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1. Introduction 

Intermolecular forces play an essential role in explaining 

many phenomena in areas of modern chemistry, from 

molecular biology to supramolecular chemistry [1, 2]. An 

interesting aspect of these interactions in the biological 

field occurs when aromatic rings are involved, as they are 

present in many processes [3]. The most common non-

covalent interactions involving aromatic rings are of π···π, 

XH···π, or ion···π type [4, 5]. Non-covalent or van der 

Waals interactions lead to the formation of a molecular 

cluster while covalent interactions lead to the formation of 

a classical molecule. As known, former interactions are 

much weaker than covalent bonds. The structure of liquids, 

solvation phenomena, molecular crystals [6], 

physisorption, and the structures of bio-macromolecules 

such as DNA and proteins [7, 8], and molecular 

recognition [9, 10] are a few phenomena determined by 

non-covalent interactions. 

Non-covalent interactions have attracted much 

attention due to their extensive applications in the fields of 

chemistry, biology, and physics [11-19]. Hydrogen bond 

(H-bond) certainly holds the most important position 

among intermolecular interactions. It is demonstrated that 

the electrostatic interaction and induction and dispersion 

interactions contribute jointly to the formation of H-bonds 

[20]. Many theoretical studies on the structure, stability, 

and vibrational spectra employing ab initio and DFT 

calculations have been undertaken in recent years for the 

H-bonded complexes [21–25]. The H-bond chemical 

properties have both subtle and profound influences on the 

essential chemistry of life, crystal packing and 

engineering, self-assembly, solvation, catalysis, chelation, 

and a host of other essential phenomena. 

The H-bond is a complex interaction that has at 

least four chemical characteristics: electrostatics 

(acid/base), polarization (hard/soft), van der Waals 
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interaction (dispersion/repulsion), and covalency (charge 

transfer) [18]. The evidence for H-bond formation may be 

experimental or theoretical, or ideally, a combination of 

both [26]. There is a variety of H-bond interactions: those 

named as typical X–H⋯Y bridges between X (the proton 

donor) and Y (the proton acceptor) which are both 

electronegative atoms. The C–H⋯Y, X–H⋯C, and even 

C–H⋯C interactions are sometimes classified as 

unconventional H-bonds since very often the H-bond 

existence criteria are hardly accepted for them [27]. The π-

cloud of an aromatic ring is now generally recognized as a 

weak H-bond acceptor [28]. It is also known that H–C 

groups engage in H-bonds with simple organic molecules 

[29]. The electrostatic nature of H-bonds suggests that 

nonmetal atoms other than hydrogen in a chemical 

functional group are capable of complementing an H-bond 

acceptor. Consequently, an uncharged non-reactive 

electrophile could have the potential to interact with an H-

bond acceptor. 

Experimental and theoretical results also indicate 

that weak interactions can be established between triple 

and double bonds, aromatic and cyclopropane rings, and 

X–H compounds (hydrogen halides, O–H, N–H, C–H 

derivatives, etc.). These interactions, which possess the 

essential properties of H-bonds, are usually called ‘X–

H⋯π hydrogen bonds’ [30–32]. The properties of X–H⋯π 

hydrogen bonds are not only dependent on the properties 

of X, π-systems, and H but also are related to other factors 

such as substituent, hybridization, and solvation [33, 34]. 

There are numerous studies on X–H⋯π interactions which 

are often classified as H-bonds since π-electrons may be 

treated as proton acceptors (X–H designates the proton 

donating bond) [27]. Hence the X–H⋯π interactions have 

been the subject of extensive investigations, and their 

meaning for various chemical, physical, and biochemical 

processes was worked out in recent and earlier studies 

[35]. These interactions are common in crystal structures 

of organic and metalorganic compounds and their 

influence on the arrangement of molecules is often 

detected. The present study is directed to investigate the 

interactions of hydrogen acids (HX = HF, HCl, and HBr) 

with different π-systems such as benzene (A), 1,4-

difluorobenzene (B), 1,4- dichlorobenzene (C), 

hydroquinone (D), benzene-1,4-dithiol (E), p-xylene (F), 

benzene-1,4-diamine (G) (see Fig. 1). In these complexes, 

the hydrogen acids are considered as proton donor and 

para-substituted (H, F, Cl, OH, SH, CH3 and NH2) benzene 

derivatives act as the proton acceptor. All the hydrogen 

acids are approximately perpendicular to the benzene rings 

in the selected structures.  

The main objective of this article is to analyze the 

effects of X-H⋯C and X–H⋯π interactions on the 

geometrical features, the interaction energy, and the 

topological properties of benzene complexes substituted 

by electron-donating or electron-withdrawing groups. The 

DFT calculations are carried out for this analysis and AIM 

and NBO methods are applied. Furthermore, the 

complexation's effect on benzene derivatives' aromaticity 

is evaluated by calculating the corresponding aromaticity 

indices. Furthermore, to deal with this topic in depth, we 

comprehensively analyze the X-H⋯C and X–H⋯π 

interactions on NMR data in the studied complexes. 

 

2. Computational Methods 
All quantum chemical calculations are carried out with the 

Gaussian 09 [36] set of codes. Full geometry optimization 

is computed at the B3LYP-D/6-311++G(d,p) level of 

theory. For the investigated systems, the interaction energy 

(∆E) is calculated by evaluating the difference between the 

total energy of complexes and individual monomers as 

given in Equation (1): 

 

∆E = Ecomplex - (EHX + Eπ-system)                                                                                                     

(1) 

 

where ∆E is the intermolecular interaction energy, Ecomplex 

is the total energy of complexes, and EHX and Eπ-system are 

the total energies of hydrogen acid and para-substituted 

benzene monomers, respectively. The ∆E is corrected with 

the basis set superposition error (BSSE) [37]. Harmonic 

vibrational frequencies are estimated at the same level of 

theory on the optimized geometries to confirm the nature 

of the stationary points found and also to account for the 

zero-point vibrational energy (ZPVE) correction. The 

topological parameters are analyzed by the atoms in 

molecules (AIM) theory of Bader using AIM 2000 

software [38]. Natural bond orbital (NBO) analysis [39] is 

carried out with the NBO program included in the 

Gaussian 09 package. Molecular orbital calculations such 

as the highest occupied molecular orbital (HOMO) and the 

lowest unoccupied molecular orbital (LUMO) are also 

performed on the investigated systems. The absolute NMR 

shielding values [40] are calculated using the Gauge-

Independent Atomic Orbital (GIAO) method [41]. Herein, 

some spin–spin coupling constants (1JC–C, 1JC–R′, and 1JC–H) 

and the values of the proton shielding tensors are 

considered. The isotropic shielding values, σ iso = 
1

3
 (σ11 + 

σ22 + σ33) (σii being the principal tensor components), are 

used to calculate the isotropic chemical shift δ with respect 

to TMS, 𝛿𝑖𝑠𝑜
𝑇𝑀𝑆 = (𝜎𝑖𝑠𝑜

𝑇𝑀𝑆 - 𝜎𝑖𝑠𝑜
𝑋 ). On the other hand, the 

aromaticity of the benzene complexes and their derivatives 

is measured using several well-established indices of 

aromaticity such as the nucleus-independent chemical shift 

(NICS) [42], the harmonic oscillator model of aromaticity 
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(HOMA) [43], the para-delocalization index (PDI) [44] 

and the aromatic fluctuation index (FLU) [45]. In the 

present work, the Ropt, α, and δref parameters for evaluation 

of HOMA and FLU indices are calculated at the B3LYP-

D/6-311++G(d,p) level of theory (for CC bond: Ropt,CC = 

1.396 Å , αCC = 88.54 and δref,CC = 1.4). 

 

3. Results and discussion 

The optimized structures of the complexes that are named 

 according to the position of the substitutions (R) on the 

benzene ring are depicted in Fig. 1. The computations 

propose that the type of hydrogen acid and the character of 

π-system are two dominant reasons that change the nature 

of the interaction. We have attempted to discuss the 

geometrical parameters, topological properties, and NBO 

analysis which describe the changes in the benzene ring 

during their interaction with hydrogen acids.

 

 
 

 
 

 

 

 

 
 

 

 

 

 

Fig. 1. The complexes of hydrogen acids with para-substituted (H, F, Cl, OH, SH, CH3 and NH2) benzene derivatives. X = F, Cl and 

Br, R: H = benzene (A), F = 1,4-difluorobenzene (B), Cl = 1,4 dichlorobenzene (C), OH = hydroquinone (D), SH = benzene-1,4-dithiol 

(E), CH3 = p-xylene (F) and NH2 = benzene-1,4-diamine (G). 
 

 
3.1. Molecular geometry and interaction energy  

The geometrical parameters and the values of interaction 

energy (∆E) for the formed complexes between the 

hydrogen acids (HX = HF, HCl, and HBr) and different π-

systems such as para-substituted (H, F, Cl, OH, SH, CH3 

and NH2) benzene derivatives are shown in Table 1. 

Inspection of results reveals that the minimum and 

maximum interaction energies correspond to F and NH2 

substituents, respectively. The electronic properties of the 

substituents influence the strength of the attraction [46]. F, 

Cl, OH, and SH substitutions are σ-acceptors whereas CH3 

and NH2 act as σ, π-donors. In the studied complexes, the 

electrostatic (inductive and resonance) effects of 

substitutions oppositely influence the interaction energies. 

The comparison of complexation energies indicates that 

the predominant factor in the NH2-substituted ring is 

resonance (in comparison with induction). On the other 

hand, the F is an electronegative atom with induction 

predominate resonance. Thus, as seen in Table 1, the 

electron-withdrawing groups such as F and Cl weaken the 

interaction strength, while the electron-donating 

substituents (CH3 and NH2) strengthen it. It is obvious 

from Table 1 that the strength of interaction decreases in 

the following order: NH2 > CH3 > H > OH > SH > Cl > F 

for any given hydrogen acids.  

 For the studied complexes, the dependence 

between ∆E and dH⋯R (the distance between the hydrogen 

of HX and the aromatic ring) should be considered. 

Theoretical results show that the dH⋯R decrease is 

accompanied by the ∆E increase. As shown in Fig. 2, there 

is a good linear relationship between the values of ∆E and 

dH⋯R with a correlation coefficient (R) equal to 0.911. 

Thus, dH⋯R may be a useful parameter in describing the 

strength of the interactions. Furthermore, the geometrical 

parameters (see Table 1) indicate that HF establishes a 

shorter bond with the benzene ring than HCl and HBr. This 

fact depends essentially on the type of the acid’s hydrogen; 

because the interactions decrease with an increase in the 

size of the halogen atom attached to the hydrogen for all 

complexes. Moreover, the nature of the interactions seems 

to be very similar for these three acids. This behavior is 

obvious for halogen atoms in the investigated acids; since 

they belong to the same group of the periodic table, the 

relative change in atomic radii for the halogen atom 

becomes greater as the size of the halogen atom increases.  
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        Table 1. The interaction energies (∆E, in kJ mol-1), geometrical parameters (bond lengths (d), in Å), atomic  

         charges (q, in e), and stretching frequencies (ʋ, in cm-1) of H⋯R contact.  

Complex ∆E dC–C dC–H dC–R′ 
a dH-X 

b dH⋯R qH (acidic) qX ʋ 

A-HF -8.75 1.398 1.085 1.084 0.930 2.614 0.307 -0.278 109.20 

A-HCl -3.02 1.397 1.085 1.084 1.294 2.755 0.164 -0.141 70.52 

A-HBr -0.58 1.396 1.084 1.084 1.432 2.805 0.103 -0.103 51.87 

B-HF -1.07 1.397 1.083 1.351 0.928 2.680 0.311 -0.272 92.03 

B-HCl 3.16 1.396 1.083 1.353 1.291 2.884 0.154 -0.128 56.58 

B-HBr 4.73 1.394 1.083 1.354 1.430 2.967 0.077 -0.077 38.75 

C-HF -1.23 1.396 1.083 1.752 0.927 2.692 0.315 -0.275 80.99 

C-HCl 3.09 1.393 1.082 1.754 1.290 2.895 0.156 -0.125 42.05 

C-HBr 5.26 1.392 1.082 1.755 1.429 3.035 0.026 -0.052 35.89 

D-HF -7.37 1.397 1.084 1.370 0.931 2.602 0.336 -0.284 107.60 

D-HCl -1.57 1.395 1.083 1.371 1.293 2.673 0.175 -0.141 56.59 

D-HBr 0.77 1.391 1.083 1.372 1.434 2.813 0.094 -0.093 52.92 

E-HF -4.95 1.401 1.085 1.784 0.929 2.635 0.333 -0.283 115.60 

E-HCl 0.01 1.400 1.084 1.788 1.293 2.746 0.169 -0.140 56.41 

E-HBr 2.63 1.399 1.084 1.789 1.431 2.814 0.034 -0.067 38.91 

F-HF -9.30 1.401 1.086 1.509 0.932 2.544 0.341 -0.292 109.20 

F-HCl -3.68 1.398 1.086 1.509 1.296 2.688 0.175 -0.148 75.04 

F-HBr -0.17 1.397 1.086 1.509 1.435 2.744 0.068 -0.089 57.62 

G-HF -12.50 1.402 1.086 1.403 0.934 2.564 0.365 -0.294 114.70 

G-HCl -5.53 1.402 1.085 1.405 1.295 2.674 0.233 -0.169 66.25 

G-HBr -2.24 1.400 1.085 1.407 1.435 2.680 0.131 -0.115 47.77 
                 a R′ = H, F, Cl, O, S, C, N atoms in R substitution of A, B, C, D, E, F and G complexes, respectively. 
                 b X = F, Cl, Br atoms in the hydrogen acids of A, B, C, D, E, F and G complexes. 

 
Fig. 2. Correlation between the ∆E and dH⋯R values. 

 
The change in other geometrical parameters of the studied 

complexes in the presence of interactions is also 

investigated. Our theoretical results show that the increase 

in the C-C (dC-C) and C–H (dC–H) bond lengths and also the 

decrease in the C–R′ bond length (dC–R′) are accompanied 

with increasing in the absolute values of complexation 

energy (|∆E|) (see Table 1). The atomic charges on the H 

(acidic) and X atoms (qH(acidic) and qX) are also given in 

Table 1. As it is obvious from this Table, the X–H…π(C) 

interaction increases qH(acidic) values while decreasing qX 
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amounts. In all the complexes, the computed binding 

strength varies with changing the ratio of charge to radius 

for the halogen atom attached to the hydrogen. Indeed, the 

increment in this ratio is associated with an increase in the 

interaction of the hydrogen acids and active sites in the 

benzene ring, and also enhancement in charge transfer 

from active sites to the hydrogen acids. Examination of our 

theoretical results reveals that the hydrogen acids act as 

proton donor centers and π-electrons of the para-

substituted benzene rings act as the proton acceptors. 

 

3.2. Vibrational frequency 
Another index closely related to the strength of the 

interactions is the shifting of the H⋯R (hydrogen of HX 

with ring) stretching frequencies. Table 1 presents the 

stretching frequencies (ʋ) of the H⋯R contact for the 

investigated complexes. It is important to emphasize that 

with the strengthening of interaction energy, its stretching 

frequencies shift to upper wave numbers (see Table 1). As 

shown in this Table, the maximum and minimum 

stretching frequencies correspond to the HF and HBr 

complexes, respectively. Considering the results tabulated 

in Table 1 show that in most cases, upon substitution in the 

R position, the H⋯R stretching frequencies shift to lower 

wave numbers with respect to the unsubstituted complexes 

(A). Thus, performing such a comparison confirms that the 

interactions decrease during complexation.  

Our calculations indicate that both the FH⋯R and 

the BrH⋯R stretching frequencies for the B complex 

appear red-shifted by ca. 17 cm-1 and 13 cm-1 with respect 

to those of the A complex, respectively. According to our 

theoretical results, the greatest shifts are observed for the 

electron-donating substitutions, while the smallest shifts 

correspond to the electron-withdrawing ones. For instance, 

the obtained results show that the FH⋯R stretching 

frequency for the G complex appears blue-shifted by ca. 

5.5 cm-1 relative to the A complex, whereas the BrH⋯R 

stretching frequency for the G complex appears red-shifted 

by ca. 4 cm-1. This result is associated with the shortening 

of the HF bond in the FH⋯R and the lengthening of the 

HBr bond in the BrH⋯R of the related complex. 

 

3.3. AIM analysis 

In Bader’s topological QTAIM analysis [47], the nature of 

bonding interactions is analyzed in terms of the properties 

of electron density and its derivatives. Laplacian of ρ(r) is 

related to the bond interaction energy by a local expression 

of the virial theorem [38]. 

 

(
ћ

2

4𝑚
) ∇2𝜌(𝑟)

= 2 𝐺(𝑟)
+ 𝑉 (𝑟)                                                                                                              (2) 

where G(r) is the electronic kinetic energy density, which 

is always positive, and V(r) is the electronic potential 

energy density and must be negative [48]. A positive value 

of Laplacian of ρ(r) shows a depletion of electronic charge 

along the bond. This is the case in a closed-shell 

electrostatic interaction. On the other hand, a negative 

value of Laplacian of ρ(r) indicates that electronic charge 

is concentrated in the internuclear region. This is the case 

in an electron-sharing (or covalent) interaction [49]. 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

                      
Fig. 3. Schematic representation of distribution of critical points in (a) A-HF, (b) B-HF and (c) F-HF complexes. Small red and yellow 

spheres, and lines represent bond critical points (BCPs), ring critical points (RCPs) and bond paths, respectively.  

 
 

(c) (b) (a) 
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                 Table 2. The selected topological properties of electron density (in a.u.) obtained by AIM analysis. 

Complex ρBCP 
2ρBCP ρC=C ρC–H ρC–R′ ρH (acidic) ρR′ 

A-HF 0.0129 0.0375 0.3063 0.2821 0.2815 0.3135 0.9627 

A-HCl 0.0097 0.0234 0.3072 0.2819 0.2815 0.7209 0.9673 

A-HBr 0.0085 0.0195 0.3073 0.2819 0.2815 0.8965 0.9746 

B-HF 0.0113 0.0340 0.3032 0.2821 0.2521 0.3158 9.6136 

B-HCl 0.0079 0.0188 0.3042 0.2821 0.2509 0.7348 9.6176 

B-HBr 0.0070 0.0158 0.3156 0.2819 0.2505 0.9129 9.6141 

C-HF 0.0110 0.0329 0.3050 0.2835 0.1950 0.3154 17.1710 

C-HCl 0.0069 0.0168 0.3094 0.2836 0.1941 0.7367 17.1791 

C-HBr 0.0066 0.0150 0.3097 0.2833 0.1937 0.9056 17.1697 

D-HF 0.0141 0.0415 0.3030 0.2813 0.2816 0.3166 9.0582 

D-HCl 0.0088 0.0220 0.3082 0.2817 0.2804 0.7312 9.0649 

D-HBr 0.0102 0.0235 0.3111 0.2812 0.2800 0.8915 9.0593 

E-HF 0.0129 0.0381 0.3038 0.2818 0.1894 0.3134 15.8091 

E-HCl 0.0091 0.0228 0.3046 0.2818 0.1881 0.7262 15.8203 

E-HBr 0.0081 0.0195 0.3050 0.2819 0.1878 0.8984 15.7820 

F-HF 0.0143 0.0421 0.3053 0.2803 0.2500 0.3135 5.9636 

F-HCl 0.0107 0.0268 0.3061 0.2803 0.2498 0.7196 5.9636 

F-HBr 0.0099 0.0237 0.3062 0.2803 0.2498 0.8898 5.9685 

G-HF 0.0170 0.0462 0.3045 0.2787 0.2944 0.3156 8.0211 

G-HCl 0.0101 0.0259 0.3048 0.2790 0.2929 0.7144 8.0187 

G-HBr 0.0095 0.0231 0.3049 0.2790 0.2915 0.8842 8.0201 

 
The molecular graphs of three complexes 

evaluated in this paper are presented in Fig. 3. The AIM 

analysis depicts one bond critical point between the 

interacting hydrogen and one carbon atom of the benzene 

ring in all complexes (except for F complexes). The BCP 

is made between the hydrogen atom and one π-bond of the 

benzene ring in CH3-substituted complexes (see Fig. 3). In 

these complexes, the hydrogen acid is approximately 

perpendicular to the benzene rings and acts as a proton 

donor, whereas π-electrons of substituted benzene 

derivatives act as a proton acceptor. Table 2 shows the 

estimated topological parameters of the complexes. As 

observed in this Table, the interactions have low ρ (ranging 

from 0.0066 to 0.0170) and are also described by positive 


2ρBCP values (ranging from 0.0150 to 0.0462). These 

properties are typical for closed-shell interaction. Among 

all complexes, the obtained values for electron density 

(ρBCP) are the least for the interaction of the HBr with the 

substituted benzenes, while this interaction for the HF 

creates the greatest density at the BCP along the interaction 

line. 

 

 
Fig. 4. Correlation between the ∆E and ρBCP values. 
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The changes of ρ at BCPs of C=C (ρC=C), C–R′ (ρC–

R′), and C–H (ρC–H) bonds have been examined upon 

complexation. The results display that, in most cases, in 

the presence of X-H…C(π) interactions, the increase in ǀ∆Eǀ 

is accompanied by the reduction in ρC=C, and also the 

increase in ρC–R′. A reverse relationship exists between the 

ρC=C and ρC–R′ values and their corresponding bond lengths. 

Besides, a regular trend is not obtained between H…C(π) 

interactions and the electron density at the BCP of the C-

H bond (see Table 2).  

 

 

Fig. 5. Correlation between the ʋ and ρBCP values. 
 
The changes in electron densities of acidic 

hydrogen and R′ atoms (ρH (acidic) and ρR′) have also been 

considered upon complexation (see Table 2). These values 

are related to the electron density at the nuclear critical 

points. Our theoretical results confirm that the interaction 

between the hydrogen acids and benzene ring reduces the 

ρH values. Furthermore, a regular trend is not observed for 

the ρR′ values in the studied complexes. The correlation 

matrices for the ∆E, ρBCP and, ʋ parameters have also been 

investigated. There are good linear relationships between 

the interaction energies of complexes (∆E) and vibrational 

frequencies (ʋ) with electron density at the BCP (ρBCP) 

with correlation coefficients (R) of equal to 0.928 and 

0.931, respectively (see Figs. 4 and 5). Such consequences 

imply that the values of the bond critical point can be 

useful to estimate the strength of the interactions.  

 

3.4. NBO analysis  

The NBO method [39] demonstrates bonding concepts like 

atomic charge, Lewis structure, bond type, hybridization, 

bond order, charge transfer, and resonance possibility. The 

achieved outcomes are collected in Table 3. It can be seen 

that the most significant donor–acceptor interaction in the 

studied complexes is πC=C (benzene) → σ*
H-X (hydrogen acid) 

interaction. For the considered complexes, πC=C of the 

benzene ring and σ*
H-X (hydrogen acid) participate as donor and 

acceptor groups, respectively. Calculated interaction 

energies, E(2), lie in the range of 0.06 – 3.55 kcal mol-1. 

Table 3 shows that, in most cases, the minimum and 

maximum values of E(2) correspond to the HBr and HF 

complexes, respectively.  

Results of theoretical calculations in the HF 

complexes show that upon substitution the E(2) values 

decrease, which confirms that these interactions are 

stronger in the unsubstituted complexes (except for E and 

F complexes). As it is obvious from Table 3, the electron-

withdrawing substituents (F and Cl) reduce the ability of 

the πC=C to donate electron density into the σ*
H-X orbital and 

hence decrease the E(2) values and weaken the interactions, 

while it is vice versa for the electron-donating substituents 

(such as F and G). Therefore, our theoretical results show 

that in most cases, the trend in the donor-acceptor energies 

(E(2)) is identical with |∆E| and ρBCP parameters ( see Tables 

1-3). 
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                 Table 3. The values of E(2) correspond to π(C=C) → σ*(H-X) interaction (in kcal mol-1), occupation  

                  numbers of donor (OND) and acceptor (ONA) orbitals and their corresponding energies and the  

                  charge transfers (ΔqCT, in e) in the studied complexes. 

Complex π(C=C) → σ*(H-X) ON (π CC) ON σ*(HX) E (π CC) E σ*(HX) ΔqCT 

A-HF 2.68 1.6816 0.0079 -0.2757 0.4212 0.029 

A-HCl 1.78 1.6685 0.0090 -0.2671 0.1709 0.023 

A-HBr 0.06 1.6607 0.0096 -0.2620 0.1051 0.000 

B-HF 2.35 1.7064 0.0067 -0.3022 0.4116 0.039 

B-HCl 0.43 1.6642 0.0065 -0.3000 0.1619 0.026 

B-HBr 0.08 1.6667 0.0070 -0.2985 0.0961 0.000 

C-HF 2.02 1.6859 0.0059 -0.3001 0.4124 0.040 

C-HCl 0.76 1.6816 0.0034 -0.3035 0.1672 0.031 

C-HBr 0.70 1.6783 0.0060 -0.3005 0.0963 -0.026 

D-HF 1.05 1.6536 0.0102 -0.2796 0.4178 0.052 

D-HCl 0.17 1.6504 0.0076 -0.2742 0.1698 0.034 

D-HBr 0.07 1.6527 0.0139 -0.2727 0.1049 0.001 

E-HF 2.79 1.7082 0.0080 -0.2881 0.4164 0.050 

E-HCl 1.81 1.6799 0.0072 -0.2866 0.1685 0.029 

E-HBr 1.76 1.6783 0.0078 -0.2840 0.1028 -0.033  

F-HF 3.55 1.7000 0.0101 -0.2692 0.4211 0.049 

F-HCl 0.84 1.6559 0.0114 -0.2558 0.1727 0.027 

F-HBr 0.89 1.6557 0.0133 -0.2538 0.1073 -0.021 

G-HF 2.43 1.6624 0.0135 -0.2634 0.4209 0.071 

G-HCl 1.62 1.6555 0.0087 -0.2578 0.1803 0.064 

G-HBr 0.16 1.7313 0.0110 -0.2557 0.1139 0.016 

 
Table 3 shows the values of charge transfer (ΔqCT) 

for the investigated complexes. The amount of charge 

transfer between the substituted benzene rings and a 

hydrogen acid is easily determined as the difference 

between the total charge of HX in the isolated acids and 

the total charge of HX in the corresponding complexes. It 

can be seen from Table 3 that the greatest charge transfer 

(ΔqCT) occurs in the HF complexes, while the smallest of 

that belongs to the HBr complexes. These results can be 

supported by a more positive charge on the H atom in HF 

with respect to HCl and HBr in the related complexes. A 

positive charge on hydrogens of HF, HCl, and HBr in the 

NH2-substituted complexes (0.365 |e|, 0.233 |e| and 0.131 

|e|, respectively) demonstrates that these complexes 

transfer the smaller amounts of charge to the HCl and HBr 

than to HF. In the HF complexes, the smaller radius and 

the higher electron density on the F atom are accompanied 

by more charge transfer from the πC=C of the benzene ring 

to the HF. Fig. 6 displays the 3D NBO contour plot 

illustrating the interaction between the π bonding orbitals 

of C-C benzene with an antibonding orbital of HF (σ*H-F) 

in A-HF, B-HF, and G-HF complexes. 

  
Fig. 6. NBO contour plots illustrating the interaction between the π bonding orbitals of C=C benzene with an antibonding orbital of 

HF in A-HF, B-HF and G-HF complexes. 
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3.5. NMR analysis  

The isotropic value of the proton shielding tensors of 

benzene (benzenic IS) and acidic hydrogen (acidic IS), the 

isotropic chemical shifts of benzenic hydrogen (δH), and 

the acidic hydrogen (δH*) of the studied complexes are 

gathered in Table 4. As shown in this Table, the maximum 

and minimum isotropic value of the proton shielding 

tensor corresponds to the HBr and HF complexes, 

respectively. This trend is reversed for the isotropic 

chemical shift of the H atom (δH). Similar results have been 

obtained for isotropic values of the proton shielding tensor 

of acidic hydrogen (acidic IS) except for C-HBr and D-

HBr complexes. The substituents can also affect the 

isotropic value of the proton shielding tensor in the 

aforementioned complexes. For all substitutions, in 

comparison with the corresponding values of unsubstituted 

complexes, the isotropic value of the proton shielding 

tensor has been increased, while the isotropic chemical 

shift of the H atom (δH) has been decreased.  

The meaningful correlations can be observed 

between the calculated NMR data and the other 

geometrical parameters. For instance, the relationship 

between the H shieldings and the dH⋯R is reversed when 

the H shieldings are replaced by the chemical shifts (see 

Tables 1 and 4). Furthermore, the H⋯C(π) interactions 

decrease the isotropic value of the proton shielding tensors 

of benzene (benzenic IS) or acidic IS, so that the maximum 

|∆E| value corresponds to the minimum H shieldings 

(except for C-HBr and D-HBr complexes due to acidic IS). 

 
                      Table 4. Some NMR data calculated at the B3LYP-D/6-311++G** level of theory. 

Complex 
Benzenic 

IS (ppm) 

δH 

(ppm) 

Acidic  

IS (ppm) 

δH*a 

(ppm) 

1JC–C 

(Hz) 

1JC–R′ 

(Hz) 

1JC–H 

(Hz) 

A-HF 24.30 7.46 31.08 0.68 55.45 166.63 166.35 

A-HCl 24.30 7.46 31.91 -0.15 56.72 166.27 166.27 

A-HBr 24.33 7.43 32.18 -0.42 56.92 165.53 165.94 

B-HF 24.80 6.96 31.17 0.59 73.58 -320.84 172.18 

B-HCl 24.80 6.96 32.09 -0.33 74.06 -318.49 171.86 

B-HBr 24.82 6.94 32.31 -0.56 74.52 -317.71 171.52 

C-HF 24.56 7.20 31.11 0.64 67.24 -33.79 174.91 

C-HCl 24.56 7.20 32.25 -0.49 67.32 -33.32 174.59 

C-HBr 24.60 7.16 32.19 -0.43 67.74 -33.16 173.89 

D-HF 24.92 6.84 30.49 1.26 66.01 23.23 168.88 

D-HCl 25.00 6.76 31.99 -0.23 71.97 23.16 168.87 

D-HBr 25.10 6.66 31.44 0.32 72.34 23.11 167.94 

E-HF 24.85 6.91 30.79 0.97 58.45 -18.22 168.44 

E-HCl 24.85 6.91 31.76 0.00 62.14 -17.82 168.19 

E-HBr 24.89 6.87 31.95 -0.19 62.55 -17.68 168.00 

F-HF 24.64 7.12 30.87 0.88 57.57 44.49 163.14 

F-HCl 24.71 7.05 31.64 0.12 58.63 44.48 162.66 

F-HBr 24.71 7.05 31.77 -0.02 58.84 44.50 162.63 

G-HF 25.30 6.46 29.96 1.80 62.65 7.78 161.54 

G-HCl 25.35 6.41 31.11 0.65 64.43 7.40 161.05 

G-HBr 25.38 6.38 31.43 0.33 64.63 7.40 160.98 

                                  a δH* (The isotropic chemical shift of the acidic hydrogen). 

 
The substituent effect on the spin–spin coupling 

constants of 1JC–C, 1JC–R′, and 1JC–H has also been 

investigated (see Table 4). Most coupling constants (J) 

have positive values. With regard to Table 4, the values of 
1JC–C increase by both electron-donating and electron-

withdrawing substituents. In comparison with 1JC–C, the 

substituent effect is reversed for 1JC–R′ and 1JC–H (due to 

electron-donating substituents). The relationship between 

1JC–C, 1JC–R′, and 1JC–H coupling constants and their 

corresponding bond lengths has also been investigated. In 

the analyzed complexes, the increase in C–C bond length 

(dC-C) value is observed in the presence of H⋯C(π) 

interactions so that the shortest/longest dC-C values 

correspond to HBr/HF complexes. The results also show 

that the decrease in the value of the 1JC–C is accompanied 

by a stretch of the C-C bond. As can be seen in Table 4, 
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the minimum and maximum values of 1JC–C correspond to 

the HF and HBr complexes, respectively. The influence of 

H…C(π) interaction on 1JC–R′ has also been investigated in 

the present work. The results indicate that the C–R′ bond 

length (dC–R′) decreases with the increase of interaction. 

The shortest/longest dC–R′ values are observed when the 

benzene ring interacts with the HF/HBr. Similar to the 1JC-

C trend, the increase in dC–R′ is associated with the decrease 

in the absolute value of the 1JC–R′ (except for the F-HBr 

complex). Thus, the change of dC–R′ in the presence of the 

interactions strongly affects the 1JC–R′ value. The 1JC–H is 

also affected by H…C(π) interactions. Our findings display 

that the H…C(π) interactions increase the 1JC–H value. The 

minimum and maximum values of the 1JC–H correspond to 

the HBr and HF complexes, respectively. The changes in 

C–H bond length (dC–H) have been considered upon 

complexation. As shown in Table 4, a meaningful 

relationship exists between the dC–H and 1JC–H values; in 

this case, the 1JC–H enriches with the increase in the dC–H.  

 

3.6. Resonance parameters 

For the studied systems, the indicators of local aromaticity 

such as HOMA, FLU, FLUπ, NICS (1), and PDI have been 

investigated. As shown in Table 5, the geometry-based 

HOMA values are very close to the ideal aromaticity index 

(HOMA = 1). Our theoretical results predict that the 

unsubstituted benzene is more aromatic than the 

substituted ones, irrespective of the π-donor or -acceptor 

character of the substituents. It is also apparent from Table 

5 that the FLU and FLUπ indices for the unsubstituted 

complexes are smaller than those for the substituted ones. 

Our results show that the FLU and FLUπ values are close 

to zero (aromatic species) and nicely correlate together (R 

= 0.997), thus proving the similarity between FLU and 

FLUπ approaches. For investigated complexes, NICS (1) 

values are calculated below the center of the ring, on the 

opposite face to the hydrogen acids. The NICS index 

reveals that upon F substitution, the increment in 

aromaticity of benzene rings is accompanied by an 

increase in the NICS values with respect to the 

unsubstituted benzene (except for B-HCl). While the NICS 

values show unsubstituted complexes are less aromatic 

than the F-substituted ones, HOMA values indicate the 

higher aromaticity of these complexes. We state based on 

these results that HOMA provides an insight into benzene 

aromaticity, but this picture is not fully consistent with the 

NICS aromaticity model.

 
                                                    Table 5. Calculated aromaticity indices of the complexes. 

Complex HOMA FLU FLUπ PDI NICS (1) 

A-HF 0.9998 0.0003 5E-06 0.1014 -8.2724 

A-HCl 0.9999 0.0004 3E-06 0.1015 -9.9250 

A-HBr 0.9998 0.0005 2E-06 0.1016 -9.8973 

B-HF 0.9955 0.0025 8E-05 0.0934 -10.0127 

B-HCl 0.9951 0.0454 0.0276 0.1016 -9.7646 

B-HBr 0.9950 0.0029 0.0002 0.0938 -10.0306 

C-HF 0.9990 0.0019 0.0001 0.0930 -9.4485 

C-HCl 0.9988 0.0019 6E-05 0.0937 -9.6302 

C-HBr 0.9987 0.0021 0.0001 0.0936 -9.7175 

D-HF 0.9995 0.0037 0.0005 0.0895 -8.6356 

D-HCl 0.9994 0.0040 0.0004 0.0902 -8.7660 

D-HBr 0.9995 0.0044 0.0006 0.0876 -8.9119 

E-HF 0.9990 0.0021 0.0002 0.0901 -8.3054 

E-HCl 0.9987 0.0021 0.0002 0.0907 -8.4660 

E-HBr 0.9987 0.0024 0.0002 0.0906 -8.5357 

F-HF 0.9992 0.0480 0.0264 0.1038 -9.1670 

F-HCl 0.9992 0.0468 0.0272 0.1039 -9.5053 

F-HBr 0.9992 0.0453 0.0269 0.1038 -9.7029 

G-HF 0.9977 0.0044 0.0004 0.0870 -8.2049 

G-HCl 0.9979 0.0044 0.0006 0.0876 -8.2067 

G-HBr 0.9980 0.0047 0.0005 0.0876 -8.4508 
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The calculated NICS (1) values also show that the 

HF complexes have the least aromaticity (except for the B 

complex) whereas the greatest aromaticity is obtained for 

the HBr complexes (except for the A complex). 

Furthermore, the results of Table 5 confirm that the 

aromaticity depends on the type of the substituent. The 

NICS values for the electron-withdrawing substituents (F 

and Cl) are more negative than the electron-donating ones 

(CH3 and NH2). Therefore, the latter cases become less 

effective in the improvement of the aromaticity than the 

formers.  

The other index to be evaluated here is the PDI 

descriptor [45]. Our theoretical results based on the PDI 

index, predict unsubstituted benzene to be more aromatic 

than the substituted ones (except for F complexes). There 

is a satisfactory correspondence between PDI, HOMA, 

FLU, and FLUπ indices. In general, larger PDIs go with 

larger values of HOMA and lower FLU and FLUπ values 

(see Table 5). 

 

3.7. HOMO–LUMO analysis     

Molecular orbitals including the highest occupied 

molecular orbital (HOMO) and the lowest unoccupied 

molecular orbital (LUMO) are useful parameters for 

predicting the most reactive position in conjugated systems 

[50]. While the HOMO energy is directly related to the 

ionization potential, the LUMO energy corresponds 

directly to the electron affinity [51, 52]. The energy 

difference between HOMO and LUMO, referred to as the 

energy gap (ΔEH-L), is a critical parameter for determining 

molecular electrical transport properties because it is a 

measure of electron conductivity. 

 
                   Table 6. Molecular orbital properties including energy gap (∆EH–L), chemical hardness (η), softness  

                       (S) and chemical potential (μ) in terms of eV, and changes in thermodynamic functions (kJ mol-1)  

                       upon complex formation. 

Complex ∆EH-L η S μ ∆H° ∆G° T∆S° 

A-HF 6.552 3.276 0.305 -4.273 -2.578 31.732 -34.270 

A-HCl 6.545 3.273 0.306 -4.159  0.869 23.989 -23.244 

A-HBr 6.534 3.267 0.306 -4.112  1.087 22.017 -20.860 

B-HF 5.852 2.926 0.342 -4.593  0.213 23.519 -23.244 

B-HCl 5.868 2.934 0.341 -4.461  1.221 21.660 -20.562 

B-HBr 5.858 2.929 0.341 -4.417  1.638 20.781 -19.072 

C-HF 5.685 2.842 0.352 -4.494  0.352 24.593 -24.138 

C-HCl 5.756 2.878 0.347 -4.368  1.567 22.495 -20.860 

C-HBr 5.706 2.853 0.351 -4.343  1.651 20.663 -19.072 

D-HF 5.125 2.562 0.390 -3.729 -0.609 27.001 -27.714 

D-HCl 5.189 2.594 0.386 -3.611  0.439 26.334 -25.926 

D-HBr 5.107 2.553 0.392 -3.609  0.630 26.596 -25.926 

E-HF 4.848 2.424 0.413 -3.801 -0.536 28.366 -28.906 

E-HCl 4.894 2.447 0.409 -3.728  0.801 25.037 -24.138 

E-HBr 4.911 2.456 0.407 -3.685  0.929 26.552 -25.628 

F-HF 6.007 3.004 0.333 -3.867  1.289 25.302 -24.138 

F-HCl 6.023 3.011 0.332 -3.765  2.762 22.062 -19.370 

F-HBr 6.013 3.006 0.333 -3.729  2.888 21.316 -18.476 

G-HF 4.576 2.288 0.437 -3.104 -0.990 27.870 -28.906 

G-HCl 4.671 2.336 0.428 -2.997  0.481 25.809 -25.330 

G-HBr 4.565 2.283 0.438 -2.992  0.585 27.405 -26.820 

 
In the present study, the HOMO and LUMO 

energies are calculated using the B3LYP-D method and 6-

311++G(d,p) basis set. The plots of HOMO and LUMO 

are drawn in Fig. 7. All the HOMO and LUMO orbitals 

have nodes. The nodes in each HOMO and LUMO are 

placed symmetrically. The positive phase is red and the 

negative one is green. According to Fig. 7, the charge 

density of HOMO is localized over the ring of the entire 

complexes (except for H atoms and HF). By contrast, the 

LUMO is characterized by a charge distribution on all 
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structures. It also shows the antibonding character at C-F, 

C-N, and N-H bonds. In other words, there is no electronic 

projection over the F and NH2 groups of the ring and HF. 

In Fig. 7, the energy gap is calculated at 6.55, 5.85, and 

3.37 eV for A-HF, B-HF, and G-HF complexes, 

respectively. It can be mentioned that the lower the HOMO 

and LUMO energy gap explains the eventual charge 

transfer interactions taking place within the molecule.  

 
Fig. 7. HOMO and LUMO of A-HF, B-HF and G-HF complexes as obtained at the B3LYP-D/6-311++G(d,p) 

level of theory. 

 
For the closed-shell molecules, the global 

chemical reactivity descriptors such as hardness (η), 

electronic chemical potential (µ), and softness (S) [53–57] 

are defined using Koopman’s theorem as follows: 

 

η =  
(I − A)

2
                                                           (3) 

μ =  
−(I + A)

2
                                                       (4) 

 

where I and A are the ionization potential and electron 

affinity of the compounds, respectively. These quantities 

can be expressed through HOMO and LUMO energies as 

I = -EHOMO and A = -ELUMO. Furthermore, softness is a 

property of molecules that measures the extent of chemical 

reactivity. It is the reciprocal of hardness. 

 

S =  
1

η
                                                                    (5) 

 

In this study, the chemical hardness and electronic 

chemical potential of the studied species are given in Table 

6. The molecules having large energy gaps are known as 

hard and molecules having small energy gaps are known 

as soft molecules. The obtained results show that the 

chemical hardness of the unsubstituted complexes (A) is 

greater than the substituted ones, which indicates these 

complexes are more stable than the others. On the other 

hand, the molecules with the least HOMO-LUMO gap are 

more reactive. From the calculations, it can be observed 

that the G and E complexes belong to soft materials. 

Moreover, as seen in Table 6, the obtained chemical 

potential values are negative, so all complexes are stable. 

The results display that the chemical potential of the HBr 

complexes is greater than the others. Furthermore, our 

findings confirm that the values of chemical potential for 

the studied complexes increase by the electron-donating 

substituents (such as F and NH2) and decrease by the 

electron-withdrawing ones (F and Cl). 

 

3.8. Thermodynamic parameters 

The thermodynamic functions of enthalpy (ΔH°), Gibbs 

free energy (ΔG°), and entropy (ΔS°) from spectroscopic 

data are obtained at a temperature of 298.15 K and one 

atmospheric pressure. It can be stated that the complexes 

with lower standard Gibbs energy of formation are 

relatively more stable, whereas those with a higher 

relatively standard energy of formation are more unstable. 

The calculated thermodynamic properties of the 

complexes are available in Table 6. The values of the 

standard enthalpies show that the formation of A-HF, D-

HF, E-HF, and G-HF complexes are enthalpically favored 

(exothermic), whereas these values in other complexes are 

enthalpically disfavored (endothermic). The values of 
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T∆S°298 implied the large entropy changes during the 

formation of complexes. In some cases, the high negative 

values of T∆S°298 determine the positive values of ∆G°298. 

The formation of several systems requires a larger entropy 

than energy changes (in other words |T∆S°298| > |∆H°298|).  

In the studied complexes, ΔG values are positive 

(∆G° ˃ 0). Therefore, the formation of the complexes is 

thermodynamically disfavored. Since ΔS° ˂ 0 and |TΔS°| 

> |ΔH°|), hence the entropic factor controls the stability of 

the complexes. The obtained results in this study show that 

all of the thermodynamic properties are greatly dependent 

on the nature of the R substituents and the type of hydrogen 

acids. The data reveal that the HF/HBr hydrogen acids 

increase/decrease the stability of all complexes more than 

the HCl ones. Thus, the HF complexes are characterized 

by the higher ∆G° values. The electronic properties of the 

substituents also influence the thermodynamic parameters. 

According to our theoretical results on the HF complexes, 

the greatest stability is enthalpically observed for the 

unsubstituted complex (A) and HF complexes substituted 

with OH, SH, and NH2 groups (D, E, and G complexes). 

Hence, these complexes are characterized by the lower 

∆H° values. 

 

3.9. Molecular electrostatic potential 

The molecular electrostatic potential (MEP) provides a 

visual representation of the chemically active sites and 

comparative reactivity of atoms. The MEP at a point 

around a molecule indicates the net electrostatic effect 

produced at that point by the total charge distribution 

(electron + proton) of the molecule and correlates with 

dipole moments, electronegativity, partial charges, and 

chemical activity of the molecules. The different values of 

the electrostatic potential at the surface are represented by 

different colors; red represents regions of most negative 

electrostatic potential, blue signifies regions of most 

positive electrostatic potential and green characterizes 

regions of zero potential. Potential increases in the order 

red < orange < yellow < green < blue. In the present study, 

MEP 3D plots of the benzene and the para-substituted (F 

and NH2) derivatives with HF hydrogen acid are drawn in 

Fig. 8.  

Regions of negative V(r) are usually associated 

with the lone pair of electronegative atoms. As seen from 

the MEP map of the studied complexes, the regions having 

the negative potential are over the electronegative atom (F 

atom) and the plane of the benzene ring. The three-

dimensional electrostatic potential profile of G-HF 

indicates a complete cover of the aromatic ring with 

negative potential, whereas in B-HF the negative potential 

cover is partial. The aromatic ring in the complex of 

benzene (A-HF) is completely devoid of negative potential 

(see Fig. 8). The regions having the positive potential are 

the hydrogen atoms of the benzene ring (indicated by the 

deepest blue color), indicating that these sites can be the 

most probably involved in nucleophilic processes. 

Consequently, the position of the HF hydrogen acid is 

tilted closer toward the plane of the benzene ring in the 

equilibrium geometry of the G-HF complex, whereas the 

HF remains over the aromatic ring in the B-HF complex. 

  

 
Fig. 8. Electron density isosurfaces for A-HF, B-HF and G-HF complexes calculated by B3LYP-D method and 6-311++G(d,p) basis 

set. 

 

 
4. Conclusions   
In the present study, we have investigated the effects of 

structural and electronic of the hydrogen acids (HF, HCl, 

and HBr) with different π-systems such as the para-

substituted (H, F, Cl, OH, SH, CH3, and NH2) benzene 

derivatives using DFT method. The results show that the 

strongest interactions are related to the HF complexes, 

while the weakest correspond to the HBr ones. Our 

findings also reveal that the electron-withdrawing groups 

weaken the interactions while electron-donating ones 

strengthen them. These interactions have low ρ and are 

also characterized by positive 2ρBCP values that these 

properties are typical for closed-shell interactions. The 

results of NBO analysis display that the greatest charge 
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transfer occurs in the HF complexes, while the smallest of 

that belongs to the HBr ones, which are in agreement with 

their obtained E(2) energies. From NMR analysis, it can be 

seen that the maximum and minimum isotropic value of 

the proton shielding tensor corresponds to the HBr and HF 

complexes, respectively. This trend is reversed for the 

isotropic chemical shift of the H atom. The analysis of 

molecular orbitals shows that the chemical hardness of the 

unsubstituted complexes is greater than the substituted 

ones, which indicates these complexes are more stable than 

the others. Our theoretical results based on HOMA, FLU, 

and FLUπ indices, predict unsubstituted benzene to be 

more aromatic than the substituted ones.  
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