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Abstract: Using ab initio Gaussian self-consistent field (SCF) and configuration-interaction (C1) methods, the geometry,
binding energy, and dipole moment are obtained for ONF and NOF. It is found that only Cl methods lead to agreement with
the experimental NF bond distance of ONF. The optimized geometry for NOF is 1.07 A for the N-O and 1.76 A for the O-F
bond distance, with a bond angle of 112.3°. Basis sets with polarization functions are required to obtain a positive atomization
energy for ONF. Population analysis data show both molecules to be of polar structure. The molecular orbital and natural or-
bital contributions to the N-F bond of ONF (and O-F bond of NOF) are studied.

Introduction

The chemical bonding in nitrosyl fluoride (ONF) has been
a matter of considerable interest. In Table I experimental bond
distances, bond dissociation energies, infrared data, and dipole
moments are given for N-O, N-F, and O-F bonded mole-
cules.!-43 It is seen that the N-O bond distance of ONF (1.136
A) is smaller than that of NO (1.15 A), indicating a slight
positive charge in the N-O region (compare the NO* distance
of 1.06 A). The N-O stretching frequency is the same as in
NO. No other molecules, with the possible exception of ONF,*
and NOF, have such a short N~O bond distance or high N-O
stretching frequency. Similarly, comparing ONF with other
N-F bonded molecules, one finds from Table I that the N-F
bond distance of ONF is much longer (1.512 A) than for other
N-F bonded molecules, and that the N-F stretching frequency
is unusually low. The dipole moment is rather large.

Pauling*¢ explained the bonding in ONF by utilizing three
contributing resonance structures with weights of 25, 50, and
25%, respectively. Owing to the high proportion of structure
I, the NF distance is explained to be very long and the N-O
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distance shorter than for the NO molecule. Pauling concluded
that the nitrosyl group is less electronegative than either ni-
trogen or oxygen, owing to the high stability of the N=0 triple
bond (79 kcal/mol). Linnett*” considered the N-F bond in
ONF to be a one-electron bond, thereby accounting for its
unusual bond distance. In his scheme, the atoms assume formal
charges of ' for O and -4 for F,

Spratley and Pimentel4s used a molecular orbital approach
to describe the bonding and some physical properties of a series
of molecules XNO (X = H, F, Cl, Br, Li, etc.). In this scheme,
the X-N bonding is due to the overlap of the lone p electron
of X (s for H, Li, etc.) with the singly occupied #* orbital of
NO, Changes in the N-O bond length, stretching frequency,
and force constant are attributed to the electronegativity of the
X group. Strongly electronegative X groups should withdraw
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Table I Experimental Data on N-O, N-F, and O-F Bonded Molecules
A.N-O
Kno, av D(N-0).
molecule Rno A .02 emTl mdyn/A kcal/mol u, D
NO* 1.062' 2300-23502
NOF (1.10)6 1903.9% (4.242)%
ONF,* (1.13)% 18585
ONF 1.136° 1876.87 15.937 135.35 1.818
NO 1,158 187610 15.5'0 163" 0.1581213
ONF; 1.15914 169115 0.039'6
FNO, 1.179'7 1550'8 9.838 102.35.18 0.466'8
NO, 1.19719 147020 8.43% 11122
ON(CH3); 1.3623 93724 3.8-4.824
B NF
av D(IN-F)
molecule Rnr, A N KNE keal/mol u, D
ONF,* (1.33) 10305
NF; 1.3725 94926 6627 0.23428
ONF; 1.4324 836'? 0.039'6
FNO, 1.467"7 822.4'8 52,78 0.466'7
ONF 1.5126 522.97 55.48 1.818
C.O-F
Kor. av D(O-F),
molecule Ror. A vo_p. cm™) mdyn/A keal/mol u, D
OF, 1.405%° 92830 4,789 374 0.29732
NO;F 1.4233 92834 3.1035 32,953
CF,OF 1.421%a 883360 43.537
HOF 1.44238 88637 4.3740 5440 2,234
O,F, 1.5842 62143 1.5043 18.444 1.4442
NOF (1.76)" 483.3% (4.24)
D. ONF-NOF
molecule bond angle, deg dapc, cm™!
ONF 110.00 775.57
NOF (112.3)% 725.3%

“ Values calculated using Lehmann's rule.*> For a species AB,, vap = (1/x) (s (X = Diggun). * Values in parentheses have been calculated.
¢ The force constants for the NF bonds have not been included since they are very dependent on the particular function used in their calcula-

tion.

electrons from the #* orbital, thus strengthening the N-O
bond. The opposite is true for weakly electronegative X groups.
From their quoted N-O stretching frequency of 1844 cm™!
(vs. 1876 cm™! for NO) the authors conclude that F releases
a small amount of charge into the N-O bond. However, recent
data indicate a value of 1876 cm™! for vn. o, identical with that
of NO. Spratley and Pimentel argue that F and NO have
similar electronegativities, so that F can be replaced by NO,
and the N-F bond of ONF is similar to the weak bond in the
(ON); dimer. However, the observed dipole moment of ONF,
1.81 D, speaks in favor of an (ON)*F~ charge distribution in
ONF. (The observed dipole moment of NO is small, 0.158
D,'2:13 and calculated to be of N~O+ polarity.*?) As will be
seen later, the highest occupied molecular orbital of ONF, 10z,
involves the overlap of a 2p orbital on F with the n* orbital on
NO, and is thus representative of the Spratley-Pimentel
bonding scheme. Its role will be studied in more detail,

Recently the isolation of the very unstable nitrogen hy-
pofluorite (NOF) in an inert gas matrix has been reported,32-¢
The infrared frequencies of NOF are also reported in Table
I. It is seen that the N-O stretching frequency is higher than
in ONF, and that the O-F stretching frequency is lower than
the N-F stretching frequency of ONF. These observations
indicate NOF to have even more polar character than ONF,
in the sense (NO)*F~.

A number of ab initio calculations on ONF,3%-56 and one
on NOF,32 have been reported. The results of these calculations
are summarized in Table II. For ONF very few calculations
have achieved binding relative to the separated atoms. The

larger basis set calculation of Snyder and Basch4 yielded the
lowest energy for a single-determinant wave function but gave
no binding energy. Only in a few cases has a full geometry
optimization been carried out, The optimization by Peslak et
al.>2 for ONF gives Rxo too long and Rnr about right, The
4-31G basis set gives a good value for Rno, but RN is short
by about 0.04 A.33 The calculated bond angles agree well with
the experimental value,

The only geometry optimization on NOF, for which ex-
perimental values are not known, performed by Peslak et al,,52
gives Rno longer than in ONF, contrary to the conclusion one
draws from the observed higher vibrational N-O frequency
of NOF (Table I).

Since the published theoretical studies are unsatisfactory
in describing the experimentally observed properties of ONF
and NOF, a new investigation, with improved theoretical
methods, was found to be necessary. The present study has
been undertaken with the following objectives: (1) to improve
the quality of the ONF wave function such that it reproduces
the experimental geometry of ONF, thereby answering the
question why wave functions usually considered to be good fail
to give a good NF bond distance; (2) to optimize the geometry
of its isomer NOF; (3) to establish a binding energy for ONF,
and hopefully also for NOF; (4) to qualitatively discuss the
bonding in ONF and NOF, with particular reference to the
Spratley-Pimental bonding scheme.

Theoretical Methods and Results

In order to achieve the above objectives, it was clear from
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Table II. Summary of Previous ab Initio Calculations on ONF and NOF

basis set® energy,’  binding energy,¢
authors primitive contracted hartrees hartrees comments
Scrocco, Tomasi, S(2s,1p) —227.7084 equilibrium geometry4 only
Petrongolo30 exponents from Slater’s rules
S(2s,1p) —=227.7061 exponents are best-atom {’s
Peyerimhoff (9s,5p) (3s,1p) —228.3800 —0.1820 fixed Rno = 1.13A and calculated
and Buenker5! RnrF=1.52 A, bond angle = 111.1°
Peslak, Klett, O,N(5s,2p) —227.6236 +0.0537 geometry optimization Rno = 1.24 A,
David3? F(7s,2p) Rnp = 1.50 A, bond angle = 109
Pople, Del Bene, (8s.,4p) (2s,1p) —227.1388 +0.0037 geometry optimization Rng = 1.222 A,
Ditchfields3 RnE = 1.380 A, bond angle = 108.2°
(8s.,4p) (3s,2p) —228.2823 -0.0165 geometry optimization Rng = 1.137 A,
Rnr = 1.468 A, bond angle = 110.20°
Snyder and Basch54 (10s,5p) (4s,2p) —228.5521 —0.0170 equilibrium geometry
Pulay and (7s,3p/ 1) —228.1921 several points about equilibrium
Sawodny5® (5s3p/1) —226.4128 geometry—not a full-optimization
(5s3p) —-226.2227 s and pr functions used on NO bond
and s functions used on NF bond.
McWilliams, S(3s.2p) —228.4162 equilibrium geometry
Herring, Chong3® third order perturbation —228.7499
correction to the above
NOF
Peslak, Klett, O,N(5s,2p) —=227.5491 -0.0208 geometry optimization Rno = 1.27 A.
Davids? F(7s,3p) Ror = 1.55A, bond angle = 113°

@ “S" indicates a Slater basis set; all other calculations employ a Gaussian basis set. # Minimum energy reported. < A negative value denotes
lack of binding. ¢ Experimental geometrys of ONF: Rxo = 1.136 A, Rng = 1.512 A, bond angle = 110.0°

Table IIL Basis Set Description and Ground State SCF Energies for ONF and NOF

ONF NOF

basis total energy, binding energy, total energy, binding energy.

set brief description ref hartrees kcal/mol hartrees kcal/mol
1 4-31G: (8s4p/3s2p) 58 —228.2822 -10.4 —~228.1927 -66.6
11 6-31G; (10s4p/3s2p) 59 —228.5104 -10.5 —228.4209 -66.6
111 Csizmadia; (8s4p/4s3p) 60 —228.4635 -10.6
v Whitten; (10s5p/4s2p) 61 —228.5479 -21.3
\% Dunning; (9s5p/4s2p) 62 —228.5705 -10.0 —228.4836 -64.6
\4! Dunning; (10s6p/5s3p) 63 —228.6039 -3.1 —228.5155 -358.8
VIl V + diffuse functions 64 —228.5732
VIllé 1+ bond functions (s,p) 65 —228.3826 52.7
1X* V+ bond functions (s,p) 65 —228.6594 45.8 —228.5671 -12.2
X V+ d-type functions 66 —228.6792 58.4 —228.5813 -3.1

@ A negative value denotes lack of binding. # The bond functions, located at the center of mass of each bond, have exponents of 1.20 for the

N-Oand 1.10 for the N-F bond.

the outset that ab initio calculations at the Gaussian 70
level*7-%? are insufficient for a proper description of ONF and
NOF. Therefore, two types of extensions were foreseen. First,
better basis sets are to be used. This involves the inclusion of
polarization and diffuse orbitals. Secondly, the possibility of
a configuration-interaction (CI) treatment was envisaged in
order to allow for mixing of other configurations with the
single-determinant self-consistent field (SCF) wave func-
tion.

At the SCF level, various basis sets were used. in order to
optimize the geometry of ONF and NOF, and to obtain a
positive binding energy for ONF and NOF. In Table III, the
basis sets are briefly described, and the total energies and
binding energies are given. Basis sets [-VI are of double-¢
type.>8-63 In basis set VII, diffuse functions®® were added, in
basis sets VIII and IX bond functions,®’ and in basis set X d
orbitals.%® The geometries corresponding to the given energy
values are shown in Table IV for ONF and in Table V for
NOF. Table I1I indicates that only basis sets IX and X, both
using polarization functions, resulted in positive binding
energies (atomization energies), up to 58 kcal/mol for ONF
For NOF, at the best —3 kcal/mol was obtained, corre-
sponding to an unstable NOF molecule.

The results of partial geometry optimizations, performed
with the basis sets previously described, are shown in Table IV.
As mentioned before, the 4-31G and 6-31G basis sets under-
estimate the NF bond distance. None of the better basis sets
improves this situation. Since our basis sets are all of good
quality, and lead usually to excellent geometry verifications,
we concluded that a CI treatment is necessary for obtaining
an accurate NF bond distance.

For this purpose, two sets of Cl calculations were performed,
one with basis set IX (bond functions) and one with X (d or-
bitals). A systematic selection of configurations was carried
out,®” using energy criteria with threshold values of 0.5, 1.0,
1.5, etc., mhartree. As reference configurations (found by a
preliminary CI treatment) we used the ground-state configu-
ration and its double excitations 12”2 — 32”2, 102’2 — 112’2,
and 1a”2a” — 3a”’2, and three other less significant double
excitations. The core orbitals 1a’ to 3a’, corresponding to the
1s orbitals on the three atoms, were frozen. Only the six lowest
virtual orbitals were allowed to participate in the excitations.
All single and double excitations with respect to the reference
configurations were generated. The number of configurations
generated was 18 551; the number selected for the final CI was
1600-1700, depending on the NF distance. All energies (given
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Table IV. Geometry Optimization Results and Calculated Dipole
Moment for ONF?
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Table VI, ONF Molecular Orbital Characteristics with Respect to
NF Dissociation?

basis
set Rno, A RNF, A ONF, deg u, D
SCF Results
1 1.13 1.47 110 1.39
11 1.14 1.47 110 1.39
111 1.14 1.48 (110) 1.47
\% 1.15 1.46 (110) 1.42
Vi (1.13) (1.47) (110)
VIl 1.15 1.48 (110) 1.52
VIl 1.13 1.38 (110) 0.78
1X 1.13 1.39 (110) 0.93
X (1.13) 1.39 (110)
CI Results?
1X (1.13) 1.52 (110)
X (1.13) 1.52 (110)

4 The CI energies corresponding to the given geometries are
—228.7768 hartrees for 1X and —228.7954 hartrees for X. ¢ Param-
eters in parentheses were not optimized.

Table V. Geometry Optimization Results and Calculated Dipole
Moments for NOF#

basis set Rxo, A Ror A NOF, deg u, D
SCF Results
1 1.10 1.72 111.5 4.05
11 1.10 1.73 111.5 4.24
\% 1.10 1.78 110.9 5.31
\2 (1.10) (1.72) (111.5)
1X 1.07 1.81 112.3 5.64
X (1.10) (1.72) (111.5)
C1 Results¢
1X (1.07) 1.76 (112.3)

@ The Cl energy corresponding to the given geometry is —228.7073
hartrees. # Parameters in parentheses were not optimized.

in Table 1V) were extrapolated to a zero threshold value.®®
Table IV indicates that the CI wave functions give a satisfac-
tory NF bond distance of 1.52 A, the same for the two basis
sets.

In the case of the isomer NOF, the experimental geometry
is unknown. The results of geometry optimizations at the SCF
level, using 4-31G, 6-31G, and other basis sets, are given in
Table V. CI optimizations were performed on the OF distance
using basis set 1X (with bond functions) and methods very
similar to those employed for ONF. Eight reference configu-
rations were used, with respect to which 19 010 configurations
were generated and 1400-1500 selected. Table V shows that
the Cl-optimized OF distance is slightly shorter than the
SCF-optimized one (for the same basis set).

Discussion

In the following, the results obtained for ONF and NOF will
be discussed with particular consideration of binding energies,
geometries, and electronic structure.

Using double-{ basis sets with polarization functions, the
calculated binding energy for ONF, at the best 58 kcal/mol,
is unsatisfactory in comparison with the estimated value of 200
kcal/mol. For hydrocarbons about 50-75% of the binding
energy is calculated using double-{ basis sets.58 Electron cor-
relation plays a more significant role in obtaining the correct
binding energy for ONF (and NOF) than for most other
molecules.

The experimental ONF geometry, in particular the NF bond
distance, could only be verified by a C1 treatment. At the SCF
level the NF distance was found to be short by about 0.04 A,

MO R. RN—F = ®
9a’ 2p:F 2p:F
10a’ (mino + 2pxF) 2pyF
11a’ (mino — 2pxF) TYNO
la” (W}‘NO + 2pyF) TyNO
2a” (myn0 — 2pyF) 2pyF
3a” (miNo — 2pyF) TINO

4 The molecule lies in the x-z plane, with ON along the z axis.

and even shorter when polarization functions were used. It is
of interest to consider the configurations which mixed most
strongly with the SCF configuration, thereby contributing to
the lengthening of the NF bond. Such are 12”2 — 32’2 and
102’2 — 11a’2, which are two of the seven added reference
configurations as described earlier. Their CI expansion coef-
ficients are —0.11 at the NF bond distance of 1.50 A. Usually,
the significance of added configurations is explained by their
contributions toward a proper dissociation. In Table VI we
show the main composition of several molecular orbitals at
equilibrium and their dissociation characteristics for N-F
dissociation. The contributions are expressed in terms of NO
and F orbitals. In this analysis, the SCF configuration (C;
symmetry group)

l1a’22a’?3a’24a’252"26a’27a’28a’21a""29a’22a""2| 0a "2

isseentobe. .. mxo*(wno*.2pyF)22p,F22p, ¢ at equilibrium,
and to dissociate to NO*(7%) and F~(2p®).

The common feature of the added configurations is that they
are NF antibonding, where the doubly occupied NF-bonding
orbitals 1a” and 10a’ are replaced by the NF-antibonding or-
bitals 3a’” and | la’. This implies that the HF configuration,
by its attempt to lower the total electronic energy as much as
possible, overemphasizes the bonding aspect in the NF region,
and that the most important corrections are the addition of
NF-antibonding configurations. Furthermore, 12”2 — 3a’"2
changes mno? 10 TNo2wNo*2, making the NO bond weaker,
and probably lengthening it somewhat (the change is not ex-
pected to be significant). None of the added configurations
dissociates to NO(w*7*) + F(2p?). Proper dissociation is not
an important issue at the equilibrium NF distance, and will
only show at larger separations.

In the following, we use orbital density plots (Figure 1) and
Mulliken population analysis data (Table VII) to study the
bonds in ONF, especially the NF bond. As seen from Table
VI1I, the total NF overlap population is very small, and has
positive contributions from 4a’, 5a’, 7a’, 8a’, and 1a’”. The
overlap population due to the 102’ molecular orbital (MO) is
negative. From MO electron density plots, calculated for basis
set VI, and shown partly in Figure 1, it is concluded that the
NF bond has its strongest contribution from the 7a’ MO, and
weak contributions from other orbitals, including 10a’. Since
such conclusions are drawn from a visual interpretation of
orbital diagrams, they have to be taken with some caution. In
any case, the role of the 10a’ molecular orbital can only be
small. Of all occupied molecular orbitals, only 10a’ is of 7*
character in the NO region. As was mentioned earlier, Spratley
and Pimentel explain the ON-X bond by an overlap of the 7*
orbital of NO with the partially occupied valence orbital of X.
Therefore, according to their scheme, the 10a’ orbital should
be responsible for the ON-F bond, which is not confirmed by
the present MO calculations.

According to their MO coefficients, Peyerimhoff and
Buenkers!:%° classify all molecular orbitals either as predom-
inantly ON or F orbitals. Only 10a’ is considered to be an ONF
orbital, with contributions from all three atoms. From this they
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Figure 1, Orbital density contour plots of molecular and natural orbitals
of ONF (contour values used for MOs are 0.10, 0.050, 0.020, 0.010, and
0.0010 and those used for NOs are 0.10, 0.050, 0.020, 0.010, 0.0050, and
0.0010).

concluded that 10a’ is the molecular orbital responsible for the
ON-F bond. Their published 10a’ plot resembles closely our
10a’ plot. Although their conclusions are in line with the simple
bonding scheme of Spratley and Pimentel, we have reservations
about their arguments, First, some orbitals characterized as
ON or F orbitals have a relatively strong component also for
the other group. Second, the orbital plot of 10a’ is not com-
pared with other orbital plots. Such a comparison would show
that other orbitals are more strongly NF bonding than 10a’.

A total electron density plot of ONF looks very similar to
that given by Peslak et al,? and Peyerimhoff and Buenker,’!
and hence is not shown here. From these plots, it has been
suggested that the molecule can be considered as a fluorine
atom and a nitric oxide group, retaining their individual
identities. This may, however, be misleading since it would be
difficult to distinguish visually between the above description
and a description involving a large F~ and NO* contribu-
tion.

In Figure 1 we also show the natural orbital (NO) density
plots, obtained from a CI wave function with basis set V. They
are shown besides the molecular orbital which contributes most
to the natural orbital. Table VIII gives the expansion coeffi-
cients of the NOs relative to the MOs. Expansion coefficients
with respect to the virtual orbitals are not given. It is to be noted
that the NOs are not necessarily ordered according to de-
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Table VIL. Mulliken Population Analysis for ONF and NOF
(6-31G Basis Sel)

A. Overlap Population

ONF NOF
orbital ON NF orbital ON OF
la’ 0.0000 0.0007 la’ 0.0000 0.0002
2a’ 0.0035 0.0000 2a’ 0.0036 0.0001
3a’ 0.0008 0.0001 3a’ -0.0001 0.0000
42’ 0.4999 0.0837 4a’ 0.5486 0.0123
Sa’ 0.0622 0.0408 Sa’ 0.0142 0.0564
6a’ -0,7086  —0.0204 6a’ -0.6113  —=0.0182
Ta’ 0.2702 0.0516 Ta’ 0.3489  -0.0115
8a’ 0.0418 0.1113 la” 0.3553 0.0142
la” 0.2933 0.1217 8a’ —0.2405 0.0044
9a’ -0.0339  -0.0125 9a’ 0.0037 -0.0124
2a” 0.1086 —0.0843 2a” 0.0075  —0.0121
10a  —0.3335 -0.2320 10a’ -0.1802 —0.0203
B. Total Overlap Population
ONF NOF
ON NF ON OF
0.2043 0.0607 0.2497 0.0131
C. Atomic Charges
ONF NOF
N: +0.56 N: 4+0.40
0: -0.19 O: +0.08
F:—0.37 F. —0.48

Table VIIL Natural Orbitals in Terms of Ground-Stute Molecular

Orbitals@

Ta 8a’ 9a’ 10a’
MO (1.979) (1.982) (1.992) (1.950)
4g’ -0.0238 0.3915 0.0651 0.0538
5a’ 0.0866 -0.1678 0.0286 0.1614
6a’ 0.5209 0.2732 0.1621 0.1130
Ta’ 0.6636 0.1626 -0.3573 0.3877
8a’ -0.3327 0.7330 —0.4644 -0.1095
9a’ 0.0372 0.4244 0.7869 -0.0101
10a’ —0.4093 -0.0038 0.0777 0.8921

NO
la” 227

MO (1.944) (1.986)

la” 0.7920 0.6100

22”7 -0.6104 0.7918

4 The occupation numbers are given in parentheses.

creasing occupation numbers but according to their highest
MO component. The interesting change is that the 10a’ natural
orbital, while retaining the #* antibonding character in the ON
region, assumes the role of the 7a’ MO in the NF bond region.
Thereby, the 10a’ natural orbital becomes the strongest NF
bonding natural orbital, with weaker contributions from other
natural orbitals, This implies that in a natural orbital basis,
10a’ has the properties required by the Spratley-Pimentel
bonding scheme. However, it is to be remembered that the
natural orbitals result from a correlated treatment of the
molecule, and that the 10a’ molecular orbital makes only a
weak contribution to the NF bond,

Considering the difficulties encountered in calculating a
reasonable binding energy for ONF, it is understandable that
no binding energy was calculated for the less stable isomer
NOF. As seen from Table V, the calculated NO bond distance
in NOF is shorter than in ONF, in agreement with the ob-
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served higher N-O stretching frequency (Table I). The cal-
culated O-F bond distance is much larger than OF bond dis-
tances in other molecules. A long O-F bond has been expected,
since the O-F stretching frequency of NOF is considerably
smaller than O-F stretching frequencies of other O-F bonded
molecules listed in Table 1. Comparing the OF stretching
frequency of NOF with that of O,F5, one predicts an O-F bond
distance in excess of 1.58 A.

The calculated OF distances change in unexpected ways on
the addition of polarization functions and on application of CI
methods. Usually, optimized bond distances shorten when
polarization functions are introduced, reflecting the fact that
electronic charge is moved into the bond region. For NOF,
however, the OF distance slightly increases (from 1.78 to 1.81
A). A similar observation was made for H,0,,7% where the
inclusion of bond functions in the O-O region led to a slight
increase in the O-O distance. CI optimization of NOF leads
to a decrease of the OF distance (from 1.81 to 1.76 A), again
contrary to the ONF result. Then, the lengthening of the NF
bond was explained by the replacement of NF bonding orbitals
by NF antibonding orbitals in the participating configurations.
For NOF, on the other hand, the highest occupied orbital is
OF antibonding, and its replacement by another OF anti-
bonding orbital should affect the OF bond distance only
weakly, in an unpredictable direction. The most significant
added configurations are 10a’2 — 11a’2, 10a’ — | 1a’, and 7a’
la” — 11a’3a”. The orbitals 10a’, 11a’, and 3a” are OF anti-
bonding, whereas 7a’ and 1a’" are weakly OF bonding.

In line with the long O-F bond distance, the calculated di-
pole moment of NOF is unusually large. Such a dipole moment
corresponds to a separation of about Y electron charge by 1.73
A. Overlap population data (Table VII) and orbital density
plots (Figure 2) for NOF (obtained from basis set VI) confirm
that the OF bond is weak, with contributions from the 4a’, 5a’,
8a’ (population analysis), and the 7a’ (density plot) molecular
orbitals. 10a’ is slightly OF antibonding. The NO overlap
population in NOF exceeds that in ONF, in agreement with
the observed stretching frequencies.

Summary and Conclusion

It was found necessary for ONF to use CI methods in order
to obtain the experimental NF bond distance. It is argued that
satisfactory results for binding energy and dipole moment also
require the use of CI wave functions. In the added configura-
tions, molecular orbitals which are antibonding in the NF re-
gion replace the NF bonding orbitals 1a”” and 10a’ (10a’ is
weakly bonding), thereby effecting a lengthening of the NF
bond. As a qualitative argument it is suggested that for mol-
ecules containing strong and weak bonds, such as ONF, the
limitations inherent in a single configuration are expected to
favor the strong bond. The description of the weak bond de-
pends on the molecular orbitals present in the SCF configu-
ration. For ONF, the highest occupied molecular orbital is
weakly bonding, and the NF bond strength is overestimated.
On the other hand, for NOF, the highest occupied molecular
orbital is OF antibonding, and the low-lying virtual orbitals
are also antibonding, The OF bond distance is slightly reduced
by the CI treatment,

Mulliken population analysis data indicate that a consid-
erable amount of polarization occurs in ONF, with F nega-
tively and NO positively charged. The corresponding situation
also applies to NOF. The total charge density plots show two
almost separate molecular fragments, and are consistent with
the NO+-F~ polarization model,

The 10a’ molecular orbital of ONF, which is of 7* type in
the NO region and overlapping with 2p on F, and the prime
representative of the Spratley-Pimentel bonding scheme, is
only weakly bonding. Other molecular orbitals, especially 7a’,
contribute more significantly to the NF bond. Similar con-
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Figure 2, Molecular orbital density contour plots of NOF (contour values
used are 0.10, 0.050, 0.020, 0.010, 0.0050, and 0.0010).

clusions are obtained for NOF. The 10a’ natural orbital,
however, satisfies all requirements of this bonding scheme.

Theoretical difficulties in obtaining good binding energies
for fluorine compounds are well documented.”72 Fluorine
compounds often require the use of a correlated wave function
for a satisfactory binding energy, owing to the small size of the
fluorine atom and the resulting high electron density. In this
paper, it is suggested that electron correlation is also necessary
for the description of weak bonds in molecules which contain
both strong and weak bonds, owing to the limitations imposed
on the single-determinant SCF wave function, and the pref-
erential treatment such a wave function gives to the strong
bonds in the molecule.
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Abstract: The reactions of LiCH2C¢Hys-0-NMe, and LiCgHs-0-CH,NMe; with CpaMCI (M = Ti, V, Sc; Cp =

7>-CsHs),

CpTiCly, CrClsy, and ScCls led to the isolation of thermally stable, air-sensitive organometallic complexes whose stability is
attributed to chelation. The reaction of CpTi(CeH4s-0-CH,NMes), with CO; leads to elimination of 1 equiv of N,N-dimethyl-
benzylamine and incorporation of CO; into the aromatic ring. The reaction of Cr(CH2CgHy-0-NMes) ;3 with CO, gives a para-
magnetic complex in which COj; has inserted into only one Cr-C bond and with diketones to give (diketonate) Cr(CH,CgH -
0-NMes),. The factors which contribute to the stabilization of paramagnetic organometallic compounds are discussed.

Introduction

The vast majority of organometallic compounds are dia-
magnetic."? Little effort has been directed toward the synthesis
of paramagnetic organometallic compounds because of the
reactivity and instability of these compounds. The use of bulky
alkyl substituents3-7 such as -CH,SiMes, -CH(SiMe3)5, and
-CMe; has yielded some very interesting and stable complexes,
Recent work in our laboratory8-!! as well as in others!!-12 has
shown that considerable stabilization can be achieved by the
use of chelating organic ligands. For example, Brintzinger!?
studied the reactions of alkyl Grignard reagents with Cp,TiCl
and found that the resulting paramagnetic compounds,
Cp,TiR,™, were very reactive and unstable at room tempera-
ture. In contrast, we found'4 that the chelating lithium reagents

0002-7863/78/1500-8068%01.00/0

Li(CH,),PR; reacted with Cp,TiCl,!% at room temperature,
to give 1 as thermally stable, paramagnetic, crystalline solids.

C T'/CH2 PR.
P21l 9

CH. 4

1
Similar compounds were isolated for vanadium and scandium.
The stability of these complexes prompted us to examine, i.n
greater detail, the stabilizing effect of chelating organic li-
gands. The work described in this paper is concerned with the

preparation of compounds of the general types 2 and 3 (where
=S¢, Ti, V,and Cr; L = Cp, diketone; x = 0, 1, 2; y = 1-3).
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