chara
f the H X bond is decreased (cf. the dipole moment and p

sability data listed inTable 5). On the other hand, in the light
HX)2 dimers the dipole–dipole interactions can make a
tantial contribution to the binding energy. Altogether, the tr
n the energy and geometrical data (HF > HCl > HBr > HI) se
o be determined primarily by the HB and dipole–dipole in
ctions.

The elongation of the XH bonds and the red-shift of theνXH
requencies upon dimerisation are particularly interesting in

= Cl, Br, I series. In agreement with the weak interact
he X H bonds are elongated by 0.002–0.004Å with respec
o the monomer values. In contrast to the expectations o
asis of the dissociation energies, however, the largest el

ion (0.004Å) was computed for (HI)2, whereas the other tw
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and polarisability data, the dissociation energies show a larger
decrease between HBr and HI (both as donor and acceptor) than
between HCl and HBr.

Elongation of the X H bond upon dimerisation shows the
same characteristics in the heterodimers like found in the homo-
dimers: the elongation is 0.002̊A between HCl and HBr, 0.003̊A
when HI is either donor or acceptor and 0.004Å in (HI)2 [122].
The observed geometrical and vibrational characteristics of the
D H· · ·X H homo- and heterodimers indicate, that in these
compounds interactions different from the traditional HB may
determine the lengthening of the donor XH bonds and the red-
shift of theνXH frequencies.

Except for (HI)4, all the homotrimers and homotetramers
of HX have been detected by matrix-isolation IR spectroscopy
suggesting a cyclic structure for these species[128–134]. The
exact geometries of the (HX)3 and (HX)4 species have been
explored by computations[122,134–136]. Only one minimum
was found on the potential energy surface corresponding to a
Cnh (n = 3, 4) cyclic structure. The computed dissociation ener-
gies and geometrical characteristics revealed the importance of
cooperative effects in strengthening the bonding interaction. In
the X = Cl, Br, I series, the largest dissociation energies have
been found for (HCl)n (22.2 kJ/mol in the trimer, 36.0 kJ/mol
in the tetramer), somewhat weaker for (HBr)n (19.3 kJ/mol in
the trimer, 30.6 kJ/mol in the tetramer) and much weaker for
(HI) (13.8 kJ/mol in the trimer, 20.5 kJ/mol in the tetramer) at
t ion
o
w

have
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[ sed
d evel
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e l.
[ ed
t .
R tion
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both (HX)n, while after a short descending period they reach a
limit in (HF)8 and (HCl)6.

3.4. C X acceptors

Information on the bonding energies of CX acceptors is
rare. A few systems have been investigated by quantum chemi-
cal calculations and vibrational spectroscopy. On the other hand,
numerous DH· · ·X C contacts can be found in CSD. They
have been the subject of several previous CSD analyses and
reviews[4,15–24]. In the following, we discuss primarily sys-
tems for that energy data are available.

The CH3X dimers represent weak complexes due to the
very weak acidic nature of the CH hydrogen. They can be
produced by supersonic jet expansion and have been investi-
gated by Nakata et al. by matrix isolation infrared spectroscopy
[138–140]. The observed IR bands have been assigned on the
basis of quantum chemical computations. The computations
at the MP2/DZP and B3LYP/6-311++G(3pd,3df) levels found
three characteristic structures on the potential energy surface
(Fig. 7) [140,141]. The head-to-tail (C2h) structure has H· · ·X
distances near

∑
vdW of the interacting atoms. The head-to-

head structure (Cs) was obtained only for (CH3Br)2 and (CH3I)2.
The X· · ·X distances are shorter by a few tenths of angstrom than∑

vdW, whereas the H· · ·X distances are close to it. This implies
t n the
h abil-
i
d

in-
i
d 6.5
( ol
( the
d
T s for
d
d 3LYP
c

struc
n

he MP2 level[122]. The cooperativity results in a stabilisat
f ca. 66% in (HCl)3 and (HBr)3, 76% in (HCl)4 and (HBr)4
hereas 55% in (HI)3 and (HI)4.
In addition to the above study, several computations

een performed on (HF)n oligomers at various levels of theo
134–137]. A meaningful comparison with the above discus
ata of the heavier halides is hampered by the different l

herefore we note only some important characteristics from
xtensive DFT study on (HF)2–10and (HCl)2–6 by Guedes et a
137]. The planarCnh structure of the small oligomers is forc
o break atn ≥ 7 and≥5 for (HF)n and (HCl)n, respectively
esponsible for this are the dipolar and quadrupolar interac
ompetitive to HB. The cooperative effects increase tilln = 4 in

Fig. 7. Characteristic
,

s

hat a marginal attractive interaction may appear betwee
alogens of the monomers facilitated by their large polaris

ty. In the linear (C3v) structure (not found for CH3I) the H· · ·X
istances are again near

∑
vdW of the interacting atoms.

The C2h structure was found to be the global m
mum on the potential energy surface of all the CH3X
imers with BSSE-corrected dimerisation energies of
B3LYP/6-311++G(3pd,3df)), 12.5 (MP2/DZP) and 7.6 kJ/m
MP2/DZP) for X = F, Br and I, respectively. (Note that
imerisation energy of CH3Cl was not given in Ref.[140].)
he above results show the deficiency of DFT calculation
ispersion forces[48] important in interactions near the

∑
vdW

istance. This may be one of the main reasons that the B
alculations did not find the less stableCs structure of (CH3F)2

tures of (CH3X)2 dimers.



A. Kovács, Z. Varga / Coordination Chemistry Reviews 250 (2006) 710–727 721

Fig. 8. Characteristic hydrogen-bonded structures of thep-chlorofluorobenzene· · ·methanol complex.

and (CH3Cl)2 and that the B3LYP dimerisation energy of CH3F
is much smaller than the MP2 ones of CH3Br and CH3I. On the
other hand, a larger dimerisation energy of the heavier halides
may be justified by the increased importance of dispersion
forces in their dimers on the basis of the larger polarisability of
CH3Br and CH3I. (The polarisabilities of CH3X molecules with
X = F, Cl, Br and I are 2.97, 5.35, 5.87 and 7.97× 10−24 cm3,
respectively[61].) Note that a recent MP2/6-31+G(d,p) study of
(CH3F)2 resulted in a dimerisation energy of 5.7 kJ/mol[141].
This value, however, included both BSSE and ZPE corrections
in contrast to the BSSE (only)-corrected data of Futami et al.
[139]. ZPE can decrease the dimerisation energy of such dimers
by a few kJ/mol.

On the basis of the computed frequencies of the monomers
and dimers, the head-to-tail conformer was identified in the
matrix-isolated spectra in the case of all the four halides. This
was the only structure observed for the (CH3F)2 dimer [139],
whereas the spectrum of (CH3I)2 showed unambiguously the co-
existence of the head-to-tail and head-to-head structures[138].
Note that the computed energy difference for the latter two struc-
tures was also very small (2.2 kJ/mol). Due to the much weaker
secondary features in the spectra of (CH3Cl)2 and (CH3Br)2, the
head-to-head structure was only tentatively identified in these
spectra[140]. In the crystal, both head-to-tail and head-to-head
interactions were observed for solid CH3I [142].

It is worth noting that while the (CHX) dimers are
v n in
t . Th
C s a
v

ar
g the
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p se i
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M nded

structures on the potential energy surface: the� com-
plex with O H· · ·� interaction, the �F complex with a

CAr F· · ·H O(CH3)· · ·H CAr six-ring and the analogous
�Cl complex with a CAr Cl· · ·H O(CH3)· · ·H CAr six-
ring (cf. Fig. 8) [144]. The BSSE-corrected binding energies
were 5.9, 13.7 and 10.8 kJ/mol for the�, �F and �Cl com-
plexes, respectively. Similar results have been obtained for
the fluorobenzene· · ·water andp-difluorobenzene· · ·water com-
plexes[145]. In the heavier halides (X = Br, I) with weaker HB
propensities the� complex may have larger importance at the
expense of the�X one.

Weak C H· · ·F C HB interactions appear in the crystals
of fluorobenzenes with H· · ·F distances larger than 2.3Å. The
X-ray diffraction study of fluorobenzene derivatives accompa-
nied by a CSD search for related compounds[146] revealed
the strongest interactions among benzene derivatives with the
largest number of electronegative substituents, in agreement
with the increased acidity of the CH hydrogen.

There are numerous additional examples of CAr X· · ·H
intermolecular HB, in which the donor is aromatic hydrogen
(CAr H). Our search in the Cambridge Structural Database
(ConQest version 1.6, using searching criteria H· · ·X ≤ ∑

vdW
and CAr H· · ·X ≥ 130◦, R factor <0.05) resulted in 110, 135
and 35 hits for X = F, Cl and Br, respectively. The distribution
of the H· · ·X distances is given inFig. 9. The H· · ·F distances
show a well-defined maximum at 2.55Å, whereas the H· · ·Cl
a
i erac-
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ub-
j
I alo-
g tions
w cted
p low
p hell)
3 2
ery weak hydrogen-bonded complexes, the haloge
hese molecules can be a very strong proton acceptor
H3FH+· · ·FCH3 proton bound dimer for example, exhibit
ery strong (134± 8 kJ/mol) hydrogen bond[143].

Halogen acceptors connected to aromatic carbons
enerally involved in complex interactions, as also
romatic �-system has hydrogen acceptor abilities, c
arable to that of the halogens. A representative ca

he p-chlorofluorobenzene· · ·methanol complex for whic
P2/6-31+G(d) calculations resulted in three hydrogen-bo
e

e

s

nd H· · ·Br distances have no maximum below the
∑

vdW value,
n agreement with the much weaker character of these int
ions.

As noted previously, DH· · ·X C contacts have been the s
ect of several previous CSD analyses and reviews[4,15–24].
n all the cases, the weak HB propensities of organic h
ens with respect to O and N acceptors in similar situa
ere noted. The poor acceptor potential of fluorine attra
articular attention. This behaviour was explained by the
roton affinity and hardness of F (due to its tight electron s
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Fig. 9. CAr X· · ·H distances from our CSD search using criteria H· · ·X ≤∑
vdW and CAr H· · ·X ≥ 130◦.

and by the inability to modify this by intramolecular electron
delocalisation or intermolecular cooperative effects[18]. For a
comprehensive summary of earlier CSD statistics we refer to the
recent book of Desiraju and Steiner[4] including several char-
acteristic examples. Noteworthy is the recent CSD study of van
der Berg and Seddon[19], who focussed on the directionality of
C H· · ·X interactions. In addition to the cone correction method
they applied an isotropic density correction to correct for both
angular and distance effects. The distances of highest incidence
from their analysis (with H· · ·X < 7 Å and D H· · ·X > 90◦) were
slightly above the

∑
vdW distances supporting that HB interac-

tions can extend beyond the classic vdW cut-off criterion.
We terminate this section with a special example of

C H· · ·X C HB interactions appearing in host-guest systems.
Recently, Gibb et al. synthesised new nanoscale hosts func-
tionalised with a crown of weakly acidic benzyl CH groups
[147,148]. From a systematically constructed set of guest (quasi-
spherical adamantane) molecules the binding preference of those
containing halogen substituents was deduced from experimen-
tally determined association constants. The stronger bonding of
the haloderivatives was attributed to the formation of weak tetra-
furcated C H· · ·X C hydrogen bonds. The strength of bonding
increased with the halogen size from X = Cl to I. The X-ray
structure of the strongest-bonded hostI· · ·guest adduct revealed
H· · ·I distances of 3.077̊A, somewhat below the

∑
vdW value of

I and H. Estimated HB energies from the association constants
t indi-
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attractive gauche effect increasing with the electronegativity of
the substituents[149].

In the following we discuss the properties of 2-halophenols
and 2-haloethanols, for which the most extensive literature data
are available.

4.1. 2-Halophenols

2-Halophenols are probably the first observed examples of
intramolecular HB with a halogen acceptor[150]. The HB inter-
action has been investigated in all the three phases providing
extended information on its nature. IR spectroscopy revealed the
red-shift of the OH stretching frequency of the hydrogen-bonded
syn isomers with respect to that of the non-hydrogen-bonded
anti isomers. In contrast to the expectations based on the gen-
eral HB strength of the halogens[151,152], the magnitude of the
red-shift increases in the order F < Cl < Br < I[153–157]imply-
ing the same order for the strength of HB in 2-halophenols.
(Note that the small, ca. 20 cm−1 splitting of theνOH band of
2-fluorophenol was recently measured only in non-resonant ion-
isation detected IR spectroscopy[156] and coherent anti-Stokes
Raman experiments[157].) The F < Cl < Br < I behaviour was
dubbed as an ‘anomalous’ order in the strength of the intramolec-
ular hydrogen bond[153].

The enthalpy differences�H◦, given inTable 6, have been
d IR
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e tion
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aking into account the entropy change of adduct formation
ated a contribution of at least 4 kJ/mol per CH· · ·I C hydro-
en bond. The total CH· · ·Br C and C H· · ·Cl C bonding
nergies of the Br- and Cl-adamantane derivatives were sm
y 15% and 40%, respectively. The decreasing trend from

o Cl was attributed to the rigid geometry of the host bas
esulting in less favourable H· · ·X distances when X = Cl an
r [147].

. Intramolecular hydrogen bonding interactions

The intramolecular HB interactions generally appear in
cally constrained structures. Evaluation of the propertie
uch HB interactions can be made by comparing the hydro
onded and (if available) non-hydrogen-bonded conforme
ontrast to the intermolecular case, the obtained propertie
ubstantially be influenced by additional intramolecular inte
ions beside the DH· · ·X hydrogen bond. These are the rep
ion of the lone pairs of D and X in the non-hydrogen-bon
orm, the repulsive dipole–dipole interactions between theD
nd C X dipoles, and, specifically in ethanol derivatives,
r

-

n

etermined on the basis of theνOH peak areas in the gas-phase
pectra[154]. The relative stabilities of the two forms were a
valuated from the potential function of the OH internal rota
ased on the measured OH torsional frequencies[158]. The two

able 6
nthalpy differences (kJ/mol) between the hydrogen-bonded and non-hyd
onded conformers of 2-halophenols and the lengths of the intramol
ydrogen bonds

F Cl Br I

H◦a 14.27± 0.59 13.10± 1.47 11.51± 0.29
H◦b 6.82 6.82 6.40 5.52
H◦c 12.68 13.68 13.31
H◦d 11.38 12.47 12.93 10.89
· · ·Hd 2.231 2.419 2.494 2.630

a On the basis of the peak areas in the gas-phase IR spectrum[154].
b From the potential function of the OH internal rotation[158].
c Computed at the B3LYP/6-31G(d,p) level (X = F, Cl) and at the B3LY
11G(d,p) (X = Br) level including ZPE correction[157].
d Computed at the B3LYP/6-311++G(d,p) level including ZPE correctio
= F, Cl, Br [159]. The value for 2-I-phenol was obtained from our B3LYP
11++G(d,p) calculations using quasi-relativistic ECP for I[10] extended b
ingle sets of sp diffuse[75] and d-polarisation functions[11].
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Fig. 10. The five conformers of 2-haloethanols.

sets of enthalpy differences, though differing considerably in
magnitude, have the same F > Cl > Br > I order in agreement with
the HB propensities of the halogens (cf.Table 6).

From the two theoretical studies on 2-halophenols Shin et al.
[157] obtained an order of Cl > Br > F for the energy difference
of the two forms (cf.Table 6). Note, however, that the computed
energy differences were small, and in such cases the use of a
consistent theoretical level for all the compounds is important.
(Shin et al. used a basis set for Br different from those of F
and Cl.) More consistent data were obtained by Silvi et al. at
the B3LYP/6-311++G(d,p) level for X = F, Cl and Br. These
calculations reproduced the observed order of red-shifts of the
νOH frequencies, and gave the same order (Br > Cl > F) for the
relative stabilities of the two forms (cf.Table 6) [159]. The trend
was also supported by the computed geometrical parameters:
the O H bond lengthens the most (0.003Å) and the O H· · ·X
angle opens the most (to 122.3◦) in 2-Br-phenol. No theoretical
data are available for 2-I-phenol in the literature. Our B3LYP
computations (utilising an ECP basis for I similar in quality to
the 6-311+G(d) basis of the other halogens) gave the lowest
relative stability for this compound among the 2-halophenols.

The stability order of Br > Cl > F in 2-halophenols might
be explained by the geometrical constraints determining the
intramolecular HB, as both the OH group and X have very lit-
tle flexibility. Among the three halogens, the radius of bromine
may best accommodate the constraints, hence the most advanced
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into account the experimental errors of the enthalpy differences
by Lin and Fishman[154], their data do not contradict with the
computed enthalpy differences of Silvi et al.[159] for X = Cl
and Br, neither with our obtained value for 2-I-phenol.

Finally, we note the effect of repulsion of the lone pairs of
O and X on the relative stabilities of the two conformers. With
increasing halogen size the anti conformer is more destabilised
due to the larger repulsion of the lone pairs. This additional
support to the larger relative stability of the hydrogen-bonded
conformer in the heavier halides has no relation to the HB inter-
action and is difficult to assess.

4.2. 2-Haloethanols

2-Haloethanols represent a more complex system due to the
five possible conformers based on the internal rotation around
the CC and CO axes (cf.Fig. 10). From them, the only conformer
containing HB interaction is Gg′. The energy difference between
the G conformers can be a reasonable estimate of the HB energy,
as the gauche and dipole–dipole interactions are present in all
the three G conformers, whereas the HB in Gg′ is replaced by a
steric interaction between the lone pairs of O and X in Ga and
Gg. From the latter two conformers, Gg shows a smaller steric
effect, therefore it is better suited to estimate the HB energy. The
steric interaction is not present in the A conformers, but also the
other contributions vanish. In general, the A conformers have
l ly the
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2 tch-
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nteraction may appear with Br. It should be kept in mind, h
ver, that ambiguities might appear in both the experimenta
omputed data. The computed small energy differences, pa
arly those between 2-Cl- and 2-Br-phenol, can change by g
o higher levels of theory. On the other hand, in the experim
tudy uncertainties may stem from the separation of the ban
he two isomers, from the integration of the weak band of the
onformer in the IR spectra[154] and from the assumed iden
al absorption coefficient of the two forms. Regarding the s
f Carlson et al.[158], the torsional frequencies can be de
ined accurately. Here the approximations used in the pot

unction model introduce some uncertainty. Nevertheless, ta
d
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ower energies than the Ga and Gg ones and are most like
inor components in gas-phase experiments.
2-Haloethanols have been investigated by electron dif

ion and microwave spectroscopy, and the hydrogen-bonde′
onformers were identified as the major component in the
hase[160–164]. The co-existence of two-three conformers
een reported on the basis of the gas-phase IR spectra of
-Br- and 2-I-ethanol. The small differences in the OH stre

ng frequencies of the conformers (between 20 and 60 c−1)
165,166]are indicative of weak HB interactions. In the cas
-F-ethanol, both the gas-phase and xenon-solution IR sp
howed the presence of a single (the most stable Gg′) conformer
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Table 7
Enthalpy differences (kJ/mol) of the hydrogen-bonded and non-hydrogen-bonded conformers of 2-haloethanols and the lengths of the intramolecularhydrogen bonds

F Cl Br I

�H◦ 4.98± 0.42a, 5.02± 0.42b 3.76± 0.48c, 6.07± 0.42b 3.7± 2.9d

�H 9.4e 4.5f 7.6g, 6.3f 6.5g

X· · ·H 2.489± 0.039h 2.6092± 0.0020i 2.705± 0.010i 3.002± 0.056d

a From the IR spectrum of the xenon solution[168].
b From temperature variable (20–165◦C) infrared measurements of the vapour utilising the CX stretching bands[165].
c From the IR spectrum of the xenon solution with respect to the Ag conformer[169]. The Aa conformer was also identified in the IR spectrum with a relative

stability of 4.49± 0.48 kJ/mol.
d From gas-phase electron diffraction[162].
e From computations at the MP2/6-311++G(d,p) level without ZPE-correction[167].
f From MP2/6-31++G(d,p) calculations including ZPE corrections[170]. The relative stability of the Ag conformer of 2-Cl-ethanol was computed to be 5.6 kJ/mol,

that of the Aa conformer of 2-Br-ethanol to 7.2 kJ/mol. The Ga conformers were computed to be less stable than Gg′ by 7.8 and 9.3 kJ/mol for Cl- and Br-ethanol,
respectively.

g Energy difference between the Gg′ and Aa conformers from present MP2/6-311++G(d,p) calculations using quasi-relativistic ECP for Br and I[10,11]applying
corrections for ZPE.

h From gas-phase electron diffraction (rg parameter)[163].
i From microwave spectroscopy[164].

The only information on its HB energy comes from MP2/6-
311++G(d,p) computations[167] (cf. Table 7).

Among 2-haloethanols the Cl- and Br-derivatives have been
investigated extensively by experimental and theoretical meth-
ods. The relative stability between Gg′ and the anti forms of 2-Cl-
ethanol has been determined from the IR spectrum of both the gas
phase[165] and xenon solution[168]. In a recent analysis of the
IR spectrum of 2-Br-ethanol dissolved in liquid xenon the Ag and
Aa conformers have been observed. The enthalpy differences
relative to Gg′ have been determined by variable temperature
studies between−63 and−100◦C and by quantum chemi-
cal calculations at the MP2/6-311+G(d,p) level (cf.Table 7)
[169]. The latter experimental value is somewhat lower than that
obtained from early variable temperature (20–130◦C) infrared
measurements of the vapour (6.07± 0.42 kJ/mol between two
unassigned conformers, cf.Table 7) [165].

Recently, quantum chemical calculations have been per-
formed on the whole conformational space of 2-Cl- and 2-
Br-ethanol at the MP2/6-31++G(d,p) and B3LYP/6-31++G(d,p)
levels[170]. The relative stability of the most stable 2-Cl-ethanol
conformer agrees well with the experimental value of Durig et
al. [169]. On the other hand, the computed�H of 2-Br-ethanol
is almost two-times larger than the value derived from the spec-
trum of the xenon solution[169], while it agrees with�H◦ from

the early vapour-phase IR measurement of Buckley et al.[165]
(cf. Table 7).

The only structural study of 2-I-ethanol was performed by
Thomassen et al. using gas-phase electron diffraction (together
with a study of 2-Br-ethanol)[162]. From variable tempera-
ture measurements a rough estimate of the energy difference
between the hydrogen-bonded and non-hydrogen-bonded con-
formers was 7.6± 2.7 and 3.7± 2.9 kJ/mol for Br- and I-ethanol,
respectively. Our MP2 calculations gave a much higher relative
stability (6.5 kJ/mol) of the Gg′ conformer of 2-I-ethanol with
respect to the Aa conformer.

The experimental and computed hydrogen-bond lengths
given inTable 7are close to the

∑
vdW distances (particularly

those of X = Cl, Br and I), as another indications of weak inter-
actions. Comparing the two presented intramolecular hydrogen-
bonded systems, the HB in 2-halophenols is two to three times
stronger due primarily to the more suited geometrical arrange-
ments of the OH and X groups.

5. Conclusions

In the present review, we performed a comparative assess-
ment of HB interactions with halogen (X) acceptors based
on data available in the literature. Four main acceptor types

nergi
Fig. 11. Overview of characteristic HB e
 es (DH = donor; A = acceptor; X = F, Cl, Br, I).
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have been considered, viz., free X− anions, halogens in MX
(M = transition metal), HX and C X bonds. Among the molec-
ular properties we focussed on the HB energy and structural char-
acteristics that are particularly informative on the HB propensi-
ties of the halogens.

In Fig. 11, an overview of the most characteristic HB ener-
gies (obtained from experiment or computations) is presented.
Obvious is the very strong hydrogen bond with anionic halogen
(X−) acceptors, the strongest interaction appearing with thet-
BuOH donor. The HB energies fall below 30 kJ/mol in the case
of the weak CH4 and H2 donors. The very weak H2· · ·X− inter-
actions are comparable in magnitude with the HX· · ·HX and
CAr H· · ·X C hydrogen bonds.

Literature data on H· · ·X M and H· · ·X C interactions
include mainly the geometrical parameters determined by
diffraction methods, while information on the HB energies of
such systems is very rare. The mean H· · ·X distances evaluated
by CSD studies indicate generally weak interactions if the donor
is C H and/or X = I, otherwise medium and, particularly with
X = F, strong ones.

Most HB systems show a trend of F > Cl > Br > I for the HB
strength. Exceptions appear in the case of rigid systems (e.g.,
nanoscale host–guest ones) where the steric constraints can lead
to preferred interactions with the larger halogens. Note, however,
that in these weak interactions the differences in the HB energies
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