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Abstract: The second-order Møller–Plesset perturbation theory calculations with the aug-cc-pVTZ
basis set were performed for complexes of molecular hydrogen. These complexes are connected by
various types of interactions, the hydrogen bonds and halogen bonds are most often represented
in the sample of species analysed; most interactions can be classified as σ-hole and π-hole bonds.
Different theoretical approaches were applied to describe these interactions: Quantum Theory
of ‘Atoms in Molecules’, Natural Bond Orbital method, or the decomposition of the energy of
interaction. The energetic, geometrical, and topological parameters are analysed and spectroscopic
properties are discussed. The stretching frequency of the H-H bond of molecular hydrogen involved
in intermolecular interactions is considered as a parameter expressing the strength of interaction.

Keywords: hydrogen bond; σ-hole bond; π-hole bond; molecular hydrogen; dihydrogen
stretching mode

1. Introduction

Three types of hydrogen bonds occur that differ in the character of the proton acceptor according
to one of classifications [1,2]. The three centre–four electron (3c-4e) hydrogen bonds, marked as A-H···B,
are characterised by a single atom centre proton donor (A), and also one centre occurs for a proton
acceptor (B) [3,4]. The O-H···O, N-H···O, C-H···N, and numerous other hydrogen bonds are commonly
known as 3c-4e systems. The latter designation informs of three centres in the system: A, H, and B, and
of four electrons attributed to them: a σ-bond (A-H) and a lone electron pair of the proton acceptor
centre (B). This is an approximate picture since various arrangements that are often designated as
A-H···B hydrogen bonds possess a more complicated electron structure.

For two other types of hydrogen bonds, the multicentre proton acceptor may be specified. For
one of these types, the π-electron systems play such a role [5]; acetylene or ethylene molecule and their
derivatives as well as aromatic systems are examples of species that act as Lewis base units. The O-H···π
and C-H···π interactions are classified as such hydrogen bonds. One can mention specific systems like
the T-shaped structure of acetylene [6] or the hydrogen fluoride that acts as the proton donor being
directed to the benzene ring [7]. Particularly, the C-H···π systems were a subject of numerous studies
and discussions; they often occur in crystal structures [8]. The hydrogen bonds with σ-electrons acting
as the proton acceptor are the other type of interactions [2,9,10]. For example, the molecular hydrogen
that is approximately perpendicular to the A-H proton donating bond acts as the proton acceptor
through its σ-electrons. However, the C-C σ-bonds may also play a role of multicentre Lewis base sites,
in cycloalkanes, for example [11–13].

One can mention the hydrogen-bonded systems, where both the proton donor and the proton
acceptor are multicentre systems [14], but usually the above-mentioned three types of hydrogen bonds
are specified; A-H···B, A-H···π, and A-H···σ. It is worth to mention that such categorization may be
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performed for other interactions, not only for hydrogen bonds. For example, there are pnicogen bonds
with the single centre and multicentre electron donors, π-electron, or σ-electron systems [15]. The same
is observed for triel bonds where the triel atom, as boron or aluminum, for example, may interact as
the Lewis acid centre with the single centre or multicentre electron donors [16]. It seems that such
categorizations into three types of Lewis base centres may be performed for the majority of interactions,
particularly for the σ-hole and π-hole bonds [15]. The pnicogen and triel bonds mentioned above are
specific examples of these two latter interactions, respectively.

It seems that, among interactions mentioned above here, those with the molecular hydrogen
playing a role of the Lewis base through its σ-electrons are very interesting and important ones. Various
types of interactions of the molecular hydrogen are analysed in a context of the hydrogen storage
materials [17–19]. The dihydrogen cleavage is another subject related to the hydrogen storage [20–22].
The H2 activation plays an important role in the latter process. There are numerous extended studies
concerning such activation that proceeds mainly at transition metal centres. The frustrated Lewis pairs
may also play the crucial role in the dihydrogen activation; the corresponding experimental [23,24] and
theoretical studies [25,26] were carried out recently. One can refer to theoretical studies concerning
the activation of molecular hydrogen at the single non-metal centres, as on the carbon centre in
singlet carbenes [27] and on other non-metals as sulphur, selenium, phosphorus, and arsenic [28].
Referring to transition metals, the analysis of the H2 activation at coinage metals in fluorides, and
the dihydrogen splitting was discussed recently, since a theoretical analysis for corresponding systems
was performed [20].

Another group of studies related to the dihydrogen activation concerns its interactions with
the lighter elements; these interactions are often classified as the above mentioned σ-hole and π-hole
bonds [29–35]. For example, the A-H···σ interactions with the σ-electrons of dihydrogen were predicted,
characterised theoretically and classified as hydrogen bonds for the first time several years ago [9].
The NH4

+
···H2 complex and the NH4

+
···(H2)n clusters (n up to 8) as well as structures containing

ammonia cation analogue where nitrogen is replaced by another element of the group 15 are systems
where the existence of A-H···σ hydrogen bonds was detected [9]; similarly, such hydrogen bonds occur
in the T-shaped H2···HF and H2OH+

···H2 structures [10]. This is important that such interactions occur
in structures analysed experimentally, for example, the T-shaped H2···HF [36–39] or the H2···HCO+

complex [40] were analysed, but they were not considered as the hydrogen bonded systems.
The halogen, pnicogen, chalcogen, and triel bonds are other examples of interactions in complexes

of dihydrogen [15,41,42]; the latter species plays a role of the Lewis base unit in such complexes.
The aim of this study was to analyse the broad spectrum of interactions in complexes of dihydrogen,
most of them classified as the σ-hole and π-hole bonds. The reasons of such a choice of complexes to be
analysed concern their importance in numerous processes, as, for example, the dihydrogen activation
and cleavage mentioned earlier here; other reasons are discussed later here. The interactions analysed
in this study are characterised by numerous geometrical, energetic, and topological parameters;
the additional attention is paid to spectroscopic features.

2. Results and Discussion

2.1. The Strength of Interactions in Complexes of Dihydrogen

Figure 1 shows few examples of molecular graphs of complexes analysed here. The complexes
linked by the triel, magnesium, hydrogen, and chalcogen bonds are presented where the aluminum,
magnesium, hydrogen, and sulphur atoms act as the Lewis acid centres, respectively, since they are in
contact with the σ-electrons of dihydrogen. These graphs as well as corresponding interactions are
discussed later here.
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Figure 1. The molecular graphs of selected complexes analysed here; big circles correspond to attractors,
small green circles to bond critical points, and continuous and broken lines to bond paths.

Table 1 presents the binding and interaction energies, Ebin and Eint, respectively [43];
the deformation energy, Edef [44], is also included as well as the basis set superposition error (BSSE)
correction [45], for all complexes analysed in this study. Table 1 also presents a kind of interaction
attributed to each complex that is considered here. Thus, one can see that a broad spectrum of
interactions for complexes of molecular hydrogen is taken into account in this study. The following
interactions are considered; triel [16,42], beryllium [46–48], magnesium [49–53], lithium [54–56],
hydrogen [57,58], tetrel [59–62], pnicogen [35,41,63–67], chalcogen [68–73], and halogen [30–33,74,75]
bonds. Some of them may be classified as the σ-hole bonds [29–33] that are links between the σ-hole
and the electron rich region. The σ-hole is a region of the electron charge depletion at the atomic centre
in the direction of the bond to this centre. If such depletion is sufficient, then the region of σ-hole is
characterised by the positive electrostatic potential, EP, and the Lewis acid properties. Such regions
occur for Si, P, S, and Cl centres in dihydrogen complexes discussed here, the corresponding tetrel,
pnicogen, chalcogen, and halogen bonds are classified as the σ-hole bonds. It was discussed by Politzer
and co-workers that regions at atomic centres in planar molecules or planar molecular fragments
may occur which are also characterised by the positive EP; such regions are named as π-holes and
corresponding interactions with Lewis bases as the π-hole bonds [32,33]. The triel bonds discussed
in this study (Table 1) are classified as the π-hole bonds where regions of the positive EP occur at
the boron or aluminum centre. The Lewis acid properties of the triel centres related to their positive
EP regions were discussed in earlier studies [76,77] and it was found that, in a case of some of boron
and aluminum trihalides, BX3 and AlX3, respectively, the regions of positive EP occur at halogen
centres (σ-holes), in elongations of B/Al-X bonds. This is observed for the heavier Cl and Br halogen
centres, but not for the fluorine atoms. This is in line with other studies where it was pointed out that
fluorine acts as the Lewis acid only in very rare cases [30,75]. The other interactions discussed here,
the hydrogen bond and the lithium bond, were also analysed and considered if they may be classified
as the σ-hole bonds [56,78].
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Table 1. The energetic characteristics of complexes analysed (in kcal/mol), the interaction and
binding energy corrected for basis set superposition error (BSSE) (Eint and Ebin, respectively),
the deformation energy (Edef), and the BSSE; the type of interaction is also indicated (Bond). The results
of MP2/aug-c-pVTZ calculations, i.e., second-order Møller–Plesset perturbation theory (MP2) with
the aug-cc-pVTZ basis set are presented, the same level calculations are shown in other tables.

Lewis Acid Bond Eint Ebin Edef BSSE

AlF3 Triel −4.78 −4.02 0.76 0.71
AlH3 Triel −2.80 −2.58 0.22 0.19
BF3 Triel −0.67 −0.66 0.01 0.39
BH3 Triel −12.62 −5.39 7.23 0.53
BeF2 Beryllium −1.17 −0.96 0.21 0.28
BeH2 Beryllium −0.48 −0.46 0.02 0.06
MgF2 Magnesium −3.57 −3.28 0.29 0.30
MgH2 Magnesium −1.15 −1.07 0.08 0.07

Li+ Lithium −5.84 −5.81 0.03 0.04
HCCH Hydrogen −0.30 −0.30 0.00 0.12

HF Hydrogen −0.94 −0.94 0.00 0.18
HCN Hydrogen −0.45 −0.45 0.00 0.17
NH4

+ Hydrogen −2.44 −2.42 0.02 0.15
H3O+ Hydrogen −5.53 −5.29 0.24 0.25
SiF4 Tetrel −0.41 −0.41 0.00 0.38

SiFH3 Tetrel −0.57 −0.57 0.00 0.22
PFH2 Pnicogen −0.92 −0.91 0.01 0.30

P(CN)H2 Pnicogen −0.54 −0.54 0.00 0.16
S(CN)2 Chalcogen −0.87 −0.87 0.00 0.19

SF2 Chalcogen −0.60 −0.60 0.00 0.21
Cl2 Halogen −0.52 −0.52 0.00 0.15

HCCCl Halogen −0.37 −0.37 0.00 0.1
(NC)CCCl Halogen −0.46 −0.46 0.00 0.13

NCCl Halogen −0.46 −0.46 0.00 0.11
CF3Cl Halogen −0.32 −0.32 0.00 0.12

Such broad spectrum of Lewis acid centres interacting with dihydrogen was chosen, since in
principle only for the transition metals their interactions with σ-electrons were analysed in detail. For
other types of Lewis acid centres, such analyses are rather rare. Especially the non-metallic centres
of the 14th, 15th, 16th, and 17th groups were not discussed earlier extensively as interacting with
dihydrogen; one may mention only few studies [27,28]. The analysis of the broad spectrum of centres
which interact with molecular hydrogen may be very important in studies concerning activation of
the latter species and of its cleavage, in particular.

The interaction energy, Eint, presented in Table 1 is defined as the difference between the energy of
the complex and the sum of energies of interacting units; the geometries of units are those taken from
the geometry of the complex. The binding energy, Ebin, is defined in the same way as the difference
between the energy of the complex and the sum of energies of interacting units. However the units of
the complex are optimised separately. Hence, their geometries correspond to isolated species possessing
configurations of energetic minima. Thus, one can see that Ebin takes into account the deformation of
interacting units that results from complexation, in other words, Ebin − Eint = Edef [44].

It was found, for the hydrogen bonded complexes, that Edef, which is characterised by the positive
value, increases with the increase of the strength of interaction. The same is observed here, the greatest
Edef value exceeding 7 kcal/mol occurs for the BH3···H2 complex linked by the triel bond. For the tetrel,
pnicogen, chalcogen, and halogen bonds considered here, the deformation energy is lower than
0.005 kcal/mol, there is only one exception, for the PFH2···H2 complex it amounts 0.01 kcal/mol (Table 1).
Such negligible deformation energies for the mentioned above interactions are accompanied by weak
intermolecular interactions, the −Eint (interaction energy corrected for BSSE) values below 1 kcal/mol
are observed here. It is worth to mention that at least slightly stronger interactions should occur for
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heavier halogen, pnicogen, chalcogen, and tetrel centres, since it was found in numerous studies that
the strength of interaction for the same group elements often increases with the increase of the atomic
number [31–33,59,78–81].

The observation that mainly metal centres are linked with molecular hydrogen [21,22] are partly
confirmed here. For the results presented in Table 1, the strongest interactions are those defined as triel,
beryllium, and magnesium bonds. For the BH3···H2 complex, the −Eint value amounts to 12.6 kcal/mol
and −Ebin is equal to 5.4 kcal/mol; that indicates large deformations resulting from complexation,
which was mentioned above here. The strong Lewis acid properties of the boron centre were discussed
in earlier studies, particularly for the BH3···H2 complex [42], it was also later explained that the strong
interaction of dihydrogen with the boron hydride is mainly related to the σH2→ n(2p-B) orbital–orbital
overlap [82]. The lower Lewis acid properties of boron are observed for BF3 species that is explained
by back bonding effect [83] and by other specific characteristics of this compound [77]. The weaker
total interactions in the AlH3···H2 and AlF3···H2 complexes than in the BH3···H2 complex may be
explained by the stronger polarization of the Al-H and Al-F bonds than of the B-H bond [76,77] that
results in stronger electrostatic and weaker charge transfer interactions in the aluminum complexes.
The hydrogen bonds may be classified as rather weak or at most as medium in strength interactions;
the latter ones occur in complexes of the ammonia and hydronium cations acting as the Lewis acid
units, −Eint values exceed 2 kcal/mol and 5 kcal/mol, respectively, here. The BSSE correction (Table 1)
does not exceed 1 kcal/mol, it is between 0.19 kcal/mol and 0.71 kcal/mol for triel bonded complexes.
For the remaining complexes, this value is lower than 0.3 kcal/mol; there is only one exception: for
the SiF4···H2 complex, the BSSE correction is equal to 0.38 kcal/mol.

2.2. The H2 Stretch Mode in Complexes of Dihydrogen

Table 2 presents other characteristics of complexes analysed here. For example, the H-H bond
lengths are collected. One can see that the complexation leads to elongations of these bonds, since
the H-H bond length for the isolated molecular hydrogen amounts 0.737 Å. The greatest elongation,
up to 0.799 Å, is observed for the BH3···H2 complex where the strongest interaction, i.e., triel bond,
occurs. For remaining complexes, such elongation is not significant. For weak interactions discussed in
the previous section, the interaction energy does not exceed 1 kcal/mol; for tetrel, pnicogen, chalcogen,
and halogen bonds, the H-H bond length does not exceed 0.74 Å; in other words, the elongation is
equal to or smaller than 0.002 Å. The relationship between the strength of interaction expressed by
Eint and the H-H bond length is observed. However, it is only rough dependence. For the second
order polynomial regression, the squared correlation coefficient, R2 = 0.946, if the BH3···H2 complex
mentioned above is excluded from this regression as being far from other values of the sample
considered; however, if this complex is not excluded, then R2 = 0.975.

The spectroscopic parameters of dihydrogen seem to be characterised by the greater sensitivity to
the environment effects, i.e., to interactions with the Lewis acid units, than the geometrical parameters.
The calculated H2 stretching frequency for isolated dihydrogen amounts to 4517.6 cm−1 (Table 2).
The experimental fundamental ground tone vibration of H2, determined to an accuracy of 2 × 10−4 cm−1

from Doppler-free laser spectroscopy in the collision less environment of a molecular beam, is equal
to 4161.16632(18) cm−1 [84]. The theoretically determined vibrations collected in Table 2 indicate
the shift to the lower frequencies, red-shift, in relation to the free dihydrogen, that corresponds to
the elongation of the H-H bond. Figure 2 presents the linear correlation between the stretching vibration
and the H-H bond length for the complexes analysed here. The BH3···H2 complex is excluded, since it
is characterised by values being far from those of other complexes. The rejection of one point from
this correlation is statistically justified and even required since νHH for the BH3···H2 complex is equal
to 3630.8 cm−1; that is far away from the range for remaining complexes (4370.2 cm−1–4508.9 cm−1).
However, if this point is included, thus the linear relationship is even better, R2 = 0.9995.
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Table 2. The characteristics of complexes analysed, r(H2)—the H-H bond length (Å), νHH—H-H bond
stretching frequency (in cm−1), IHH—intensity of the H-H stretching mode (km mol−1), q(H2)—the
charge of dihydrogen in the complex (in au), and ENBO—the energy of the most important orbital–orbital
interaction in the complex considered (in kcal/mol). *

Lewis Acid r(H2) νHH IHH q(H2) ENBO

AlF3 0.748 4370.2 34.42 0.096 20.0
AlH3 0.747 4374.2 21.19 0.068 21.5
BF3 0.739 4497.46 1.95 0.01 1.1
BH3 0.799 3630.8 19.69 0.217 282.1
BeF2 0.741 4469.32 4.13 0.022 3.8
BeH2 0.739 4491.49 2.17 −0.269 1.4
MgF2 0.746 4396.43 11.52 0.056 11.1
MgH2 0.742 4448.55 6.2 0.024 4.5

Li+ 0.746 4394.79 43.41 0.07 4.8
HCCH 0.738 4508 1.06 0 0.4

HF 0.74 4482.4 4.11 0.046 1.3
HCN 0.738 4503 2.8 0.017 0.7
NH4

+ 0.742 4446.8 32.61 0.062 4
H3O+ 0.748 4372.3 45.12 0.138 16.9
SiF4 0.738 4505.2 0.45 0.003 0.1

SiFH3 0.739 4497.3 1.16 −0.005 0.7
PFH2 0.74 4474.5 1.07 0.001 0.2

P(CN)H2 0.739 4497.6 1.5 0.015 0.5
S(CN)2 0.739 4489.2 1.8 0.024 0.4

SF2 0.739 4495.2 1.83 0.019 0.5
Cl2 0.739 4499.6 2.47 0.034 0.5

HCCCl 0.738 4507.9 0.71 0.016 0.2
(NC)CCCl 0.738 4505 2.15 0.019 0.2

NCCl 0.738 4505 1.78 0.028 0.2
CF3Cl 0.738 4508.9 0.69 0.024 0.2

* characteristics of the isolated dihydrogen calculated at the same level as complexes collected; H2 stretching
frequency νHH

0 = 4517.6 cm−1, H-H bond length r0(H2) = 0.737 Å.Molecules 2020, 25, x FOR PEER REVIEW 7 of 17 
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Table 2 also presents the intensities corresponding to the vibrations collected. Approximately
the greater intensity is observed for the stronger interaction, accompanied by the greater elongation of
the H-H bond and the greater red-shift of the corresponding stretching mode. However, there is no
any clear dependence between these parameters. This is because of the various kinds of interactions in
the complexes considered here. Anyway, if only strong interactions: triel, beryllium, and magnesium
bonds are considered (without the BH3···H2 complex, because of the same statistical reasons as before),
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thus the exponential relationship between the H-H stretching frequency and the corresponding intensity
occurs (R2 = 0.970).

Table 2 also presents the charges of molecular hydrogen in complexes analysed. Almost in all
cases, it is positive indicating the outflow of the electron charge from dihydrogen that results from
complexation. Approximately the greater outflow occurs for stronger interactions; the complex of
BH3···H2 is an example where huge outflow of this charge is observed, leading to the charge of +0.217 au
for dihydrogen in this complex. In two complexes, the electron charge shifts from the Lewis acid unit to
the Lewis base unit outweigh the reverse processes. This leads to the negative charge of the molecular
hydrogen in the complex. In the case of the SiFH3···H2 complex, this charge amounts to −0.005 au
only; that may be connected with the weakness of the corresponding interaction and not sufficient
accuracy of calculations. However, the case of the BeH2···H2 complex is much more expressive,
the negative charge of dihydrogen amounts here −0.269 au. It may be explained by the significant
outflow of the negative charge from H-atoms of the beryllium hydride to the dihydrogen. Figure 3
shows the molecular graph of this complex; one can see two H···H bond paths linking the beryllium
hydride with the dihydrogen. In the isolated BeH2 and H2 species, the neutral H-atoms occur for
the dihydrogen, while for the beryllium hydride H-atoms are negatively charged. The electron charge
shifts lead to the negatively charged H-atoms of dihydrogen and to the positive charges of all atoms of
the Lewis acid unit, BeH2. Thereby these H···H links may be treated as dihydrogen bonds [2,85–87],
since they occur between H-atoms of the opposite charges.
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Table 2 shows energies of the most important orbital–orbital interactions for each of complexes
considered here. Low energies of this type are observed for interactions mentioned above here as
weak ones, for halogen, chalcogen, pnicogen, and tetrel bonds. These are energies below 0.7 kcal/mol
corresponding to the σH2 → σAZ

* overlaps. A designates here an atom connected with the Z Lewis
acid centre (halogen, chalcogen, pnicogen, or tetrel). Stronger orbital–orbital interactions are observed
for some of the complexes linked by the hydrogen bond. These are the σH2→ σAH

* overlaps, as it was
described in earlier study [2]. For the NH4

+
···H2 and H3O+

···H2 complexes, the energies coresponding
to the σH2→ σNH

* and σH2→ σOH
* overlaps are equal to 4.0 kcal/mol and 16.9 kcal/mol, respectively.

The greatest energies occur for the triel, beryllium, and magnesium bonds, they correspond to the σH2

→ n(Z)*overlaps; n designates here the lone electron pair orbital, while Z is the B, Al, Be, or Mg centre.
The huge energy of 282.1 kcal/mol is observed for the strongest interaction in the BH3···H2 complex.

2.3. The A-H Stretching Mode in Hydrogen Bonded Complexes

Table 3 presents characteristics of complexes linked by the A-H···B hydrogen bond. There are
five complexes linked by this kind of interaction in the sample considered here. The A-H proton
donating bond spectroscopic characteristics are presented in this table, with the A-H stretching
frequency and the intensity of corresponding mode. These values for the isolated Lewis acid units
and the corresponding values in complexes are presented. One can see that all hydrogen bonds
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analysed in this study are classified as the red-shifted hydrogen bonds [57,58], since in all cases
the complexation leads to the elongation of the proton-donating bond and consequently to the shift of
the A-H stretching frequency to lower values (the red-shift) and to the increase of the corresponding
mode intensity. The greatest changes are observed for the strongest interactions in the NH4

+
···H2 and

H3O+
···H2 complexes.

Table 3. The spectroscopic characteristics of the proton-donating bond in hydrogen bonded systems;
the A-H bond stretching frequency (cm−1)—νAH, with the corresponding stretching mode intensity
(km mol−1)—IAH, and the A-H bond length rAH (in Å); these values for the AH bond not involved in
H-bond interaction are given in parentheses, AHinc%—the percentage increase of the AH bond length
that results from complexation (Equation (1)).

L. Acid νAH IAH rAH AHinc%

HCCH 3430.7
(3433.7)

118.24
(95.57)

1.062
(1.062) 0

HF 4085.9
(4126.0)

252.44
(120.59)

0.923
(0.922) 0.11

HCN 3466.2
(3468.5)

117.44
(77.03)

1.065
(1.064) 0.09

NH4
+ 3476.2

(3527.2)
310.1

(193.57)
1.026

(1.022) 0.39

H3O+ 3253.7
(3686.1)

1066.52
(481.4)

0.998
(0.980) 1.84

The percentage increase of the length of A-H bond that results from complexation is also presented
in Table 3. It is calculated according to the equation given below.

AHinc% = [
(rAH − r0

AH)

r0
AH

] 100% (1)

In this equation, rAH and r0
AH designate the lengths of the proton donating bond, in the complex

and in the isolated Lewis acid unit not involved in any interaction, respectively. It is worth to mention
that the bond length increase presented above has been introduced in an earlier study as a measure of
the hydrogen bond strength, together with another measure—so-called complex parameter based on
the AH bond lengths and on the topological parameters [88].

For the complex of hydronium cation, this increase is equal to 1.8%, for the NH4
+
···H2 complex

it amounts to 0.4%, while for other three cases considered, it is much lower. There are relationships
between parameters describing the dihydrogen unit and those corresponding to the Lewis acid.
Figure 4 presents the linear correlation between the stretching frequency of the H-H bond of molecular
hydrogen in the hydrogen bonded complex and the percentage increase of the A-H proton donating
bond (Equation (1)) discussed above. In spite of various kinds of hydrogen bonds analysed here,
the squared correlation coefficient R2 = 0.93. However, this correlation should be treated with caution,
since only five complexes in this sample are considered; thus, it is not sufficient from the statistical
point of view.
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It is worth to mention that the similar parameter to this one presented above (Equation (1)) which
is based on stretching frequencies may be introduced (Equation (2)).

νAH% = [
(ν0

AH − νAH)

ν0
AH

] 100% (2)

Similarly to designations concerning the bond lengths of Equation (1), in Equation (2), νAH and
ν0

AH designate the A-H stretching frequencies of the proton donating bond, in the complex and in
the isolated Lewis acid unit, respectively. This parameter (Equation (2)) may be also treated as a measure
of the hydrogen bond strength, since it correlates well with bond lengths´ parameter (Equation (1)),
the squared linear correlation coefficient, R2 is equal to 0.988.

2.4. The Topological Parameters

The Quantum Theory of ‘Atoms in Molecule’ (QTAIM) approach [89,90] was applied to analyse
intermolecular interactions. Figures 1 and 3 present molecular graphs of the selected complexes
discussed here. For the majority of complexes, the Lewis acid and Lewis base units are linked by
the bond path that connects the bond critical point (BCP) of dihydrogen with the Lewis acid centre.
The BCP assigned to this bond path may be useful to characterise the corresponding interaction, since,
in numerous studies, various correlations between QTAIM, energetic, and geometrical parameters
were found [90–94]. In few cases of complexes analysed here, another picture occurs, since there is no
simple bond path that links dihydrogen BCP with the single Lewis base centre; the BeH2···H2 complex
is an example discussed earlier here (Figure 3).

Table 4 presents selected QTAIM parameters for few complexes analysed here; only those linked by
the relatively strong interactions (−Eint > 2 kcal/mol) are presented, since for the remaining complexes
the low values of the electron density at BCP, ρBCP, are observed. These low values are accompanied
by the positive Laplacian of the electron density at the BCP, 52ρBCP, and positive HBCP values. In other
words, such QTAIM parameters characterise weak interactions between closed shell systems [89,90].
For the results collected in Table 4, all 52ρBCP values are positive, but in two cases HBCP is negative,
for the BH3···H2 and H3O+

···H2 complexes. This means that the corresponding interactions may be
treated as at least partly covalent in nature. In the case of the former complex the strongest interaction
is observed (Table 1) in the sample of species analysed here, while for the latter complex linked by
the hydrogen bond, Eint = −5.5 kcal/mol. This value is comparable with the interaction that occurs for
the dimer of water linked by the O-H···O hydrogen bond [58].
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Table 4. The topological characteristics of the intermolecular bond critical point, BCP, (in au); ρBCP—the
electron density at BCP, 52ρBCP—the Laplacian of this electron density, and HBCP—the corresponding
total electron energy density at BCP.

Lewis Acid ρBCP 5
2ρBCP HBCP

AlF3 0.019 0.084 0.001
AlH3 0.015 0.050 0
BH3 0.086 0.073 −0.061

MgF2 0.012 0.070 0.003
Li+ 0.013 0.072 0.004

NH4
+ 0.014 0.038 0

H3O+ 0.031 0.048 −0.006

This is worth to mention that clear dependencies between QTAIM parameters and other
characteristics are observed only for stronger interactions, i.e., for those collected in Table 4. Figure 5
presents exponential relationship between the positive charge of dihydrogen in the complex and
the electron density at the BCP corresponding to the intermolecular bond path. It was found in
numerous studies that ρBCP expresses the strength of interaction [89–94]. Hence, the exponential
relationship of Figure 5 shows that the greater outflow of the electron charge from dihydrogen occurs
for stronger interactions. Much better dependence is observed if only strong interactions collected
in Table 4 are considered (small scatter plot at the top of Figure 5), for the whole sample where
the complexation leads to the outflow of the electron charge from the dihydrogen the correlation
is worse (the greater scatter plot of Figure 5), partly because of the lower accuracy of results for
weaker interactions.
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2.5. The Decomposition of the Energy of Interaction

The decomposition of the energy of interaction [95,96] was also performed here, but similarly
as the QTAIM analysis, only for stronger interactions, since, for weaker ones, the terms of energy
resulting from decomposition are not determined with sufficient accuracy. Table 5 presents the results
of decomposition. One can see that the electrostatic and orbital, ∆Eelstat and ∆Eorb, respectively, are two
most important attractive interactions. The dispersion interaction energy, ∆Edisp, is much lower for all
complexes considered, except for the Li+···H2 complex where ∆Edisp is comparable with the ∆Eelstat

term, even the former one outweighs slightly the latter one (this concerns absolute values). One
can also see that for complexes analysed that are characterised by stronger interactions, the orbital
interaction is much more important (possesses ¨more negative¨ value) than the electrostatic interaction;
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only for the MgF2···H2 complex, the ∆Eelstat and ∆Eorb terms are comparable. The importance of
the orbital interaction shows that the stabilisation of complexes of dihydrogen that are linked by
stronger interactions is connected mainly with the electron charge shifts.

Table 5. The energy terms for selected complexes resulting from the decomposition of the energy
of interaction (in kcal/mol); ∆EPauli—the Pauli repulsion, ∆Eelstat—the electrostatic term, ∆Eorb—the
orbital interaction energy, ∆Edisp—the dispersion interaction energy term, and ∆Eint—the total
interaction energy.

Lewis Acid ∆EPauli ∆Eelstat ∆Eorb ∆Edisp ∆Eint

AlF3 15.04 −8.19 −10.98 −1.24 −5.37
AlH3 11.54 −6.25 −8.04 −0.72 −3.47
BH3 83.58 −33.84 −66.13 −1.35 −17.74

MgF2 7.66 −5.53 −5.11 −1.5 −4.48
Li+ 3.39 −2.69 −6.31 −2.96 −8.57

NH4
+ 3.11 −1.7 −3.85 −0.94 −3.38

H3O+ 8.01 −3.52 −11.21 −0.69 −7.41

3. Conclusions

The complexes of molecular hydrogen are analysed here, where various types of interactions
occur; triel, magnesium, beryllium, lithium, hydrogen, tetrel, chalcogen, pnicogen, and halogen
bonds link molecular hydrogen with different Lewis acid units considered in this study. The triel,
beryllium, magnesium, and lithium bonds are stronger than the remaining interactions. The charge
assisted hydrogen bonds in complexes of ammonia, and hydronium cations are exceptions, since
they are relatively strong, the hydrogen bond in the complex of hydronium cation possesses partly
covalent character.

Different parameters are discussed here, among them, the stretching frequency of the H-H
bond which may be considered as a measure of the strength of interaction. It correlates with other
parameters describing the strength of interaction. It was found that for the hydrogen-bonded systems,
the characteristics of the A-H proton donating bond correlate with those of the molecular hydrogen.

Almost for all dihydrogen complexes described, the bond path links the BCP of H2 unit with
the Lewis acid centre; such a path may be treated as the characteristic feature of such interactions.
The results discussed here show that the activation of dihydrogen that can lead to its cleavage is more
pronounced for stronger interactions.

4. Computational Details

The calculations for complexes analysed in this study have been performed with the use of
Gaussian16 set of codes [97]. The second-order Møller–Plesset perturbation theory (MP2) [98] with
the aug-cc-pVTZ basis set [99] were applied. Frequency calculations have been carried out at the same
MP2/aug-cc-pVTZ level and it was found that the optimised structures of complexes correspond to
the energetic minima, similarly as the Lewis acid and Lewis base units optimised separately that
constitute the complexes considered.

The Counterpoise Correction mentioned before here is the most often applied approach to estimate
the basis set superposition error, BSSE [45,100]. It is defined by Equation (3) given below.

∆ECP (BSSE) = E(A)A + E(B)B - E(A)A∪B - E(B)A∪B (3)

The designations A and B in parentheses correspond to monomers that constitute the complex
analysed, and superscripts designate the basis sets applied in calculations. The latter means that for A
and B monomers the corresponding A and B basis sets may be used as well as that the complex A∪B
basis set may be applied. The ∆ECP value (BSSE correction) is positive, since the energy calculated at
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complex basis set (A∪B) is lower than the energy calculated with the use of the monomer basis set (A
or B). The geometries of A and B monomers are those in the complex in the energetic minimum.

The Gaussian16 program was also used to calculate the electron charge shifts resulting from
complexation within the CHelpG approach [101]. The CHelpG charges are fitted to the electrostatic
molecular potential (EMP) with the use of the grid-based method. It was justified that the application
of the CHelpG method based on well-defined EMP values produces much better estimates of
the intermolecular charge transfer than other population analyses [102].

The Quantum Theory of ‘Atoms in Molecules’ (QTAIM) [89,90] was applied to analyse
characteristics of bond critical points (BCPs) of the intermolecular contacts; in a case of the A-H···σ
hydrogen bonds, these are the H···σ contacts. The AIMAll program [103] was used to perform
corresponding QTAIM calculations. The most important orbital–orbital interactions in complexes
analysed were evaluated within the Natural Bond Orbital, NBO, approach. The Gaussian NBO Version
3.1 incorporated in the Gaussian16 set of codes [97] was used to calculate energies of these interactions
within the HF/aug-cc-pVTZ level of approximation.

The BP86-D3/TZ2P level was applied to perform decomposition energy calculations. It means
that the BP86 functional [104,105] with the Grimme dispersion corrections [106] and the uncontracted
Slater-type orbitals (STOs) as basis functions with triple-ζ quality for all elements [107] were applied.
The decomposition energy calculations [95,96] were carried out with the use of the ADF2013.01
program [108] for geometries of complexes optimized at the MP2/aug-cc-pVTZ level. The total
interaction energy for the energy partitioning applied here is composed of terms according to
the Equation (4), given below.

∆Eint = ∆Eelstat + ∆EPauli + ∆Eorb + ∆Edisp (4)

The term ∆Eelstat is usually attractive (negative) and it corresponds to the quasi-classical electrostatic
interaction between the unperturbed charge distributions of atoms. The Pauli repulsion, ∆EPauli, is
the energy change associated with the transformation from the superposition of the unperturbed
electron densities of the isolated fragments to the wave function that properly obeys the Pauli principle
through antisymmetrisation and renormalization of the product wave function. This energy term
(positive) that corresponds to the repulsion interaction comprises the destabilizing interactions between
electrons of the same spin on either fragment. The orbital interaction energy, ∆Eorb, corresponds to
the charge transfer and polarization effects, briefly speaking to the electron charge shifts resulting from
complexation. The dispersion interaction energy, ∆Edisp, is also included in this decomposition scheme.
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