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The infrared spectra in the acetylenic C-H stretching region for the complexes of phenylacetylene with
water, methanol, ammonia, and methylamine are indicative of change in the intermolecular structure upon
substitution with a methyl group. High-level ab initio calculations at CCSD(T)/aug-cc-pVDZ level indicate
that the observed complexes of water and ammonia are energetically the most favored structures, and
electrostatics play a dominant role in stabilizing these structures. The ability of the π electron density of the
benzene ring to offer a larger cross-section for the interaction and the increased polarizability of the O-H
and N-H groups in methanol and methylamine favor the formation of π hydrogen-bonded complexes, in
which dispersion is the dominant force. Further, the observed phenylacetylene-methylamine complex can
be tentatively assigned to a kinetically trapped higher energy structure. The observed methyl group-induced
hydrogen bond switching in the phenylacetylene complexes can be attributed to the switching of the dominant
interaction from electrostatic to dispersion.

Introduction

Phenylacetylene is perhaps the simplest multifunctional
molecule to investigate competitive hydrogen bonding. It has
three hydrogen bonding sites in the form of the benzene ring
and the acetylenic CtC bond, which can act as π acceptors,
and an activated acetylenic C-H group, which can act as a σ
donor. Further, with the absence of any strongly acidic/basic
functional groups, the hierarchy of hydrogen sites cannot be
determined on the basis of Etter and Legon-Millen rules.1,2

One of the major challenges that needs to addressed in hydrogen
bonding is to know, a priori, how the individual functional
groups in multifunctional molecules will behave when they are
made to interact with suitable hydrogen bonding partners. In
multifunctional molecules the exact hydrogen bonding pattern
will be a result of competition between various possibilities.
Toward the goal of comprehending the hydrogen bonding
behavior of multifunctional molecules, Patwari and co-workers
investigated hydrogen-bonded complexes of phenylacetylene
with various solvent molecules such as water, methanol,
ammonia, methylamine, and other alcohols and amines.3-5 The
hydrogen-bonded complexes of phenylacetylene form a wide
variety of intermolecular structures, which stem out of a subtle
balance of intermolecular forces of various possible intermo-
lecular structures.3-5 For instance, phenylacetylene forms a
quasiplanar cyclic complex with water, incorporating O-H · · ·π
and C-H · · ·O hydrogen bonds.3,4 In this case one of the O-H
groups of a water molecule interacts with the π electron density
of the CtC bond, while the C-H group of the benzene ring in
the ortho position is hydrogen-bonded to the oxygen atom of

the water molecule. The structure of the phenylacetylene-water
complex thus is different from both the benzene-water and
acetylene-water complexes,6,7 even though phenylacetylene
incorporates the features of both benzene and acetylene. On the
other hand, the the phenylacetylene-methanol complex is
characterized by the presence of single O-H · · ·π hydrogen
bond, wherein the O-H group of methanol interacts with the
π electron density of the benzene ring, similar to the
benzene-methanol complex.4 Phenylacetylene forms a linear
C-H · · ·N “σ” hydrogen-bonded complex with ammonia,5

which is similar to acetylene-ammonia complex,8 while the
phenylacetylene-methylamine complex is characterized by the
presence of a N-H · · ·π hydrogen bond. In this case the N-H
group of methylamine interacts with the π electron density of
the benzene ring.5 Such differences in the intermolecular
structures of hydrogen-bonded complexes with water, methanol,
ammonia, and methylamine involving benzene derivatives have
not been reported in the literature prior to these complexes of
phenylacetylene. These results illustrate that, in the case of
interaction with multifunctional molecules, even minimal changes
in the interacting partner, such as substitution by a ubiquitous
methyl group, can result in dramatic change in the intermolecular
structure. The change in the intermolecular structure with the
substitution of a methyl group can be perceived as methyl group-
induced hydrogen bond switching. In this article we address
the underlying factors that influence the hydrogen bond switch-
ing observed in the complexes of phenylacetylene.

Methodology

The geometry optimizations were carried out at MP2(FC)/
aug-cc-pVDZ level of theory, and in each case frequency
calculations followed to ascertain the nature of the minima
obtained. Single point calculations at CCSD(T)/aug-cc-pVDZ
level were carried out on the MP2 level optimized structures.
The stabilization energies were corrected for zero point energy
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(ZPE) and basis set superposition error (BSSE). Thermochemical
analysis, based on rigid rotor-harmonic oscillator-ideal gas
approximations was also carried out using the vibrational
frequency data obtained at MP2(FC)/aug-cc-pVDZ level of
theory. Further, DFT-SAPT (symmetry adapted perturbation
theory) calculations were performed with the aug-cc-pVDZ basis
set.9 This method allows for the separation of interaction
energies into physically well-defined components, such as those
arising from electrostatic, induction, dispersion, and exchange.
The DFT-SAPT interaction energy (Eint) is given as

Equation 1 describes the electrostatic, exchange-repulsion,
induction, exchange-induction, dispersion, and exchange-
dispersion terms, while the last term is a Hartree-Fock
correction for higher-order contributions to the interaction
energy. In the present analysis the exchange-induction and
exchange-dispersion terms will be included in the parent
induction and dispersion terms. All calculations mentioned
above were performed using the Gaussian03 and Molpro suite
of programs.10,11

Results and Discussion

To begin with, the acetylenic C-H stretching region of the
IR spectra of phenylacetylene and its complexes are reviewed
to understand the structural assignment. The acetylenic C-H
stretching regions of the infrared spectra for phenylacetylene
(PHA) and its five complexes with argon (Ar), water (H2O),
methanol (MeOH), ammonia (NH3), and methylamine (MeNH2)
are depicted in Figure 1. These spectra were recorded using
the IR-UV double resonance spectroscopic method using either
fluorescence or ion detection techniques.3-5 The IR spectrum
of PHA (trace A) shows the presence of two intense transitions
at 3325 and 3343 cm-1, which originate from Fermi resonance
coupling between the acetylenic C-H stretching vibration and
a combination band comprising one quantum of CtC stretching
and two quanta of CtC-H out-of-plane bend.12 A two-state
deperturbation analysis places the unperturbed acetylenic C-H
oscillator at 3334 cm-1 with the magnitude of coupling constant

to be 9 cm-1.13 In the case of PHA complexes any interaction
that will perturb either the acetylenic C-H oscillator or the CtC
oscillator or both will lead to disappearance of Fermi resonance
transitions. However, the perturbation should be about the order
of the coupling constant of 9 cm-1 or more, in order completely
remove the Fermi mixing. The Fermi resonance transitions of
the PHA moiety, therefore, can be used a spectroscopic tool to
probe the interactions present in various PHA complexes. Figure
1B depicts the IR spectrum of the PHA-argon complex, which
is almost identical to that of bare PHA, within the experimental
uncertainty of (1 cm-1.13 This implies that the binding of Ar
to PHA does not perturb either the C-H or the CtC oscillators.
It can therefore be inferred that the Ar atom is bound to the π
electron density of the benzene ring in PHA.13 This inference
is substantiated by the structure of the PHA-Ar complex
determined using the high-resolution REMPI spectrum for the
S1 r S0 electronic transition and microwave spectroscopy.14

The IR spectrum of PHA-H2O complex, depicted in Figure
1C, consists of a single transition at 3331 cm-1, which has been
assigned to the acetylenic C-H stretching vibration. The
acetylenic C-H stretching frequency shifts marginally (about
3 cm-1) upon interaction with water, coupled with the loss of
Fermi resonance coupling. This implies that the H2O molecule
interacts with the π electron density of the acetylenic CtC
bond.3 Surprisingly, in the case of the PHA-MeOH (Figure
1D) complex, two transitions appear at 3323 and 3334 cm-1,
albeit with differences in the band positions and their intensities
relative to bare PHA. These transitions have been assigned to
the Fermi resonance bands.4 The shift in the electronic transition
for the S1r0 relative to bare PHA, the shift in the O-H
stretching frequency of the MeOH moiety, and the appearance
of Fermi resonance transitions in the IR spectrum indicate that
MeOH interacts with the π electron density of the benzene ring
in PHA, resulting in formation of a O-H · · ·π hydrogen-bonded
complex.4 The positions and the intensities of the Fermi
resonance bands depend on the positions of the zero-order
(unperturbed) oscillators and the coupling strength. The interac-
tion of the methanolic O-H group with the π electron density
of the benzene ring in PHA is expected to affect, marginally,
both the zero-order positions and the coupling strength.

The assignment of the PHA-NH3 complex to a C-H · · ·N
hydrogen-bonded complex is rather straightforward because the
acetylenic C-H stretching vibration shifts by 103 cm-1 to a
lower frequency (see Figure 1E). Surprisingly, the IR spectrum
of PHA-MeNH2, depicted in Figure 1F, shows a single
transition at 3333 cm-1. The acetylenic C-H stretching
frequency shifts by -1 cm-1 upon interaction with MeNH2,
therefore completely ruling out the possibility of formation of
a C-H · · ·N hydrogen-bonded complex, similar to the PHA-
NH3 complex. It is well-known that the substitution of alkyl
groups on NH3 increases the basicity, which in-turn is expected
to enhance the C-H · · ·N hydrogen-bonded interaction. Such a
consideration would indicate that the acetylenic C-H stretching
frequency of PHA should be further lowered upon interaction
with MeNH2, relative to the NH3 complex. The analysis of the
IR spectrum along with the electronic spectrum leads to the
assignment of a structure which is characterized by the formation
of N-H · · ·π (benzene π) hydrogen bonding along with a
peripheral interaction between the methyl C-H group and the
acetylenic CtC bond.5 One of the interesting observations about
this complex is that the MeNH2 behaves as a hydrogen bond
donor, which is rather surprising considering that alkylamines
are known to be excellent hydrogen bond acceptors and poor
hydrogen bond donors. Additionally, examples in which the

Figure 1. The acetylenic C-H stretching region of the IR spectrum
of (A) PHA, (B) PHA-Ar, (C) PHA-H2O, (D) PHA-MeOH, (E)
PHA-NH3, and (F) PHA-MeNH2. In A, the arrow indicates the
position of the unperturbed C-H oscillator of PHA evaluated using
the two-state deperturbation model (ref 13).

Eint ) E1
Pol + E1

Ex+E2
Ind + E2

Ex-Ind + E2
D + E2

Ex-D + δHF
(1)
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N-H group of aliphatic amines acts as a hydrogen bond donor
are extremely sparse, to the extent of being nonexistent in the
gas-phase complexes.15

The most interesting aspect, which has been observed for the
PHA complexes, is the difference in the intermolecular structure
between H2O and MeOH complexes, and similarly between NH3

and MeNH2 complexes. These observations can be summed up
as methyl group-induced hydrogen bond switching. To under-
stand the origin of the observed hydrogen bond switching upon
substitution with the methyl group, high-level ab initio calcula-
tions were carried out. First, geometries of the monomers and
the complexes were optimized using MP2/aug-cc-pVDZ level
of theory. Coincidentally, three minima were found for each
set of complexes, structures of which are depicted in Figure 2.
The first minimum in each case (PWS1, PMS1, PAS1, and
PMAS1) is a linear C-H · · ·O/N hydrogen-bonded complex,
wherein the acetylenic C-H group acts as a hydrogen bond
donor to the O/N atom of the acceptor, structures similar to
acetylene-H2O and acetylene-NH3 complexes.7,8 The second
set of complexes are the π hydrogen-bonded complexes (PWS2,
PMS2, PAS2, and PMAS2). In these cases the π electron
density on the benzene ring of phenylacetylene is the hydrogen
bond acceptor for the O-H/N-H groups of the interacting
partner, similar to H2O and NH3 complexes of benzene.6,16 In
the third set, PHA forms a cyclic complexes with H2O, NH3,
and MeNH2, (PWS3, PAS3, and PMAS3). In these complexes,
both PHA and the interacting molecule act as hydrogen bond
donor and acceptor simultaneously, with the O-H/N-H group
of the interacting molecule hydrogen-bonded to the π electron
density of the CtC of the acetylenic moiety in PHA. Further,
the C-H group of the benzene ring in the ortho position is
hydrogen-bonded to O/N of the accepting base. However, the

interaction of MeOH with the π electron density of the CtC is
distinctly different from the other three complexes. The MeOH
complex, PMS3, can be characterized by the presence of
O-H · · ·π (acetylene π) and of C-H · · ·π (benzene π) hydrogen
bonds. Several attempts were made to obtain the cyclic structure
starting from modified initial geometries; however, in all the
cases, the calculations converged to the PMS3 structure.

On the basis of the IR spectra in the acetylenic C-H stretch-
ing region (Figure 1) and other spectroscopic inputs,17 the
structures of H2O, MeOH, NH3, and MeNH2 complexes were
assigned to PWS3, PMS2, PAS1, and PMAS2, respectively.3-5

These structural assignments were supplemented by stabilization
energies calculated at MP2/aug-cc-pVDZ with ZPE and 50%
BSSE correction.3-5 The stabilization energies corrected for ZPE
and 100% BSSE for all the complexes are listed in Table 1.
However, with 100% BSSE correction, only the observed
structures of PHA-MeOH (PMS2) and PHA-NH3 (PAS1)
were found to be global minima for the respective complexes,
while the observed structures of PHA-H2O (PWS3) and
PHA-MeNH2 (PMAS2) correspond to higher energy local
minima (see Table 1). The MP2/aug-cc-pVDZ level is known
to provide accurate geometries of isolated systems as well as
molecular complexes.18 On the other hand, it is also well-known
that MP2 level calculations overestimate the dispersion energies
and single point calculations at CCSD(T) level would provide
a more accurate description.19 Table 1 also lists ZPE and 100%
BSSE corrected stabilization energies calculated at CCSD(T)
level. The difference in the stabilization energies calculated at
MP2 and CCSD(T) levels are only marginal for the C-H · · ·O/N
hydrogen-bonded complexes. However, the differences are
substantial for rest of the complexes, which are characterized
by the presence of π hydrogen bonding. This substantiates our

Figure 2. Calculated structures of PHA complexes with H2O, MeOH, NH3, and MeNH2 at MP2/aug-cc-pVDZ level. The distances are shown in
angstroms.
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earlier statement that MP2 level calculations overestimate the
dispersion energies. At CCSD(T) level the experimentally
observed structure is the global minimum for the H2O (PWS3),
MeOH (PMS2), and NH3 (PAS1) complexes. The PHA-
MeNH2 complex (PMAS2), however, is an exception and once
again happens to be a higher energy local minimum.

The difference in stabilization energies for the three isomers
of H2O complexes is about 0.9 kJ mol-1, while in the case of
MeOH complexes this difference is only about 0.5 kJ mol-1.
However, in the case of NH3 complexes the difference in the
stabilization energy between the global minimum and the next
higher energy local minimum is 2.3 kJ mol-1. On the other hand,
the observed PHA-MeNH2 complex (PMAS2) is about 4.9 kJ
mol-1 higher in energy than the global minimum. It must be
pointed out here that even though the calculated energy
differences between the various isomers are only marginal in
the case of H2O and MeOH complexes, while in the case of
NH3 and MeNH2 complexes the differences are considerable,
only one complex was observed experimentally in each case.3-5

The DFT-SAPT interaction energy decomposition was carried
out for the all the structures shown in Figure 2. Table 2 lists
the various components of the total energy and also the ZPE
corrected SAPT stabilization energies. The ZPE corrected DFT-
SAPT stabilization energies are comparable to the ZPE and
BSSE corrected CCSD(T) energies using the same basis set (see
Table 1). However, since the energy differences between the
various minima are small, the change in the level of calculation
leads to rearrangement of relative energies of various isomers
in each set. In the case of DFT-SATP calculations, the observed
complexes of H2O and NH3 are the global minima, while the
complexes of MeOH and MeNH2 are higher energy local
minima. For the PHA-H2O system, the observed complex

PWS3 has the highest contribution in all the columns, which
implies that this structure maximizes all the possible interactions.
In the case of MeOH complexes, the induction contribution is
almost constant for all the three isomers. The formation of the
observed PMS2 structure is favored by the dispersion contribu-
tion, while the electrostatic contribution is the lowest among
the three isomers. In the case of NH3 complexes, higher
contributions from electrostatic and induction energies play a
dominant role in stabilizing the observed PAS1 structure. On
the other hand, the dispersion energy has a higher contribution
in stabilizing the observed MeNH2 complex, PMAS2. A careful
inspection of Table 2 reveals that electrostatics plays major role
in stabilizing the observed structures of H2O and NH3 com-
plexes, while dispersion plays a major role in stabilizing the
observed structures of MeOH and MeNH2. This implies that
the substitution by a methyl group switches the lead contribution
from electrostatics to dispersion. This, in all probability, can
be attributed to the higher polarizability of the O-H and N-H
groups in MeOH and MeNH2, respectively, which can be
ascribed to the electron-donating ability of the methyl group.

Yet another parameter that was considered was the Gibbs
free energy (∆G) because the temperature of the experiment is
nonzero and therefore the contribution of entropy cannot be
neglected. The free energy surface includes the entropy con-
tribution. The ∆G values were obtained by the thermochemical
analysis following vibrational frequency calculations in Gauss-
ian03 at MP2/aug-cc-pVDZ level of theory and the electronic
energy obtained at CCSD(T)/aug-cc-pVDZ level. The Gibbs free
energy (∆G) for the formation of all the complexes was
calculated as a function of temperature (T), and the results are
presented in Figure 3. Further, the ∆G values at 10 K are listed
in Table 1. These plots reveal that very low temperatures (below
∼100 K) are required for the formation and stability of all the
complexes. For the H2O complexes, below 80 K the ∆G for
the formation of PWS3 is more negative than the other two
complexes, and at 10 K, the experimentally observed PWS3
structure is clearly the most stable complex. In the case of
MeOH complexes, the ∆G for the formation of the observed
PMS2 structure is lower than the other two complexes by 0.4
kJ mol-1, which are isoenergetic. With the energy separation
of 0.4 kJ mol-1, the combined population of the other two
species relative to PMS2 at 10K will be less than 2%. For NH3

complexes, the PAS1 structure is clearly favored over the other
two structures in the entire temperature range while, in the case
of MeNH2, the observed PMAS2 is the least favored structure
over the entire temperature range. These ∆G calculations clearly
establish that at very low temperatures (around 10 K) the
observed structures of H2O (PWS3), NH3 (PAS1), and to some
extent MeOH (PMS2) complexes are thermodynamically the
most favored structures. However, it must be noted that in
the case of MeOH complex, the difference in the energies of
the three is about 0.4 kJ mol-1, which is about the accuracy
of the level of calculations reported here. The exclusive
observation of PMS2 structure clearly indicates that there might
be effects that clearly cannot be distinguished by the present
set of stabilization energy and thermochemical calculations. The
exclusive formation of the PMS2 structure can perhaps be
explained as follows. If we consider that a single collision in
the molecular beam between PHA and MeOH moieties leads
to the formation of the binary complex, then the cross-section
for such a collision will be the largest with the π electron density
of the benzene ring relative to the two other binding sites. This
higher cross-section offered by the π electron density of the
benzene ring can be interpreted as an entropic advantage of this

TABLE 1: ZPE and BSSE Corrected Stabilization Energies
(kJ mol-1) of Various PHA Complexes Calculated Using
aug-cc-pVDZ Basis Set and ∆G for the Formation of
Various Complexes at 10 K

MP2 CCSD(T) ∆G

PWS1 -6.4 -6.2 -5.6
PWS2 -8.1 -6.5 -6.3
PWS3 -7.6 -7.1 -7.0
PMS1 -9.8 -9.1 -8.6
PMS2 -13.6 -9.6 -8.3
PMS3 -13.1 -9.5 -8.7
PAS1 -8.7 -8.2 -8.3
PAS2 -5.4 -3.2 -2.8
PAS3 -6.7 -5.9 -5.6
PMAS1 -12.4 -11.3 -10.3
PMAS2 -10.6 -6.4 -5.6
PMAS3 -12.1 -9.4 -8.7

TABLE 2: DFT-SAPT Interaction Energy Decomposition
(kJ mol-1) for Various Complexes of PHA Calculated Using
aug-cc-pVDZ Basis Set

Eelec Eind Edisp Eexch δHF Eint Eint + ZPE

PWS1 -17.0 -2.6 -6.4 17.4 -2.0 -10.6 -6.3
PWS2 -11.9 -2.7 -13.1 18.2 -1.5 -11.0 -7.3
PWS3 -25.5 -4.8 -13.6 32.2 -3.5 -15.2 -9.0
PMS1 -20.9 -3.1 -10.2 24.8 -2.8 -12.2 -9.0
PMS2 -17.4 -3.2 -26.1 36.2 -3.0 -13.5 -10.2
PMS3 -20.2 -3.2 -25.6 37.7 -3.2 -14.6 -10.7
PAS1 -24.9 -4.1 -8.4 27.0 -3.8 -14.2 -8.8
PAS2 -9.3 -1.4 -14.4 19.1 -1.4 -7.4 -3.9
PAS3 -22.4 -3.5 -13.8 29.8 -2.9 -12.8 -7.8
PMAS1 -29.2 -4.7 -12.7 35.9 -5.2 -16.0 -11.8
PMAS2 -15.4 -1.5 -26.3 35.2 -2.6 -10.6 -7.1
PMAS3 -25.5 -3.3 -23.1 41.1 -3.6 -14.4 -10.8

Hydrogen-Bonded Complexes of Phenylacetylene J. Phys. Chem. A, Vol. 113, No. 24, 2009 6623
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site over the other two binding sites. However, it should be
noted at this point that the entropy contribution in the thermo-
chemical calculation of ∆G is purely based on the partition
function of a particular structure based on rigid rotor-harmonic
oscillator-ideal gas approximation (see Methodology), which
is different from the system entropy based on the interaction
cross-section. This entropic advantage in combination with lower
∆G (marginally lower by 0.4 kJ mol-1) manifests in the
formation of the PMS2 structure.

Similar arguments can be used in the case of the MeNH2

complex, wherein the exclusive formation of the PMAS2
structure can be attributed to the larger cross-section of
interaction offered by the π electron density of the benzene ring.
However, unlike the MeOH complex (PMS2), the MeNH2

complex (PMAS2) is thermodynamically unfavorable over the
other two complexes, especially PMAS1, which at 10 K is more
stable by 4.7 kJ mol-1. This implies that the population of
PMAS2 should be negligibly low. Nevertheless, the PMAS2
complex is exclusively formed. Clearly the thermodynamic
factors cannot explain such an observation. An alternative
explanation based on the kinetics can be as follows: The PMAS2
structure is a stable minimum and forms during the initial phase
of supersonic expansion. However, if the barrier for its inter-
conversion to the most stable minimum PMAS1 is sufficiently
high enough to be surmounted at the temperatures prevailing
in the supersonic jet,20 then the PHA-MeNH2 complex is
trapped in the higher energy minimum, which in the present
case is PMAS2. Therefore, the observation of higher energy

PMAS2 in the present experimental conditions can therefore
be attributed to the kinetic trapping.21 It must be emphasized
here that in the absence of any experimental evidence, this
explanation can only at best be tentative.

The ability of formation of H2O and NH3 to form the
thermodynamically most stable structures can be interpreted on
the basis of dominance of the electrostatic contribution to the
total energy. On the other hand, for the MeOH and MeNH2

complexes, the higher polarizability of the O-H and N-H
groups favor interaction with the π electron density of the
benzene ring, wherein the dispersion forces dominate. This,
accompanied by the ability of π electron density of the benzene
ring to offer a higher cross-section of interaction, leads to the
formation of MeOH and MeNH2 complexes. In addition, kinetic
trapping plays a pivotal role in the formation of the observed
PHA-MeNH2 complex. Thus, in multifunctional molecules the
exact hydrogen bonding pattern will be a result of subtle
competition between various possibilities, which depends on
the fine interplay between the electrostatic and dispersion forces.

Conclusions

The hydrogen-bonded complexes of PHA with H2O, MeOH,
NH3, and MeNH2 form a variety of intermolecular structures.
The H2O complex is characterized by the presence of O-H · · ·π
and C-H · · ·O hydrogen bonds, while the O-H group of MeOH
interacts with the π electron density of the benzene ring. NH3

forms a linear C-H · · ·N σ hydrogen-bonded complex. On the

Figure 3. Plot of variation of ∆G vs T for the formation of various complexes of PHA with (A) H2O, (B) MeOH, (C) NH3, and (D) MeNH2 (see
text for details). In each case the solid squares (9) represent the experimentally observed structure.

6624 J. Phys. Chem. A, Vol. 113, No. 24, 2009 Sedlak et al.

D
ow

nl
oa

de
d 

by
 A

U
ST

R
IA

 C
O

N
SO

R
T

IA
 o

n 
Ju

ly
 6

, 2
00

9
Pu

bl
is

he
d 

on
 M

ay
 2

6,
 2

00
9 

on
 h

ttp
://

pu
bs

.a
cs

.o
rg

 | 
do

i: 
10

.1
02

1/
jp

90
08

13
n



other hand, the MeNH2 complex is stabilized by the presence
of N-H · · ·π hydrogen bonding accompanied by a peripheral
interaction of methyl C-H group with the acetylenic CtC bond.
The stabilization energies calculated at CCSD(T)/aug-cc-pVDZ
level along with the calculated values of ∆G for the formation
of various complexes reveal that the observed complexes of
H2O and NH3 are the most stable minima. The MeOH complex
is also the most stable minimum; however, its relative stability
is only marginally higher than the other two minima. The
observed MeNH2 complex is the highest energy structure both
in terms of stabilization and free energies and definitely is a
kinetically trapped structure. The DFT-SAPT calculations
indicate that electrostatics play a dominant role in stabilizing
the observed H2O and NH3 complexes, while dispersion is the
major contribution for the MeOH and MeNH2 complexes. The
subtle balance between the electrostatic and dispersion forces
along with factors such as surface area of interaction and kinetic
trapping lead to the observed methyl group-induced hydrogen
bond switching in the phenylacetylene complexes.
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