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optimization of all geometrical parameters (within any re­
strictions desired). 
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I. Introduction 

During the past few years a wide variety of techniques have 
been applied to the study of molecular clusters. The ion cy­
clotron resonance (ICR), flowing-afterglow, and nozzle ex­
pansion methods have yielded much information on ion clus­
tering in the gas phase. ESR and Raman spectroscopy of 
cluster ions formed in matrices have also provided new infor­
mation on the ions of dimers and larger aggregates. 

One of the most interesting questions concerning clusters 
containing unpaired electrons is whether these electrons are 
delocalized over the cluster or localized on one of the monomer 
units. Even for the ions of most molecular dimers, it is not 
known whether the odd electron is localized. For this reason 
we have undertaken a study of the structure of the (NO2J2

+ 

and (CO 2 J 2
- ions and the energetics of the NO2 + NC>2+ —* 

( N 0 2 ) 2
+ and CO2 + C O 2 - — (CO2J2" reactions. 

Results of ab initio calculations on the properties of (CO2J2
-

were reported in a recent communication1 by Rossi and Jordan. 
In this study it was found that the structure consisting of a bent 
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C O 2
- "solvated" by a nearly linear CO2 was the most stable 

form of the complex. The stability of this structure was at­
tributed to charge-induced dipole and charge-quadrupole 
interactions. In the present paper we carry out similar calcu­
lations on the isoelectronic ( N 0 2 ) 2

+ ion and then compare the 
bonding in these two ions. 

Neutral (NO2J2, which has a planar symmetric (Z)2/,) 
equilibrium structure, has been the subject of several theo­
retical and experimental studies.2^13 Much of this interest is 
due to the fact that the N - N bond in this molecule is unusually 
long and weak. Ab initio self-consistent-field (SCF) calcula­
tions3 suggest that the stability of the Z)2/, structure is due to 
a <7-type 1,4 interaction14'15 between the oxygen atoms. Recent 
calculations of Cederbaum et al.12 and Harcourt13 have ap­
parently resolved the controversy concerning the assignments 
of the vertical ionization potentials (IP) of (NO2J2 as measured 
by the He(I) photoelectron spectrum.710 However, we are not 
aware of any theoretical studies addressing the adiabatic 
ionization processes of (NO2J2. 

In the present article, we employ ab initio SCF calculations 
to investigate the Z)2/, and Z)2^ forms of (NO2J2

+ as well as the 
planar nonsymmetric NO 2

+ -NO 2 complex. The bonding in 
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Figure 1. Optimized and experimental geometries of NO2, NC>2+, 
(N02)2+, and (N02)2 . In the case of ( N 0 2 h the "optimized" geometry 
is from Howell and Van Wazer (ref 3), who actually optimized only the 
N-N bond length. The experimental bond lengths and angles, when 
known, have been indicated in parentheses. 

each of these structures is compared with that for the corre­
sponding structures of (C02)2

- . The relative stabilities of the 
various forms of these two ions are discussed in detail. We re­
port estimates of both the vertical and adiabatic ionization 
potentials of (N02)2. 

II. Computational Details 
The spin-restricted Hartree-Fock and spin-unrestricted 

Hartree-Fock methods were used for the calculations on the 
closed-shell and open-shell species, respectively. The MOLE­
CULE program16 was employed to generate the electron in­
tegrals over symmetry-adapted basis functions, expressed in 
terms of contracted Gaussian-type functions, and the GRNFNC 
program17 was utilized to solve the self-consistent-field (SCF) 
equations. 

Even in the Hartree-Fock approximation complete potential 
energy searches of a molecules as complex as (N02)2

+ require 
a prohibitive amount of computer time. Therefore, we limit our 
study to the optimization of the planar symmetric Z)2/,, 
staggered symmetric D2d, and nonsymmetric Cs ion-molecule 
complex structures. There is a danger in employing the sym­
metry-restricted Hartree-Fock method in comparing struc­
tures of different symmetry. Therefore, after optimization of 
the Z)2/, and Did forms of (N02)2

+ , we then repeated the 
calculations with the symmetry lowered to C5 and employing 
initial-guess vectors with the odd electron localized. These 
results converged back to the same energies and vectors ob­
tained using the symmetry-restricted Hartree-Fock 
method. 

The split-valence shell 6-3IG basis sets,18 modified by 
splitting off the most diffuse component of three-component 
inner valence 2s functions, are employed. This uncontraction, 
which leads to a slight lowering of the energies, is necessary 
because the MOLECULE program requires positive coefficients. 
In the case of (C02)2

- , after optimization of the structures of 
interest, the energies were then recalculated using an aug­
mented basis set to allow for the more diffuse nature of the 
anionic species. The augmented basis set was formed by adding 
diffuse s and p GTOs with exponents of 0.05 to the carbon basis 
set.1 

Owing to the high symmetry of the Z)2/, and Did structures, 
the geometry optimizations require determination of only two 
bond lengths and one angle. The complete optimization of the 
Cs structure, is however, a nine-variable problem. Moreover, 
since the Cs structure has only one reflection plane, the integral 
generation and SCF calculations are rather expensive (about 
90 min CPU time per point on a DEC 10/99). Examination 
of the C5 structure of (C02)2

- , for which all nine variables 
were optimized,1 shows that this species is well described as 
a CO2

--CO2 complex with the CO bond lengths on one 
monomer unit being nearly equal to those of CO2 and those on 
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Figure 2. Optimized and experimental geometries of CO2, CO 2
- , (C02)2_, 

and (C02)2
2~. This figure is from the paper of Rossi and Jordan (ref 

I)-

the other being nearly equal to those of CO2
- . Furthermore, 

the OCO angle on the monomer unit on which the extra elec­
tron is localized is nearly the same as that in CO2

- . Therefore, 
in the optimization of the geometry of C5 NO2

+-NO2, in one 
monomer we retain the experimental19 bond length and bond 
angle of NO2, while in the other we retain the bond length of 
NO2

+. This latter bond length (1.113 A) was obtained from 
SCF calculations on NO2

+ using the 6-3IG basis set. Since 
relaxing the OCO angle of the CO2 portion of CO2

--CO2 had 
a small but important effect (~0.06 eV) on the energy, we have 
varied the ONO angle of the NO2

+ portion of NO2
+-NO2. 

With the above restrictions, we are left with the optimization 
of four coordinates. 

III. Results and Discussion 
A. Optimized Structures of (N02h+. The geometries ob­

tained for NO2, NO2
+, and the various forms of (N02)2

+ are 
summarized in Figure 1. For purposes of comparison we re­
produce in Figure 2 the geometries of CO2

- , CO2, and 
(C0 2) 2

- obtained by Rossi and Jordan.1 For each of the three 
structures considered, the geometry of (N02)2

+ is close to that 
of the corresponding structure for (C02)2

- . 
For both (N02)2

+ and (C02)2
- the ion-molecule complex 

is predicted to be the most stable form. The SCF calculations 
yield a value of 0.54 eV for the dissociation energy of planar 
NO2

+-NO2 (E = 407.4394 au) to NO2 (E = 203.9077 au) + 
NO2

+ (E = -203.5121 au). The value calculated1 for the 
process CO2

--CO2 — CO2
- + CO2 was only 0.03 eV larger 

than this. 
We have also carried out a calculation on NO2

+-NO2 with 
the NO2

+ group rotated 90° with respect to the NO2 group 
keeping the bond lengths and angles of the monomer units 
fixed. This perpendicular structure is 0.13 eV less stable than 
the C5 species. This suggests but it does not prove that the 
equilibrium structure is planar. In section IIIC, we show that 
the bonding in N02

+-N02 is dominated by charge-quadrupole 
and charge-induced dipole interactions. In terms of this picture 
the planar structure is energetically favored. 

For (N02)2
+ , the Dlh structure (E = -407.3822 au) lies 

1.56 eV above the ion-molecule complex, and the staggered 
D2d structure (E = -407.3768 au) is 0.15 eV above the D2h 
species. The bond lengths and ONO angles of the Z)2/, structure 
are very close to those of the D2d structure. For (C0 2 ) 2

- , on 
the other hand, the D2d and Z)2/, species lie only a few tenths 
of an electronvolt above the CO2

--CO2 complex and the D2d 
is more stable than the Z)2/, structure. Also the C-C bond 
length of the Z)2/, structure of (C0 2) 2

- is 0.363 au larger than 
that of the D2d form. The symmetric structures of (N0 2) 2

+ 
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Figure 3. Energy correlation diagram for (NO2J2
+ and (CO2J2 • 

and (C02)2~ have larger bond lengths and OMO angles (M 
= N, C) than those of the neutral dimers. This is consistent 
with the observation that the highest occupied molecular or-
bitals (HOMOs) of ( N 0 2 ) 2 and (C0 2 )2 2 _ are M-M bonding 
and MO antibonding. An energy correlation diagram for 
(N02)2+ and (C02)2_ is presented in Figure 3. 

The 11.79-eV vertical ionization potential obtained in the 
present study for (N02)2 at its experimental geometry is in 
good agreement with the experimental value of 11.4 eV.9>'° On 
the other hand, the energy difference between (N02)2 at its 
equilibrium configuration and (N02)2+ in its optimized D2/, 
structure is 10.65 eV. The adiabatic IP, which is given by the 
energy difference between the minimum energy structures of 
( N 0 2 ) 2 and NO 2

+-NO 2 , is 9.1 eV. 
Calculations of the gradient of the energy using the 

GAUSSIAN-78 program20 were carried out in order to ex­
amine the stability of the Z)2/, and D2J species. For reasons of 
cost we did not treat all possible distortions and also utilized 
the minimal, ST0-3G basis sets rather than the 6-31G basis. 
The distortions considered are indicated below. 

O 

O 

O 

O 

The Did structure is a saddle point on the potential-energy 
surface of ( N 0 2 ) 2

+ since there exists a monotonically de­
creasing path to the D2h structure. The D2), structure of 
(N02)2+ , however, appears to be a true local minimum with 
barriers both to dissociation to NO2 + N 0 2 + and to inter-
conversion to the Cs structure. 

Another interesting question concerns the rearrangement 
process: 

O + 

N- •(/ N) 
N 

0 

-N 

O O 
for the Cs structure. If the barrier to this interconversion is 
sufficiently small, then one could study the process by ESR. 
If, however, the D2h (or Z)2^) structure is encountered in the 
interconversion, the barrier will be over 1.6 eV for NO 2

+ -NO 2 

but only about 0.3 eV for CO2
--CO2 . The height of the barrier 

and the reaction path for interconversion of the Z)2/, species to 
NO 2 + N O 2

+ and to the Cs structure are not known at 
present. 

B. Bonding in the D2h and D2d Forms of (NO2J2
+ and 

(CO2I2
-. The results for the symmetric forms of these ions pose 

two interesting problems. First, why is the most stable sym­
metric structure for ( C 0 2 ) 2

- D2d while that of (NO 2 )V, 
(NO2J2 , ( C 0 2 ) 2

2 - is D2h symmetry? Secondly, why is the 

Figure 4. Charge densities of the highest occupied molecular orbitals of 
the D2h and D2d structures of (NO2J2

+ and (C02)2
-: (a) D2d (C02)2"; 

(b) D2d (NCh)2
+; (C) D2h (CCh)2

-; (d) D2* (NO2J2
+. Contour lines 

corresponding to charge densities of 0.0001, 0.0002, 0.0004, 0.0008, 
0.0016, 0.0035, 0.0070, 0.014 and 0.028 e/a0

3 are presented for both 
species. Two additional contour lines, 2.5 X 10-5 and 5 X 1O-5, are in­
cluded for (CO2J2

-. 

calculated De of (N02)2+ (0.54 eV) nearly the same as the 
experimental Z)e

21 of ( N 0 2 ) 2 (0.06 eV)? Since ( N 0 2 ) 2 and 
(C02)22_ have bond orders of one and (N02)2+ and (C02)2_ 

have bond orders of '/2, a simple orbital picture would lead us 
to expect a much smaller dissociation energy (Z)e) for the latter 
two species. The calculated dissociation energy of ( C 0 2 ) 2

- is 
0.57 eV. The dissociation energy of ( C 0 2 ) 2

2 - is not known but 
is expected to be comparable. 

The similar dissociation energies for (N02) 2
+ and (N02)2 

may have a simple origin: the importance of the long-range 
charge-induced dipole interaction between NO2 and N 0 2 + . 
We note that an analogous situation occurs for Li 2

+ and Li2: 
the dissociation energy of Li2

+ is greater than that of Li2 even 
though the bond orders of the ion and neutral molecule are V2 

and 1, respectively. Dixon et al.22 have proposed that the su-
prisingly strong bonding in Li2

+ (and Li 2
- ) is due to the im­

portance of the charge-induced dipole interaction. 
The charge distributions of the highest occupied molecular 

orbitals for the D2/, (6ag) and D2J (6a 1) structures are shown 
in Figure 4. The D2H structures of ( N 0 2 ) 2

+ and (C02) 2
- have 

similar charge densities as do the D2d structures. However, the 
1,4 bonding interaction1415 between the oxygens on the two 
monomer units is more important in Z)2/, ( N 0 2 ) 2

+ than in 
( C 0 2 ) 2

_ , although the O1-O4 separations agree to 0.01 A for 
these two species. This is consistent with the observation that 
the D2h species is the more stable structure for ( N 0 2 ) 2

+ and 
the D2J for ( C 0 2 ) 2

- . The 1,4 0 - 0 interactions are unimpor­
tant in the D2d structures and as a result the HOMOs of the 
D2J ions have charge densities quite similar to those obtained 
from the sum of the HOMO charge density functions (divided 
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Figure 5. The charge densities along the N-N and C-C bond axes. For 
(CC^)2

- the solid lines represent the charge densities calculated using the 
6-3IG and the dashed line the densities from the augmented basis set. 

by two) of two isolated NO2 or CO 2
- molecules, respec­

tively. 
The HOMO charge density plots along the N-N and C-C 

bond for the Z)2/, and D2<j ions are presented in Figure 5. For 
(C0 2 ) 2

- two sets of results are given: solid curves presenting 
the densities obtained from the 6-3IG basis and dotted curves 
obtained from the basis, augumented with diffuse s and p 
functions on the carbon atoms. The addition of the diffuse 
functions does not significantly affect the amount of charge 
density between the carbon atoms. 

The Z)2/, and Djd structures of (N02)2+ possess very similar 
charge densities along the N-N axis. This suggests that the 
contribution of the N-N bonding component of the HOMO 
is nearly the same for the Did and Z)2/, forms of the ion, and 
that the cr-type 1,4 interaction is largely responsible for the 
additional stabilization of the Z)2/, structure. This consideration 
is confirmed by the fact that the 6ag orbital of the Z)2/, structure 
possesses a slightly lower energy than the 6a 1 orbital of the Did 
structure (—0.663 vs. —0.654 au). The shifts in the energies 
of the other occupied molecular orbitals upon going from the 
Z)2/, to Did structure are smaller. 

The charge density along the C-C bond of the D2d structure 
of (C0 2) 2

- is considerably greater than that of the Z)2/, species. 
This fact, combined with the relative unimportance of the 1,4 
O-O interaction for (COi)2

- , is consistent with the greater 
stability of the Did species. 

In order to explain the differences in the relative importance 
of the 1,4 O-O and N-N/C-C a contributions to the bonding 
in symmetric (N02)2+ and (C0 2) 2

- , it is instructive to ex­
amine the bonding in the isolated NO2 and CO 2

- molecules. 
The N-O bond of NO2 is 0.058 A shorter than the CO bond 
of CO2-, suggesting that there is a significant difference in the 
hybridization of the 2s and 2p orbitals in the C of CO 2

- as 
compared to the N of NO2. This difference in hybridization 
reflects itself in the charge density of the HOMO of these two 
species as may be seen from Figure 5. A comparison of the 
charge density plots along the C2 axes of CO 2

- and NO2 in­
dicates that the HOMO of CO 2

- is much more spatially ex­
tended in the direction pointed away from the oxygens than 
that of NO2. For example, the charge density of the HOMO 
of NO2 is 8 e/an3 at a distance of 2.15 au behind the nitrogen 
atom while the charge denisty of the HOMO of CO 2

- is 18 
e/ao3 at a distance of 2.0 au behind the carbon. These two 
distances were chosen because they represent one-half the 
N-N and C-C bond lengths of (N02)2

+ and (C02)2~, re­
spectively. Hence just from consideration of the charge den­
sities of the monomers one is led to expect that the C-C bond 
in symmetric (C0 2) 2

- should be much more strongly bonding 
than the N-N bond of (N02)2

+. We also note that the HOMO 

of NO2 localizes more charge density in the vicinity of the 
oxygens than does that of CO2

- , consistent with the greater 
importance of the 1,4 O-O interactions in (N02)2

+ . 
Both the Dih and Did forms of (C0 2 ) 2

- have appreciably 
more charge density between the carbons than the D2h and Dn 
forms of (N02)2

+ have between the nitrogen atoms. It is for 
this reason that the symmetric forms of (C0 2) 2

- lie only a few 
tenths of an electronvolt above the CO2

--CO2 complex while 
the symmetric forms of (N02)2

+ lie considerably above the 
NO2

+-NO2 complex. 
Earlier, we indicated that (C02)22- is generally believed to 

have Dih structure. This is not necessarily in disagreement with 
the prediction that for (C02)2- the Did structure is slightly 
more stable than the DD1 structure. In particular we note that 
the distance between the cis oxygens in D2/, (C0 2) 2

2 - (2.74 
A) is much less than that for Z)2/, (C0 2 ) 2

- (2.90 A). The 
shorter O-O separation for the doubly charged anion should 
enhance the stabilizing cr-type 1-4 interaction between the 
oxygens and hence should favor the Z)2/, structure. 

There is also the possibility that the equilibrium structure 
of an isolated (C02)22- ion is Did rather than Dih. The 
structural data available for the oxalate ion has been obtained 
from salts or from matrix isolation work. It is possible that the 
structure of the gas-phase species could differ considerably 
from that of the condensed-phase ion. This is a difficult ques­
tion to resolve since (C02)2

2- , owing to autodetachment of an 
electron, is not a stable species in the gas phase. 

C. Bonding in the C5 Structures of (NO2^
+ and (C02)2

-. The 
Cs forms of (N02)2

+ and (C0 2 ) 2
- are well described as ion-

molecule complexes. It is apparent from Figure 6, showing the 
charge densities of the HOMOs of the two ions, that the "odd" 
electron is essentially localized on the bent NO2 or CO2

- . The 
charge density associated with the CO2

- portion of CO2
--CO2 

is similar to that of an isolated CO2
- . Similarly, the charge 

density on the NO2 portion of NO2
+-NO2 is similar to that of 

an isolated NO2 molecule, the major difference being that the 
charge density of the complex is shifted slightly toward the 
oxygen atoms. 

The localization of the odd electron is reflected in the 
Mulliken population analysis. The nitrogen atom of the NO2

+ 

portion of NO2
+-NO2 has a net charge of 0.56 and the two 

oxygen atoms on this group have charges of 0.20 and 0.22. For 
the CO2

- portion of CO2
--CO2, charges of -0.04, -0.44, and 

—0.42 are calculated for the carbon and the two oxygen atoms, 
respectively. 

The above results suggest that the stability of the Cs struc­
tures can be explained in terms of the electrostatic interaction 
between the ionic and neutral molecules. To verify this we have 
performed a series of calculations on various models. In the 
simplest model, the NO2

+ and CO 2
- portions of the dimers 

are replaced by single point charges (+1 and —1) located at 
the N and C atoms, respectively. We also consider a more re­
alistic model in which the charges are distributed over the three 
atoms of the ion according to the results of the population 
analysis described above.23 For each of these two models two 
estimations of the stabilization energy are obtained: (1) by 
carrying out Hartree-Fock calculations on the NO2 and CO2 
molecules in the presence of the charges, and (2) by considering 
separately the contributions of the charge-permanent dipole, 
charge-induced dipole, and charge-quadrupole interactions. 
In the distributed charge model these interactions are calcu­
lated for each of the three charges. The results obtained from 
these two models are compared in Table I with those from the 
fully ab initio calculations. In the SCF approximation the 
single-point charge model overestimates the stability of 
NO2

+-NO2 by 0.1 eV and underestimates that OfCO2
--CO2 

by 0.2 eV. On the other hand, the model employing the dis­
tributed charge distributions correctly predicts (to within 0.04 
eV) the stability of the complexes. It is concluded, therefore, 
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Table I. Comparison of the Dissociation Energies of NO2
+-NO2 

and CO2
--CO2 with the Stabilization Energies of NO2 and CO2 

by Plus and Negative Charges, Respectively (Energies in eV) 

model NO2
+-NO2 CO2

--CO2 

Hartree-Fock 0.54 0.57 
calculations on 
the dimer ion 

point charge model long-range 0.81 0.49 
interactions3 

Hartree-Fock* 0.63 0.34 
distributed charge long-range 0.56 0.64 

model interactions" 
Hartree-Fock* 0.54 0.53 

a Model employing point charge approximation OfNO2
+ and CO2

-

and considering the charge-dipole, charge-quadrupole, and 
charge-induced dipole interactions. * Hartree-Fock calculation on 
[NO2,+]and [CO2 , - ] . 

Table II. Calculated Orbital Energies (eV) of NO2, NO2
+-NO2, 

and [NO2 ,+]0 

NO2 

a 

15.05 (5b2) 
11.23 (7ai) 
1.37 (2bi) 

-13.89 (6ai) 
-14.43(Ia2) 
-16.53 (4b2) 
-21.48(Ib1) 
-21.94 (3b2) 
-23.25 (5ai) 

/3 

16.38 
11.79 
2.27 
0.65 

-14.35 
-13.72 
-20.86 
-20.46 
-19.85 

NO2
+ 

a 

10.75 
6.62 

-2.89 
-18.24 
-19.40 
-21.58 
-26.07 
-26.68 
-27.85 

-NO2 

$ 
11.67 
7.16 

-2.06 
-6.10 

-19.02 
-18.26 
-25.49 
-24.60 
-25.26 

[NO2, 
a 

10.76 
6.75 

-2.10 
-18.06 
-18.60 
-20.91 
-26.43 
-26.07 
-27.61 

+1 
$ 

12.07 
7.57 

-1.26 
-3.27 

-19.26 
-18.63 
-25.26 
-23.94 
-25.02 

" [NO2, +] represents NO2 in the field of a + charge, distributed 
according to the population analysis to represent the NO2

+ portion 
OfNO2

+-NO2. 

that the bonding in NO 2
+ -NO 2 and CO 2

- -CO 2 is due to 
electrostatic (permanent and induced) interactions between 
the ions and the neutral molecules. 

In the model in which the N O 2
+ in NO 2

+ -NO 2 is replaced 
by a single point charge located at the N the charge-permanent 
dipole, charge-induced dipole, and charge-quadrupole in­
teractions with NO 2 are 0.02, -0 .48 , and -0 .35 eV, respec­
tively. As expected from the geometry OfNO2

+-NO2 and the 
charge distribution obtained from the Mulliken analysis this 
simple model overestimates considerably (0.3 eV) the stabi­
lization of the NO2 . If the charge on the N O 2

+ is distributed 
according to the results of the population analysis, then the 
contributions due to these three interactions are +0.02, —0.27, 
and —0.31 eV, respectively, giving a total stabilization of 0.56 
eV, in excellent agreement with the ab initio result. 

Table II lists the orbital energies of NO2 , N O 2 in the field 
of the distributed charges, and NO 2

+ -NO 2 . For NO 2
+ -NO 2 

we report only the energies of those orbitals localized on the 
NO 2 group. The energies of both the a and /3 orbitals of [NO2, 
+] are in good agreement with those of NO 2

+ -NO 2 with the 
exception of the lowest unoccupied /3 molecular orbital (the 
unpaired electron is in an a orbital). The average difference 
between the energies of occupied orbitals of the [NO2, +] 
model and those of the orbitals localized on the NO 2 portion 
OfNO2

+-NO2 is only 0.42 eV. This agreement lends additional 
support to the picture that the stability of NO 2

+ -NO 2 is the 
result of the electrostatic interaction between the N O 2

+ and 
NO 2 and not the result of chemical bonding. The stabilization 
of the orbitals of a molecule due to the interaction with a pos­
itive charge has been discussed by Imamura and Hirano24 and 
by Bigelow.25 We find that the positive charge induces shifts 
ranging from 4.1 to 5.2 eV for the energies of the occupied 

2625 

Figure 6. Charge densities of the highest occupied molecular orbitals of 
the Cs structure of (C02)2

- (a) and (NO2J2
+ (b). The contour lines are 

the same as utilized in Figure 4. 

orbitals of NO2 . The variation in the shifts in the orbital 
energies is due partly to the overlaps of the molecular orbitals 
with the point charges, and partly due to the r - 1 dependence 
of the Coulomb interaction combined with the fact that not all 
atoms are equidistant from the point charges. 

The stability of the CO 2
- -CO 2 ion is correctly predicted (to 

within 0.04 eV) by the model in which the C O 2
- is replaced 

by the charge distribution determined from the population 
analysis. The orbital energies of the CO2 portion of CO2

--CO2 

are close to those of the [CO2, —] model. In this case the or­
bitals of CO2 are destabilized by the presence of the negative 
charges, and the spread in the shifts in the energies due to the 
varying overlap of the orbitals with the charge distribution is 
again above 1 eV. Whereas the electrostatic picture appears 
to be equally valid for CO 2

- -CO 2 and NO 2
+-NO 2 , there are 

some important differences in the magnitudes of the various 
interaction terms. In the case that C O 2

- is replaced by a single 
charge at the carbon position, values of —0.09, —0.19, and 
—0.21 eV are found for the charge-permanent dipole, 
charge-induced dipole, and charge-quadrupole interactions, 
respectively. The corresponding values in the distributed 
charge model are —0.12, —0.13, and —0.39 eV, respectively. 
Unlike the NO2 case, the charge-permanent dipole interaction 
is now negative and relatively important, contributing 0.12 
eV to the stabilization energy. Apparently, it is the charge-
permanent dipole interaction which causes the OCO angle of 
the CO2 portion of CO 2

- -CO 2 to close to 170°. The angle of 
170° represents the optimal compromise between the in­
creasing charge-dipole stabilization and the increasing ener­
gies of the CO2 moiety as the angle is decreased. The N O 2

+ 

portion of NO 2
+ -NO 2 is more nearly linear (a = 176°). The 

energy of CO2, bent by 170°, is 0.08 eV above that of the linear 
species. 
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IV. Summary and Suggestions for Future Studies 
In the case of (C02)2~, all three structures investigated are 

stable with respect to dissociation to CO2 + CO2
- . However, 

in the case of (N02)2+ only the Cs species is stable; the Z)2/, and 
Dm forms of (NC>2)2+ are unstable with respect to NC>2+ + 
NO2. Calculations using the gradient method indicate that the 
optimized Du, structure for (NC>2)2+ possesses a barrier both 
to dissociation and to rearrangement to the Cs form of the ion. 
However, Z)2/, (NC>2)2+ produced by vertical ionization of 
N2O4 may have a much smaller barrier to dissociation than 
does the optimized Z)2/, species. Further theoretical work on 
the minimum-energy paths for these rearrangements would 
be especially valuable. 

The two major limitations of the present study are the ne­
glect of d polarization functions and the neglect of electron 
correlation. We do not expect these to be serious limitations 
for the determination of the structures and dissociation ener­
gies of the Cs ion-molecule complexes, since it is well known 
that the Hartree-Fock method with double-f basis sets gives 
good descriptions of ion-molecule complexes such as F--H2O. 
We believe that the dissociation energies of the C5 complexes 
are good to 0.1 -0.2 eV, with most of the uncertainty being due 
to basis-set effects. On the other hand, the relative energies of 
the Dih, Did, and Cs structures are subject to greater uncer­
tainties, since species with different types of bonding are being 
compared. Dih and perhaps Did (CC>2)2- could perhaps lie 
below Cs C02~-C02 in energy, but it is very unlikely that Dih 
or Did (N02)2+ could be energetically below Cs NO2

+-NC^. 
Additional studies including d polarization functions and in­
cluding electron correlation are certainly called for for the 
species examined here. 

There are several experiments that could provide informa­
tion on the structure and stabilities of the C5 forms of the ions. 
Raman and ESR studies of the ions in rare-gas matrices could 
provide important information on the bonding of the com­
plexes. The authors of a recent ESR study1' of (N02)2+ in­
terpreted the observed spectrum in terms of a Dih structure 
for the ion and concluded that the odd electron cannot occupy 
a 6ag orbital as would be expected for this structure. It is pos­
sible that the ESR spectrum originated from the Cs form of 
the cation. The HOMO of C3 N02+-N02 localizes most of its 
charge density in an sp hybrid orbital on the NO2 portion of 
the monomer. Such a charge distribution for the odd electron 
appears to be consistent with the ESR results. 

The complexes (CO2),,-, for n = 1-6, have been detected 
mass spectroscopically. Based on the results of the present 
study we speculate that the equilibrium structures of these 
clusters may all be of the form of a monomeric ion solvated by 
(n — 1) neutral monomers. For the (N02)„ + clusters the sit­
uation is more complicated since the dimerization energy of 

NO2 is nearly the same as energy of the N02+-N02 -*• NO2
+ 

+ NO2 reaction. Moreover, for reactions of the type 

AB+_, + B - * AB*, M= 1,2,.. . 

the second and subsequent solvent molecules generally have 
a smaller enthalpy of reactions than does the first (n = O). 
Therefore, the larger ( N O 2 ) / complexes may actually be of 
the form NO2

+-N2O4, NO2
+(NO2)(N2O4), etc. 
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