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An ab initio study of an isomer of diborane(4) [B2H4] has been carried out at MP2/aug-cc-pVTZ

to investigate the ground-state properties of this unusual molecule, a derivative of which has been

described in the recent literature. The geometric, electronic and orbital characteristics of B2H4(4)

have been analyzed using AIM, NBO, and ELF methodologies. A region with a high

concentration of electron density is located near and along the B–B bond, on the opposite side of

this bond relative to the bridging H atoms. This site serves as an electron-donor site to

electrophiles, resulting in hydrogen-bonded complexes of B2H4 with proton donors HF, HNC,

HCl, HCN, and HCCH, and a van der Waals complex with H2. These complexes have C2v

symmetry and stabilization energies that vary from 2 to 27 kJ mol�1. The SAPT2 energy

decomposition analysis shows that the relative importance of the various terms that contribute to

the interaction energy depends on the strength of the interaction.

1. Introduction

Like carbon, silicon, and sulfur, boron is one of the more

versatile elements of the Periodic Table since it can also form

different types of bonds with itself and with other elements.

Thus, B–B single,1–6 one-electron s,7 double,8–12 aromatic,13

and triple14–19 bonds have been reported. In a recent article, a

derivative 1 of diborane B2H4(4) has been described,20 in

which there are two bridging hydrogen atoms, with each

boron atom also bonded to a bulky aromatic substituent.

No evidence of other stabilizing interactions was found.

Previous theoretical investigations have shown that two

alternative structures of diborane(4), 2 and 3, have very similar

energies.3,5 Some metal complexes with an open rather than

a bridged structure which resemble structure 3 have been

detected experimentally.21–23 However, an experimental

photoionization mass spectrometric investigation concluded

that isolated B2H4 has structure 2.4 This finding led us to

investigate the structure and bonding properties of 2, which is

identified as diborane(4). In this paper we characterize this

molecule and its hydrogen-bonded complexes with a set of

electrophiles.

2. Methods

The geometries of B2H4(4), the Lewis acids HF, HCN,

HCl, HNC, HCCH, and H2, and the complexes formed

between B2H4(4) and these acids were fully optimized at

MP2/6-31+G(d,p).24,25 Frequency calculations were performed

at this level to confirm that these structures correspond to

minima on their potential surfaces. These monomers and

complexes were then re-optimized at MP2/aug-cc-pVTZ.26

Binding energies have been calculated at this level as the

negative of the interaction energy, which is computed as the

total energy of the complex minus the sum of the energies of

the isolated monomers. This energy has also been computed

including the basis set superposition error (BSSE) using the

full counterpoise method proposed by Boys and Bernardi.27

The BSSE corrected MP2/aug-cc-pVTZ interaction energies

are closer to the MP2/CBS energies than the uncorrected

ones.28 All of these calculations have been carried out using

the Gaussian-09 package.29

To gain insight into the nature of the interactions in these

complexes, we have carried out several different analyses,

including an energy decomposition using symmetry-adapted

perturbation theory (SAPT) with the aug-cc-pVTZ basis

set. These calculations were performed at the optimized MP2/

aug-cc-pVTZ geometries using the SAPT2008 program.30
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The electron densities of B2H4 and its complexes have

been analyzed employing the Atoms In Molecules (AIM)

methodology31,32 with the AIMAll program.33 A value of

0.001 e bohr�3 has been used to define the van der Waals

surfaces of molecules and to calculate the degree of electron

density penetration due to complex formation. Atomic charges

have been evaluated by numerical integration of the electron

density in the atomic basins. A value of 1 � 10�3 for the

integrated magnitude of the Laplacian has been used as a cut-off,

since smaller values of this parameter have been shown to

provide small average errors in the total charge of the system.34

The TOPMOD program35 has been used to analyze the areas of

charge concentration in terms of the Electron Localization

Function (ELF).36 ELF is a function that becomes large in

regions of space where electron pairs are localized, either as

bonding or lone pairs. The function is conveniently scaled

between 0 and 1, thereby mapping from the very low (0) to very

high (1) electron localization regimes. ELF 4 0.5 isosurfaces

provide clear pictures of the regions of electron localization in

molecules. The ELF basins have been successfully related to key

bonding concepts, such as core, valence, and lone-pair regions,

while their populations and synaptic orders have been related to

bond order. A convenient value of ELF= 0.8 has been adopted

in the present work.

Finally, the Natural Bond Orbital (NBO) method37,38

implemented in Gaussian09 was applied at the B3LYP/aug-

cc-pVTZ//MP2/aug-cc-pVTZ level to calculate the atomic

charges and analyze energies. The molecular electrostatic

potential (MEP) has been calculated to identify regions favorable

for electrophilic attack.

3. Results and discussion

3.1 Properties of the isolated molecule

The calculated B–B distance of diborane(4) 2 (1.465 Å) is in

reasonably good agreement with the reported value from the

X-ray structure of 1 (1.488 Å), despite the difference in the

substituents bonded to the boron atoms. The sensitivity of

the B–B interatomic distance to substituents can be seen by

comparing the B–B distance in the computed structure of the

dimethyl derivative of diborane, CH3BH2BCH3 4, with that of 2.

The dimethyl derivative has a similar structure to 2 but with a

B–B distance of 1.474 Å. B2H4(4) and its dimethyl derivative are

illustrated in Fig. 1.

The electronic properties of isolated 2 have been studied

using AIM, ELF and MEP methodologies. The AIM results

show the presence of a non-nuclear attractor NNA (a maximum

in the electron density) along the B–B bond path, as illustrated

in Fig. 2. The presence of a non-nuclear attractor is not

common for systems other than those containing metals.

However, several chapters in a recent book discuss NNAs

in other situations.39–41 As the editors note in the opening

chapter,39 local maxima in the electron density can occur

occasionally at positions other than those of atomic nuclei,

especially in metals and semiconductors. The non-nuclear

maxima, or non-nuclear attractors (NNAs), are topologically

indistinguishable from nuclear maxima.42 Thus, similar to a

local maximum in the electron density surrounding a nucleus, an

NNA is associated with a basin swept by gradient vector field

lines and bounded by a zero-flux surface. Consequently, NNA

basins constitute proper open quantum systems and have

therefore been termed ‘‘pseudo-atoms’’.43 Pseudo-atoms can

be bonded (i.e. share a common interatomic zero-flux surface,

a bond critical point, or a bond path) to atoms or other pseudo-

atoms in a molecule. Non-nuclear attractors and their basins are

important for characterizing bonding in such systems.

Particularly relevant to the present investigation is a discus-

sion of boron–boron bonds by Martı́n Pendás, Blanco,

Costales, Mori Sánchez, and Luaña.44 These authors proposed

that rather than being an oddity, NNAs are a normal step in

the chemical bonding of homonuclear atoms if the inter-

nuclear distance lies within a range conducive to bonding.

For boron–boron bonds, the calculated range is between 1.06

and 1.59 Å. Since the B–B distances in 2 and 4 are 1.465 and

1.474 Å, respectively, the appearance of NNAs should not be

considered abnormal in these rather unique molecules.

The ELF analysis of B2H4(4) indicates the existence of a

region of highly localized electron density on the opposite side

of the bridging hydrogen atoms of B2H4, as shown in Fig. 3.

This is the region in which the AIM basin of the NNA is

located. The integrated electron density over the ELF basin

associated with this region accounts for 2.01 electrons. The

Molecular Electrostatic Potential (MEP) of this molecule also

shows an important region of negative charge on the opposite

side of the B–B bond relative to the bridging hydrogen atoms,

Fig. 1 Optimized MP2/aug-cc-pVTZ structures of B2H4(4) and its

dimethyl derivative.

Fig. 2 Molecular graph of B2H4 calculated at MP2/aug-cc-pVTZ.

The green dots indicate the positions of bond critical points. The NNA

is represented in purple. The lines connecting the atoms correspond to

the bond paths.

Fig. 3 ELF isosurface at a 0.8 value calculated at the MP2/aug-cc-

pVTZ computational level.
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as shown in Fig. 4. The value of the MEP at the minimum is

�0.051 au. All of these indicators suggest that the B–B bond of

B2H4(4) may serve as an electron donor for the formation of

hydrogen bonds.

The NBO analysis provides a straightforward representa-

tion of the molecular orbitals of B2H4(4). It shows that this

molecule has seven doubly-occupied orbitals: two corres-

ponding to the core electrons of the two boron atoms; two

corresponding to the axial B–H bonds; two three-center BHB

bonds; and one B–B s bond. The last orbital, the HOMO

(Fig. 5), is formed by sp2.2 hybrid orbitals on both boron

atoms. The individual orbitals point to a region opposite the

bridging H atoms significantly below the B–B bond, and thus

the bond path linking the two boron atoms with the NNA

shows a clear curvature. The region where the B–B s bond is

located corresponds to the region of high electron density

previously identified by the ELF and MEP analyses. Thus, it is

this region which makes B2H4(4) a relatively electron-rich site

for hydrogen-bond formation.

3.2 Hydrogen bonded complexes of diborane(4)

3.2.1 Energies and geometries. An initial search of the

B2H4–FH potential surface led to the identification of minima

for two types of hydrogen-bonded complexes. The more

weakly-bound complex has FH as the basic site for hydrogen

bonding, as illustrated in Fig. S1 of the ESIz, and a binding

energy including BSSE of only 1.6 kJ mol�1. Given this result,

searches of potential surfaces for complexes of this type were

not carried out. Rather, this investigation has been limited to

only those complexes in which B2H4(4) acts as the basic site for

hydrogen bonding.

MP2/aug-cc-pVTZ binding energies and selected geometric

parameters of the complexes of B2H4 with Lewis acids HF,

HCN, HCl, HNC, HCCH, and H2 are reported in Table 1.

These complexes, illustrated in Fig. 6, have C2v symmetry with

the hydrogen atom of the Lewis acid pointing toward the

region of the NNA and the negative MEP. The geometries of

the B2H4:HX complexes resemble the experimental and calcu-

lated geometries of the corresponding C2H2:HX and C2H4:HX

complexes.45–47 When HF is the acid, the distance between the

HF proton and the midpoint of the B–B bond is 2.096 Å,

which is similar to but shorter than that distance in the

corresponding complex C2H2:HF (2.19 Å).45

The binding energies of these complexes range from

27 kJ mol�1 for B2H4:HF to less than 2 kJ mol�1 for the

van der Waals complex formed between B2H4 and H2. These

energies are about 1.6 times greater than those computed

for the corresponding complexes with C2H2.
48 The binding

energies of the complexes between C2H2 and HF, HCl, HCN

and HCCH are reported in ref. 48. For comparison purposes,

the complexes of C2H2 with HNC and H2 were reoptimized at

MP2/aug-cc-pVTZ.

Fig. 4 Molecular electrostatic potential at �0.03 au calculated at

the MP2/aug-cc-pVTZ computational level. Orange and lime green

regions indicate negative and positive regions, respectively.

Fig. 5 Representation of the NBO sB–B molecular orbital at a �0.02
isosurface.

Table 1 MP2/aug-cc-pVTZ binding energies (Ei, kJ mol�1), and
selected distances (Å)

Complex Ei

Ei with
BSSE Distance H� � �*a

H� � �B
distance

H–X bond
elongation

B2H4:HF 29.6 27.1 2.096 2.221 0.039
B2H4:HNC 27.3 24.3 2.284 2.399 0.049
B2H4:HCl 21.1 18.7 2.271 2.386 0.046
B2H4:HCN 15.9 13.8 2.599 2.701 0.025
B2H4:HCCH 9.8 8.0 2.733 2.829 0.012
B2H4:H2 1.9 1.6 3.299 3.379 0.002

a * indicates the geometrical center of the B–B bond.

Fig. 6 Hydrogen-bonded complexes of B2H4(4) with proton donors

and the van der Waals complex with H2.
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Complex formation has little effect on the geometry of

B2H4, since the B–B distance in isolated B2H4 is 1.465 Å,

compared to 1.468 Å in the most strongly-bound complex. In

contrast, a significant lengthening of the H–X bond of the

Lewis acid is observed, in agreement with the trend found for

most hydrogen-bonded complexes.49 Because of the different

nature of these H–X bonds, changes in the H–X distances

upon complex formation have been normalized using eqn (1)

proposed previously by Grabowski.50

dXH ¼
ðrX�H � r0X�HÞ

r0X�H
ð1Þ

where rX–H and r0X–H represent the bond distance in the

complex and in the isolated monomer, respectively. dXH for

the diborane(4) complexes investigated in this study is linearly

related to the interaction energies of the complexes, with a

correlation coefficient (R2) of 0.94.

3.2.2 Electron density analysis. Table 2 presents values of

the electron density, Laplacian, and energy density at bond

critical points (rbcp, r2rbcp, and Hbcp, respectively), the

amount of charge transfer (CT), electron population of the

NNA (sNNA), and the extent of electron density penetration

(sS) in the hydrogen-bonded complexes. The intermolecular

bond critical points (bcp) are characteristic of hydrogen-bond

formation. The bond path links the proton donor with the

NNA of the B2H4 molecule, as illustrated in Fig. 7. Based on

the criteria proposed by Koch and Popelier,51 the B2H4:H2

complex should not be considered as hydrogen bonded but as

a van der Waals complex, since rbcp is near the lower limit for

hydrogen-bonding interactions (0.002 au). An exponential

relationship with a correlation coefficient of 0.999 is found

between rbcp and the intermolecular distances in these com-

plexes. Similar relationships have been described for a large

variety of hydrogen-bonded complexes.52,53

Among the complexes with B2H4(4), those with HF, HNC,

and HCl have the greatest binding energies and positive values

of the Laplacian at the bcp. However, the negative values of

the total energy density suggest that the hydrogen bonds in

these complexes are of intermediate strength.54 The positive

values of both r2rbcp and Hbcp for the complexes with HCN

and HCCH are indicative of weak hydrogen bonds, and are

consistent with the small binding energies of these complexes.

As anticipated, charge transfer occurs from the base

B2H4(4) to the proton donor. The amount of charge transfer

varies between 0.007 to 0.067 e, with the more strongly bound

complexes having the greater amount of charge transfer.

Linear correlations exist between the total charge transfer

and the interaction energy, and between the total charge

transfer and the normalized lengthening of the H–X bond of

the Lewis acid (dHX) with correlation coefficients of 0.91 and

0.98, respectively.

In addition, the population of the NNA shows that approxi-

mately half of the charge lost by B2H4 comes from this region.

The loss of electrons from the NNA basin reduces its volume

by 20% in the B2H4:HF complex. This loss can arise in part

from the electron density penetration of the two interacting

molecules, which can be seen from the data of Table 2.

As expected, a linear correlation exists between increasing

electron density penetration and decreasing intermolecular

distance. The changes in the electron density distribution

due to complex formation have been mapped for B2H4:HF

in Fig. 8. The hydrogen atoms and the NNA of B2H4 lose

electron density, while the intermolecular region and the

Table 2 AIM data for electron densities (rbcp), Laplacians (r2rbcp)
and energy densities (Hbcp) at bond critical points, charge transfer
(CT), variation of the population of the NNA basins (sNNA), and the
extent of electron density penetration (sS) in hydrogen-bonded com-
plexes of B2H4

a

rbcp r2rbcp Hbcp CT DsNNA sS

B2H4:HF 0.027 0.035 �0.004 0.067 �0.032 1.253
B2H4:HNC 0.019 0.034 �0.001 0.049 �0.030 1.086
B2H4:HCl 0.021 0.034 �0.001 0.055 �0.022 1.190
B2H4:HCN 0.011 0.025 0.001 0.026 �0.012 0.858
B2H4:HCCH 0.008 0.021 0.001 0.018 �0.002 0.747
B2H4:H2 0.003 0.009 0.001 0.007 �0.000 0.259

a Values in au, except for sS which is in Å.

Fig. 7 Molecular graph of the B2H4:HF complex calculated at MP2/

aug-cc-pVTZ. The green dots indicate the positions of bond critical

points. The NNA is given in purple. The lines connecting the atoms

correspond to the bond paths.

Fig. 8 Electron density shift for the B2H4:HF complex at �0.0005 au
isosurfaces. Blue and yellow regions indicate regions of decreased and

increased electron density, respectively.
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fluorine atom gain electron density. Thus, the total charge lost

by B2H4 has two sources: the hydrogen atoms and the NNA,

as evident from a reduction in its volume.

3.2.3 NBO analysis. The NBO analysis provides insight

into charge transfer in intermolecular interactions from an

orbital viewpoint. In typical hydrogen-bonded complexes,

charge transfer usually involves the highest occupied s orbital

of the electron donor (a lone-pair orbital) and the lowest

unoccupied s* orbital of the electron acceptor. For the

complexes with B2H4, the highest occupied sB–B orbital of

B2H4 is illustrated in Fig. 5, and is the orbital primarily

involved in charge transfer to the s* orbital of the proton

donor. The orbital interaction in these complexes can be

related to the stabilization energy by means of second-order

perturbation theory according to eqn (2). This energy arises

from the maximum overlap of the two orbitals involved in

charge transfer.

Eð2ÞðsB�B ! s�HXÞ ¼ �2hsB�BjF js�XHi
2=½eðs�HXÞ � eðsB�BÞ�

ð2Þ

The binding energy and the amount of charge transfer arising

from this orbital interaction, and the total amount of mole-

cular charge transfer, are reported in Table 3. In some cases

values of E(2) provide estimates of relative binding energies,

but only when the interacting molecules belong to a family of

compounds,38 which is not true for the proton-donor mole-

cules included in this study. Moreover, a direct comparison of

E(2) and Ei is not valid, since E(2) is a B3LYP energy while Ei

is an MP2 energy. Unfortunately, a second order perturbation

analysis cannot be carried out at MP2. Nevertheless, it is clear

that interaction between the sB–B orbital and the empty H–X

s* orbital is important in the stabilization of these complexes.

In hydrogen-bonded complexes, charge transfer from the

sB–B orbital to the s�HX orbital is a significant portion of the

total electron density transferred between the two interacting

molecules. For the B2H4:HF complex, it accounts for 44% of

the total charge transfer. Charge transfer to the H–X s*
orbital is accompanied by an elongation of the H–X bond in

the complex relative to the isolated monomer, as evident from

Table 1. As expected, the amount of charge transferred and

the normalized elongation of the H–X bond (dHX) are linearly

correlated with a correlation coefficient of 0.95. Although the

total charge transferred in a particular complex obtained with

the NBO method is approximately half of that calculated

employing AIM, both methodologies provide a similar qualitative

picture of the charge-transfer process.

3.2.4 SAPT2 analysis. SAPT2 calculations provide a tool

for analyzing the interaction energy when two monomers

form a complex. In the SAPT2 method, the total interaction

energy for a complex is evaluated as the sum of the first- and

second-order perturbation terms, without performing a super-

molecule calculation. These terms represent well-defined

physical contributions to the interaction energy. Since SAPT2

and MP2 are similar but different methodologies, the inter-

action energies computed using these two methods are different,

but they are linearly related, as illustrated in Fig. 9.

Within the SAPT2 framework, the interaction energy

(the negative of the binding energy) can be decomposed as

shown in eqn (3). The first four terms represent the electro-

static (Uele), induction (Uind), exchange (Uexc) and dispersion

(Udis) components. In addition, the SAPT2 expansion yields

two terms corresponding to the coupling between exchange

and induction (Uexc–ind), and between exchange and dispersion

(Uexc–dis). Finally, the last term (dHF) accounts for a collection

of higher order induction and exchange–induction terms.

USAPT2
tot = Uele + Uind + Uexc + Udis + Uexc–ind

+ Uexc–dis + dHF (3)

For ease of analysis, the coupling term between exchange

and dispersion, Uexc–dis, which is usually less than 4 kJ mol�1,

has been added to the dispersion component, Udis. Similarly,

the exchange–induction and higher-order induction terms

Table 3 E(2), charge transfer from the sB�B ! s�HX orbital, and
total charge transfer (CT) calculated within the NBO methodology

Complex
E(2) sB�B ! s�HX/
kJ mol�1

sB�B ! s�HX charge
transfer/e CT/e

B2H4:HF 45.6 0.015 0.034
B2H4:HNC 34.5 0.011 0.031
B2H4:HCl 35.7 0.008 0.040
B2H4:HCN 13.1 0.004 0.014
B2H4:HCCH 7.2 0.002 0.007
B2H4:H2 1.4 0.000 0.002

Table 4 Component of the SAPT2 energy analysis (kJ mol�1)

Component B2H4:HF B2H4:HNC B2H4:HCl B2H4:HCN B2H4:HCCH B2H4:H2

Electrostatic �44.4 �35.6 �32.6 �19.7 �11.7 �1.7
Exchange 54.8 41.4 49.0 20.5 14.2 3.3
Induction �23.8 �16.7 �18.4 �7.5 �3.8 �0.4
Dispersion �13.0 �12.6 �16.7 �7.9 �7.1 �2.1
Total �26.4 �23.5 �18.8 �14.6 �8.4 �0.8

Fig. 9 MP2 vs. SAPT2 interaction energies (kJ mol�1). The fitted

linear relationship is MP2 = 1.01 SAPT2, R2 = 0.995.
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associated with the Uexc–ind and dHF components have been

added to the pure induction component, Uind.

As evident from Table 4, the largest contribution to the inter-

action energy is the exchange component, which destabilizes the

complex. The most important stabilizing component is the

electrostatic interaction, except for the van der Waals complex

B2H4:H2 for which the dispersion term is slightly more negative

than the electrostatic one. For the three complexes (B2H4:HF,

B2H4:HNC and B2H4:HCl) with the greatest interaction

energies, the second most important attractive component

corresponds to the induction term, which is equal to approxi-

mately half of the electrostatic term. The dispersion component

makes the smallest contribution.

As the interaction energy of a complex decreases, the

dispersion term becomes more important than the induction

term. Thus, the dispersion term is only slightly more stabilizing

than the induction term in the B2H4:HCN complex. In the

B2H4:HCCH complex the dispersion interaction is about twice

as large as the induction, while in B2H4:H2 it is five times

greater. It is important to note that the relative importance of

the various components of the interaction energy as obtained

for the complexes with B2H4(4) is similar to their importance

in other hydrogen-bonded complexes. For hydrogen-bonded

complexes the electrostatic and exchange terms are also the two

dominant contributors to the interaction energy. For example,

a SAPT2 analysis of the interaction energy of the HF dimer

(�17.6 kJ mol�1) indicates that the electrostatic interaction is

the dominant contributor (�27.2 kJ mol�1) followed by the

exchange term (25.9 kJ mol�1). The smallest contributors in

hydrogen-bonded complexes are the induction and dispersion

terms, with induction more important for strongly-bound

complexes, and dispersion more important for weakly-bound

complexes.55

4. Conclusions

An ab initio study of diborane(4) [B2H4] has been carried out

at MP2/aug-cc-pVTZ. AIM, ELF, and NBO analyses indicate

the existence of a region of highly localized electron density

located near and along the B–B bond on the opposite side of

the bridging hydrogen atoms, which provides an interaction

site for electrophiles. Thus, B2H4(4) acts as an electron donor

and forms hydrogen-bonded complexes of C2v symmetry with

the proton donors HF, HNC, HCl, HCN, and HCCH, and a

van der Waals complex with H2. The complex binding energies

range from 2 to 27 kJ mol�1, which indicates that these

complexes are more stable than the corresponding complexes

with C2H2. The interaction energies have also been subjected

to a SAPT2 analysis. For all hydrogen-bonded complexes, the

exchange energy makes the most important contribution to

the interaction energy, followed by the electrostatic contri-

bution. The relative importance of the induction and dispersion

terms depends on the strength of the interaction.
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