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The nature of the CH‚‚‚F H-bond is studied by examining the potential energy surfaces for dimers of the
fluoromethanes, including all homo- and heterodimers involving CH4, CFH3, CF2H2, CF3H, and CF4. Several
of the surfaces encompass two separate minima. Any pair capable of forming a cyclic structure does so, this
geometry being more stable than any other minima that might occur on the surface. Such cyclic dimers are
bound by 2-3 kcal/mol. Noncyclic geometries are only very weakly bound. In all cases, the C-H bonds that
participate directly in the H-bonds undergo a contraction and associated blue shift in their stretching frequencies,
whereas the C-F bonds manifest an elongation. The most strongly bound of all dimers studied pairs CH3F
with CHF3, for which the C-H bond contracts by 0.0023 Å, and its stretching frequency increases by 39
cm-1. The most stable cyclic dimer of fluoroform, containing one single and one bifurcated hydrogen bond,
is reported for the first time and thus resolves the longstanding problem of the structure of the fluoroform
dimer.

Introduction

Since the general AH‚‚‚B hydrogen bond concept was
originally proposed, there has been a continuing debate about
the ability of fluorine to act as an acceptor atom in the B
molecule, and how strong such AH‚‚‚F interactions might be,
especially in comparison to the more traditional AH‚‚‚O and
AH‚‚‚N varieties.1-7 Likewise, the possibility of a H-bond in
which CH acts as donor has been the subject of active
discussion. The ability of fluorocarbons such as fluoroform, for
example, to form a H-bond has a long history of inquiry.8-19 A
consensus is emerging that such CH‚‚‚B bonds are indeed
possible, particularly if the CH is “activated” by the proximity
of electronegative groups that help strengthen its acidity.6,20-26

We concern ourselves here with an inquiry into the nature
of the interaction that occurs when the two are combined. That
is, can a CH donor form a H-bond with a F acceptor, and if so,
what sort of strength might be anticipated? There have been
several “sightings” of such interactions in crystals27-31 but it is
difficult to determine whether the CH and F groups are truly
attracted to one another or are thrust together by other constraints
placed on the crystal structure. The recent findings of particularly
short CH‚‚‚FC interaction, wherein the H and F are separated
by only 2.20-2.26 Å,32,33 adds fuel to the idea that such an
interaction may indeed be attractive. Some theoretical studies
have addressed this issue,12,34,35but not in any comprehensive
fashion. CH‚‚‚F bonds have also been of interest recently in a
biological context, e.g., their possible presence in nucleic acid
derivatives.36-40

To examine this question systematically, we consider here
the full range of fluoromethanes, beginning with unsubstituted
CH4, then adding F atoms one at a time, up to CF4. These

molecules are then paired together in all combinations. The
potential energy surface of each pair is searched for all minima,
global and local. The results are analyzed for evidence of
CH‚‚‚F H-bonds of various types, as well as the depth of the
minima and energetics of interconversion. Of particular interest
are any changes in the internal geometries of each monomer
that are associated with formation of the complex.

From a more fundamental perspective, it was thought until
only very recently that all H-bonds (XH‚‚‚Y) were characterized
by a red shift in the stretching frequency of the covalent X-H
bond. However, recent work has revealed a surprising new class
of H-bonds, most of the CH‚‚‚O or CH‚‚‚N type, in which
the CH stretching frequency shifts in the opposite
direction.10,13,16,22,25,41-44 Such “blue-shifting” H-bonds have
engendered a number of studies intended to understand the
source of this contrary behavior.15,19,26,45-50 It is natural then to
inquire as to whether the replacement of the O and N proton
acceptors by F might likewise lead to a blue shift of the C-H
bond. The dimers of fluoromethanes studied in this work can
be considered to play the same role in the context of blue-
shifting H-bonds, as does the archetypal water dimer in the
theory of conventional, red-shifted hydrogen bonds, and their
study is thus both natural and timely.

Computational Methodology

All calculations were performed using theGAUSSIAN 98suite
of programs.51 The second-order perturbation Møller-Plesset
method (MP2), including the frozen core approximation (fc),
was used to assess electron correlation. Some key structures
were further refined within the MP2(full) context. The 6-31+G-
(d,p) basis set was employed to conduct the tight geometry
optimizations of all studied dimers and to calculate their
harmonic vibrational frequencies and unscaled zero-point
vibrational energies (ZPVE). Basis-set superposition errors
(BSSEs) were estimated and corrected for all structures via the
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counterpoise method implemented inGAUSSIAN 98. NBO
analysis was also conducted for certain representative structures.

Results

Classification and General Energetic Features.The struc-
tures of all of the complexes can be divided into two general
categories. In cases where more than one CH‚‚‚F bond is
present, one of the molecules can act as proton donor in all
such bonds, and the other as multiple acceptor. These complexes,
illustrated in Figures 1 and 2, will be referred to as “D” to
indicate their “solely donor” characteristic. Some of the D-type
structures do not have a simple CH‚‚‚F interaction as such, but
rather two (or more) hydrogens act as bridge in some of these
complexes. The D-type structures can be further partitioned into
the following subcategories: (i) a simple CH‚‚‚F interaction;
(ii) bifurcated interaction; (iii) trifurcated interaction. Structures
belonging to (i) are displayed in Figure 1, with the unique
exception of1d, which contains elements of both (i) and (ii).
Complexes belonging to subcategories (ii) and (iii) are gathered
together in Figure 2, wherein all structures belong to (ii), with
the exception of the trifurcated bonds in2eand2f, placing them
in subcategory (iii). It should be noted at the outset that the
H‚‚‚F contact distances of many of the complexes displayed in
Figures 1 and 2 are longer than the sum of van der Waals radii
of H and F (2.76 Å). These long distances represent an argument
against the classification of each as a legitimate H-bond.

The aforementioned D complexes are distinguished from
those “DA” complexes depicted in Figure 3 wherein each

molecule acts simultaneously as both donor and acceptor. Such
structures are commonly alternately referenced as “cyclic”. It
should be stressed that the above designations are loose ones,
designed to place what may be complicated geometries into one
category or another. Certain dimers may contain elements of
more than one classification. One of the (CH2F2)2 dimers in
Figure 3, for example, is classified as DA in that each molecule
acts as both proton donor and acceptor, but the CH‚‚‚F
interactions are bifurcated as well.

In addition to some of the salient geometrical parameters that
are reported for each geometry in Figures 1-3, the large red
numbers indicate the computed binding energies in kcal/mol,
after correction for basis set superposition error. There are
certain patterns that are apparent. The binding energies of the
D nonbifurcated H-bonded dimers in Figure 1 fall into the 0.2-
0.7 kcal/mol range. The increase in the number of CH‚‚‚F bonds
from 1 to 2 associated with the change from CH4‚‚‚CH3F to
CH4‚‚‚CH2F2 raises the total interaction energy very little, from
0.30 to 0.35 kcal/mol. A slightly larger increment occurs when
a F atom is added to the donor molecule, as in CH3F‚‚‚CHF3

(0.66 kcal/mol), although such arguments are oversimplified.
It is interesting to consider these patterns of energetics in

terms of any charge transfer that occurs upon formation of a
hydrogen bond (see ref 50 and references therein). In1a, for
example, such electron transfer is observed from the accepting
C3-F2 bond to the antibondingσCH* molecular orbital (MO)
of the proton donor. Specifically, F2 loses 0.004 e (Mulliken
charge) whereas H5 picks up an additional 0.017 e. This loss of

Figure 1. Geometrical configurations of D complexes of fluorocarbon dimers. Large red numbers indicate BSSE-corrected binding energies (kcal/
mol). Changes in internal bond lengths arising from complexation are shown by blue and magenta numbers near pertinent atom (in milliangstroms).
Bond lengths are reported in angstroms and bond angles in degrees.
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density on F2 may help account for the elongation of the C3-
F2 bond by 0.7 mÅ (shown in blue in Figure 1), and the
presumable accompanying bond weakening. The arguments
described in ref 50 would consider the short H5‚‚‚F2 distance
of 2.699 Å in1a as a suggestion that rehybridization is favored
over hyperconjugation. The CH4‚‚‚CH2F2 complex in 1b
contains two parallel H-bonds. The simultaneous charge trans-
fers toσCH* of methane from the C2-F3 and C2-F4 bonds result
in additional electron density accumulation on H6 and H7 of
0.006 e, less than the 0.017 e in1a. The division of the charge
transfer into two separate H-bonds in1b may thus account for
the longer F3‚‚‚H7 and F4‚‚‚H6 distances (2.901 Å), and lesser
elongation of the C-F bonds of CH2F2, compared to1a. Similar
arguments apply to1c where the charge transferred along each
of the three hydrogen bonds is considerably reduced. In the
CH3F‚‚‚CHF3 case, however, the binding energy profits from
the nearly perfect collinear alignment of the dipole moments
of the constituting molecules, and the accompanying stabilizing
dipole-dipole interaction.

The bi- and trifurcated interactions illustrated in Figure 2 are
considerably weaker. Indeed, most of these have binding
energies very close to zero. The prime exception is the
trifurcatedC3V homodimer of CH3F (2e) with a binding energy
of 1.47 kcal/mol. However, it is likely that this interaction is
due largely to a favorable alignment of the two molecular
dipoles, rather than a strong CH‚‚‚F interaction per se. (It might
be worth noting that the B3LYP/6-311++G(3df,3pd) method
yields longer intermolecular distances, e.g.,R(F2-H5-7) ) 2.99

Å vs 2.833 Å, and a weaker binding energy of 0.93 kcal/mol.52)
The bifurcated arrangements are hence considered the weakest
of the interaction types, which may be connected to the mutual
Coulomb repulsion of the partial charges transferred from proton
acceptor to donor upon formation of the H-bond.

Indeed, this very same CH3F dimer has a second minimum,
of lower energy, on its potential energy surface. The global
minimum, illustrated in Figure 3a, is of DA, or cyclic type, of
C2V symmetry. (A B3LYP/6-311++G(3df,3pd) calculation52

yielded a similar equilibrium structure, with a binding energy
of 1.55 kcal/mol.) Even though the two molecular dipoles are
antiparallel, this structure is still bound more strongly than is
the trifurcated geometry in Figure 2e. In fact, it is the DA type
of geometry that is generally most stable. Interaction energies
vary from 1.6 to 2.8 kcal/mol, the latter for CH3F‚‚‚CHF3. Note
that this particular structure is far more stable than the D
geometry of the same complex (0.66 kcal/mol), depicted in
Figure 1c. This overall preference for DA structure may be taken
as one manifestation of the positive cooperativity that can be
realized in such an arrangement.

Regarding the relative strengths of the various DA complexes
in Figure 3, there does appear to be some preference for different
degrees of fluorosubstitution in the two subunits. For example,
the most strongly bound complex is CH3F‚‚‚CHF3 which
contains three F atoms on one molecule and only one on the
other, and the weakest, CHF3‚‚‚CHF3, has the same number
(three) F atoms on both subunits. Between these two extremes,

Figure 2. Geometrical configurations of D complexes containing bifurcated or trifurcated H-bonds.
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the second most strongly bound cyclic dimer CH3F‚‚‚CH2F2

exceeds the “equisubstituted” CH2F2‚‚‚CH2F2 and CH3F‚‚‚CH3F.
One can understand some of the relative H-bond strengths

on the basis of the electronegativity of the F atoms. The presence
of three electron-withdrawing F atoms on CHF3 would tend to
make its H most acidic. Indeed, the deprotonation energy of
this molecule is the smallest of this group of fluoromethanes.53-55

Likewise, the single F atom in CH3F might be expected from
first principles to make this atom the best proton-acceptor. It is
hence not surprising that the H-bond pairing the H of CHF3

with the F of CH3F in complex3cmakes for the shortest (2.277
Å at MP2(fc) and 2.275 Å at MP2(full)), and presumably
strongest, H-bond of all those considered here. This contention
of H-bond energy is supported by the fact that this same complex
is most strongly bound, despite the rather long (2.721 Å at MP2-
(fc) and 2.710 Å at MP2(full)) character of the other H-bond in
3c. (It must be noted, however, that the proton affinity of CH3F
is surprisingly small when calculated, only 143.1 kcal/mol, as
compared to 148.3 and 148.1 kcal/mol for CH2F2 and CHF3,
respectively. This observation underscores the point that the

proton affinity of a given molecule is only one of several
properties that must be considered in predicting H-bond
strengths.)

For purposes of comparison, the rotational constants of all
of our minima are reported in Table 1, along with the
experimental data available for the CH2F2 dimer.56,57Also listed
are the distances separating the central carbon atoms in each
complex. Perusal of these data indicates that the intercarbon
distances for the structures in Figure 1 vary between 3.66 and
3.96 Å, but there is no clear relation between this distance and
binding energy. These same intermolecular distances are longer,
in the 3.91-4.76 Å range, for the bifurcated geometries in
Figure 2. The shortest separations are associated with the
strongest complexes, the DA configurations in Figure 3, where
R(C‚‚‚C) varies between 3.52 and 3.92 Å. It might be noted,
however, that despite their considerably greater binding energies,
the latter DA complexes have separations only slightly shorter
than those with a simple CH‚‚‚F interaction (1aand1e) in Figure
1, which suggests their cyclic geometries tend to hold the C
atoms a little further apart.

Figure 3. Geometrical configurations of cyclic DA complexes in which each molecule acts simultaneously as proton donor and acceptor.
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The final column of Table 1 reports the binding energy of
each complex, following correction for both basis set superposi-
tion error and zero-point vibrational energy. Note that some of
these quantities are positive, which indicates the energy of the
complex is higher than that of the separated monomers (within
the employed scheme of correcting the basis set superposition
error and using unscaled harmonic vibrational frequencies).

Complexes Involving CH4. The unfluorinated methane
molecule offers only very weak interactions. The optimized
geometries are all of the bifurcated variety, illustrated by the
left side of Figure 2, and are scarcely bound at all, particularly
after basis set superposition is corrected. Indeed, addition of
zero-point vibrational energies raises the energies of these
complexes above those of their separated substituents (see Table
1). On the other hand, the pairing of methane with CH3F and
CH2F2 yields a second, and more stable, minimum. As depicted
on the left side of Figure 1, these interactions contain nonbi-
furcated CH‚‚‚F bonds, although the CH‚‚‚F angles deviate
considerably from the idealized value of 180°. On the other
hand, such deviations are not unusual for bonds of this type.
For instance, a recent calculation of the HOH‚‚‚FCH3 complex58

found optimized C-F‚‚‚O and F‚‚‚H-O angles of 90° and 144°,
respectively, at equilibrium C‚‚‚O and F‚‚‚H distances of 3.254
and 2.117 Å. These geometrical details were in close cor-
respondence with X-ray data dealing with the C-F‚‚‚H hydro-
gen bonds reported by Murray-Rust et al.,2 an agreement which
Monat et al. termed “accidental” because there are other,
stronger, interactions present in the crystals. It may be that this
coincidence is not accidental, and that such “misalignment”
makes for effective overlap between molecular orbitals of CH3F
and H2O. Indeed, this notion is further buttressed by another
survey of crystal data,3 which had concluded that the CH‚‚‚F
angle typically lies in the range between 130° and 145°.

Though slightly stronger than their bifurcated secondary
minima, the interaction energies of these nonbifurcated structures
are only on the order of 0.3 kcal/mol and vanish if (unscaled
harmonic) ZPVE is included. The secondary minima can be
exceedingly shallow. For example, the transition state for the
conversion of structure2a of CH4‚‚‚CH3F to the more stable
1a involves a barrier of only 0.03 kcal/mol. In summary, one

would not expect complexes involving CH4 to be easily
detectable.

Complexes Involving CH3F. Adding even a single electron-
withdrawing F atom to methane strengthens its proton-donating
ability to the point where complexes ought to be observable.
As an interesting prelude to this discussion, CH3F has the longest
equilibrium r(CH) bond in the series of fluorosubstituted
methanes: at the MP2(fc)/6-31+G(d,p) level,r(CH) ) 1.0866
Å, vs 1.0862 Å in CH4, 1.0859 Å in CH2F2, and 1.0849 Å in
CHF3. It is worth mentioning that CH3F is also characterized
by the longest C-F bond, 1.4049 Å (vs 1.3742 Å in CF2H2,
1.3502 Å in CF3H, and 1.3349 Å in CF4). The C-F stretching
frequency is centered at 1057 cm-1 (111 km/mol for its IR
activity) whereas the C-H stretch is distributed between a mode
at 3144 cm-1 (33 km/mol) and a doubly degenerate one at 3260
cm-1 (27 km/mol).

As mentioned above, the homodimer of this molecule might
exist in either a DA structure (3a), bound by 2.02 kcal/mol, or
one containing a single trifurcated bond (2e), bound by 1.47
kcal/mol. Even after ZPVE addition, these complexes are fairly
well bound, by 1.36 and 1.20 kcal/mol, respectively. The
stability of the latter is attributed in large part to the head-to-
tail alignment of dipoles, whereas the former structure contains
a less favorable dipole-dipole interaction, which must be
supplemented by the relatively strong symmetric H-bonds.

Rotations of the two molecules within cyclic structure3aare
nearly free: a barrier of only 0.13 kcal/mol is encountered for
the rotation of one molecule relative to the other. The relevant
transition state involves the interaction of F2 with both H8 and
H9. A prior IR study of this complex52 suggested the presence
of the DA geometry in a low-temperature Ar matrix, consistent
with our calculations. A recent calculation of the related CH3I
dimer59 suggests the potential energy surface of the iodine
analogue may also contain two minima. The more stable of these
two (CH3I)2 structures bears a certain resemblance to the DA
structure3aof (CH3F)2, but the other minimum is quite different
from 2e.

Adding a second F atom to the acceptor yields the DA CH3-
F‚‚‚CH2F2 structure depicted in Figure 3b and adds 0.54 kcal/
mol to the binding energy. CH2F2 is a weaker proton acceptor

TABLE 1: Rotational Constants of the Fluoromethane Dimers Calculated at the MP2(fc)/6-31+G(d,p) Computational Level,
Intercarbon Separation (Å), and Binding Energy (kcal/mol) Corrected for BSSE and ZPVE

A, MHz B, MHz C, MHz R(C‚‚‚C), Å Ed,a kcal/mol

CH4‚‚‚CH3F 1a 22178.34 3192.99 2893.26 3.920 0.16
2a 79221.60 2549.08 2548.88 4.762 0.31

CH4‚‚‚CH2F2 1b 8588.85 3055.93 2476.14 3.659 0.18
2b 22962.36 1776.07 1684.43 4.741 0.37

CH4‚‚‚CHF3 2c 9195.54 1532.26 1369.085 4.704 0.37
CH4‚‚‚CF4 2d 5407.73 1296.90 1296.89 4.674 0.40
CH3F‚‚‚CH3F 3a 12788.01 2554.24 2188.40 3.875 -1.36

2e 78460.24 1374.59 1374.59 4.386 -1.20
CH3F‚‚‚CH2F2 3b 11916.84 1628.88 1460.19 3.746 -1.95
CH3F‚‚‚CHF3 3c 5635.31 1293.38 1278.28 3.919 -2.30

1c 5379.15 1103.84 1103.11 3.746 -0.39
CH3F‚‚‚CF4 1d 5375.31 776.39 775.79 3.961 0.07

2f 5405.17 657.52 657.52 4.429 -0.04
CH2F2‚‚‚CH2F2 3e 6322.23 1311.68 1253.99 3.524 -1.89
exp56 6447.7(22) 1290.238(8) 1234.614(10) 3.542(7)
exp57 6465.38(37) 1290.36829(65) 1234.39416(62)

3d 12463.64 971.59 912.22 3.650 -1.74
CH2F2‚‚‚CHF3 3f 6483.79 889.24 863.57 3.569 -1.67
CH2F2‚‚‚CF4 2g 4696.87 736.71 722.11 3.905 -0.27
CHF3‚‚‚CHF3 3g 4211.35 783.89 717.73 3.638 -1.22
CHF3‚‚‚CF4 1e 3507.26 664.84 633.77 3.889 -0.22

a Negative values correspond to bound states, and positive to situations where isolated monomers lie lower in energy than complex.
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than CH3F. The+5.1 mÅ at MP2(fc) (+5.2 mÅ at MP2(full))
stretching of the C1-F6 bond and the-1.2 mÅ contraction of
C3-H10 are both smaller in magnitude than the corresponding
quantities in3a. It is hence not surprising that the F6‚‚‚H10 bond
is 2.605 Å longer than the 2.461 Å at MP2(fc) in3a. On the
other hand, though CH2F2 is indeed a weaker proton acceptor
than is CH3F, it is also a stronger donor. Consequently, itsother
H-bond(s), where CH2F2 acts as donor, show internal bond
length changes that are larger in magnitude. The strength of
this bond is amplified at the MP2(full) level, in that the MP2-
(fc) R(F2‚‚‚H5,7) of 2.703 Å is shortened to 2.696 Å at MP2-
(full). The presence of the second F atom on CH2F2 promotes
a greater amount of charge transfer by acting as a sink. Indeed,
the C1-F4 bond is weakened, as evident by its stretch by 2.1
mÅ [2.3 mÅ at MP2(full)]; shown in magenta in Figure 3b.
This minimum is reasonably deep in the sense that switching
the particular atoms involved in the H-bonds passes over a
barrier of 0.5 kcal/mol; the transition state includes a bifurcated
H-bond involving one F and two H’s from the other molecule.

The structure retains its DA geometry in CH3F‚‚‚CHF3, shown
in Figure 3c, and adds another 0.23 kcal/mol to its binding
strength. In fact, the CH3F‚‚‚CHF3 heterodimer (3c) is the most
stable dimer among all those examined. Because the dipole
moments of its constituents are not arranged in a favorable head-
to-tail fashion, its high stability is attributed to the existence of
a rather strong C3-H10‚‚‚F6 H-bond with the shortest bridge
distanceR(F6‚‚‚H10) ) 2.277 Å. The relatively strong character
of this bond is associated with a high degree of electron transfer
from the C1-F6 bond to the antibondingσCH* MO. For CHF3,
the latter MO corresponds to the lowest unoccupied MO
(LUMO), localized primarily on the carbon atom.60 The
eigenvalue of this MO corresponds to the lowestεLUMO ) 1.99
eV among the various F-substituted methanes. Charge trans-
ferred to the CHF3 molecule is facilitated by C3-F4 and C3-
F5, which act as sinks, associated with their elongation by 1.4
mÅ [1.2 mÅ at MP2(full)].

A secondary, and much less stable, minimum is present on
the potential energy surface of this complex, a D structure in
Figure 1c containing three bent CH‚‚‚F bonds. Adding a fourth
F atom to the acceptor eliminates the possibility of a cyclic
structure, and CH3F‚‚‚CF4 is hence limited to the weaker D
complexes pictured in Figures 1d and 2f. The former, containing
one nonbifurcated CH‚‚‚F and a second bifurcated CH‚‚‚F, is
energetically roughly equivalent to the latter with its single
trifurcated bond.

Higher Degrees of Fluorination.The geometries get some-
what more complicated for higher degrees of fluorination. The
potential energy surface of the homodimer of CH2F2, for
example, contains two separate minima, although both are of
the DA variety. The binding energies of these two structures,
3d and3e, are also rather similar. They differ in that the more
stable3econtains three separate CH‚‚‚F bonds and the other’s
arrangement3d would be best characterized as two bifurcated
bonds. Compared to the former possessing a total dipole moment
of 2.86 D, the latter is nonpolar. The greater stability of
geometry3e is verified by microwave data,56,57which conform
nicely to that structure. Removing the frozen core approximation
from the MP correlation buttresses the case that3e is strongly
bound in the sense that its F6‚‚‚H9 and F2‚‚‚H7 distances are
shortened by 0.009 Å, and F8‚‚‚H5 by 0.006 Å. An earlier
computation of this system at the DFT level34 also found two
minima, both of the DA type. The lower minimum is reasonably
deep in the sense that its conversion to the same structure, but
involving different atoms in the H-bonds, requires some 0.90

kcal/mol. The CH2F2‚‚‚CHF3 complex in Figure 3f is very much
like 3e, containing three separate CH‚‚‚F bonds and is only
slightly weaker overall. A cyclic arrangement is no longer
possible for CH2F2‚‚‚CF4, and this complex is limited to a weak,
bifurcated bond, pictured in Figure 2g.

Fluoroform Dimer. With regard to trifluorinated CHF3, its
homodimer is able to form a DA structure. (Early ab initio
studies61 of the CHF3‚‚‚CHF3 interaction remain uncertain as
to whether the most stable geometry is planar62 or cyclic63). As
illustrated in Figure 3g, there is some element of bifurcation in
the geometry, which is the weakest bound complex of all such
DA types. After the present work was originally submitted,
another publication appeared dealing with the fluoroform
dimer,64 wherein the intermolecular interaction energies of 14
different orientations were computed via the MP2 method in
combination with a variety of basis sets. In particular, one of
the chosen geometries (dimer N) corresponds to the experi-
mentally suggested cyclicC2h dimer wherein the two equivalent
CH‚‚‚F H-bonds define a plane, and the remaining F atoms lie
in a perpendicular plane. Our full geometry optimizations
demonstrate that structure3g represents the global minimum
on the PES of the fluoroform dimer, and that cyclic structure
N corresponds to a transition state of slightly higher energy.
Comparison of our structure3gwith the nonbifurcated geometry
proposed by Tsuzuki et al.64 at the MP2(full)/aug-cc-pvqz level
shows the former to be more stable by 0.3 kcal/mol.

In a related matter, it is worth mentioning that very short
(H‚‚‚F) distances of 2.266 and 2.272 Å have been reported for
the F3CH‚‚‚FH complex at the MP2/6-31+G(d)50 and MP2/
6-311+G(d,p)48 computational levels, respectively. As shown
in more recent work,65 however, the linear structure of the
F3CH‚‚‚FH complex, for which these distances pertain, does
not represent the global minimum and, in fact, lies some 0.4
(MP2/6-311++G(2d,2p) to 0.6 kcal/mol (MP2/aug-cc-pVTZ)
higher in energy. In the true global minimum structure, the
CH‚‚‚F distance is equal to 2.6046 and 2.5757 Å, respectively.

And as a final member of this highly fluorinated family of
dimers, CHF3‚‚‚CF4 is capable of forming only a single bent
CH‚‚‚F bond, as depicted in Figure 1e.

Changes in Geometry, Frequency, and Charges.The
monomers engaging in H-bonded complexes are known to
undergo certain interesting changes in their internal geometry.
The stretch of the A-H covalent bond in AH‚‚‚B complexes
has been taken as one of the traditional markers of such a bond.
More recently it has been revealed that in certain cases,
particularly in CH‚‚‚O bonds, the opposite effect, viz. a C-H
bond shortening can occur. The changes suffered by several of
the internal bond lengths are indicated in Figures 1-3. The blue
numbers refer to changes, in milliangstroms, of those bonds
that are directly involved in H-bonds, whereas those of
nonparticipating bonds are indicated in magenta.

The data confirm that CH bond shortening is not limited to
CH‚‚‚O bonds, but is also characteristic of CH‚‚‚F types. The
changes are loosely correlated with the strengths of the bonds,
in accord with earlier findings.18 So, for instance, the CH bonds
are changed by only very small amounts in Figures 1 and 2 but
are larger in Figure 3. This relation between H-bond strength
and contraction is illustrated in Figure 4. The weak H-bonds of
Figures 1 and 2 are largely clustered in the upper left, as the
circles and diamonds, respectively. The data points are scattered
with no correlation in evidence, consistent with prior computa-
tions.18 However, the stronger cyclic H-bonds of Figure 3,
indicated by the squares, show the clearest correlation. A linear
fit, illustrated by the dashed line, has a correlation coefficient

2532 J. Phys. Chem. A, Vol. 108, No. 13, 2004 Kryachko and Scheiner



of 0.86, and a slope that is consistent with a contraction of some
0.5 mÅ for every 1 kcal/mol of binding energy.

Concomitant with these bond shortenings are blue shifts in
their stretching frequencies. Of course, one cannot neatly
associate each C-H bond with one and only one normal
frequency, as there is a good deal of mixing of C-H bond
stretches in many of the normal modes. Nonetheless, it is
possible to connect a given stretching mode with at least a select
group of CH bonds. First and most definitely, it is obvious that
just as nearly all of the bridging CH bonds are shortened, their
stretching frequencies are shifted to the blue. The amount of
this shift is loosely associated with the degree of bond
contraction and with the strength of the interaction binding the
two molecules together. For example, these blue shifts range
from 0 to 6 cm-1 for the generally weak, noncyclic complexes
in Figures 1 and 2. The only exception is the particularly
strongly bound CH3F‚‚‚CH3F complex2e, for which the shift
is as large as 13 cm-1.

The shifts are magnified in the stronger, cyclic complexes
depicted in Figure 3, which range up to+39 cm-1, as reported
in Table 2, together with some selected isotopomers. It is likely
no coincidence that the largest such shift occurs for CH3-
F‚‚‚CHF3 complex3c, which is the most strongly bound of all
complexes considered here, and corresponds to theν(C3-H10)
stretch of the shortest hydrogen bond C3-H10‚‚‚F6. A slightly
smaller blue shift of 27 cm-1 occurs for theν(C3-H9) stretch
in the CH2F2‚‚‚CHF3 complex3f, whose hydrogen bond C3-
H9‚‚‚F6 is longer by 0.275 Å, and whose total binding energy
is smaller than those of most of the other complexes in Figure
3. Along that line, it should be emphasized that the frequency
shifts of the C-H stretch accompanying H-bond formation do
not precisely correlate with the interaction energy. As an
example, the CH3F‚‚‚CH2F2 complex3b is more strongly bound
than 3f (see Table 1 and Figure 3). Yet the former is
characterized by a blue shift of 26 (24 for the isotopomer CH2-
DF‚‚‚CHDF2) cm-1 for the coupledν(C1-H5) and ν(C1-H7)
stretch (Table 2), which is nearly the same as that in3f. It is
tempting to speculate, however, about a connection between
the large blue shifts in3c and 3f, and the presence of CHF3,
which, as mentioned above, possesses a particularly low-lying
LUMO, that facilitates electron transfer. This idea pertains also
to the bifurcated H-bonds in the3b and3d complexes with the
corresponding acceptors CHF3 and CH2F2.

It might be noted from Table 2 that the blue frequency shifts
are accompanied by a drop in IR intensity, typical of blue-

shifting bands. The largest decreases of intensity are predicted
for the complexes3d and 3a. Also of some importance, the
magnitudes of the frequency and intensity changes are un-
affected by expanding the treatment of electron correlation from
frozen core to full.

Even more sensitive to the formation of the CH‚‚‚F H-bond
are the C-F bonds associated with the proton acceptor molecule.
These bonds stretch as the CH donor approaches, and again,
the degree of change is correlated with H-bond strength. This
relationship is presented graphically in Figure 5, where again
the dashed line represents the best linear fit of the cyclic
H-bonding data in Figure 3. There is a good deal of scatter in
the square data points, suggesting caution ought to be used in
correlating these stretches with interaction energies.

Table 3 contains the results of a NBO analysis of the three
most strongly bound complexes. The results do not fully support
the notion that formation of the complex reduces the population
of theσ*(CH) orbital that is involved in each H-bond. On one
hand, the pattern in complex3e fits this idea, in that theσ*-
(CH) populations of H5, H7, and H9 diminish by some 0.3-
0.6. On the other hand, the patterns are less consistent in the
other two complexes. For example, this population is reduced
by 0.6 for H5 and H6 in complex3b, but there is a slightincrease
for H10, which is involved in a similar H-bonding interaction.
Moreover, even hydrogens not involved in any sort of H-bond

Figure 4. Relation between BSSE-corrected interaction energy and
change in C-H bond length. Circles refer to complexes in Figure 1,
diamonds to Figure 2, and squares to cyclic complexes in Figure 3.
Broken line represents best fit through the latter data set.

TABLE 2: Blue Shifts (∆ν, in cm-1) and Relative IR
Activities (∆I , in km/mol) of C-H Stretching Frequencies of
Cyclic Dimers Illustrated in Figure 3.

MP2(fc) MP2(full)

dimer ∆ν ∆I ∆ν ∆I atoms involved

3a
CH3F‚‚‚CH3F 20 -27 C1-H10, C3-H8

20 -11
CH2DF‚‚‚CH2DF 17 -21 C1-D10, C3-D8

17 0
3b
CH3F‚‚‚CH2F2 26 -7 26 -7 C1-H5,7

17 -14 17 -13 C3-H10

CH2DF‚‚‚CHDF2 24 -9 C1-H5

17 -6 C1-D7

13 -9 C3-D10

3c
CH3F‚‚‚CHF3 39 -20 39 -20 C3-H10

16 -12 17 -13 C1-H9

CH2DF‚‚‚CDF 30 -21 C3-D10

11 -7 C1-D9

3d
CH2F2‚‚‚CH2F2 17 -28 C1-H5,7, C3-H9,10

18 -12
CD2F2‚‚‚CH2F2 11 -7 C3-D9,10

14 -6
13 -9 C1-H5,7

18 -8
3e
CH2F2‚‚‚CH2F2 19 -11 19 -11 C3-H9

20 -12 21 -12 C1-H5,7

CD2F2‚‚‚CHDF2 19 -11 C3-D9

12 -9 C1-D5,7

16 -9
3f
CH2F2‚‚‚CHF3 27 -13 C3-H9

14 -16 C1-H5,7

CD2F2‚‚‚CHF3 27 -13 C3-H9

8 -8 C1-D5,7

11 -8
3 g
CHF3‚‚‚CHF3 17 -23 C1-H2, C5-H4

17 -3
CDF3‚‚‚CHF3 13 -10 C1-D2

17 -9 C5-H4
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at all, e.g., H8 and H9, undergo a reduction in theirσ*(CH)
population of 0.6. Similar inconsistency is noted in3c as well.
Although H9 and H10 engage in similar H-bonds in3c, the
populations of their respectiveσ*(CH) orbitals change in
different directions. One notes inconsistencies in the F lone pair
populations as well. Complex3b is well behaved in the sense
that F2 and F6, both directly engaged in H-bonding, undergo an
increase, whereas a decrease is noted in F4, which is not so

engaged. In contrast, F6 of complex3c shows a drop in lone
pair population although it is clearly participating in a H-bond.

Conclusions

The potential energy surfaces of the various dimers examined
here have a rich landscape, many of them containing more than
one minimum. These dimers are held together by CH‚‚‚F
H-bonds. The most strongly bound complexes, with interaction
energies in the 2-3 kcal/mol range, are cyclic in nature, wherein
each monomer behaves simultaneously as both proton donor
and acceptor. The most strongly bound complex of all those
considered pairs CH3F with CHF3. Noncyclic complexes are
only weakly attractive, bound together by less than 0.5 kcal/
mol in most cases. Even weaker are bifurcated and trifurcated
types of H-bonds, barely bound at all. Every pair of monomers
that is in principle capable of forming a cyclic structure does
so, and this configuration is always the deepest minimum in
the associated potential energy surface.

The covalent CH bonds involved in these CH‚‚‚F interactions
are shortened by formation of the H-bonds, and their stretching
frequencies undergo a shift to the blue. As anticipated, the largest
such changes are associated with the most strongly bound cyclic
complexes. Strongest of all is the cyclic CH3F‚‚‚CHF3 structure
3c, in which the C-H bond of CHF3 contracts by 0.0023 Å,
and the corresponding stretching frequency increases by 39
cm-1. The C-F bonds, too, are affected by the formation of
the CH‚‚‚F bonds, stretching by even more than their C-H
counterparts contract. The largest such change occurs, again,
in CH3F‚‚‚CHF3 where the proton-accepting F6 atom of CH3F
stretches by 0.008 Å away from the C1 atom and the C1-F6

stretching mode undergoes a 20 cm-1 red shift. There appears
to be some relation between these geometric distortions and
the amount of charge transferred from one molecule to the other.
In contrast to most earlier predictions, the global minimum of
the fluoroform dimer appears to have an unusual structure, which
is of general donor-acceptor type, but one of the H-bonds is
bifurcated.
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