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Abstract: Quantum mechanical calculations at the MP2/TZ2P level of theory predict geometries and bond energies
of donor-acceptor complexes of the Lewis acids BH3, BF;, BCl;, AICl;, and SO, which are in very good agreement
with experimental gas-phase values. Strong donor—acceptor bonds are calculated for the boron complexes OC-BH;
(Do(298) = 25.1 kcal /mol), H;N-BH; (Do(298) = 30.7 kcal/mol), Me;N-BH; (Dy(298) = 41.1 kcal /mol), H;N-BF;
(Do(298) = 22.0 kcal/mol), Me;N-BF; (Do(298) = 32.9 kcal/mol), H;N-BCl; (Dg(298) = 29.7 kcal/mol), and
Me;N-BCl; (Do(298) = 40.5 kcal/mol). Weakly bound van der Waals complexes are predicted for OC-BF; (Do(298)
= 4.7 kcal/mol), HCN-BF; (Do(298) = 7.2 kcal/mol), MeCN-BF; (D(298) = 9.1 kcal/mol), OC-BCl; (D(298)
= 4.0 kcal/mol), and MeCN-BCl; (D(298) = 6.4 kcal/mol). Intermediate dissociation energies are calculated for
the BF; complexes with Me,O (Dg(298) = 17.3 kcal/mol), benzaldehyde (Do(298) = 13.0 kcal/mol), and 2-methylacrolein
(Do(298) = 12.8 kcal/mol). The strongest donor-acceptor bond is calculated for Me;N—-AICl; (Do(298) = 49.3 kcal/
mol). A strong bond is also predicted for EtCCIO-AICI; (Dg(298) = 24.8 kcal/mol), while the complex Me;N-SO,
is more weakly bound (Dg(298) = 15.5 kcal/mol). The bond lengths of the Lewis acids are longer in the complexes
than in the isolated molecules. A good correlation is found between the calculated bond strengths of the BF; complexes
and the lengthening of the B~F bond. The NBO partitioning scheme suggests that there is no correlation between the
charge transfer and the bond strength. The topological analysis of the electron density distribution shows that the
donor—acceptor bonds of the strongly bound boron complexes have significant covalent contributions, while the weakly
bound boron complexes are characterized by electrostatic interactions between the Lewis acid and base. However, the
nature of the strongly bound AlCl; complexes is different from that of the strongly bound boron complexes. The
strongest donor—-acceptor bond calculated for Me;N-AICl; is characterized by electrostatic interactions and very little
covalent contributions. The bond shortening of the donor acceptor bonds between the gas phase and the solid state
is calculated to be mainly due to short-range dipole—dipole interactions. The geometry-optimized dimer and tetramer

of H;N-BH; and the dimer of H;N-BF; have significantly shorter B-N bonds than the monomer.

Introduction

Chemical bonds are usually classified as electrostatic, covalent,
or metallic.! Weakly bound molecules exhibit yet another type
of bonding, which is characterized by van der Waals interactions.2
Most compounds can be identified as belonging to one of these
classes by the nature of the chemical bonds in the molecule. There
is one type of compound, however, which makes such an
assignment difficult. The class of donor-dacceptor complexes
comprises molecules that may be bound by electrostatic, covalent,
or vander Waalsinteractions. The present understanding of this
important class of molecules is based on the epochal work of
Lewis,® who introduced the concept of electron-pair donor—
acceptor complexes. A popular qualitative model for the
interpretation of donor—acceptor interactions is the theory of hard
and soft acids and bases (HSAB) suggested by Pearson.* A
quantitative evaluation and prediction of donor-acceptor interac-
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tions has been made by Drago,’ who introduced the so-called E
and C parameters in an attempt to predict the bond strength of
new complexes. The E and C model has been applied to
understand solvent effects and the reactivity in chemical and
biological systems.5 Although much work has been done to
characterize the intermolecular interactions, there are still many
puzzling features of donor-acceptor complexes that are not
completely understood.

One difference between the Lewis-type donor—acceptor bond
and normal covalent bonds is that the dissociation of the former
yields two closed-shell fragments with an electron lone-pair donor
and electron-pair acceptor, while the latter gives two open-shell
fragments. Haaland’ defines dative bonds as a new bond type
on the basis of their bond rupture behavior, which is different
from covalent bonds. Another difference is that the bond length
of a normal covalent bond is usually not very different in different
aggregation states, while donor-acceptor bonds have frequently
larger interatomic distances in the gas phase than in the solid
state.8-22 An intringuing example has recently been reported by
Dvorak et al.,2! who found that the B-N bond length in MeCN-
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BF; in the gas phase is 2.011 A, while it is 1.630 A in the solid
state.2® The value of rgn = 2.011 A is intermediate between the
limits normally observed for van der Waals and covalently bound
systems. This makes MeCN-BF; a particularly interesting
molecule. An even larger difference between the interatomic
distances in the gas phase and in the solid state has been reported
by Burns et al.1? for HCN-BF3, which has a bond length of 2.473
A in the gas phase and 1.638 A in the solid state.

The classical donor-acceptor complex H;N-BF; merits special
attention. It is the first known coordination compound of any
element, synthesized in 1809 by Gay-Lussac.2* H;N-BF; was
used by Lewis® as an example to illustrate the concept of the
donor-acceptor bond. However, it has only recently been detected
in the gas phase by Legon and Warner.2# These authors report
a B-N equilibrium distance of 1.59 £ 0.03 A. This has been
challenged by quantum mechanical calculations, which predict
a longer B-N bond, rgx = 1.68 + 0.02 A, for H;N-BF;.25

There are several reviews and books that have attempted
systematic comparisons of calculated and experimental param-
eters for gas-phase and solid-state donor—acceptor complexes.”26
Not only are donor-acceptor complexes interesting from a
theoretical point of view, but they have also successfully been
utilized for the design of new synthetic methods.2’ Therefore,
the knowledge about their structures and properties is important
for experimental as well as theoretical chemistry. Several
theoretical studies are devoted to donor—acceptor complexes,28-33
but no systematic comparison of the calculated properties with
experimentally observed gas-phase and solid-state structures has
been published to date. The goal of this paper is to study
systematically the theoretically predicted structures of several
donor-acceptor complexes of BH3, BF3, BCl3, AICl;, and SO,.
The choice of complexes investigated was made with the aim to
include all different types of strongly bound molecules and van
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der Waals complexes. Therefore, the complexes of the five Lewis
acids with the strong Lewis base Me;N have been calculated.
The complexes of the three boron Lewis acids BH;, BF;, and
BCl; with CO and NHj are also included in this work. Finally,
some donor—acceptor complexes with the rather weak Lewis bases
Me,0, HCN, MeCN, benzaldehyde, and 2-methylacrolein were
investigated, because experimental data were available for these
molecules. The molecules being studied are OC-BH; (1), H;N-
BH; (2), Me;N-BH; (3), OC-BF; (4), H;N-BF; (5), MesN—
BF; (6), Me,O-BF; (7), HCN-BF; (8), MeCN-BF; (9),
benzaldehyde-BF; (10), 2-methylacrolein—BF; (11), OC-BCl;
(12), H3N-BCl; (13), Me;N-BCl; (14), MeCN-BCl; (15),
EtCC10-AICl; (16), Me;N-AICL; (17), and Me;N-SO; (18).
The properties investigated in this study are the equilibrium
geometries and bond energies of the donor-acceptor complexes.

The nature of the dative bond is studied in detail. In order to
investigate the electronic structure of the molecules, we use the
natural bond orbital (NBO) partitioning scheme developed by
Weinhold and co-workers34 and the topological analysis of the
wave function suggested by Bader.3*

Computational Methods

The ab initio molecular orbital calculations were carried out with the
program packages GAUSSIANG90,3 GAUSSIANY2,}?” and TURBO-
MOLE.3® All complexes have been optimized at the HF and MP2 levels
of theory.340 Three different basis sets were used for the calculations:
the standard 3-21G(d) and 6-31G(d) split valence plus polarization basis
sets*142 and a TZ2P triple-{ double-polarized basis set.4344 The
calculations were carried out with the five spherical components of the
respectived functions. Harmonic vibrational frequencies were calculated
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at the HF/6-31G(d) level. The calculated zero-point vibration energies
(ZPE) were scaled by a factor of 0.89 to correct for the overestimation
of vibrational frequencies at this level of theory.45 All structures were
verified as minima on the potential energy hypersurface by only positive
eigenvalues of the Hessian matrix. Bond energies were calculated at the
MP2 level of theory using the energy differences between the complexes
and the donor and acceptor moieties. Our best bond energies are given
at MP2/TZ2P//MP2/TZ2P. Unless otherwise specified, the results
discussed in this paper are based on this level of theory. We did not
correct for basis set superposition errors, which should be relatively small
with a TZ2P basis set.46 For computational reasons, the investigation
of the electronic structure3435 was carried out at the MP2/6-31G(d)
level of theory.

Geometries

Table 1 lists the experimental donor—-acceptor bond lengths of
some complexes for which gas-phase and solid-state data are
known.
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Table 1. Experimental Donor-Acceptor Bond Lengths (A)
X-ray gas phase
H3;N-BH; 1.564 £ 0.006¢ 1.657 £ 0.02%
Me;N-BH; 1.616 £ 0.001¢ 1.656 £ 0.002¢
1.638 £0.01¢
Me;N-BF; 1.585 £ 0.03¢ 1.674 £ 0.004
1.664 £0.011¢
MesN-BCl3 1.610 % 0.006* 1.652 = 0.009/
1.575 £ 0.011! 1.659 £ 0.006¢
Me;N-BBr; 1.603 £ 0.021* 1.663 £ 0.013/
Me;N-BI; 1.584 £ 0.025% 1.663 £ 0.013*
HCN-BF; 1.638 % 0.002/ 2.473 £ 0.029!
CH3;CN-BF, 1.630 % 0.004m 2.011 % 0.007"
Me;N-SO, 2.046 £ 0.004¢ 2.26 £ 0.03¢

¢ Reference 8. ¢ Reference 9. ¢ Reference 10. 4 Reference 11. ¢ Ref-
erence 12. /Reference 13. £ Reference 14. * Reference 15. ! Reference
16./ Reference 17. k Reference 18./Reference 19. ™ Reference 20.
" Reference 21. ¢ Reference 22.

Table 2. Experimental and Calculated Donor-Acceptor Bond
Lengths (A) of BH; Complexes

OC-BHj3; H;3;N-BH; MesN-BH;
1(Cy) 2 (Cy) 3(Cw)
exptl (X-ray) 1.564 £ 0.006° 1.616 £0.001¢
1.56 £ 0.05¢

exptl (gas phase) 1.534 1.657 £ 0.02¢ 1.638 £ 0.01/

1.534 £ 0.015 1.656 &+ 0.002¢
HF/321G 1.615% 1.740% 1.685
HF/6-31G(d) 1.628 1.690 1.679
HF/TZ2P 1.616 1.672 1.662
MP2/6-31G(d) 1.548 1.662 1.647
MP2/TZ2P 1.543 1.648 1.628
MP3/6-31G(d) 1.664!

@ Reference 49. b Reference 50. ¢ Reference 8. 4 Reference 51. ¢ Ref-
erence 9./ Reference 11. € Reference 10. # Reference 39. ! Reference 28e.

The experimental results show that the donor-acceptor bonds
arein all cases longer in the gas phase than in the solid state. The
differences are between 0.02 and 0.09 A for the amine~-BX;
complexes. For the more weakly bound complexes HCN-BF;,
CH;CN-BF;, and MesN-SO, the differences are much larger.
The largest difference is reported for HCN-BF;, which has a
bond length of 2.473 A in the gas phase and 1.638 A in the solid
state.!? It follows that geometries of donor—acceptor complexes
determined by X-ray crystallography may be used only with
caution for comparison with calculated geometries.

Figure 1 shows the optimized structures of the calculated
complexes 1-18 and the Lewis acids and bases at the MP2/
TZ2P level of theory. Experimental gas-phase values are given
in parentheses. Tables 2—4 show the experimental and calculated
donor-acceptor bond lengths.

The calculated interatomic distances for the BH; complexes
1-3 shown in Table 2 indicate that the donor—acceptor bond is
always predicted to be shorter at the MP2 level than at the HF
level using the same basis set. The difference between the MP3
and MP2 results for the bond length of 2 is negligible. The
theoretically predicted donor-acceptor bond lengths for 1 and 2
at the MP2 level are in good agreement (+0.01 A) with the
experimental gas-phase values (Table 2) and with previous
calculations.28¢ Good agreement between theory and experiment

(56) Corey, E. J.; Loh, T.-P.; Sarshar, S.; Azimioara, M. Tetrahedron
Lett. 1992, 33, 6945.
14 3(57) Le Carpentier, J.-M.; Weiss, R. Acta Crystallogr., Sect. B 1972, 28,

7.

(58) Grant, D. F.; Killean, R. C. G.; Lawrence, J. L. Acta Crystallogr.
Sect. B 1969, 25, 377.

(59) Almenningen, A.; Haaland, A.; Haugen, T.; Novak, D. P. Acta Chem.
Scand. 1973, 27, 1821,
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HCN MeCN 2-Methylacrolein EN-CO-CI AICl3 S0,

Figure 1. Optimized geometries at MP2/TZ2P. The values for 10, 16, PhCHO, and EtCCIlO are given at MP2/6-31G(d). For BF; and AICls, the
first value is at MP2/TZ2P, and the second value is at MP2/6-31G(d). Experimental gas phase values are given in parentheses.! Bond distances
are in angstroms, and angles are in degrees.

is also found for 3, if the experimental value of 1.638 A is used the N-B bond of Me;N-BH; should be 0.02 A shorter than that
as a reference.'! The calculations at the MP2 level predict that of H;N-BHj, which is reasonable because MesN is a stronger
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Table 3. Experimental and Calculated Donor-Acceptor Bond Lengths (A) of BF; Complexes

OC-BF; H;N-BF;  MesN-BF; Me;0-BF; HCN-BF;  CH3CN-BF;  PhCHO-BF; MABF;
4(Cx) 5 (Cx) 6 (Cs) 7(C) 8(Cw) 9 (Cx) 10 (Cy) 11 (C)
exptl (X-ray) 1.60 £ 0.025 1.585 + 0.034 1.638 £ 0.002% 1.630 £ 0.004' 1.591 £ 0.006% 1.587 % 0.008’
exptl (gas phase) 2.886£0.01 1.59£0.03¢ 1.674+0.004¢ 1.75£0.028 2473 £0.029* 2011 0.007
1.664 £ 0.011/

HF/3-21G 2.551 1.683 1.642 1.598 1.839 1.761 1.625 1.633
HF/6-31Gd)  2.956 1.693 1.677 1.703 2.577 2.484 1.691 1.705
HF/TZ2P 3.114 1.687 1.676 1.685 2,687 2,576 1.688 1.703
MP2/6-31G(d)  2.756 1.679 1.665 1694 2.421 2.214 1.734 1.738
MP2/TZ2P 2.824 1.678 1.661 1.680 2.448 2.213 1.743

9 Reference 52. & Reference 53. ¢ Reference 24. ¢ Reference 12. ¢ Reference 13./Reference 14. £ Reference 54. * Reference 19. ! Reference 20.
J Reference 21. ¥ Reference 55. / Complex of 2-methylacrolein with BF;, ref 56.

Table 4. Experimental and Calculated Donor-Acceptor Bond Lengths (A) of Other Complexes

0C-—BC13 HgN-—BCl; Me;N-—BCl; CH;CN-—BCI; EtCClO—A1C13 Me;N—AlCl; Me;N—SO;
12 (Cy) 13 (C30) 14 (Cy) 15 (Cx) 16 (C) 17 (C3) 18 (Cy)
exptl (X-ray) 1.5754£0.011¢ 1.562 £ 0.008¢ 1.847 £ 0.006” 1.96 £ 0.015 2.046 £ 0.004¢
1.610 £ 0.006°

exptl (gas phase) 1.659 £ 0.006¢ 1.945 £ 0.035* 2.26 £ 0.03!

. 1.652 £ 0.0094
HF/3-21G(d) 3.039 1.646 1.646 2479 1.871 1.972 2.153
HF/6-31G(d) 3.586 1.628 1.664 3.045 1.948 2.041 2.527
HF/TZ2P 3.811 1.608 1.642 3.225 1.932 2.022 2.599
MP2/6-31G(d) 3.218 1.630 1.664 2.802 1.985 2.029 2.365
MP2/TZ2P 3.221 1.606 1.634 2.793 2.010 2.334

a Reference 16. © Reference 15. ¢ Reference 14. 4 Reference 17. ¢ Reference 20b. / Reference 57. & Reference 58. % Reference 59. ! Reference 22h.

base than H3;N.6¢ This is in agreement with the experimental
values of 1.638 A!! for 3 and 1.657 A9 for 2. It is also possible
that the correct B-N bond length of 2 is ca. 1.68 A, which would
be at the upper limit of the experimental error bar,? and that rpn
in 3 is 1.656 A.1% The geometries of 1-3 exhibit a tetrahedral
structure around the boron center. The bond angle X-B-H (X
being the donor atom) is 104-105°. The B-H bond is slightly
longer in complexes 1-3 than in isolated BH; (Figure 1). This
is reasonable, because the B-H bond in BH; at boron is sp?
hybridized, while the hybridization changes toward sp? in the
donor—acceptor complexes.

Experimentally determined donor—acceptor bond lengths are
available for the BF; complexes 4-11, which are shown in Table
3. The BF; complexes 4, 8, and 9 are characterized by rather
long donor-acceptor bonds. This is in agreement with the
calculations, which predict nearly planar BF; moieties and long
(Figure 1) donor-acceptor bond lengths for 4, 8, and 9. These
molecules should therefore be considered as van der Waals
complexes. Table 3 shows that the interatomic distances predicted
at the HF level for the three complexes exhibit very large
alterations when different basis sets are employed. The bond
lengths become much longer when larger basis sets are used. The
calculated bond lengths for 4,8, and 9 are tooshort at HF/3-21G
and too long at HF/TZ2P compared to the experimental gas-
phase values. The bond lengths are calculated shorter at the
MP2level of theory. The theoretically predicted donor—acceptor
bond lengths of 4 and 8 at MP2/TZ2P are in good agreement
(£0.06 A) with experiment.

The calculated structure of 9 merits special attention. A recent

microwave study?! showed that MeCN-BF; is extremely unusual .

in that the bond length and bond angle are intermediate between
the limits normally observed for van der Waals and covalently
bound systems. The structure of 9 was interpreted as a “gas-
phase snapshot along the reaction path for the formation of the
boron—nitrogen dative bond”.2! The calculations predict a B-N
bond length which is somewhat longer (2.213 A) than the

(60) The experimental proton affinity of Me;N is 224.3 kcal/mol, while
that of NHj is 205.0 kcal/mol: Aue, D. H.; Bowers, M. T. In Gas Phase Ion
Chemistry; Bowers, M. T., Ed.; Academic Press: New York, 1979; Vol. 2,
p 16.

experimental value (2.011£0.007 A).2! This is puzzling, because
the calculated value for HCN-BF; (2.448 A) is in excellent
agreement with experiment (2.473 £ 0.029 A).1% A recent
theoretical study at the MP2/DZ+P level predicted a B-N bond
length of 2.17 A for 9.2%¢ Still, the calculated results agree with
the interpretation of the gas-phase study that 9 is remarkable
because the B-N bond length is truly intermediate between a
covalent bond, which is calculated as 1.66-1.68 A (see 5 and 6,
Table 3), and a van der Waals complex (2.45 A for8). The B-N
bonds of 8 and 9 are much shorter in the solid state than in the
gas phase.

The calculations predict much shorter donor—acceptor bonds
for the complexes 5-7, 10, and 11 than for the other BF; complexes
(Table 3). The BF; moieties have a tetrahedral structure with
X-B-F bond angles of 103-105°. Unlike 4, 8, and 9, the
theoretical donor-acceptor bond lengths of 5-7, 10, and 11
calculated at the HF level are not very different from the MP2
values using the same basis set. It follows that bond lengths of
donor-acceptor complexes with short (strong) bonds may already
be calculated with reasonably accuracy at the HF level. It is
interesting to note that the donor—acceptor bonds of the BF;
complexes § and 6 are calculated to be only slightly longer than
the corresponding BH; complexes 2 and 3, while the BF; complex
4 is found with a much longer bond that the BH; complex 1.

The bond length predicted at the MP2 level for the Me;N-BF;
complex (6) (1.661 A at MP2/TZ2P, 1.665 A at MP2/6-31G
(d)) is in excellent agreement with the experimental gas-phase
values (Table 3). A disagreement between theoryand experiment
is found, however, for the classical donor-acceptor complex H;N—
BF; (5). NH; is a weaker base than Me;N, and the calculations
predict a slightly longer (and weaker, see below) donor—acceptor
bond for 8. The experimental value from microwave spectroscopy
for 8is rgn = 1.59 £ 0.03 A.24 However, this value was derived
with the assumption that the B atom lies close to the center of
mass in H;14N11BF;, but probably on the opposite side from the
N atom. A value of zg =-0.03(3) A was chosen for the position
of the B atom relative to the center of mass. The position of the
nitrogen atom was obtained as zx = 1.555 A. Our calculations
predict that the position of the nitrogen atom should be zx =
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1.463 A. For the B atom a value zp = —0.216 A is calculated
(MP2/TZ2P). Itseems possible that the estimate of the position
of the boron atom, which is used for the analysis of the microwave
spectrum of 5, is too close to the center of mass. In view of the
otherwise excellent agreement between theoretical and experi-
mental gas-phase values for the bond distances of the strongly
bound donor-acceptor complexes, and because it is difficult to
understand why NH, should be more strongly bound to BF; than
Me;N, we think that the experimentally derived? value for the
B-N bond length of §is tooshort. The more likely value predicted
by our calculations should be 1.68 + 0.02 A.25

The experimental value for the donor-acceptor bond length of
7 (1.75 £ 0.02 A)%4 is longer than the calculated value at MP2/
TZ2P (1.680 A). The experimental value was derived assuming
local Cy, symmetry of the CH; and BF; groups. The calculations
show that the BF; moiety is significantly disturbed from C;,
symmetry (Figure 1). The calculated B-F bond lengthsare 1.354
and 1.362 A, respectively. Also, the measurements at different
temperatures gave values of 1.73 £ 0.05 A at 16 °Cand 1.75 =
0.02 A at 70 °C54 The former value agrees within the
experimental error bar with the calculated equilibrium distance
of 1.68 A.

The calculated donor-acceptor bond lengths for complexes 10
and 11 are very interesting, because the predicted values at the
MP2 level are longer than the HF results (Table 3). The BF;
moieties of 10 and 11 show a significant distortion from Cj,
symmetry. The in-plane B-F bonds are clearly longer than the
out-of-plane B-F bonds by 0.015 A (Figure 1). There are no
experimental gas-phase values available for 180and 11. The solid-
state structures exhibit significantly shorter donor-acceptor bonds
than calculated for 10 and 11 at the MP2 level. Although the
solid-state structures cannot be compared directly with the
calculated geometries, it is noteworthy that the observed
conformations®556 of 10 and 11 are very similar to the calculated
structures.

The B-F bond length is a very sensitive probe for the strength
of the donor—acceptor interactions in the complexes. The weakly
bound complexes 4, 8, and 9 have B-F bond lengths that are only
slightly longer than in isolated BF; (1.312 A. Figure 1). The
strongly bound BF; complexes 5-7, 10, and 11, however, have
much longer B-F interatomic distances. A lengthening of the
B-F bond of BF; in donor-acceptor complexes has been noted
before 132129 The most strongly bound BF; complex, 6, has the
longest calculated B-F bond (1.374 A). The theoretically
predicted bond lengthening of the B-F bond in 6 is in excellent
agreement with experiment (Figure 1). The experimentally
observeds!s B-F bond length of BF;is 1.313 A (calculated 1.312
A), and the observed!? B-F bond length of Me;N-BF; is 1.374
A (calculated 1.374 A). Figure 2 shows a plot of the calculated
B-F bond lengths of 4-11 with the calculated bond energies D,
(see below and Table 6). There is a correlation between the
strength of the donor-acceptor interactions and the lengthening
of the B-F bond.

The lengthening of the B-F bonds upon complex formation is
much larger than that of the B-H bonds in the BH3; complexes
1-3 (Figure 1). This is because BF; is stabilized by strong =
donation of the fluorine lone pairs into the formally empty p(=)
orbital at boron, which yields shorter B-F bonds. There is no
empty valence orbital at boron in the strongly bound donor-
acceptor complexes.

(61) (a) CO: Herzberg, G. Spectra of Diatomic Molecules, 2nd ed.; Van
Nostrand: New York, 1950. (b) NH;: Helminger, P.; De Lucia, F. C,;
Gordy, W. J. Mol. Spectrosc. 1971, 39,94. (c) Me;N: Beagley, B.; Medwid,
A.R.J. Mol. Struct. 1977, 38, 229. (d) Me;O: see Ref 51. (¢) HCN and
MeCN: Karakida, K.; Fukuyama, T.; Kuchitsu, K. Bull. Chem. Soc. Jpn.
1974, 47,299. (f) 2-Methylacrolein: Durig, J. R.; Qiu, J.; Dehoff, B,; Little,
T. S. Spectrochim. Acta 1986, 424, 89. (g) BF; and BCl3: Gershikov, A.
G.; Spiridonov, V. P,; Zasorin, E. Z. J. Mol. Struct. 1983, 99, 1. (h) AICl;:
Zasorin, E. Z.; Rambidi, N. G. Zh. Strukt. Khim. 1967, 8, 391. (i) SOy
Holder, C. H.; Fink, M. J. Chem. Phys. 1981, 75, 5323.
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Figure2. Plot of the calculated B~F bond lengths (A) in the BF; complexes
4-9 and 11 vs the calculated interaction energies D, (kcal/mol).

Table 5. Experimental and Calculated Bond Energies of the BH;
Complexes (kcal/mol)?

0C-—BH3 HgN-—BH; Me;N-—BH;
method 1 2 3

HF/6-31G(d) D, (Dg) 9.2(58) 23.4(18.0) 25.5(20.6)
HF/TZ2P D, (Dg) 8.4(5.1) 21.8(164) 25.4(20.5)
MP2/6-31G(d) D, (Dg) 25.6 (22.2) 34.6(29.2) 41.3(36.4)
MP2/TZ2P D, (Dg) 26.4 (23.0) 33.7(28.3) 43.6(38.7)
MP2/TZ2P Dy(298)  25.1 30.7 41.1
exptl 24.6° 31.14 38.3¢

4 Values in parentheses include ZPE corrections. # Includes thermal
corrections (see text). ¢ Reference 62. 4 Estimated value, reference 7.

Table 4 shows the calculated and experimental bond lengths
for the BCl; complexes 1215, the AICl; complexes 16 and 17,
and the SO, complex 18. Experimental gas-phase geometries
are available for 14, 17, and 18. The calculated bond lengths at
the MP2 level are in good agreement with the experimental values
(Table 4). The solid-state structures of 14 and 18 have shorter
donor-acceptor bonds than the isolated molecules. The calculated
bond lengths at the MP2 level of theory for 12, 13, 15, and 16
may be used to predict the unknown structures of the molecules
in the gas phase. It should be noted that the OC-BCl; complex
(12) and the CH;CN-BCl; complex (15) are predicted with longer
donor-acceptor bonds than the OC-BF; complex (4) and the
CH;CN-BF; complex (9), while the HyN-BCl; and Me;sN-BCl;
complexes (13and 14) are predicted witha shorter donor—acceptor
bond than the H;N-BF; and Me;N-BF; complexes (5 and 6)
(Table 3). Also the BCl; complexes are calculated with much
longer B~Cl bond lengths than isolated BCl; (Figure 1). The
bond lengthening of the BCl; complexes is even larger than that
of the BF; complexes. The calculated B~Cl interatomic distance
of the most strongly bound BCl; complex, Me;N-BCl; (14), is
0.100 A longer thanin BCl;. The bond lengths of the Lewis acids
AICl;and SO, become also longer when they are complexed with
a base. The calculations predict that the geometry of the Lewis
acid changes more than the geometry of the Lewis base upon
complex formation (Figure 1).

Thecalculated B-N bond length of the CH3;CN-BCl; complex
(15) isvery interesting. The MP2/TZ2P optimized value differs
by 1.23 A from the experimental X-ray structure analysis.2% The
N-B bond length of 15 in the solid state is even 0.07 A shorter
than that of CH;CN-BF; (9). The calculations and the X-ray
structure indicate a possible record bond length shortening from
the gas-phase value to the solid state by more than 1 A. We
encourage experimentalists to investigate the CH;CN-BCl;
complex both in the solid state and in the gas phase.

The calculated donor-acceptor bond lengths of AlCl; complexes
16and 17 areonlyslightly longer than the experimentally reported
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Table 6. Experimental and Calculated Bond Energies of the BF; Complexes (kcal/mol)¢

OC-BF; H;N;—BF; Me;N-BF; Mez(;—BFg HCN-BF; CH3;CN-BF; PhCHO-BF; MA-BF;
4 6 8 9 10

method 11
HF/6-31G(d)  D.(Dp)  2.5(1.9) 208(17.4) 25.0(22.2) 12.0(10.2) 5.0(4.3) (5.6) 11.1 (9.8) 10.6 (9.2)
HF/TZ2P D, (Dyg) 1.6 (1.0) 17.5(14.1) 21.8(19.0)

MP2/6-31G(d) D.(Dy)  4.0(3.4) 26.8(23.5 36.1(33.3)
MP2/TZ2P D.(Do)  32(26) 23.0(19.6) 33.3(30.5)
MP2/TZ2P Dy(298) 4.7 22.0 32.9

exptl 310+ 1.1¢

6.1
9.0(7.2) 4034 5.0 (4.5) 8.3(7.0) 7.9 (6.5)
8.0

19.3 (17.5) 6.6 (5.9) .0(@.5) 14.3 (13.0) 14.3 (12.9)
16.7 (14.9) 5.8(5.1) 7.2 (6.7) 11.9 (10.6)¢  11.8 (10.4)
17.3 7.2 9.1 13.0 12.8

17.6 £ 0.8¢ 12.0 £ 0.8¢ 155+ 1.0¢

@ Values in parentheses include ZPE corrections. ® Thermal corrections included (see text). ¢ Reference 64, note that the experimental enthalpies
of complexation in methylene chloride are corrected by the value for CH,Cl, (2.4 £ 0.7 kcal/mol). ¢ MP2/6-31G(d) geometry.

Table 7. Experimental and Calculated Bond Energies of Other Complexes (kcal/mol)?

OC-BCl;  H3N-BCl3;  Me;N-BCl;  CH3CN-BCl;  EtCCIO-AICl; Me;N-AICl; MesN-SO,
12 13 14 15 16 17 18

method
HF/6-31G(d) D, (Dy) 0.7 (0.4) 25.1(21.0) 21.6 (18.4) 2,6 (2.3) 22.7 (21.7) 40.4 (37.8) 8.2 (6.7)
HF/TZ2P D, (Dg) 0.5(0.2) 23.2(19.2) 21.3 (18.1) 1.8(1.4) 19.6 (18.7) 37.6 (35.0) 6.9 (5.4)
MP2/6-31G(d) D, (Dg) 2.0(1.7) 314 (27.4) 36.7 (33.6) 4.4 (4.1) 24.9 (24.0) 50.2 (47.6) 13.1 (11.6)
MP2/TZ2P D, (Dyg) 2.2(1.9) 31.3(27.3) 41.3 (38.1) 4.3 (4.0) 23.3 (22.4Y 49.5 (46.9) 14.6 (13.1)
MP2/TZ2P Dy(298)% 4.0 29.7 40.5 6.4 24,8 49.3 15.5
exptl (30.59) 47.5 £ 2.0¢ 9.1 £0.4¢

4 Values in parentheses include ZPE corrections. » Thermal corrections included (see text). ¢ Estimated value, probably too low (see text), ref 63.

4 Reference 66. ¢ Reference 22d. / MP2/6-31G(d) geometry.

interatomic distances in the solid state (Table 4). This indicates
that 16 and 17 have rather strong donor-acceptor bonds. This
is indeed the case (see below). The molecular structure of 17 has
also been determined by gas-phase electron diffraction.®® A bond
length of 1.945 £ 0.035 A was reported for the AI-N bond, which
is slightly shorter than the value in the solid state (Table 4).
However, it was noted that “the value obtained for the AI-N
bond distance is...considerably less accurate than the Al1-N bond
distance determined by X-ray crystallography”.*® We think that
the calculated value of 2.010 A, which is close to the upper bound
of the experimental gas-phase value, is probably more reliable.

The Me;N-SO, complex (18) has been the subject of many
experimental?2and theoretical’2studies. The gas-phasestructure
of 18 has recently been given by Oh et al.,22t who reported the
microwave spectrum of this compound. Figure 1 shows that the
calculated structure is in excellent agreement with the experi-
mentally derived geometry. The theoretical value for the N-S
donor—acceptor bond is 2.334 A, and the experimental gas-phase
value is 2.26 £ 0.05 A.22s The calculated tilt angle of the SO,
moiety with respect to the N-S axis is 80.3°. The experimental
value is 78.5°.

Bond Energies

Tables 5-7 show the experimental and calculated bond energies
for the donor-acceptor complexes 1-18.

The theoretical dissociation energies D, are calculated as the
energy differences between the complexes and the respective Lewis
acid and base. The dissociation energy Do(0) (which is actually
the reaction enthalpy at 0 K) is given by D, plus the correction
for zero-point vibrational energies ZPE. In order tocompare the
calculated values with the experimental results, we used the
empirical correctionof 1/, R T per rotational or translational degree
of freedom and RT for the work term pV. This gives a correction
at room temperature of —2.4 kcal/mol for the calculated
dissociation energies Do(298) of the donor-acceptor complexes.
The temperature correction for the Dy(298) values of 1, 4, 8, and
12is-2.1 kcal/mol, because CO and HCN are linear molecules,
which have only 2 degrees of rotational freedom. Thetheoretically
predicted bond strengths refer to the calculated Dy(298) values
at the MP2/TZ2P//MP2/TZ2P + ZPE level of theory, unless
otherwise mentioned.

The agreement between the experimentally derived and the
theoretically predicted bond energies at the MP2 level of theory

for the donor—acceptor complexes is quite good. The calculated
bond strengths at the MP2/TZ2P level differ from the experi-
mental values by less than 3 kcal/mol with the exception of 18.
Here the difference is 6 kcal/mol. Also the values at MP2/6-
31G(d) are not very different from the experimental results. The
calculated dissociation energies may therefore be used to estimate
the bond strengths of complexes that have not been determined
experimentally. The theoretically predicted dissociation energies
at the HF level are too low. This is in agreement with the
calculated interatomic distances, which are too long at the HF
level.

The donor—acceptor complex OC-BHj (1) is the only known
carbonyl complex of a main-group element that is stable at room
temperature. 1is predicted with a rather strong donor—acceptor
bond (25.1 kcal/mol), which is in good agreement with the
experimental value (24.6 kcal/mol).82 Higher dissociation
energies are predicted for the BH; complexes with the stronger
bases NH; and NMe;. The classical donor-acceptor complexes
H;N-BH; (2) and Me;N-BH; (3) are calculated with rather
strong donor-acceptor bonds. The experimental value of 2 (31.1
kcal/mol) is an extrapolation, which is based on the measured
bond strengths of the set of methyl amine-BH; and methyl amine—
BMe; complexes Me,H; ,N-BX;.” The calculated value for 2
(30.7 kcal/mol) is in excellent agreement with the experimental
estimate.” Previous calculations of the bond strength of 2 at the
MP4/6-311G(d,p)/ /MP3/6-31G(d) level of theory give a similar
value (Dy(0) = 28.7 kcal/mol)?¢ as in our calculations (Do(0)
= 28.3 kcal/mol). The theoretically predicted bond strength of
3(41.1kcal/mol) is alsoin good agreement with the experimental
value of 38.3 kcal/mol.52 Earlier experimental values$? of the
bond strengths of 1 (18.8 kcal/mol) and 3 (31.5 kcal/mol) are
much lower. They are probably wrong.

Many experimental values are available for the bond strengths
of BF; complexes, mainly because of the systematic studies by
Gal and Maria.64 These workers report experimental enthalpies
of complexation for complexes 6, 7, 9, and 10, which are in good
agreement with the calculated dissociation energies (Table 6).
The calculations predict that the BF; complexes with CO, NHj;,
and NMe;, i.e., 4-6, are more weakly bound than the respective
BH; complexes 1-3. Complex 6 is calculated with a bond energy

(62) Lias, S. G.; Bartmess, J. E.; Liebman, J. F.; Holmes, J. L.; Levin, R.
D.; Mallard, W. G. J. Phys. Chem. Ref. Data 1988, 17, Suppl. 1.

(63) McCoy, R. E.; Bauer, S. H. J. Am. Chem. Soc. 1956, 78, 2061.

(64) Gal, J.-F.; Maria, P.-C. Prog. Phys. Org. Chem. 1990, 7, 159.
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of 32.9 kcal/mol, which is in very good agreement with the
experimental value of 31.0 £ 1.1 kcal/mol reported by Gal and
Maria 64 An earlier experimental value of 26.6 kcal/mol is
probably not correct.6? The latter experimental study from 1956
reported bond energies of 18.8 kcal/mol for 1 and 31.5 kcal /mol
for 3, which are definitely too low.

The calculated bond strength of 5 is 22.0 kcal/mol. A much
weaker bond is predicted for 4. The very low theoretical
dissociation energy of 4 (Dy(298) = 4.7 kcal/mol) is supported
by the experimentally determined32 donor-acceptor bond length
of 2.886 A (calculated 2.824 A), which is much longer than for
1 (observed®® 1.534 A, calculated 1.543 A). The theoretical
dissociation energy of the Me,O~BF; complex (7) (17.3 keal/
mol) is in excellent agreement with the experimental value$4 of
17.6+ 0.8 kcal/mol. An earlier experimental value of 13.7 kcal/
mol is probably too low.55 The aldehyde~BF; complexes 10 and
11 are predicted with slightly weaker donor~acceptor bonds than
that of 7. The calculated bond energy of 11 is 12.8 kcal/mol.
Structure 10 could only be calculated at MP2/TZ2P//MP2/
6-31G(d) because of the size of the molecule. The calculations
at the MP2/TZ2P//MP2/6-31G(d) and MP2/6-31G(d)//
MP2/6-31G(d) levels indicate that the bond strength of the
benzaldehyde~BF; complex (10) (13.0 kcal/mol), which is in
good agreement with the experimental value of 15.5 £ 1.0 kcal/
mol,6 is nearly the same as that of the vinylic aldehyde-BF;
complex 11. The nitrile complexes 8 and 9 are predicted to have
bond energies of 7.2 and 9.1 kcal/mol, respectively. The latter
value is in reasonable agreement with the experimental bond
energy of 12.0 % 0.8 kcal/mol.%* The calculated donor—acceptor
bond strengths of the BF; complexes shown in Table 6 indicate
that the qualitative order of the Lewis base strength is amine >
ether > aldehyde > nitrile > CO.

The BCl; complexes with NH; (13) and NMe; (14) are
calculated (Table 7) to be more strongly bound than the respective
BF; complexes 5 and 6 (Table 6), but more weakly bound than
the BH; complexes 2 and 3 (Table 5). The calculations predict
that 14 is more strongly bound than 13. The calculated
dissociation energy of 14 (Dy(298) = 40.5 kcal/mol) is higher
than the experimental estimate of 30.5 kcal/mol.6> However,
this estimate is based on early experimental values for 1 (18.8
kcal/mol) and 3 (31.5 kcal/mol), which are too low (see above).
Therefore, we think that the estimate of 30.5 kcal/mol for the
bond strength of 14 is also too low. The carbonyl complex 12 is
calculated as a weakly bound (Dg(298) = 4.0 kcal/mol) van der
Waals complex. Also the acetonitrile-BCl; complex (15) is
calculated with a weak donor-acceptor bond (D(298) = 6.4 kcal/
mol). Much higher dissociation energies are calculated for the
AICl; complexes 16 and 17. The acyl chloride~AlCl; structure
16 is predicted to have a bond energy of 24.8 kcal/mol (MP2/
TZ2P//MP2/6-31G(d)). The most strongly bound complex
investigated in our study is 17. The theoretical value of Do(298)
= 49.3 kcal/mol is in excellent agreement with the experimental
valueof 47.5 £ 2.0kcal/mol.6 The theoretical dissociation energy
of 18 (Dy(298) = 15.5 kcal/mol) is higher than the observed
value of 9.7 £ 0.4 kcal/mo}.22d

The calculated bond energies of the BH;, BF;, and BCl;
complexes establish a trend for the relative strengths of the boron
Lewis acids. For the strongly bound donor-acceptor complexes,
involving covalent bonding (see below), BH; appears a marginally
stronger Lewis acid than BCl,, which is significantly stronger
than BF;. For the weakly bound complexes to CO and RCN,
involving large electrostatic interactions, the situation is more
complex. The bond strengths of OC-BF; and CH;CN-BF; are
higher than the bond strengths of the respective BCl; complexes.
This is because the donor—acceptor interactions in the weakly
bound CO and CH;CN complexes are mainly caused by

(65) McLaughlin, D. E.; Tamres, M. J. Am. Chem. Soc. 1960, 82, 5618.

(66) Andersen, G. A; Forgaard, F. R.; Haaland, A. Acta Chem. Scand.
1972, 26, 1947.
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Figure 3. Correlation of the differences Ar between the donor-acceptor

bond lengths in the solid state and the calculated values (A) with the
theoretically predicted dissociation energies Dy (kcal/mol).

electrostatic interactions, whereas the amine complexes are
covalently bound (see below). BF;is a hard acid and BCl;isa
soft acid in the terminology of hard and soft acids and bases.5’
CO and CH,CN are hard bases, while NH; and NMe; are soft
bases. The HSAB model makes it plausible that OC-BF; is
more strongly bound than OC-BCl;, and that CH;CN-BF; is
more strongly bound than CH;CN-BCl,.

The calculated bond strengths of OC-BHj; (1) and OC-BCl;
(12) show that the previous conclusion that “substitution of
hydrogen by chlorine at boron in borine complexes seems to have
little effect upon the dissociation enthalpy” 7is not always correct.
Substitution of hydrogen by chlorine may even alter the nature
of the complex. The calculated bond strength of 1 (Dy(298) =
25.1 kcal/mol) is much higher than that of 12 (Dy(298) = 4.0
kcal/mol).

The calculations predict that the Me;N-AICl; complex (17)
has the strongest donor—acceptor bond (Table 7). The calculated
dissociation energies indicate that AICl; is the strongest Lewis
acid investigated inour study.® Thisisinagreement with previous
conclusions based on experimental values.”26b

A comparison of the experimentally observed donor—acceptor
bond lengths in the solid state and in the gas phase with the
calculated bond strengths revealsa very interesting trend. Figure
3 shows a plot of the differences Ar between the interatomic
distances observed in the solid state and the MP2/TZ2P optimized
bond lengths and the predicted dissociation energies Dy. There
is clearly a correlation between Ar and the bond strengths of the
complexes. Weakly bound complexes have a significantly shorter
donor-acceptor bond in the solid state than in the gas phase.

Electronic Structure

The electronic structure of donor-acceptor complexes has been
the topic of many theoretical studies.282d-fiik29a.c,32f33s,b The
nature of the dative bond, however, is still controversial. Of
particular interest is the question if the donor—acceptor bond is
mainly caused by electrostatic interactions, or whether nonelec-
trostatic (covalent) contributions, which are induced by charge
transfer from the donor to the acceptor, are dominant. The HSAB
model considers electrostatic and covalent interactions as the
principal forces.* Itis difficult, however, to develop a procedure
that transforms the qualitative HSAB model into a quantitative

(67) That BF; is a harder Lewis acid than BCl; becomes obvious by the
calculated partial charge at the boron atom in BF; and BCl;; see Table 8.

(68) Theory predicts that the strongest neutral Lewis acid is BeO: Koch,
W.; Frenking G. In Molecules in Natural Science and Medicine—an Enconium
for Linus Pauling; Maksic, Z. B., Eckert-Maksic, M., Eds.; Ellis Horwood:
New York, 1991; p 225.
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Table 8. MP2/6-31G(d)-NBO Charges for All Complexes

donor-atom acceptor atom Lewis acid D,

BH; 0.33 0
OC-BH; 1 076 -0.60 044 264
H;N-BH; 2 -0.94 -0.15 035 337
Me;N-BH; 3 -0.44 -0.16 034 436
BF; 1.49 0

OC-BF; 4 0.44 1.48 -0.03 3.2
H;N-BF; 5 -1.03 1.38 028 230
Me;N-BF; 6 -0.53 1.40 026 333
Me;O-BF; 7 -0.56 1.44 020 167
HCN-BF; 8 -0.34 1.49 -0.04 5.8
CH;CN-BF; 9 -0.35 1.48 -0.08 7.2
PhCHO-BF; 10 -0.51 1.43 020  11.9%
MA-BF; 11 -0.51 1.43 020 118
BCl 0.32 0

OC-BCl; 12 0.44 0.32 -0.01 2.2
H;N-BCl; 13 -1.01 0.29 036 313
Me;N-BCl; 14 -0.51 0.32 032 413
CH,CN-BCl4 15 -0.34 0.33 -0.03 43
AIC), 1.51 0
E(CCIO-AICI; 16  —0.60 1.49 0.4  23.3b
Me;N-AICl; 17 ~0.64 1.51 014 495
SO, 1.48 0

Me;N-SO; 18 -0.49 1.53 -0.16  14.6
ocC 0.44

H3;N -112

MesN -0.51

¢ Calculated at MP2/TZ2P. * MP2/6-31G(d) geometry.

method.® The problem isthatthe decomposition of theinteraction
energy between the donor and the acceptor moiety into different
terms may lead to qualitatively different answers. The Morokuma
analysis®® of the interactions in H;N-BH; suggests that the
stabilization has mainly electrostatic character,282 while the
extended geminal model of Rgeggen’® emphasizes nonelectrostatic
contributions to the bonding.33* Both methods find significant
nonelectrostatic contributions to the bonding in OC-BH;.282:332
A very recent study by Glendening and Streitwieser33® using the
natural energy decomposition analysis (NEDA), which is based
on the NBO procedure,?* comes to the conclusion that OC-BH;
and H;N-BH; are significantly stabilized by charge-transfer
interactions. Inthe following we compare the results of the NBO
population scheme® and the topological analysis’* of complexes
1-18. We begin with the calculated charge distribution given by
the NBO analysis, which is shown in Table 8.

Before we discuss the calculated atomic partial charges, we
want toremind the reader that dividing up the molecular electronic
charge into atomic regions is always based upon an arbitrary
partitioning scheme. The calculated charges have no physical
meaning; they should only be used as a model to explain trends
and properties of molecules. In particular, the absolute values
of the partial charges should not be overinterpreted.”! Rather,
the change in the partial charges upon complex formation should
be compared.

(69) (a) Morokuma, K. J. Chem. Phys. 1971, 55, 1236. (b) Morokuma,
K.; Iwata, S.; Lathan, W. A. In The World of Quantum Chemistry; Daudel,
R., Pullman, B., Eds.; Reidel: Dordrecht, 1974. (c) Morokuma, K. Acc.
Chem. Res. 1977, 10, 294. (d) Morokuma, K.; Kitaura, K. In Molecular
Interactions; Ratajczak, H., Orville-Thomas, W. J., Eds.; Wiley: New York,
1980; Vol. 1 and references cited therein.

(70) (a) Roeggen, I.J. Chem. Phys. 1983,79,5520. (b) Reeggen, 1.;Reza
Ahmadi, G.; Wind, P. A. J. Chem. Phys. 1993, 99, 277 and references cited
therein.

(71) An important example is the charge distribution of CO. There is a
widespread belief that the measured dipole moment of CO (0.11 D, carbon
being the negative end of the dipole)?? necessarily means that the partial
charge at the carbon atom must be negative. This assumption ignores the
polarization of the atomic densities. The atomic charge distribution is not
spherically symmetric. Therefore, the dipole moment cannot be used as an
experimental proof to estimate atomic charges.

(72) Nelson, R. D,; Lide, D. R,; Maryott, A. A. Natl. Stand. Ref. Data
Ser. (US. Natl. Bur. Stand.) 1967, 10.
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Table 9. Electron Density p (e/A’), Laplacian V2py, (¢/AS), and
Energy Density H, (hartree/A3) at the Bond Critical Points ry, of the
Donor—Acceptor Bonds®

o V2pp Hy T
OC-BH3 1 0.89 14.85 -0.60 0.32
H;3;N-BH; 2 0.66 12.03 -0.35 0.31
Mes;N-BH; 3 0.73 11.41 -0.44 0.31
OC-BF; 4 0.08 0.91 0.01 0.44
H3;N-BF; § 0.71 6.64 -0.50 0.31
Me;N-BF; 6 0.80 5.19 —0.63 0.31
Me,O-BF; 7 0.58 5.59 -0.38 0.32
HCN-BF; 8 0.13 1.38 0.00 0.43
CH;CN-BF; 9 0.20 1.62 -0.03 0.40
PhCHO-BF; 10 0.52 4.27 -0.34 0.33
MA-BF; 11 0.52 4.17 -0.34 0.33
OC-BCl; 12 0.04 047 0.01 0.47
H3;N-BCl; 13 0.83 7.74 -0.61 0.31
Me3;N-BCl; 14 0.84 4.20 -0.68 0.31
CH;3;CN-BCl, 15 0.08 0.78 0.00 0.46
EtCCIO-AICI; 16 0.30 7.15 0.04 0.42
Me3;N-AICl; 17 0.39 7.22 -0.02 0.40
Me;N-SO; 18 0.39 2.55 -0.05 0.50

4 Position of the bond critical point 7y is given by r(CP-A)/r(D-A).
All data are at MP2/6-31G(d); CP = coordinate of bond critical point,
A = acceptor atom, D = donor atom.

The results show that BH; complexes 1-3 have a higher charge
transfer from the donor to the acceptor moiety than the complexes
of BF3, AICl3, and SO, although the positive partial charge at
the acceptor atom of the Lewis acids BF;, AlCl;, and SO, is
much higher than that of BH;. BH; complexes 1-3 differ from
the other structures by a much higher change of the partial charge
at the acceptor atom boron toward a more negative value, while
the hydrogen atoms at boron become less negatively charged.
The B atom in BH; has a truly empty p orbital, while this orbital
is partially occupied in BF; and BCl, by the charge donation of
the halogen lone-pair electrons. The charge transfer to BHj is
higher for 1 (0.44 ¢) than for 2 (0.35 ¢) and 3 (0.34 ¢), but the
bond energy of 1 is lower than for 2 and 3 (Table 5). The higher
charge transfer of 1 is consistent with the significantly shorter
donor-acceptor bond (1.543 A) than those of 2 (1.648 A) and
3 (1.628 A, Table 2). The very short donor-acceptor bond of 1
can be explained by the fact that the donor atom carbon is sp
hybridized, while the donor atom nitrogen is sp? hybridized in 2
and 3. From the NBO analyses it follows that there is no
correlation between charge transfer and bond strength in donor—
acceptor complexes! The most strongly bound donor—acceptor
complex, 17, has only a charge transfer of 0.14 ¢ (Table 8).

More detailed information about the electronic structure of
the donor-acceptor complexes is available from the topological
analysis of the electron density distribution.? Table 9 shows the
calculated results. Figure 4 displays the contour line diagrams
of the Laplacian distribution of the electronic charge for 1-18
and the most important isolated Lewis acids and bases.

BH; complexes 1-3 are characterized by large covalent
contributions to the donor-acceptor bond. This is revealed by
the strongly negative value of the energy density at the bond
critical point H, (Table 9). It has been shown that covalent
bonds have negative Hj values, while jonic bonds and van der
Waals complexes have values of Hy, = 0.73 Typical values of H,
for a covalent single bond are between —1 and -3.7 The
calculations suggest that structure 1 has a more covalent donor—
acceptor bond (H, = —0.60) than 2 (-0.35) and 3 (-0.44). Parts
a—c of Figure 4 show that the donor-acceptor bonds of 1, 2, and

(73) Cremer, D.; Kraka, E. Angew. Chem. 1984, 96, 612; Angew. Chem.,
Int. Ed. Engl. 1984, 23, 627.

(74) (a) Bay, C. M; Katritzky, A. R.; Sutton, L. E. J. Chem. Soc. 1958,
1258. (b) Romm, I. P.; Sevast’yanova, T. G.; Gur’yanova, E. N,; Kolli, . D.;
Rodionov, R. A. Zh. Obshch. Khim. 1968, 38, 1938; J. Gen. Chem. USSR
(Engl. Transl.) 1968, 38, 1881.
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Figure 4. Contour line diagrams of the Laplacian distribution V2p(r) at MP2/6-31G(d). Dashed lines indicate charge depletion (V2o(r) > 0), and
solid lines indicate charge concentration (V2p(r) < 0). The solid lines connecting the atomic nuclei are the bond paths, and the solid lines separating
the atomic nuclei indicate the zero-flux surfaces in the molecular plane. The bond critical point ry is at the crossing of the bond path and the zero-flux

surface.

3 are characterized by an area of charge concentration (V2p(r)
<0, solid lines), which is formed by the deformation of the lone-
pair electronic charge at the donor atoms (compare the Laplacian
distribution of CO, NHj;,and NMe;). Theshape of the Laplacian
distribution makes the type of bonding, that is, the donation of
electronic charge from the Lewis base toward the Lewis acid,
clearly visible. The large area of charge concentration in the
donor-acceptor bonding regionis in agreement with the calculated
Hyvalues, which predict significant covalent contributions to the
bonding. The deformation at the nitrogen atom appears to be
larger for 3 than for 2, which agrees with the higher Hy value of
3 (0.44) than that of 2 (0.35).

The larger negative value Hy, = —0.60 for the donor—acceptor
bond of 1 than those of 2 (Hy, = -0.35) and 3 (H, = -0.44)
indicates stronger covalent interactions in the former complex
thanin thelatter molecules. Yet,thedonor—acceptor interactions
of 2 (D, = 28 3 kcal/mol) and 3 (D, = 38.7 kcal/mol) are stronger
than those of 1 (D, = 23.0 kcal/mol). A similar result has been
found in the recent theoretical study by Glendening and
Streitwieser?3® using the natural energy decomposition analysis
(NEDA). The NEDA results reveal that the strongest donor—
acceptor interactions in 1 and 2 are charge-transfer (CT)
interactions, but the calculated CT stabilization of 1 is nearly

twice as large as that of 2. The H,, values of 1 and 2 show a
similar ratio. Alsothecalculated partial chargesindicatealarger
charge transfer from the donor to the acceptor for 1 than for 2
(Table 8). The NEDA results show that the electrostatic and
deformation terms of the donor—acceptor interactions are stronger
in 2 than in 1.3% It follows that the stronger donor-acceptor
bond of 2 (and probably 3) than that of 1is caused by electrostatic
and deformation terms.

The comparison of the Laplacian distribution of BH; complexes
1-3 with that of the respective BF; complexes 4-6 shows striking
differences. The Laplacian distribution at CO in 4 is hardly
disturbed by the BF; acceptor (Figure 4d). The H value (0.01,
Table 9) indicates that the complex 4 is formed solely by
electrostatic interactions. However, the Laplacian distributions
of BF; complexes § and 6 show stronger deformations of the
charge concentration at the donor atom than the respective BH;
complexes 2 and 3 (Figure 4e,f). Also the H,, values for 5§ and
6 are more negative than for 2 and 3 (Table 9). Yet, the donor—
acceptor bonds of 2 and 3 are stronger than those of § and 6
(Tables 5 and 6). This demonstrates that neither the degree of
covalency nor the electrostatic interactions alone determine the
strength of the donor-acceptor bonds.

The shapes of the Laplacian distribution of the other BF;
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complexes, 7, 8, and 10, show less deformation at the donor atoms
than the nitrogen atoms of the amine complexes 5 and 6 (Figure
4g-i). The contour line diagrams of the Laplacian distribution
of 9 and 11 in the bonding region are very similar to those of 8
and 10, respectively. Therefore, they are not shown here. The
oxygen atoms of 7 and 10 have only a small droplet-like appendix
in the direction of the boron atom. But the Hy, values of the O-B
bonds in these complexes suggest significant covalent contributions
to the bonding (—0.38 for 7, -0.34 for 10 and 11, Table 9). The
cyanocomplexes 8 and 9, however, are only bound by electrostatic
interactions. The H, values for the donor-acceptor bonds are
nearly 0.

The Laplacian distribution of BCl; complexes 12-15 is similar
to that of the corresponding BF; complexes 4-6 and 9 (Figure
4j-m). Structures 12 and 15 are weakly bound complexes held
together by electrostatic interactions (see the Hy, values in Table
9). There is very little change in the Laplacian distribution
between 12 and 15 and the respective Lewis bases and acid. The
Laplacian distribution of 13 and 14 shows a strong deformation
at the nitrogen atomn, which is even stronger than in the respective
BF; complexes 5 and 6. The H, values indicate that 13 and 14
have higher covalent contributions than 5 and 6, respectively.
The higher covalency of the BCl; complexes induces stronger
bonds for 13 and 14 than for 5 and 6 (Tables 6 and 7).

The topological analyses of the electronic structure of the AlCl;
complexes 16 and 17 demonstrate that a strong dative bond does
not necessarily have a covalent character! The shape of the
Laplacian distribution of 17 reveals that the electronic charge at
the nitrogen atom of NMe; is much less altered by the presence
of the Lewis acid AICl; than in the boron complexes 3, 6, and
14 (Figure 4o). Thecalculated Hyvalue suggests that the donor—
acceptor bond of 17 has practically no covalent contributions (H,
= (.05, Table 9). It follows that 17 is held together mainly by
electrostatic interactions. Still, complex 17 is the most strongly
bound donor-acceptor complex investigated in our study. Strong
dative bonds of donor-acceptor complexes may be formed by
electrostatic or by covalent interactions!

Also the SO, complex 18 is mainly bound by electrostatic
interactions (Hy = -0.05, Table 9). The Laplacian distribution
of 18 is very interesting (Figure 4p). The area of charge
concentration at the nitrogen atom is not directed toward the
hole in the valence sphere of the electronic charge at the sulfur
atom. Thisis because the oxygenatoms are placed in the direction
of the charge depletion above and below the molecular plane.
The steric repulsion between the oxygen atoms and the Lewis
base prevents the orientation of the nitrogen lone-pair electronic
charge toward the area of charge depletion at the sulfur atom.

Dipolar Intermolecular Interactions

The comparison of the donor—acceptor bond lengths observed
in the gas phase and in the solid state (Table 1) reveals that the
complexes always have shorter bonds in the latter aggregation
state. This is attributed to the dipole—dipole interactions in the
solid state.®!%2! Table 10 shows the theoretically predicted and
experimentally observed dipole moments of complexes 1-18. The
agreement between the calculated and experimental values is
quite good aside for 7. The calculations show that most complexes
have rather large dipole moments, except for carbonyl complexes
1, 4, and 12.

The N-B interatomic distance of HyN-BH; (2) is 1.657 £
0.02 A in the gas phase® and 1.564 £ 0.006 A in the solid state 3.7
In the weaker crystal field of HyN-BH;3—[18-crown-6] the N-B
interatomic distance is only 1.603 + 0.032 A.76 Theoretical
calculations of the geometry of 2 with simulating the electric

(75) Boese, R.; Niederpriim, N.: Blaser, D. In Molecules in Natural Science
and Medicine—an Enconium for Linus Pauling; Maksic, Z. B., Eckert-Maksic,
M., Eds.; Ellis Horwood: New York, 1991; p 103.

(76) Colquhoun, H. M.; Jones, G.; Maud, J. M.; Stoddart, J. F.; Williams,
D. J. J. Chem. Soc., Dalton Trans. 1984, 63.
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Table 10. Experimental and Calculated (MP2/TZ2P) Dipole
Moments for All Complexes

caled exptl
OC-BH; 1 2.16 1.70¢
H3N-BH; 2 5.44 5.22¢
MesN-BH; 3 5.06 4.62¢
OC-BF; 4 0.85 0.59¢
H3N-BF; 5 6.14
Me;N-BF; 6 6.09 5.637
Me,0-BF; 7 5.49 435
HCN-BF; 8 4.22
CH;CN-BF; 9 6.06
PhCHO-BF; 10 8.430
MA-BF; 11 7.45
OC-BCl; 12 0.58
H3N-BCl; 13 6.17
Me;N-BCl; 14 6.75 6.314
CH;CN-BCl; 15 4.90
EtCCIO-AICI; 16 8.474
Me;N-AICI; 17 6.86
MeyN-S0, 4.59 4,308

4 MP2/6-31G(d) value. ? Reference 50. ¢ Reference 9. 4 Reference
74a. € Reference 52. / Reference 74b. £ Reference 22h.

(a)

¢}

J

Figure 5. Optimized structures of 1he dimer and tetramer of 2 and the
dimer of 5.

field of a surrounding solvent using the self-consistent reaction
field (SCRF) model™ predict a shortening of the N-B bond from
1.66 A for the isolated species to 1.62 A in the presence of hexane
and 1.57 A in the presence of water.%

Inorder to calculate explicitly the effect of short-range dipolar
interactions, we optimized the geometries of the dimer and
tetramer of 2. Monomeric 2 has a dipole moment of 5.22 D.* The
theoretical value at MP2/TZ2P is 5.44 D. The optimized
geometries of the dimer (Ca,) and tetramer (Cs,) of 2 are shown
in Figure 5. Both structures, which are fully optimized within
the given point group, are minima on the potential energy

(77) (a) Miertus, S.; Scrocco, E.; Tomasi, J. J. Chem. Phys. 1981, 55, 117.
(b) Pascal-Ahuir, J. L.; Tomasi, J.; Bonaccorsi, R. J. Comput. Chem. 1987,
8, 778,
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Table 11. Comparison of B-N Bond Lengths for (H;N-BHj3), (n =
1, 2, 4) and (H3N-BF3), (n = 1, 2)

H3N- (H3N- (H3N- H3;N-  (H3N-
BH; BH3): BHj).: BF; BF3);
2(Cw) (Ca) Gw) 8(Gw) (G

X-ray: B!-N! 1.5644 1.60¢
BI-N! 1.56¢
B!-N2 3.49%

gas phase; BI-N!  1.657¢ 1.59¢

HF BI-N1 1.690 1.660 1.622 1.693 1.642
MP2  B!-N! 1.662 1.637 1.604 1.679 1.629

HF B2-N? 1.669 1.638
MP2  B2-N2 1.645 1.628
HF BI-N? 3.493 3.583 4014
MP2 B!-N2 3.340 3.409 3.424
HF B2-N! 3.581 3.937
MP2  B2-N! 3.411 3.337

@ Reference 8a. ¢ Reference 51. ¢ Reference 9. ¢ Reference 53. ¢ Ref-
erence 24.

hypersurface. The theoretical and experimental bond lengths
are listed in Table 11.

The donor-acceptor bond length of 2 is calculated at the MP2/
6-31G(d) level to become significantly shorter in going from the
monomer (1.662 A) to the dimer (1.637 A) and the tetramer
(1.604 A). It follows that the dipole—dipole interactions of the
tetramer account already for 60% of the shortening of the N-B
bond length between the gas phase and the solid state. Also the
calculated interatomic N-B distances between the monomeric
units in the tetramer (3.409 and 3.411 A) are in reasonable
agreement with the experimental average value for the solid state
(3.49 A).51 It should be noted, however, that the optimized
geometry of the tetramer of 2 does not really mimic the solid-
state structure. The unit cell of 2 shows that each monomer is
surrounded by eight H;N-BH; molecules.” The present cal-
culations indicate only that the dipole—dipole interactions of the
dimer and the tetramer of 2 lead already toa significantly shorter
donor—acceptor bond.

We also calculated the dimeric form of H;N-BF; (5).
Monomeric § has a calculated dipole moment of 6.14 D (MP2/
TZ2P). The optimized dimer of § (C;) is slightly different from
the dimer of 2 (C,3), because the former structure is additionally
stabilized by hydrogen bonding between fluorine and hydrogen
atoms (Figure 5). The monomeric moieties of 2 are not equivalent
in the dimer. Table 11 shows that the dimer of § has clearly
shorter B-N bonds (1.629 and 1.628 A) than the monomer (1.679
A). The short-range dipolar interactions of the donor—acceptor
complexes are responsible for the significant shortening of the
dative bonds.

Summary

The theoretically predicted geometries and bond energies of
the donor-acceptor complexes 1-18 at the MP2/TZ2P level of
theory are generally in very good agreement with accurate
experimental gas-phase values. BH; binds strongly to CO, NHj,
and NMe; with calculated dissociation energies at 298 K of 25.1
kcal/mol (OC-BH3), 30.7 keal /mol (H;N-BH;),and 41.1 keal/
mol (Me;N-BH;). The B-H bond lengths of the complexes are
slightly longer than in free BH;. BF;iscalculated tobe a weaker
Lewis acid than BH;. The calculated bond strengths of H;N-
BF; and Me;N-BF; are 22.0 and 32.9 kcal/mol, respectively.
OC-BF; is theoretically predicted to be a weakly bound van der
Waals complex (Do(298) = 4.7 kcal/mol) witha very long donor—
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acceptor bond (rpy = 2.824 A), which is in agreement with
experiment. The calculated bond strengths of the BF; complexes
with Me,O (17.3 kcal/mol), HCN (7.2 kcal/mol), MeCN (9.1
kcal/mol), benzaldehyde (13.0 kcal/mol), and 2-methylacrolein
(12.8 kcal/mol) are intermediate between those of the CO and
the amine complexes. The calculations show that the B~F bond
length is a very sensitive probe for the strength of the donor—
acceptor interactions. It becomes significantly longer in the
strongly bound donor—acceptor complexes.

The BCl; complexes have clearly longer B—Cl interatomic
distances by up to 0.1 A than free BCl;. The calculated bond
strengths of the BCl; complexes with NH; (29.7 keal/mol) and
Me;N (40.5 kcal/mol) are higher than those of the respective
BF; complexes. However, the weakly bound molecules OC-
BCl; (4.0 kcal/mol) and MeCN-BCl; (6.4 kcal/mol) are
predicted to be more weakly bound than the BF; analogues. The
comparison of OC-BHj; (Dy(298) = 25.1 kcal/mol) with OC-
BCl; (Do(298) = 4.0 kcal/mol) shows that the substitution of
hydrogen by chlorine at boron in donor—acceptor complexes may
have a dramatic effect upon the bond strength. The most strongly
bound donor—acceptor complex investigated in our study is Me; N~
AICl3. The calculated bond strength of 49.3 kcal/mol agrees
very well with the experimental value of 47.5 % 2.0 kcal/mo).66
The calculated bond lengths of the Lewis acids AlCl; and SO,
in the donor—acceptor complexes Me;N-AICl,, EtCCIO-AICI;
(Do(298) = 24.8 kcal/mol), and Me;N-SO, (Dy(298) = 15.5
kcal/mol) are also longer than in the isolated molecules.

The analysis of the electronic structure using the NBO
partitioning scheme indicates that there is no correlation between
the charge transfer from the donor to the acceptor and the
calculated strength of the donor-acceptor bond. The topological
analysis of the electronic structure reveals that the strongly bound
complexes of BH3, BF;, and BCl; have significantly covalent
contributions to the donor-acceptor bonds. Electrostatic interac-
tions are responsible for the binding of the weakly bound van der
Waals complexes of the boron Lewis acids. However, electrostatic
interactions alone may alsolead to very strongly bound complexes.
The topological analysis of the binding interactions in the AlCl;
and SO, complexes shows very little covalent contributions. The
donor-acceptor bonds in these structures are nearly exclusively
caused by electrostatic interactions. Thus, while the most strongly
bound boron complex Me;N-BH; (Dg(298) = 41.1 kcal/mol)
has significant covalent contributions, the most strongly bound
complex Me;N—-AICI; (Dg(298) = 49.3 keal /mol) is mainly bound
by electrostatic interactions.

The bond shortening of the donor-acceptor bonds between the
gas phase and the solid state is calculated to be mainly due to
short-range dipole—dipole interactions. The calculated bond
length of the B-N bond of H;N-BH; decreases from the monomer
(ren = 1.662 A) to the dimer (rsx = 1.637 A) and the tetramer
(ren = 1.604 A). Also the dimer of H;N-BF; has a clearly
shorter B-N bond in the dimer (rsx = 1.629 A) than in the
monomer (ran = 1.679 A).
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