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X-H· · · C hydrogen bonds in n-alkane-HX (X = F, OH) complexes
are stronger than C-H· · · X hydrogen bonds
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Abstract. Computational study of X-H· · · C and C-H· · · X hydrogen bonds in n-alkane-HX complexes
(X=F,OH, alkane=propane, butane, pentane) has been carried out in this work. Ab initio and density functional
theories were used for this study. For n-alkane-H2 O complexes both O· · · H-C and O–H· · · C hydrogen bonded
complex have been found, while for n-alkane-HF complexes, our attempt to optimize F· · · H-C H-bond was not
successful. Like most of the hydrogen bonded systems, strong correlation between binding energy and stretching frequency of H-F and O-H stretching mode was observed. The values of electron density and Laplacian of
electron density are within the accepted range for hydrogen bonds. In all these cases, X-H· · · C hydrogen bonds
are found to be stronger than C-H· · · X hydrogen bonds.
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1. Introduction
Methane–water complex has attracted much interest,
with a large number of studies focusing on C-H· · · O
hydrogen bonding.1–7 However, microwave spectroscopy has established the structure as having the OH
from water pointing towards one of the tetrahedron face
of methane.8 ‘Atoms in Molecules’ theoretical analysis
showed this structure to have O-H· · · C hydrogen bond,
and indeed complexes of CH4 with HF, HCl, HCN
and H2 O all have the same interaction.9 In all these
complexes, X-H· · · C hydrogen bonded structure is the
global minimum and C-H· · · X hydrogen bonded structure is a local minimum. Unlike the initial days of hydrogen bonding when lone pairs of N, O or F were thought
to be the only hydrogen bond acceptors,10 it has now
been recognised that any electron-rich region in a molecule, such as a lone pair, π pair, unpaired electron and
sigma electrons, can be hydrogen bond acceptors.11–14
The recent IUPAC report and recommendation on hydro
gen bond have recognised the diverse nature of hydrogen bond donors and acceptors.13,14
Unlike methane, hydrogen bonding by higher alkanes
has not received much attention. One of the earlier works
reported infrared spectroscopic and ab initio results but
considered only the C-H· · · F-H interaction of CH4 HF;15 for the higher alkanes, it did consider the involvement of hydrogen bonding to the C–C single bond.
∗ For

correspondence

Akanes, which have been chosen in this work, are
simplest organic compounds that contain only two elements, hydrogen and carbon. Each carbon atom forms
four bonds and each hydrogen atom forms a single
bond to a carbon. The bonding around each carbon
atom is tetrahedral, so all bond angles are 109.5◦ . As a
result, the carbon atoms in higher alkanes are arranged
in zigzag rather than linear patterns. Alkanes are nonpolar and show relatively low reactivity because their C
bonds are stable and cannot be easily broken. Alkanes
do not have a lone pair to accept hydrogen bond. But
now, any electron-rich region in a molecule can act as a
hydrogen bond acceptor. Molecular electrostatic potential is analysed to ﬁnd the electron-rich region. This
approach to identify the sites of electron-rich region
was proposed long time ago16 and has been in use since
then.17–19 A remarkable feature of this technique is that
it can be applied for weakly bonded complexes.20 This
approach was subsequently used by Gadre et al.21–24
to elucidate the nature and strength of the bonding
involved. Recently, Ragevendra and Arunan have utilized this method to identify regions of high electron
density in CH4 9 and now it is well known that the tetrahedral face of methane has an electron-rich centre and
can act as a hydrogen bond accep tor. More recently,
the same group with the help of electrostatic potential
calculation showed that the opposite face of a tetrahedral group can be made an electron-deﬁcient centre if
one of its hydrogen is substituted with some electronwithdrawing group such as F/OH. Discovery of the
1035
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carbon bond is possible even if the molecular electrostatic potential is not analysed. But it can be
said definitely that the molecular electrostatic potential surface (MEPS) analysis of CH3 F and CH3 OH
was one of the insights for the discovery of carbon
bond.25
This work aims to explore whether our earlier
results on CH4 –HX complexes are extendable to higher
alkanes.9 The proposed O-H· · · C hydrogen bond was
observed to lie between a CH3 group on a silicon surface and adsorbed H2 O molecules.26 Hammerum et al.27
recently considered alkanes as hydrogen bond acceptors
with protonated alcohols/acids as donors.
In this work, hydrogen bonding between neutral
HF and H2 O as donors and three alkanes, n-propane,
n-butane and n-pentane, are considered. Ab initio, densities functional theories, MEPS analysis, atoms in
molecules (AIM) theoretical calculation2,28 are used to
investigate these complexes. MEPS analysis is used to
identify the sites for hydrogen bond formation and AIM
theory is used to characterize the interactions.

2. Computational Methods
The structures of all the molecules and hydrogenbonded complexes studied in this work were optimized
at MP230–32 and B3LYP33–35 levels of theory using
6-311++g** basis set.36 Meta generalised gradient
approximation (meta-GGA) with hybrid meta exchange
correlation functionals M05-2X developed by Truhlar’s
group was also used to optimize these complexes in
order to compare MP2 and B3LYP results.37 Gaussian03
software package was used for all the calculations.38
The corresponding harmonic frequency calculations
were also carried out at the same level to ensure that
the complex structures are true minima. The interaction
energies were computed by supermolecular approach,
and then corrected for the basis set superposition error

(BSSE) following the counterpoise procedure proposed
by Boys and Bernardi.39 The AIM calculations were
carried out with AIM 2000 package.40 Gaussian wave
functions were used for this. A map of electrostatic
potential surface was plotted by using GaussView.41
Molecular Electrostatic Potential (MESP) of all the
acceptors was mapped at 0.001 a.u. electron density
isosurface as it encompasses roughly 97% of the
molecule’s electronic charge.42 Quantitative analysis of
the molecular surfaces of all three alkanes studied here
has been carried out using Multiwfn software.43

3. Results and Discussion
3.1 Molecular Electrostatic Potential Surface
Analysis of Alkanes
Figure 1 shows MEPS map of all three alkanes studied
in this work. The site of high-electron-density region was
known from the map of electrostatic potential surface.
The positions of maximum and minimum values of
electrostatic potentials (ESPs) at 0.001 a.u. electron
density isosurfaces for all three alkanes are given in
Figures 2 and 3.
Tables (S1–S6) given in supporting information show
coordinates of nuclear positions and the values of ESP
at maximum and minimum positions of all alkanes
studied here.
The position of minimum value of ESP has helped
to locate the sites of electrophilic attack in this study.
From these values of ESP it is found that all carbon
atoms can act as hydrogen bond acceptors. To distinguish one carbon atom from another the ﬁrst carbon
atom is designated as a, the second b and the third c.
The calculation of molecular electrostatic potential
for alkane was also done by Gadre et al. In one of their
works, they found the positions of minimum values of
ESPs in the middle of the CH2 group and in the bisector

Figure 1. Map of Molecular Electrostatic Potential surface of (1) propane
(2), butane (3) and (3) pentane using B3LYP/6-311++G** wave functions.
Colour code is: blue, more positive than green, which is more positive than
yellow, which is more positive than red. Surfaces were plotted by using
GaussView software.

Hydrogen bond in n-alkane-HX complexes(X=F, OH)

Figure 2. Positions of minimum values of electrostatic potentials (a)
propane, (b) butane and (c) pentane optimized at B3LYP/6-311++g**.

Figure 3. Positions of maximum values of electrostatic potentials: (a)
propane, (b) butane and (c) pentane optimized at B3LYP/6-311++g** level.
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of the H-C-H angles in the CH3 terminal group in
the case of n-butane.23 We mapped the MEPS and
when closely observed the MEPS map, the minimum
positions seem to be around the same point as they

found. Moreover, ﬁgures 4 and 6 clearly indicate that
the interaction regions of HF with butane and other
alkanes are exactly in the same positions as found by
Gadre et al.

Figure 4. Optimized structure of FH· · · alkane complex. 1 is propane, 2 is butane and 3 is pentane. a, b and c are three
different carbon atoms in B3LYP/6-311++g** level of theory.
Table 1. Optimized H–C bond distances, ∠FHC bond angles, shift in F-H stretching frequency with respect
to monomer frequency (υ) in cm−1 , change in F-H distance and C-H distance* (r) in Å and interaction energy (E) in
kJ/mol for F-H · · · alkane complexes (alkane → 1 n-propane, 2 n-butane, 3 n-pentane).
B3LYP/6-311++G**

1a
1b
2a
2b
3a#
3b
3c

MP2/6-311++G**

RH−C

∠FHC

r

υH−F

E

RH−A

∠FHC

r

υ

E

2.4230
2.4186
2.4386
2.4290
2.4122
2.4276
2.4428

177.9
179.2
179.7
178.9
175.4
176.8
179.4

0.0034 0.0027*
0.0038 0.0031*
0.0037 0.0040*
0.0041 0.0035*
0.0035 0.0027*
0.0041 0.0032*
0.0041 0.0032*

−82
−93
−86
−96
−82
−98
−98

−4.5
−4.6
−4.6
−4.9
−4.7
−5.0
−5.2

2.5143
2.4637
2.5420
2.4828
2.4779
2.5232
2.4688

179.7
175.9
174.3
179.6
175.7
174.6
179.5

0.0021 0.0023*
0.0024 0.0025*
0.0020 0.0025*
0.0025 0.0028*
0.0021 0.0021*
0.0024 0.0024*
0.0029 0.0025*

−47
−58
−43
−59
−48
−53
−67

−4.1
−4.2
−4.3
−4.8
−4.2
−5.0
−5.3

# Not fully optimized in MP2 level of theory
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3.2 Geometrical Features, Frequency Shifts, and
Interaction for alkane· · · H-F complexes
Figure 4 shows the optimized structures of all
alkane· · · H-F complexes and table 1 lists some geometrical parameters. These geometrical parameters include
the H–C bond distance, the F–H· · · C bond angle
(∠FHC), the increase in bond length of F–H in the
complex compared to the monomer, the vibrational frequency shift in F–H mode following complex formation, and the interaction energy.
The H–C bond distances in all the complexes listed in
table 1 were found to be smaller than the sum of the van
der Waals radii of the C and H atoms (about 2.9 Å),10
suggesting the presence of an attractive interaction in
these complexes.
In HF–propane complex, this distance is 2.514 Å for
the a site and it is 2.464 Å for the b site at MP2 level
of theory, while at B3LYP level it is almost the same
(2.423 Å at the a site, 2.419 Å at the b site). Similar
HC distances were observed for HF–butane complexes.
In HF–butane, the bond distance for site a is 2.439 Å
and that for bsite it is 2.429 Å at B3LYP level of theory.
Similar to the HF–propane complex, the bond distances
vary at the MP2 level. For a sites it is 2.542 Å and
for ‘b’ sites it is 2.483 Å. However, for the HF–pentane
complex this type of trend has not been observed. At
B3LYP level of theory, this distance is found to be maximum at site a and minimum at site c. At MP2 level of
theory, maximum value of this distance is at b site and
minimum value is at c site.
One of the geometric criteria of hydrogen bonding is
that X-H· · · A angle must be equal or close to 180◦ . All
the complexes investigated in this work show this directionality. The lowest angle observed for alkane· · · HF
complexes is 174◦ and the highest is almost 180◦ .
As expected, the HF bonds are lengthened in all the
complexes. The elongation of the HF bond varies from
0.003 to 0.004Å at B3LYP level of theory and 0.002 to
0.003 Å at MP2 level of theory. There is a correlation
between these elongations with change in frequency.
This elongation is longer than that for hydrogen bonds
with sigma acceptor. For hydrogen bonds with sigma
acceptor, the elongation on MP2 (full)/6-311++g**
level of theory for HF donor is 0.001 Å.11 However, it is
shorter than other types of hydrogen bonds for the same
level of theory. For example, with π electron (C2 H4 )
acceptor this value is 0.008 Å;11 with unpaired (CH3 )
acceptor it is 0.006 Å,11 while with lone pairs (H2 O) it
is 0.015 Å.11 Similar elongations have been observed
at B3LYP level of theory. The HF bond elongations in
site b in propane and butane are more than those found
at site a, and for pentane this is more in site c. The
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above analyses show that the HF bond elongation is
completely consistent with the change of the hydrogen
bonding distance.
The changes in C–H distances on complex formation
are also given in table 1. It seems that mainly two C–
H bonds of the CH3 groups are involved in hydrogen
bond formation (ﬁgure 4). The C–H distance with one
of the C–H bonds of the CH3 group does not seem to
have changed much. For these n-alkanes, there are several minima in the ESP and are not situated at the center
of the tetrahedron face as found for CH4 (ﬁgure 2).9 As
the minima are closer to two of the CH groups in the
terminal CH3 group we observe elongation of two C–H
bonds following H-bond formation and negligible contraction of the third C–H bond. A similar type of elongation of C–H bond was also observed in the work by
Olesen et al.17
Contrary to other geometrical parameters, change in
stretching frequency is pronounced and is also correlated with interaction energy and bond elongation. The
values reported in table 1 indicate these facts. The shifts
in HF frequencies at MP2/6-311++g** level of theory
are in the range of 43–67.0 cm−1 , which are larger than
those of the hydrogen bonds with sigma acceptor. For
hydrogen bonds with sigma acceptor (H2 ) the shift in
HF frequency at MP2(full)/6-311++g** level of theory
is 23.9 cm−1 .11 This shift in HF frequencies are found
to be lower than that found for other hydrogen bonded
systems, for instance, 183 cm−111 (230 cm−144 ) with π
electron (C2 H4 ) acceptor, 141.6 cm−111 (163 cm−145) with
unpaired (CH3 ) acceptor electron and 346.8 cm−111
(364 cm−146 ) with lone pairs (H2 O) electrons. The
values given in the parentheses are experimental values.
The interaction energy is one of the most important
measurements for characterizing the intermolecular
interaction. The BSSE-corrected interaction energies are
presented in table 1. The interaction energies are about
4 kJ/mol at both levels of theory. This value is more than
that of sigma (H2 ) bonded acceptors and lower than that
for hydrogen bonds with other acceptors.11 We found
strong correlation between interaction energy and
stretching frequency. This is one of the unique characteristics of a hydrogen bond. It appears that the middle
CH2 group is a better acceptor than the terminal CH3
group in alkane. Moreover, the approach of hydrogen
atom from HF is found to be the position of global
minimum structure with the lowest ESP.
The result predicted by B3LYP method is quite similar
to that obtained by MP2 method. So, we have carried out
calculation using M05-2X functional with 6-311++G**
basis set to compare the MP2 and B3LYP results with
new DFT functional. Results obtained from this calculation have been summarized in table S7. From this
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table, we can conclude that there is no substantially
change of ∠FHC bond angles, shift in F-H stretching
frequency with respect to monomer frequency, change
in F-H distance and C-H distance. However, the difference is more pronounced for H–C bond distance and in
the value of interaction energies. When B3LYP results
and M05-2X results are compared, the values of interaction energies with M05-2X functional are almost two
times more than that obtained by B3LYP. But, there
has been in the literature47 that the level of success of
this functional has not been rationalized yet and several
important properties are being poorly described.
3.3 Geometrical Features, Frequency Shifts, and
Interaction Energy for Alkane· · · H2O Complexes with
C-H· · · O and O-H· · · C Hydrogen Bonds
Geometrical parameters, that is, hydrogen bond distance, hydrogen bond angle, change in bond length of
complex with respect to monomer, change in frequency
with respect to monomer and interaction energy for
alkane· · · H-O-H complexes are listed in table 2. These
parameters are not as pronounced as in alkane· · · H-F
complexes.
Similar to alkane· · · H-F (alkane→propane, butane,
pentane) complexes, in this study, all three O-H· · · C
complexes were observed. We have observed propane
and butane O-H· · · C complexes in both sites (a and b),
although the structure was not a true minimum at the
MP2 level in b site in the case of propane. Moreover, we
were able to ﬁnd a true minimum for the pentane· · · HO-H complex only at c site.
The variation of hydrogen bond distance at B3LYP
level of theory is 2.773 Å to 2.859 Å. At MP2 level of
theory, the variation is from 2.622 to 2.739. This distance is, of course, less than the sum of van der Waals’
radii of carbon and hydrogen atom and the formation
of complex is clearly stabilized by O-H· · · C hydrogen

bond. We have obtained very small value of interaction
energy (around 1 kJ/mol) in comparison to other hydrogen bonding. However, other parameters like X-H· · · A
angles vary from 163◦ to173◦ closer to the linear geometry expected for hydrogen bonds. Although there is
very little change of stretching frequency and change in
bond length, these parameters are correlated with interaction energy. The red shift in frequency and increase
in bond length, however, can justify hydrogen bonding
for this system as well.
Changes in C-H distances during complex formation
are presented in table 2. In all cases the bond lengthens, and surprisingly there is more increase of C-H distance than O-H distance as in HF· · · alkane complexes,
it seems that mainly two C–H bonds of the CH3 group
are involved for hydrogen bond formation (ﬁgure S1).
The third C–H bond distance does not change.
H2 O· · · alkane (C-H· · · O) interaction was also observed as in methane, although interaction observed
in this study were comparatively much weaker than
any other hydrogen bonding. Figure 5 shows C-H· · · O
interaction of alkane with water. We present some of
the geometrical parameters in the last three rows of
table 2. Our results show that the C–H bonds contract
slightly, leading to a small blue shift in stretching frequency. As we see in ﬁgure 5, it is bifurcated; two H
of CH2 interact with O of H2 O for all alkanes studied
here. The interaction energy is quite low as reported in
earlier studies (methane with various acceptors),9 and
we also found that alkanes act as very weak donors for
hydrogen bonding.
Similar to the alkane· · · H-F complex, alkane· · · HO-H complexes were also optimized at M05-2X/6311++G** level to compare MP2 and B3LYP results.
The relevant values are given in table S8. When these
values are compared with MP2 and B3LYP levels, the
difference for this complex is found more pronounced
than alkane· · · H-F complex, especially in interaction

Table 2. Optimized H-A bond distances, ∠DHA bond angles, shift in D-H stretching frequency (υ) in cm−1 , change in
O-H distance and C-H distance* (r) in Å and interaction energy (E) in kJ/mol for H-O-H · · · alkane complexes (alkane
1
propane 2 butane, 3 pentane). Superscripts with # are alkane · · · OH interactions. D is donor atom and A is acceptor atom.
RH−A
1a
1b
2a
2b
3c
1b#
2b#
3b#

2.7975
2.7916$
2.7728
2.8592
2.8484
2.7512
2.7616
2.7664

B3LYP/6-311++G**
∠DHA
r
162.5
172.1
163.6
173.1
176.2
150.5
152.3
152.2

0.0007 0.0020*
0.0009 0.0015*
0.0008 0.0020*
0.0009 0.0013*
0.0009 0.0025*
−0.0011
−0.0012
−0.0015

$ Not fully optimized at MP2 level of theory

υ

E

RH−A

MP2/6-311++G**
∠DHA
r

υ

E

−3
−7
−4
−6
−6
2
4
3

−1.2
−1.1
−1.3
−1.2
−1.3
−0.7
−0.6
−0.5

2.6867
2.7168
2.6216
2.7386
2.7070

175.5
171.925
168.5
172.3
170.5

−4
−6
−5
−6
−9

−2.4
−2.2
−2.5
−3.1
−3.4

0.0007 0.0021*
0.0008 0.0016
0.0008 0.0010*
0.0009 0.0012*
0.0011 0.0010*

Hydrogen bond in n-alkane-HX complexes(X=F, OH)

energy and change in stretching frequency of complex
with respect to monomer frequency. In the C· · · O-H
alkane complex at MP2 and B3LYP levels, increase in
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bond length with red shift in frequency was observed.
But at M05-2X level for the same complex, increase in
bond length with blue shift in frequency was found.

Figure 5. Molecular graph of H2 O–alkane complex for C-H· · · O interaction at B3LYP/6-311++g**
level (1) propane, (2) butane and (3) pentane.
Table 3. Change in Gibbs free energy G during complex formation of X-H· · · C and C-H· · · X (X=F, OH) complexes
at 298.15 K and 1 atm pressure and 0.001 K and 1 atm pressure* calculated on the basis of harmonic vibrational frequency
calculation with basis set 6-311++g**.

Complex

Site

G in kcal/mol
B3LYP
298.15$
0.001$

MP2
298.15$

Complex

site
a
b
C-H· · · O
a
b
C-H· · · O
c
C-H· · · O

C3 H8 · · · HF

a
b

4.83
4.57

−0.40
−0.47

4.76
3.51

C3 H8 · · · HOH

C4 H10 · · · HF

a
b

5.44
5.62

−0.47
−0.54

5.02
4.95

C4 H10 · · · HOH

C5 H12 · · · HF

a
b
c

5.46
5.34
5.49

6.52
4.90
4.68

C5 H12 · · · HOH

$ represents temperature in Kelvin.

G in kcal/mol
B3LYP
298.15$
0.001$
3.90
3.97
4.23
4.24
4.34
5.12
3.81
4.73

−0.08
−0.17
−0.03
−0.03
0.04
−0.06
0.15
−0.01

MP2
298.15$
3.19
5.35
2.90
3.37
4.41
4.08
4.45
3.11
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Table 4. Electron density (ρ), the Laplacian (L→-1/4∇ 2 ρ) values at the HBCP in atomic units (a.u.), penetration parameter
of acceptor and hydrogen (rA , rH ) in Å for F-H · · · alkane complexes.
B3LYP/6-311++G**
Complex
1

A
B
A
B
A
B
C

2
3

MP2/6-311++G**

ρ

L

rA

rH

ρ

L

rA

rH

0.0106
0.0115
0.0108
0.0113
0.0106
0.0113
0.0120

−0.0010
−0.0106
−0.0099
−0.0104
−0.0100
−0.0104
−0.0101

0.610
0.482
0.569
0.472
0.615
0.478
0.476

0.311
0.322
0.312
0.319
0.311
0.320
0.315

0.0086
0.0010
0.0083
0.0097
0.0091
0.0089
0.0104

−0.0085
−0.0099
−0.0075
−0.0094
−0.0086
−0.0081
−0.0095

0.551
0.451
0.459
0.434
0.578
0.425
0.463

0.273
0.298
0.251
0.292
0.279
0.269
0.300

(1)FH—C3 H8 , (2)FH—C4 H10 (3)FH—C5 H12
Table 5.
units.

Electron densities and the Laplacian (L→-1/4∇ 2 ρ) values at the HBCP for water· · · alkane complexes in atomic

Complex
1
2
3
1#
2#
3#

A
b$
A
B
C

B3LYP/6-311++G**
ρ
L
0.00483
0.00584
0.00531
0.00496
0.00531
0.00544
0.00540
0.00530

−0.00410
−0.00485
−0.00432
−0.00409
−0.00432
−0.00423
−0.00418
−0.00411

rA

rH

0.466
0.519
0.449
0.267
0.287
0.221
0.216
0.210

0.852
0.911
0.859
0.876
0.884
0.526
0.440
0.314

MP2/6-311++G**
ρ
L
0.00603
0.00679
0.00616
0.00624
0.00686

−0.00545
−0.00598
−0.00577
−0.00548
−0.00599

rA

rH

0.292
0.332
0.483
0.219
0.350

0.905
0.931
0.915
0.649
0.929

$ Not fully optimized in MP2 level of theory

Figure 6. Molecular graph of FH—butane complex at B3LYP/6-311++g** level
for (a) ﬁrst carbon atom and; (b) second carbon atom.

3.4 Gibbs Free Energy
To check the stability of this complex we calculated the
change in Gibbs free energy (G). This calculation was
done on the basis of the harmonic vibration frequency
calculations.48 G was calculated at temperature
298.15 K and 0.001 K by ﬁxing the pressure at 1 atm.
As the computational cost in frequency calculations is
very high especially in MP2 level of theory, we performed this calculation only at B3LYP level of theory

for 0.0001 K temperature. These complexes chosen for
this study are weak. So, as expected, these complexes
are unstable at 298.15 K temperature and 1 atmospheric
pressure from a thermochemical point of view. Table 3
justiﬁes this. However, it can be seen from the same
table that at 0.001 K all alkane· · · HF complexes are stabilized. But, in case of alkane· · · H-O-H complex, only
butane· · · H-O-H complex (C· · · H-O) at b site and pentane· · · H-O-H complex (C· · ·H-O) at c site are stable from
a thermochemical point of view at the same temperature.

Hydrogen bond in n-alkane-HX complexes(X=F, OH)
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3.5 AIM Theoretical Analysis
The quantum theory of atoms in molecules (AIM) is
widely used for understanding inter- and intra-molecular interactions.28 The presence and characteristics
(electron densities and Laplacian) of a hydrogen bond
critical point (HBCP) has been quite useful in characterizing a hydrogen bond.29 Hence, the properties at
the HBCPs have been analyzed in terms of the electron density (ρ) and its Laplacian (∇ 2 ρ) for the complexes studied here. The results are compiled in tables 4
and 5.
Figures 6 and 7 show the optimized structures
and electron density critical points for butane· · · HF
complex and butane· · · water complex. The values of
the electron densities lie in the range of 0.01063 to
0.01200 a.u. for alkane· · · HF complexes at B3LYP
level of theory, and at MP2 level of theory this range is
from 0.00864 to 0.01045 a.u.
The electron density at the HBCPs has a strong correlation with binding energy.49 Based on this correlation
the middle carbon atoms form stronger hydrogen bonds
than the corner atoms. This observation is consistent
with MESP values as well. Tables 4 and 5 show that this
is valid for all the three systems studied. The last three
rows of table 5 give the data for the value of electron
density and Laplacian of electron density when C–H
acts as a hydrogen bond donor. These values are within
the commonly accepted values for hydrogen bonds,
thus showing the typical closed-shell interactions in
these complexes. According to Koch and Popelier,29
mutual penetration of H and acceptor atoms is a necessary and sufﬁcient condition. These parameters (rA
and rH ) are also listed in table 4, namely, the difference between non-bonded and bonded radii of the
acceptor and hydrogen atoms, measuring the extent of
penetration of electron cloud. The bonded radius is the
distance from the bonded atom to the bond critical point
along the bond path. The non-bonded radius is calculated as the distance from the atom to the point at which
the electron density becomes 0.001 a.u. along the bond
path in the isolated molecule. The bonded radii and the
non-bonded radii are listed in the supporting material.
The other parameters given by Koch and Popelier, such
as change in atomic volume, V; change in total atomic
energy, E; and change in atomic ﬁrst moments, M,
all for the H-bonded hydrogen atom all satisfy the criteria for these interactions to be classiﬁed as hydrogen
bonds (See Supplementary Information). However, the
change in atomic population, N, shows an exception
like in an earlier report on H4 C· · · HX complex.9
As mentioned already, AIM analyses have also been
applied to the study of H-O-H· · · alkane complexes.

Figure 7. Molecular graph of Water · · · butane complex
B3LYP level of theory for (a) ﬁrst carbon atom and; (b)
second carbon atom.

According to Koch and Popelier,29 among the eight
criteria for the assessment of the existence of a hydrogen bond, the most important one is the existence of
an HBCP. The existence of HBCP is clearly seen in
ﬁgure 7. Table 4 shows that the values of the electron density and its Laplacian fall within the proposed
range for the hydrogen bond (0.002–0.035 a.u. for the
electron density and 0.024–0.139 a.u. for the Laplacian) and the value of electron density in all cases is
near to 0.005 a.u. and the value of Laplacian is nearly
0.024. Mutual penetration of H and acceptor atoms for
H2 O· · · alkane complex has also been calculated as
listed in table 5.
4. Conclusion
Alkane as hydrogen bond acceptor has been characterised using MEPS, ab initio (MP2/6-311++G(d,p)),
DFT (B3LYP/6-311++G(d,P) and MO5-2X/6311++G(d,P)) and AIM theoretical calculations.
Accompanied with the elongation of HF bond and OH
bonds, the complex exhibits a red shift of the HF and
OH stretching frequencies. There is change in C–H

1044

R Parajuli and E Arunan

bond length as well. The binding energies of the complex range from 1 to 9 kJ/mol. It appears that mainly
two C–H bonds participate for hydrogen bonding in
CH3 group. AIM theory also supports this type of
interaction. Our attempts to optimize the geometry for
alkane· · · H-F complexes in which the alkane is the
hydrogen bond donor was not successful. However, for
a H2 O· · · alkane complex, very weak interaction has
been found when H of alkane (O· · · H-C) is hydrogen bond donor. From this study we can say that
X-H· · · C hydrogen bonds in n-alkane-HX (X = F, OH)
complexes are stronger than C-H· · · X hydrogen bonds.
Supplementary Information
Supplementary information is available at www.ias.ac.
in/chemsci. In table S1, coordinate of propane optimized at B3LYP/6-311++g** is given. Positions of
maximum and minimum values of ESPs and the values
of ESPs are given in S2. The corresponding values for
butane and pentane are given in tables S3, S4, S5 and
S6, respectively. Some relevant parameters optimized
with M05-2X/6-311++G** level of theory of the complex are presented in tables S7 and S8. Penetration
parameters, bonding radius of acceptor, non-bonding
radius of hydrogen atom, bonding radius of hydrogen
atom are given in table S9. Changes in atomic volumes,
populations, and energies are given in tables S10, S11
and S12, respectively. In table S13, changes in atomic
ﬁrst moments of the “H” of F-H· · · alkane complexes
are given. The optimized structure of Water· · · alkane
complex at B3LYP/6-311++g** level of theory is
given in ﬁgure S1.
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