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The MINDO/2 method was applied to typical molecular complexes such as ammonia-I,, benzene-I,, and

benzene-TCNE, these bimolecular systems being treated as single molecules.
energy was calculated as a function of intermolecular distance.

The intermolecular interaction
Stable complex formation with a reasonable

stabilization energy was predicted in the ammonia-I, system. It was predicted in the benzene-I, system for the

axial model, but not for the resting model.

However, the stabilization energy for the former was found to be too

large. No stable conformation was found in the case of the benzene~TCNE system.

The concept of charge-transfer interaction between
donor and acceptor in a molecular complex has been
well established, but several problems concerning molec-
ular complexes remain unclarified. The charge-trans-
fer force has been considered to be of primary im-
portance in stabilizing molecular complexes, and the
conformations of complexes have often been discussed
on the basis of the charge-transfer theory. However,
several authors have pointed out the possibility that
Coulomb and polarization forces play an important
role in the complex formation.1-%

The intermolecular interaction has been treated most
frequently by means of perturbation theory. How-
ever, in order to give quantitative prediction, an
approach based on the molecular orbital method seems
to have several advantages for carrying out numerical
calculations. On' the m-z complexes which involve
polycyclic aromatic hydrocarbons as donor and tetra-
cyanoethylene (TCNE) as. acceptor, we have shown
that their electronic spectra can be predicted by semi-
empirical SCF-MO-CI calculations within the frame-
work of the m-electron approximation by treating the
bimolecular system as a single molecule.” However,
in order to discuss the stabilization energy of a complex,
this method seems inadequate since the contribution
of ¢- and/or n-electrons might not be negligible even
in a typical #-n complex.

Wold® carried out an extended Hiickel calculation
on the benzene-TCNE complex, but failed to find any
stable conformation. In the CNDO/2 calculation of
the same complex, Chesnut and Wormer? predicted
an extraordinarily deep potential minimum at an
unreasonably short intermolecular distance.

As compared with the CNDO/2 method, the
MINDO/2 method proposed by Bodor et al.® often
gives better predictions as regards the heat of forma-
tions and ionization energies, at least, for relatively
small organic molecules. The present paper reports
on the results of MINDO/2 calculations of the am-
monia-I,, benzene-I,, and benzene-TCNE systems.
The purpose of this study is to elucidate the applicability
and limitation of this type of calculation for studying
the interaction between donor and acceptor molecules.

Method of Calculation
The MINDO/2 calculation was performed on a

bimolecular system by the treatment as a single molecule.
All empirical parameters except those related to the
iodine atom were taken as proposed by Dewar and his
collaborators.®:® For the iodine atom, we took only
the 5s and 5p orbitals into account and determined the
empirical parameters. For the CNDO/2 calculation,
Whitehead!® gave the core energies of 5s and 5p
orbitals, U, and U,,, and the one center Coulomb
integral, F? for the iodine atom. We adopted these
values with a slight modification. The one center
exchange integral and electron repulsion integral can
be expressed in terms of the Slater-Condon parameters,
F? and G'. The values of the Slater-Condon param-
eters have been given by Pople ef al.1V) for the fluorine
atom, but not for the iodine atom. The empirical
values of F2 and G! are usually estimated by means
of spectroscopic data, but no such data were available
for iodine. We therefore determined the empirical
values of F2 and G* of iodine in the following manner.
F? and G* were first calculated non-empirically for the
iodine and fluorine atoms by use of the Slater orbitals
with the orbital exponents 1.90 and 2.60 for iodine
and fluorine, respectively. The empirical values for
iodine were then estimated so that their ratios to the
non-empirical values are the same as the corresponding
ratios in the fluorine atom. The ionization energy of
the iodine 5s orbital was estimated by means of the
equation given by Dewar et al.,9 while the observed
first ionization energy of the iodine atom was taken to
be the 5p ionization energy. The iodine parameters
thus obtained are listed in Table 1.

TABLE 1. ATOMIC PARAMETERS OF IODINE
U, —76.905(eV), U, —67.202(eV)
Fo 9.448(eV), F2 4.077(eV)
Gt 6.526(eV),

I —26.743(eV), 1, —10.454(eV)

—305.010(eV)
33.412 (kcal)
1.90

neutral atom energy
AH; for free atom
Slater exponent

In MINDOJ/2 calculations, the following relation is
assumed for the resonance integral:

Bis = By X (I+1;) X Sy (1)
where I; and [; are the ionization energies of the orbitals
concerned, S;; is the overlap integral, and B;; is an
empirical parameter. Ohno’s approximation® is used
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for the electron repulsion integral y,,,, and the core-
core repulsion integral CR,,, is estimated by means of
the following equation,

CR,p = Pmn + (Zmznezlrmn_ymn)e_ar"m: (2)

where Z,, and Z,, are the core charges, r,,,, is the distance
between atoms m and #, and « is an empirical param-
eter.’® Parameters B;; and « are both characteristic
of the kinds of atoms concerned. Their values had to
be estimated for cases which involve iodine. We
determined them by using I,, HI, CH,I, and ICN as
the reference molecules so that the calculated heat of
formations, equilibrium bond lengths and dipole
moments of these molecules are in good agreement
with the experimental values. The values of B;; and
o thus determined are listed in Table 2.

TaBLE 2. PARAMETERS ¢ and B;; FOR I0DINE

I-H I-C I-N I-I
« 0.78 1.403 1.22 0.40
B 0.60 0.52 0.58 0.88

The calculations were carried out for the bimolecular
systems and for each constituent molecule. The inter-
molecular interaction energy A E was estimated by taking
the difference between the total energy of the bimolec-
ular system and the sum of the total energies of the
isolated molecules.

The calculations were performed with a HITAC
5020E computer at the Computer Centre, the Uni-
versity of Tokyo, with our program.

Results and Discussion

Ammonia—I, Cemplex (n-o iype). As a typical
example of n-c complexes, we examined in detail the
ammonia-I, system. We assumed a model (Fig. 1) in
which the iodine molecule lies on the three-fold axis
of the ammonia molecule, taking only the I-I distance,
{/, and N---I distance, 2, as the variables specifying the
conformation of the system. The bond distances and
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Fig. 1. Intermolecular interaction energy A4E (a), net

amount of charge transfer from NHj to I, 4¢ (b), and
the decrease of the charge at N atom of ammonia, — Agy,
(c) of the ammonia-iodine system as a function of the
intermolecular separation, z(A).
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bond angles within the NH; moiety were fixed to be
the same as those in the free ammonia molecule.!¥

Although the actual structure of the ammonia-I,
complex is not known, it should resemble the structure
of the triethylamine-I, complex, where the I-I and
N---I distances have been determined to be 2.83 and
2.27 A respectively, from crystal structure data.l® Thus
we first carried out calculations for various z values
assuming that [=2.8 A. The results are shown in Fig.
1. On decreasing z from infinite, 4E gradually in-
creases and reaches a very broad maximum around
4 A, and shows a well-defined minimum at z=2.5 A
with 4E=—2.75 kcal/mol. Although the general shape
of this energy curve is reasonable, the appearance of the
repulsive region at z>3 A is unexpected. A similar
phenomenon appears also in other complexes. This
seems to be a problem inherent to the present method
of calculation.

Figure 1 also shows the net amount of charge transfer
Ag, from ammonia to the iodine molecule, together
with the decrease of the charge at N atom, —Agy,
caused by the intermolecular interaction. While — Agy
is always positive and increases with decreasing N1
distance, the net amount of charge transfer shows a
maximum at the distance corresponding to the mini-
mum of the 4E curve, and becomes negative in the
region z<2.2 A. This means that, at a short inter-
molecular distance, electron is transferred from iodine
to ammonia, which results in the increase of the electron
density at H atoms.

We next looked for the AE minimum by varying
both [ and z values. A minimum was found at z=
2.45A and [=2.67 A, where 4E was —7.5 kcal/mol.
This seems to correspond to the stable conformation of
the ammonia-I, complex. Figure 2 shows the de-
pendence of 4E and 4q on the I-I distance, for z=
2.45 A. Since the lowest vacant orbital of the iodine
molecule is an anitibonding c-orbital, we can expect
the I-I distance to increase with the amount of charge
transfer. The relation between 4dq and [ shown in
Fig. 2 is consistent with this expectation. The I-I
distance in the free iodine molecule is 2.667 A, while
it is 2.83 A in the triethylamin-I, complex, indicating
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Fig. 2. Intermolecular interaction energy AE (a), and
net amount of charge transfer 4¢ (b) of ammonia-
iodine system as a function of the bond length of the
iodine molecule, {(A).
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a relatively large charge transfer. As compared with
the observed I-I distance in the triethylamine-I, com-
plex, the / value 2.67 A at the predicted 4E minimum
seems to be a little too small.

The heat of formation, dipole moment and other
properties calculated for the predicted conformation of
the ammonia-I, complex are summarized in Table 3
together with the corresponding experimental values.
The calculated dipole moment is in reasonable agree-
ment with the observed one. However, the amount
of charge transfer, 1.8 x 10-2 electron, is quite small as
compared with the ionic character of the complex
estimated from the dipole moment by the conventional
procedure without giving any allowance for the polariza-
tion effect.16)

TaBLE 3. COMPARISON OF THE CALCULATED AND

EXPERIMENTAL VALUES OF NH,-I, coMPLEX
Caled Exptl

u(Debye) 4.5 6.1~6.7%

— AE(kcal/mol) 7.5 4.84

Adg(e) 0.018

z(A) 2.45

I(A) 2.67

a) Ref. 16. b) Ref. 25.

The calculated charge density for the stable con-
formation of the complex as well as for the ammonia
molecule is shown in Fig. 3. As compared with the
results of the calculation on the free molecule, the
electron density in the complex is smaller by 0.039 at
N atom, but larger by 0.007 at each H atom. A
significant change is found in the I, part, where the
density at the I atom directly contacting the N atom
of ammonia decreases by 0.115, on the other hand, the
density at the other I atom increases by 0.132. This
means that a considerably large dipole moment has
been induced in the I, molecule, making a significant
contribution to the dipole moment of the complex.

E-O.GZZ

0.207

-0.583 0.115 -Q.132
0.200

{a) free ammonia (b) ammonia-iodine complex
Fig. 3. Net charges of free ammonia (a) and the am-
monia-iodine complex at the most stable configura-

tion (b).

Several authors have recently pointed out the im-
portance of the induced polarization in the observed
dipole moments of molecular complexes.l-317) The
results of our calculation support the view.

Since the amount of charge transfer was calculated
to be quite small, it seems of interest to examine the
contribution of charge transfer in the stabilization
energy of the complex. We estimated the contribu-
tions of different types of interaction by means of the
approximations described in the Appendix, and found
that the attraction energy due to the charge-transfer
force is of primary importance for stabilizing the com-
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plex. The orbital energies of the molecular orbitals
of the ammonia and iodine molecules are given in
Table 4, and the contributions of different charge-
transfer configurations to the intermolecular attraction
energy in Table 5. The charge transfer from the
highest occupied orbital of ammonia to the lowest
vacant orbital of iodine makes the largest contribution,
but there is an almost comparable contribution of a
charge transfer from a deeper occupied orbital of
ammonia. It should be noted that the contributions
of back charge transfer are also quite significant.

TABLE 4. ENERGIES OF MOLECULAR ORBITALS

orbital energy(eV) orbital energy(eV)
NH, CeHg»
2e 4.91 Sey 4.08
3a, 3.21 4e, 2.88
4b(r) 2.66
2a, —10.45 4a 2.33
le —13.99 4e, 2.19
la, —35.58 3b 1.38
3e,(m) 0.42
I, 3e,(n) —9.57
3a 0.26 2e, —10.01
2b —12.20
3s —8.97 2e, —12.88
2a(r) —12.1 3a(nr) —13.33
2s(r) —15.4 1b —14.82
la —25.6 2a —17.61
Is —36.8 le, —20.67
le, —29.24
la —38.53

a) Some higher orbitals less significant in the CT
interaction have been omitted.

TaABLE 5. CONTRIBUTION OF EACH COMPONENT
TO THE CHARGE-TRANSFER STABILIZATION
ENERGY FOR NH;3-I; coMPLEX®

Donation Back donation
N———— ——

NH, I, energy(eV) I, NH, energy(eV)

2a, — 3a 0.997 3 — 3a 0.425

le — 3a 0.0 la —» 3a, 0.098

la, »> 3a 0.601 Is — 3a, 0.165
2a(n)— 2e 0.010
2s(m) > 2e 0.006

a) Only the important components are listed in this table.

From the results of energy analysis described above,
we can conclude that the prime effect in the ammonia~
I, complex, viz., stabilization of the system, is the charge-
transfer force, but the net amount of charge transfer is
small because of the significant contribution of the
charge transfer from occupied orbitals of iodine to
vacant orbitals of ammonia.

Benzene—1, Complex (n-c type). For the benzene-I,
complex, Mulliken!® first proposed the resting model
where the iodine molecule lies parallel to the benzene
molecule. The model was considered doubtful from
the analysis of infrared spectrum of the complex, which
seemed to support the axial or oblique model.»® How-
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ever, it was realized later that the infrared spectrum
does not provide any definite conclusion as regards
the conformation of the benzene-I, complex.2°-22 In
the crystals of the benzene-halogen complexes, the
halogen molecules are oriented perpendicular to the
molecular plane of benzene,?® but the conformation
of an isolated complex is not necessarily the same as
the one found in the crystal of the molecular complex.
Thus the actual conformation of the benzene-I, com-
plex still remains unclarified.

We examined two models, axial and resting, in the
present calculation (Fig. 4). Assuming the geometries
of the benzene and iodine molecules to be the same
as those of the free molecules, we varied the inter-
molecular distance z which is defined in Fig. 4.

O—0—

|
ot o

(a) (b)

Fig. 4. Two models for the benzene—iodine complex:
(a) axial model, (b) resting model.

AE (keal)

Nw
30} ta) b
20 \

1.0 2.0 3.0 4.0 z (R

Fig. 5. Intermolecular interaction energy AE of the
benzene-iodine system as a function of the inter-
molecular separation, z(A).

The calculated AE is plotted against z in Fig. 5.
The results indicate that the axial model is more stable
than the resting model. It is also to be noted that a
well-defined energy minimum is predicted in the former
but not in the latter. The axial model is plausible
for the benzene-I, complex. Quantitatively, however,
our results confront serious problems. The z value at
the energy minimum, 1.7 A, is unreasonably short for
the intermolecular separation between benzene and
iodine, and the stabilization energy of the complex is
predicted to be too large. The net amount of charge
transfer from benzene to iodine is calculated to be
—3.21 X101 electron for the conformation correspond-
ing to the energy minimum. This means that a con-
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siderable amount of charge is transferred from iodine
to benzene and not from benzene to iodine, which is
unreasonable. Thus it is hard to take the conformation
at the 4E minimum as the real structure of the ben-
zene-I, complex.

The z-value dependence of the amount of charge
transfer and dipole moment of the system is shown in
Fig. 6. Aq is positive in the region 2>2.1 A, which
first increases on decreasing 2z, reaches a maximum
value, 3.72x 102 electron, at z=2.5 A, then steeply
decreases to change its sign. The actual value of z
for the axial model would be about 3.4 A. Although
the intermolecular interaction at this value is predicted
to be repulsive, it seems worthwhile to examine the
properties predicted for the conformation. The cal-
culated dipole moment is 0.34 Debye, which is ap-
proximately one fifth of the observed value.?¥) Even
so, the ionic character of the complex corresponding
to this calculated value of the dipole moment will be
estimated as about 1.59%,, if this dipole moment is
attributed entirely to the charge transfer, but the
amount of charge transfer actually obtained from the
predicted electron densities is only 5.77 X 103 electron.
The electron density is 6.994 at the iodine atom which
is in direct contact with benzene, and 7.009 at the
other iodine atom. This implies that a considerable
polarization has been induced in the iodine molecule,
which is of primary importance in the predicted dipole
moment. The situation is more or less similar for other
intermolecular distances.

B (Debye) 4q(e)
10 . Jo.05
L)
[
(¢7a — ~x—
2o 30 5oz k| %00
<10k {
10 ? {0.05
-20 4010
~30r {oi1s

Fig. 6. Dipole moment g (a) and net amount of charge
transfer 4¢ from benzene to iodine (b) of the benzene-
iodine complex as a function of z(A).

The orbital energies of benzene and iodine are listed
in Table 4. We estimated the contributions of various
charge transfers for AF in the case of the conformation
with z=3.4A. The results are shown in Table 6.
One can see that the charge transfer from a lower
m-orbital, 3a(n), of benzene to the lowest vacant orbital,
3a, of iodine is of primary importance. '

Benzene-TCNE Complex (m-m type). As an
example of z-n complex we chosed the benzene-TCNE
system. We assumed that the molecular planes of
benzene and TCNE are parallel to each other, the
center of the TCNE molecule being on the six-fold
axis of benzene. The calculated interaction energy AE
is plotted against the intermolecular distance z in Fig. 7.
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TABLE 6. CONTRIBUTION OF EACH COMPONENT TO THE
CHARGE-TRANSFER STABILIZATION ENERGY
rFor CegHg-I; coMPLEX™

Donation Back donation
" N
CeHg I, energy(eV) I, CgHg energy(eV)
3e,() — 3a 0.0 3s — 4a 0.258
3a(n) — 3a 4.193 la.= — 4a 2.181
2a — 3a 0.355 Is — 4a 0.098
la — 3a 0.765 2a(n) — 4e; 0.315
2s(n) — 4e, 0.139

2a(n) — 5e; 0.0
2s(n) — Se;  0.257

a) Only the important components are listed in this table.

4E (kcal)

ta)
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Fig. 7. Intermolecular interaction energy AE of the

benzene-TCNE system from various methods. (a)
MINDO/2 method in this work, (b) CNDO/2 method
from Ref. 7, (c) extended Hiickel method from Ref. 6.

The interaction between benzene and TCNE was
predicted to be always repulsive. This result is quite
different from that of the CNDO/2 calculation by
Chesnut and Wormer,” and resembles the result of the
extended Hiickel calculation by Wold.®

We performed calculations on some other #-n com-
plexes, but again failed to predict any stable conforma-
tion. Seemingly, the MINDO/2 calculation cannot
give satisfactory results for a system consisting of weakly
interacting n-donor and m-acceptor.

Conclusion

In the present study, we carried out MINDO/2
calculations on bimolecular systems composed of an
electron donor and an electron acceptor. The cal-
culation gave satisfactory results in the case of the
ammonia-I, system, and succeeded in predicting the
formation of a stable ammonia-I, complex. The dipole
moment and other properties calculated for the pre-
dicted conformation of the complex were in reasonable
agreement with the experimental results. The cal-
culation was less successful for the benzene-I, system,
where an unreasonably small intermolecular distance
was predicted as the most stable conformation of the
system. In the case of the benzene-TCNE system,
the calculation completely failed to predict the forma-
tion of astable complex.

MINDO/2 Calculations on Iodine Complexes
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Parametrization of MINDO/2 has been carried out
for application on relatively small molecules. It gives
good prediction as regards the heat of formation and
ionization energy of various organic molecules, but it is
not always suitable for calculations on a bimolecular
system.

In MINDO/2 as well as in CNDOJ/2, the Slater
atomic orbitals are used as the basis set with the Slater-
Zener orbital exponents. This may be sufficient in
calculations of small molecules, but not in those of
bimolecular systems where the integrals between atoms
with relatively large interatomic distance have signifi-
cant contributions. This situation might not be so
important for the ammonia-I, system, but seems to be
of prime importance for the benzene-TCNE system.

While the MINDO/2 calculation fails to predict the
stabilization of the benzene-TCNE complex, the
CNDOJ/2 calculation gives an unreasonably large
stabilization energy for the same complex. When
we compare the two methods, the resonance integrals
between the 2p orbitals of two carbon atoms are esti-
mated to be more than twice as large in the CNDO/2
method as in the MINDO/2 method. As is known,
the resonance integral between atoms with a large
interatomic distance is usually markedly underestimated
when the Slater AO’s are used as the basis set. This
can be improved by the use of the SCF-AO’s. A
possible way for the improvement of calculations on
bimolecular systems, is to perform parametrization
by use of the SCF-AO’s as the basis set.

Appendix

In a molecular orbital approach on a bimolecular system,
the physical nature of the intermolecular interaction cannot
be understood straightfowardly. We will show an approxi-
mate way to separate the contributions of different types of
interaction.

Let us express the Fock matrix of a bimolecular system
composed of molecules A and B as follows.

A+A’ G

Q@ BLB (1)
+B

where A and B are the SCF Fock matrices of the isolated

molecules, A’ and B’ the perturbation matrices, G is the

interaction matrix and °C the transposed matrix of C. The

molecular orbital approach on the bimolecular system is to
solve

FX =X @)

Any eigenvector X can be expressed in terms of the eigen-
vectors of A and B matrices as follows.

x=Ha o]+ fol,, ®

where a; (i=1, 2, -+, n) and b (j=1, 2, -+, m) are the eigen-
vectors of A and B matrices, respectively, and O and O’
zero vectors of m and n rows, respectively.

Substituting Eqs. (1) and (3) into Eq. (2), we obtain

[ (A+A)Sla, +C3lo b, } _ 8[;(1@, ] “
‘CSlaa,+ (B-+B)31bb, Sib b,

from which the following equation can be derived.
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Xt}(ai—s +Aaa; + C;bjbj =0 (5)
and
‘C?aiai + %‘}(ﬁ,—s+B’)b,bj =0 (6)

where a;’s are the eigenvalues of A matrix, and g;’s those of
B matrix. Premultiplying Eq. (5) by a, and Eq. (6) by
b,;, we get the following equations.

(ocx—&)ag + zi]ai<aklA/lai> + ;bKak[ClbD =0 (7)
and

St.‘lat<bl|cfai> + (Bi—e)b, + ;bj<blln,}bj> =0 (8)

These equations are reduced to the secular equation given
below.

1 an A RETEEEEEE Bm—g+B’;lm (9)

where A%;,=<a;|A’la,>, By=<b;B|b>, and C;=
<(a;|Clb;,>. This is exactly the same as the secular equa-
tion which we have to solve in the molecular orbital cal-
culation on the bimolecular system. When the interaction
matrix G and the perturbation matrices A’ and B’ are suf-
ficiently small, the solutions of Eq. (9) can be approximately
given by the perturbation method as follows.

> G

L = Al i
%t dut Z“i_“k F “i_lgj

+ o (10)

and
/2

2 B
ﬂ,+Bj+>J + 3 (1)

B, ‘xk =1 B—h
where we have neglected higher order terms. The total
energy of a closed-shell molecule is
oce oce

where [;; is the Coulomb integral, K,;; the exchange integral,
and 3} CR,, the sum of the core repulsion energy. Thus

n.m
the intermolecular interaction energy AE, defined as the
difference between the total energy of the bimolecular system
and the sum of the total energies of the constituent molecules,
can be expressed as follows.

[ZEA +2ZBJJ 2 S2Ji;—Kiy)

i.56x-
“l',y_‘l (2] — Kyr) +2 (2Ju' —Ky)+3] 3 CRuml
5w PG R 1B

2 'ﬁ \ﬁ Az{kz occ vac ]
i KE oti-—otk i® tg /3 3~
occ vac G2 i ]

[ocev;ac Cﬂ
z(A) ® oti-—ﬂ, (B) k(A) B;—Bx

(13)

oce .
where Y] stands for the summation over all occupied orbitals
A

oce
of the molecule A, and )] the corresponding summation

®
for the molecule B. Roéghly speaking, the terms in the
first brackets give the contribution of the Coulomb and core
repulsion energies, those in the second brackets give that of
the induction energy and dispersion force, and those in the
last brackets correspond to the charge transfer force, All of
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the integrals in Eq. (13) can be easily evaluated. As an
example, C;; can be expressed as follows.

Cy = gﬂubu[" 8 (14)

where a;, is the coefficient of the atomic orbital r in the i-th
molecular orbital of molecule A, b, the coefficient of the
atomic orbital s in the /-th molecular orbital of molecule B,
and F,; is the element of the Fock matrix, which is given as
follows in the MINDO/2 method.
rs = ﬁrs -

1'8 )’nm

Thus, we can estimate the contribution of a charge-transfer
configuration, CT (i—),

G
o,—py
by using the results of the molecular orbital calculations of
the bimolecular system and those of the isolated molecules.

AECT(i—rl) =
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