6884 Inorg. Chem.1998,37, 6884-6889

Bonding and Geometry of OCFK~, ONF3, and Related Molecules in Terms of the Ligand
Close Packing Model

Ronald J. Gillespie,*" Edward A. Robinson,* and George L. Heard

Departments of Chemistry, McMaster University, Hamilton, ON L8S 4M1, Canada,
and Erindale Campus, University of Toronto, Mississauga, ON L5L 1C6, Canada

Receied August 26, 1998

The nature of the bonding in OgFand the isoelectronic molecule ONlkas been the subject of much discussion

for many years, because these species appear to have unusual bond lengths and angles. We have reinvestigated
the nature of the bonding in these and some related molecules by analyzing their calculated electron density
distributions. The results show that the bonding in the series;®BPCR~, ONF; ranges from predominately

ionic in OBR?~ to predominately covalent in ONFand that the interligand distances are consistent with the
close packing of the ligands around the central atom. The AO bonds BAC, N) are double bonds ranging in
nature from a very ionic 80 bond to a predominately covalent=0 double bond, but all three are strong and

short so that, in accordance with the ligand close packing (LCP) model, the AF bonds are correspondingly long.
Also consistent with this model the bonds in a three-coordinated A@#ecule are shorter than those in the
corresponding AOFmolecule. Protonation of the doubly bonded oxygen, which converts #1© Aond to a

single A—OH bond in each case, considerably lengthens th®Aond, and the bond angles accordingly adopt
values much closer to the tetrahedral angle. The difficulties of trying to describe the bonding in these molecules
in terms of Lewis structures are discussed.

Introduction (o] o)

The nature of the bonding in ONENd the isoelectronic anion |c| - u
OCFK;™ has been the subject of much discussion over many years F// \F F/ \F
since their structures were first determifigédThe CF and NF ¢ L
bonds have been considered to be unusually long (139.7 and I -

143.1 pm), the CO and NO bonds unexpectedly short (122.7

and 115.8 pm), and the ONF and OCF bond angles unexpectedly -
larger than tetrahedral (118.and 116.8). In OCK;~ the CO 0 Q
bond is almost as short as the CO bond in formaldehyde (120.9 l ”

pm)2 and in ONFR the NO bond is almost as short as in NOF PN P - AN
(114 pm)*and in NQ* (115.4 pm): In contrast the CF bonds F/ 7 /

are considerably longer than in €F.31.9 pm) and the NF F F
bonds are considerably longer than ingNE36.5 pmj and in 111 v v

NF4* (130 pm)® The lengths of the CO and NO bonds are s usually assumed that the octet rule structilie is not
consistent with their being described as double bonds so thatconsistent with the short CO bond, so it is postulated that
both carbon and nitrogen appear to be forming five covalent structurelV, which is apparently more consistent with the short
bonds as il andll, contrarily to the octet rule. The geometry CO bond and the long CF bonds, is the most important
of OCK™ has therefore usually been rationalized in terms of resonance structure. Structuké can be derived fronil by
octet rule resonance structures suchillasndlV . However, it back-donation of an oxygen lone pair of electrons into the CO
bond accompanied by the transformation of a fluorine bonding

lMcMaster University. pair to a fluorine lone pair, a process that is frequently called
University of Toronto. negative hyperconjugation. In molecular orbital terms, back-
@ E?;Q;‘,a,g”j XV J?An?_m&:tén?_ ' SGd&g?;gdéZEof5(\;\é‘_ J.; Calabrese, J. C.; bonding or ne_gative hyperconjugation has_ bee_n described as
(2) Plato, V.; Hartford, W. D.; Hedberg, K. J. Chem. Phys197Q 53, electron donation from the oxygen lone pair orbitals to dte
@ ?(4?&0 Kanaka. S.- liima. T Ki VBUIL Chem. Soc. J orbitals of the G-F bonds, thus giving the CO bond some
ato, C.; Kanaka, S.; lijima, T.; Kimura, MBull. Chem. Soc. Jpn. R :
1969 42, 2148. Nakata, M.; Kohata, K.; Fukuyama, T.; Kuchitsu, dOUb!e b(_)ﬂd orr character and weakening thg CF b0ﬂ6$]e_
K.: Wilkins, C. J.J. Mol. Struct.198Q 68, 271. bonding in the ONEF molecule can be described by similar
(4) Teeyan, J. P.; Walsh, A. D. Chem. Phys195], 19,1071. resonance structureg¢ except that the “no-bond” iV is
®) Igéte’ig"é';-s? Cruickshank, D. W. J.; Jeffrey, G. Acta Crystallogr. replaced by an ionic bond ik which cannot be assumed to
(6) Fink(? M.; Schmeiderkamp, C. W.; Gregory, DJJChem. Physl976 necessarily be longer than a covalent bond, so that the long NF
71, 5238. bonds are not satisfactorily accounted for.

(7) Morino, Y.; Saito, SJ. Mol. Spectroscl1985 19, 435.
(8) Christe, K. O.; Lund, M. D.; Thorup, N.; Russell, D. R.; Fawcett, J.;  (9) See for example: Reed, A. E.; Schleyer, P. vJRAM. Chem. Soc.
Bau, R.Inorg. Chem.1988 27, 2450. 199Q 112 1424.
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It is important to realize that resonance structures sué¢¥ as  Table 1. Intramolecular Ligand Radii
andV give adescriptionof the bonding in valence bond terms ligand radius (pm)
but do not provide aexplanationfor the bond lengths, because
the resonance structures were postulated to be consistent with
the bond lengths. Similarly, back-donation into the CF or NF (B: iég ﬁi i%
o* orbitals in the molecular orbital model is postulated to be N 106 112 120
consistent with the bond lengths, but in the absence of other

evidence for this effect it cannot be regarded as an explanationyiq s that are more electronegative than the central atom, such
of the bond lengths. ) as F and O. Such ligands have an appreciable negative charge
Very recently Zhang and Seppéithave determined the  anq are therefore considerably larger than the positively charged
crystal structures of three related ions, namely ;@H;0", central atom, so they are attracted to it, forming a close-packed
(CF).CFO7, and OCFCEO™, and calculated the structures of  arrangement around it. We have shd#t:Sthat each ligand
the free ions by ab initio methods. They describe the bonding ¢an pe assigned an intermolecular ligand radius that determines
in these ions in the conventional manner, that is, in terms of jts contact distance with other ligands. This ligand radius is
the importance of resonance structures suchlaer negative  3imost constant for a given central atom but varies with the
hyperconjugation. However, prior to the work of Zhang and gifference in the electronegativities of the ligand and the central
Seppelt® Wiberg™ had given a different interpretation of the  a1om because this determines the charge on the ligand and

bond lengths in OCE . He based this interpretation largely on  therefore its size. The ligand radii relevant to this paper are
his finding from ab initio calculations that the CO bond in  given in Table 1.

CRO™ (121.4 pm) is considerably shorter than that in its parent
alcohol, CBOH (132.8 pm), and that this property is not unique Calculations

to CRO _as it is also_ obse_rved for _Q;Eb , CH3CH,O™ , The calculations for OBE~, HOBR:~, OCF~, HOCF,
(CH3)3CO~, and CFHO™ relative to their alcohols. The same 1 i . .

. ONF,", ONF;, and HONR* were performed using the Gaussian
effect has also been found previously for two analogous 6 )

_ . . 94 program'® They were based on Becke’s three-parameter
molecules of boron, JBO™ and RBOH, in which the calculated exchange functional (B3)as slightly modified by Stephens et
BO bond length increases from 120.7 to 134.4 pm on proto- _ g gel X N S Slightly y Step

. N - al.8used in conjunction with the Lee, Yang, and Parr (L¥P)
nation of the oxygef? Moreover, while the CO bond lengths : . : :

S correlation-gradient-corrected functional, and using the 6+&-1
decreasdrom the alcohol to the anion, in every case the CF (2d,p) basis sé Topological analysis of the charge densit
(BF) and/or CH bondsncreasein length. Wiberg concluded was’,p erformed QsinpthegAlMPA?egnd MORPHY?2 s%ftware y
that the differences in the CO bond length between the alcohol P 9 . .

packages. For OGF, calculations were also carried out at the

and the alkoxide cannot be due to back-bonding (negative - i
. . e . MP2 level. Atomic charges for the moleculesfCF,0O, (CF)2-
hyperconjugation) because this difference is much less affectedCFO' and FCOCHO- were calculated from a B3LYP wave

by the nature of the substituents, H, &ldr F, than would be ' - \ .
expected on the basis of the expected very different energies offunctlon obtained from Zhang and Seppeit's calculated atomic

CH, CCH;, and CFo* orbitals. Wiberg also calculated atomic parameters using the 6-35(d,p) basis sef!

charges using the AIM methdd He found the charges on all  Results and Discussion

the atoms to increase on going from the alcohol to the anion, )

and he attributed the decrease in the length of the CO bond to  OCFs™ and Other OAF, Molecules.Table 2 gives our ab

the increased attraction due to the increased charges on carboHnitio calculated molecular parameters for QCRogether with

and oxygen. However, he did not comment on his finding that Previously reported values. There is good agreement between
as the CO bond decreases in length the CF and CH bond lengthdhe B3LYP values and the MP2 values and with the experi-

increase at the same time despite the increased charges on @hental values except that the calculateetFebond length is
F, and H. appreciably greater than the experimental value, presumably

because both the MP2 and B3LYP calculations make inadequate
correction for electron correlation, which is known to be
particularly important in fluorides. The apparent agreement
between the HartreeFock calculated CF bond leng#and the
experimental value presumably arises from a fortuitous cancel-
lation of errors. The results of the B3LYP calculations for

central atom F (@) C

In this paper we describe an alternative explanation for the
structural features of G, ONR, and other related molecules.
While we agree with Wiberg that the atomic charges are an
important factor determining the bond lengths in these mol-
ecules, we show that they also depend in an important way on
the packing of the ligands around the central atom in accordance
with t.he ligand close packing (LCP) modéF*According . (16) Frisch, M. J.; Trucks, G. W.; Schlegel, H. B.; Gill, P. M. W.; Johnson,
to this model bond lengths and bond angles are mainly B. G.; Robb, M. A;; Cheeseman, J. R.; Keith, T.; Petersson, G. A.;
determined by ligandligand interactions, that is by the packing Montgomery, J. A.; Raghavachari, K.; Al-Laham, M. A.; Zakrzewski,
of the ligands around the central atom, leading to almost constant yv .G\-/?VS;“Z’ ,3' \\/N F%ﬁsz‘ag”vj J-LB.-? 5?]%’ % YE-? @y?'é’ofﬁ \;‘étgh?g”-’
interligand distances in a variety of molecules. Ligand close Martin. R-L.: Fox D, J- Binkiey. J. S Doloes, D. J.; Stewart J. P

packing is particularly important for the elements of period 2 Head-Gordon, M.; Gonzalez, C.; Pople, J.@aussian 94, Resion

such as Be, B, C, and N because of their small size, and for B.3 Gaussian Inc.: Pittsburgh, PA, 1995.
(17) Becke, A. D.J. Chem. Physl993 98, 5648.

(18) Stephens, P. J.; Devlin, C. F.; Chabalowski, C. F.; Frisch M. J.

(10) Zhang, X.; Seppelt, Kinorg. Chem.1997, 36, 5689. Phys. Chem1994 98, 11623.
(11) Wiberg, K.J. Am. Chem. Sod.99Q 112, 3379. (19) Lee, C.; Yang, W.; Parr, R. ®hys. Re. 1988 B37, 785.
(12) Gillespie, R. J.; Bytheway, I.; Robinson, E. lorg. Chem.1998 (20) McLean, A. D.; Chandler, G. Sl. Chem. Phys198Q 72, 5639.
37, 2811. Krishnan, R.; Binkley, J. S.; Seeger, R.; Pople, J.JAChem Phys.
(13) Bader, R. F. WAtoms in Molecules: A Quantum Thep@larendon 198Q 72, 650.
Press: Oxford, U.K., 1991. (21) Biegler-Kanig, F. W.; Bader, R. F. W.; Tang, T.-d. Comput. Chem.
(14) Robinson, E. A.; Johnson, S. A.; Tang, T.-H.; Gillespie, Rndrg. 1982 3, 317.
Chem.1997 36, 3022. (22) Popelier, P. L. AChem. Phys. Lettl994 228,160; Comput. Phys.

(15) Gillespie, R. J.; Robinson. E. Adv. Struct. Chem. Resin press. Commun.1996 93, 212.
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Table 2. Bond Lengths (pm) and Bond Angles (deg) for QCF

Gillespie et al.

this work Seppelt Wiberg
B3LYP MP2 B3LYP HF
bond length and bond angle 6-311+-G(2d) 6-311+-G(2d) 6-31+G(d,p) 6-311++G* expt
C—F (pm) 143.9 143.1 144.3 138.4 139.2
C—0 (pm) 121.3 121.6 122.2 121.4 122.7
F—C—0 (deg) 117.3 117.2 117.2 116.5 116.5
F—C—F (deg) 100.6 100.7 100.8 102.0
Table 3. Bond Lengths, Bond Angles, and Interligand Distances for Some, QAdtecules
AO (pm) AF (pm) OAF (deg) FAF (deg)
calc expt calc expt calc expt calc expt -4 (pm) O-+F (pm)
OBF 120.6 128.4 180 180
OBF,~ 120.7 140.5 126.8 106.4 225(226)* 234 (232)
OBR?~ 133.3 152.4 117.7 100.8 235 (226) 244 (232)
HOBF, 135.4 134.4 132.5 132.3 121.7 122.8 116.6 118.6 227 (226) 234 (232)
HOBFR;~ P 145.3 140.7 108.1 109.3 231 (226) 233 (232)
142.9 111.3 106.8 229 (226) 238 (232)
MOBF;® 145.0 135.0 112.0 109.9 224 (226) 232 (232)
138.8 110.1 108.8 224 (226) 233 (232)
140.8 108.7 108.7 225 (226) 232 (233)
OCFR, 117.1 117.0 132.0 131.7 125.2 126.2 107.6 109.5 215 (216) 222 (223)
OCR;~ 121.3 122.7 143.9 139.2 117.3 116.5 100.6 102.0 216 (216) 223 (223)
HOCR 134.6 132.8 108.6 108.5 217 (216) 217 (223)
135.0 112.4 106.4 216 (216) 224 (223)
ONR* 112.9 131.2 125.8 108.4 213 (212) 217 (218)
ONFR; 117.5 115.8 144.4 143.1 117.5 118.1 100.4 100.8 220 (212) 223 (218)
HONFR;*" 131.3 132.1 108.1 107.8 216 (212) 213 (218)
135.1 113.6 105.6 215 (212) 223 (218)

aValues in parentheses are sums of the ligand rAtiiOAF; molecules haveSs symmetry. The upper number in each entry is for the unique
F atom trans to the OH group, and the lower number is for the other two equivalent F &td@BF; = [ReO(OBFR)(1-methylimidazole)BF 4.

Table 4. Atomic Charges and Electron Densities at the Bond the OBFR; group is found as a ligand in the rhenium complex

Critical Point [ReO(OBF)(1-methylimidazole) *BF,~.24 The observed bond
q(A) —qO) —q(F) g(OH) q(H) ps(AO) pu(AF) lengths and angles in this molecule are in good agreement with
OBF 226 145 08l 0316 0234 the calculated values for HOBRExcept that the observed BF
OBF,~ 233 159 0.87 0.276 0.180 bond lengths are somewhat smaller than the calculated values.
OBR?~ 236 167 0.90 0.241 0.118 However, the observed +F and O--F distances are in excellent
HOBF, 241 138 082 -0.77 0.61 0221 0.209 agreement with the predicted values, while the calculated values
HOBR~ 241 132 08% -0.82 050 0176 0.164 are a littler larger than predicted, consistent with the longer
OCFh, 230  1.09 Odg.;go 0.467 0&227 calculated values for the BF bond lengths. It is commonly found
OCR~ 216 126 063 0449 07247 thatthe ab initio calculations for predominately ionic fluorides
HOCF; 230 1.04 0.62 —0.45 0.59 0.353 0.300 at the level we have used give longer bond lengths than are
0.62 0.286 observed experimentally.
8“?; %'(1)3 g'gé 8'32 825? 82% We see that in each case the AO bonds are shorter than the
HONF:* 116 048 010 4020 068 0405 0.382 A—F bonds, consistent with their formulation as double bonds,
0.12 0.354 although the atomic charges show that the AO bonds, like the

AF bonds, are not pure covalent bonds but vary from the very
ionic BO bonds to the much less ionic NO bonds. In each case
both the AO and the AF bonds increase in length from the
together with the results of our earlier calculatihsn OBF, 2-coordinate OBF to the 3-coordinate OBFand from all of
OBF,~, and OCE, are given in Table 3 together with the the 3-coordinate AOFmolecules to the 4-coordinate A@F
available experimental bond lengths, bond angles, and interli- molecules, consistent with the LCP model. The ratio of the
gand distances. The interligand distances were calculated fromaverage length of the bonds in O€Ro the average length of
the experimental data where this is available, otherwise from the bonds in OCFis 1.05, close to the ratio of 1.06 expected
the calculated data, and are compared with the sum of the ligandfrom the close packing of spherical ligands around the central
radii from Table 1. Our calculated molecular dimensions for atom. Moreover, as can be seen in Table 3, in most cases the
ONF; agree well with recent MP3/6-31G calculations of Levy F++*F and O--F contact distances are very nearly the same in
and Hargitta?® who foundr(NO) = 116.7 pmf(NF) = 141.5, the AOFR, molecules and the AQFmolecules, and in most cases
OFNF = 100.6, andOFNO = 118.3. Table 4 gives the atomic they are close to the values predicted from the ligand radii in
charges and the electron densities at the bond critical point Table 1, which were obtained from a study of a large range of
obtained from the analysis of the electron density distribution fluorides, oxides, and hydroxidé&!*!The interligand distances
for each of the molecules we studied. There is no available in OBFR:*~ are, however, rather longer than expected. This,
experimental data for the free OBF or HOBFR;~ ions, but together with the very long bonds, the BF bonds being 21 pm

a See footnoté to Table 3.
OBFR?, HOBR;~, OCRK~, HOCFR;, ONR*, ONFs, and HONE,

(23) Levy, J. B.; Hargittai, 1J. Mol. Struct. (THEOCHEM)in press. (24) Bdanger, S.; Beauchamp, A. Ilnorg. Chem.1997, 36, 3640.
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Table 5. Atomic Charges, Bond Lengths, Bond Angles, and Interligand Distances in thg G®@Eps of OCE", CRCFR0O~, OCFCEO, and
(CR3).CFO”

OCFy~ CRCRO™ OCFCF,0~ (CF3).CFO OCFCRO~
q(0) —-1.48 -1.3 -1.29 -1.25 -1.02
q(F) -0.63 -0.64 -0.63 —-0.62 -0.63
a(C) 2.77 1.81 1.80 1.40 1.58
C—F (pm)

calc 144.3 147.6 148.2 152.1 138.1

expt 139.7 140.2, 144.7 141.4,147.8 141.6 135.2
C—-0 (pm)

calc 122.2 122.9 122.6 125.6 117.2

expt 122.7 123.0 122.0 134.3 119.3
OOCF

calc 117.2 116.2 116.0 115.0 138.3

expt 116.5,115.8 115.9 115.1 120.8
OFCF

calc 100.8 99.9 100.0

expt 101.7,102.7 99.4
O-+-F expt 223 (222) 225 (222) 233 (222) 219 (222)
F-+-F expt 216 (216) 221 (216)

longer than in BE~, suggest that this ion is on the verge of a corresponding considerable reduction in the valug,0énd
stability as a consequence of the strong repulsions between thehe bond lengthens accordingly.

ligands resulting from their large charges. CF4CF,0-, (CF2),CFO-, and FCOCR,0~. The calculated

It is interesting to look at the bond length changes on and experimental data for the OC§roups in these molecules
substituting an F ligand in an Afmolecule by an O ligand to  are compared in Table 5. As a fluorine in OCHs replaced
give an AOR molecule. The CF bond in GR131.9 pm} by a Ck or COF group, the charge on carbon decreases
increases by 7.3 pm to 139.2 pm in £F, and the NF bond  gypstantially, the charge on oxygen decreases slightly, and that
in NF4* (130 pm§ increases by 13.1pm to 143.1 pmin ONF o fluorine remains constant. As the charge on carbon decreases,
Similar increases are observed in the calculated bond lefths. ihe calculated CF and CO bond lengths increase as the “ionic”
The BF bond increases from 138.6 pm inBP°to 152.4 pm  contribution to the bonding decreases, and the OCF and FCF
in OBFs*~ and from 131.4 pm in BEto 140.5 pm in OBE", angles decrease accordingly. The experimental bond lengths and
and the CF bond increases from 123.5 pm iCFt0 131.7  gpgles generally follow the same trends except as discussed
pm in OCR.2 All of these bond length changes are consistent pgjow. Zhang and Sepp#ltattribute the increased CF bond
with the LCP model. length in CECF, O~ to increased negative hyperconjugation,

Protonation of the oxygen in these molecules considerably p i this would be expected to decrease the CO bond length,
increases the AO bond length, and the AF bond length  \yhereas it actually increases slightly.

decreases correspondingly to keep all of the ligands close Replacing a second fluorine in @8- by a CF group to

packed, giving comparable-A0H and A-F bond lengths and . .
give (CR),CFO further increases the calculated CF and CO
angles much closer to 120or 109.5. For example, the bond lengths from those in GEF,O™ in accordance with the

calculated bond lengths in HOGRave the very similar values further decrease in the charge on carbon. The experimental value
r(CO) = 132.8 pm and(F) = 130.1 and 131.7 pm, and the 9 : P

OCF and FCF angles have the values 198.81.9, and 110.3 fordtf;ﬁ co bor_ld Iert\glth '? th? O,[(;F gré)tép |sdu|nextp;]e_ctedly Iarg?
compared to the very different valug&CO) = 121.4 and (F) a3| € e>|<|per|men advat uethor el | t%n elng |§#nexpecd-
= 138.4 and angles of 116.6ind 101.6 in OCF;~. Similar gey Z[{(}Z ::urra?:rt?]at t‘;]e c(re\a(r:aecg :g‘x Veanuiﬁ?)@rl;lz?)n% an
changes in the bond lengths and angles were also found bylarpgr thanp'n CECR,O-, causin gt to formygtron er hvdrogen
Wiberg!t! for OCR~ and other alkoxides and their parent bogds 0 t;1e i er'd'ﬁ' n;J (':a%(')n than the ﬁngo_y 'ong
alcohols such as GJ@~ and CHOH. Similarly the bond lengths H th pl? II tl :ju h : in the f lon.
and angles in $BOH and HONRE™ (Table 3) are very similar owever, he calculated charge on OXXQG” In the Iree 1on 1s
compared to the very different bond lengths and angles in actually slightly smaller than in GERO™. Nevertheless, the

F,BO~ and ONFE. There are two ©-F distances in the HOAF oxygen in (CE)ZC'.:U does have one consiqeraply .ShOT‘er
molecules which hav€s symmetry because the electron density contact (231pm) with a hydrogen atom of the piperidinium ion,

around an OH group is not cylindrically symmetrical as we have suggesting tha} it is indeed more strongly hydrogen t_)onded.
discussed elsewhet215 So the oxygen has different contact Presumably it is the crystal packing which is responsible for

distances in different directions, in this case to the unique F g‘g’ sho(;t O;H CE”E’I‘Ct Wh'c.h leads LO a Iengthenr:ng of the.
atom trans to the H, and to the other two equivalent F atoms. ond and probably to an increased charge on the oxygen in

Wiberg!! pointed out that on protonation of the oxygen in the crystal.

OCF;~ and other alkoxide ions the charge on the oxygen atom The most unexpected feature of the X-ray structure of
is reduced. He suggested that in QCRhis is because the ~OFCCRO™ is that one of the CF bonds in the &F-group is
protonated oxygen is more weakly attracted by the positive Particularly long (147.8) pm compared to the other CF bond
carbon atom and the bond lengthens correspondingly. We seg(141.4 pm) and makes unusually small angles with the adjacent
that the charge on oxygen is similarly reduced on protonation O, F, and C atoms. Zhang and Seppelt attributed these
of both OBR~ and OBR?2", although not in ONE; in which differences to a short hydrogen-bonded contact of 237 pm which
the charges are very small. However, in each case protonationthis fluorine makes with a hydrogen of the N(gkf cation.
converts a formal double bond into a formal single bond with The lengthening of this bond allows the angles that this fluorine
makes with the other ligands to decrease, thus keeping the
(25) Yakeo, H. T.; Curl, R. FJ. Chem. Physl972 56, 4313. interligand distances essentially constant. Zhang and Seppelt
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point out that this ion appears to be made up from a nearly Lewis proposed the octet rule on the basis that he could
planar OFCCFO molecule with a fluorine attached by a long account for the formulas of a large number of molecules if a
bond to one of the carbon atoms. Consistent with this explana-valence shell contained no more than four shared pairs of
tion, the CO and CF bond lengths in the nearly planar portion electrons thus giving the atom a noble gas configuration. In
of the distorted COfgroup approach those in the COF group. other words, no more than four bond lines can be drawn to any
The bonds in this group, in which the carbon is only 3-coor- atom. The octet rule is often justified on the grounds that only
dinated, are considerably shorter than in any of th&CO four orbitals—the 2s and three 2p orbitatare available for
groups in which the carbon atom is 4-coordinated and are bonding by most of the main group elements, as the d orbitals
comparable to the bond lengths in CQEO, 117.0 ppm; CF, of the elements of period 3 and beyond have too high an energy
131.7 ppmj and oxalyl fluoride, OFCCFO (CO, 118.0 ppm; to effectively participate in bonding. However, despite its long
CF, 132.9 pm¥$ and useful history, the octet rule is not particularly relevant in
Lewis Structures, the Octet Rule, and the Nature of AO the discussion of bonding in molecules that are not purely or
Bonds. The difficulty of writing acceptable Lewis resonance very nearly purely covalent, which means the majority of
structures for molecules such as QCHrises because the bond inorganic molecules. The coordination number of an atom in
lines in such structures do not have a clear meaning. Frequentlymany molecules, particularly when the ligands are more
they are taken to indicate essentially pure covalent bonds suchelectronegtive than the central atom, as is very often the case,
as the C-C and C-H bonds, and structurdsandll are then is primarily determined by the relative sizes of the central atom
regarded as unsatisfactory because they appear to violate theand the ligands. Thus period 2 elements have a maximum
octet rule. However, the atomic charges show that the bonding coordination number of four, but period 3 and 4 elements have
in the oxofluorides of boron is predominately ionic. To a first a maximum coordination number of six, while period 5 and 6
approximation OBFmolecules are best described as consisting elements may have higher coordination numbers. Thus while

of a B3" ion around which & ions and F ions are close
packed as, for example, in OBF(VI) and OBR2~ (VII ) rather
than as covalent molecules.

- 2- 2=
02 o o
B3+ Bs+ C4+
- - F~ F- F- F-
F F F~ F~
VI VII VIl

Because the atomic charges are smaller in @Cthe fully
ionic formulation VIII is not satisfactory, and neither is the
fully covalent formulationl. The best we can do it is to describe
it as a resonance hybrid df and VIII with roughly equal
weights, or alternatively we can usgrecognizing that a bond
line does not imply a fully covalent bond. To describe QN

the same way we would have to give a much greater weight to

the covalent structur than to the fully ionic structure.

It is important to recognize that an AO double bond can vary

from a predominately ionic bond as in OBF to a predomi-
nately covalent bond as in ONFTwo pairs of electrons are
involved in the bond whether it is predominately ionic or

predominately covalent, that is, whether the bonding electrons
are largely located on the oxygen atom or are extensively shared
with the A atom. A double bond is always shorter and stronger
than a corresponding single AF or AOH bond in which only

one pair of electrons is involved. It is frequently incorrectly

assumed that describing an AO bond that is roughly 50% ionic

and 50% covalent by the Lewis structuré-AO~ implies that

almost all molecules of the period 2 elements appear to obey
the octet rule because no atom ever has more than four ligands,
many molecules of the elements of period 3 and beyond, such
as PC4 and Sk, are exceptions to the octet rule. Exceptions to
the octet rule among period 2 elements are possible when double
bonds are present as in OCFand ONF because, although
they have a coordination number of four, the Lewis structure
has five bonds. Provided that the bonding is sufficiently ionic,
no more than one s and three p orbitals are required to describe
the bonding. Clearly, in the limiting case of a fully ionic
molecule, there is no contribution to the bonding from the
valence shell s and p orbitals. The reason thafislRot known

is not that it is an exception to the octet rule but that nitrogen
cannot have a coordination number greater than four. The
bonding could be described using only s and p orbitals, just as
for ONFs.

The preceding discussion shows us that we do not need to
use the concept of negative hyperconjugation in describing the
bonding in these molecules. It was introduced simply as means
of deriving one unsatisfactory Lewis structure from another
unsatisfactory Lewis structure, both of which unsuccessfully
attempt to describe the polarity of the bonds. Negative hyper-
conjugation cannot be regarded as a physical phenomenon any
more than can the concept of resonance. In the molecular orbital
model the description of hyperconjugation as the donation of
nonbonding electrons into antibonding orbitals is simply an
unnecessarily complicated way of describing the polarity of the
bonds.

We have not fully resolved the question of how best to give

it will be longer than a double bond and approximately equal & Si”;E“e description of the bonding in molecules such as
in length to a single bond, as is often assumed in the case ofOBFs*", OCKs™, and ONE, but it would seem that structures

structurelll for OCR~. However, this structure should be

such ad andll are the best that we can do provided that we

considered to denote a double bond that is 50% ionic and 50%€Mmphasize the ionic character of the bonds. If, instead, we wish
covalent, and there is no reason to suppose that it will be longert0 Use resonance structures, the best description would be in
than a purely covalent double bond. Nevertheless, it is unsat-t€rms of two resonance structures such asdVIil with the
|Sfact0ry because |t g|VeS an unrea“s“c p|Cture Of the Charge Cont”bu“on Of the ionic structur€lll deCI’eaSIng ConSIderab|y

distribution.

with increasing electronegativity of the central atom from B,

Lack of recognition of the limitations of Lewis structures has © C, to N.

led in the past to much unnecessary and often polemical

Bond Lengths and the Electron Density at the Bond

discussion about the nature of the bonding in certain molecules.Critical Point. Figure 1 shows that there is a very clear

(26) Burton, B.Acta Crystallogr.1969 B25,2161.
(27) Cruickshank, D. W. J.; Jones, D. W.;Walker,JGChem. Socl964
1303

correlation between the electron density at the bond critical point

op and the bond length for BO, CO, NO, BF, CF, and NF bonds,

as we have previously demonstrated for BeO, BO, and CO
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] to multiple-bond character, it is not meaningful to interpret the
apparent shortening of a bond just in terms of double-bond

0,60 — + BO character, as is often done.
O co We can see from Figure 1 that the length of an AX bond is
] No related in an approximately linear manner to the electron density
1 at the bond critical pointp,. For a given ligand Xpp, for a
O B-F given A—X bond increases in the order A Be, B, C, N.
A CF
0.40 — .
v  NF Conclusions

We have shown the following in this paper.
(1) There is nothing particularly unusual about the bonding
in OCK™ and in ONE.
0.20 (2) The A—F and A=0 bond lengths in these and other
related oxofluorides of boron, carbon, and nitrogen can all be
understood in terms of the packing of the ligands around the
central atom, that is, in terms of the ligand close packing (LCP)
model.
0.00 T I T I Y I . T T I .(3) The bonds' in.the oxofluoridgs of boron, carbon, and
110 120 130 140 150 160 nitrogen all have ionic character which decreases considerably
BOND LENGTH (pm) from boron to nitrogen.
Figure 1. Correlation of bond length with the electron density atthe  (4) BO, CO, and NO bonds, where the oxygen is a terminal
bond critical point ) for the bonds in the molecules discussed in this atom, can all be regarded as double bonds independent of their
paper. ionic character, consistent with their short lengths. The longer
1 ) i BF, CF, and NF bonds and-BOH, C—OH, and N-OH bonds
bonds:* Both A-OX single and A=O double bonds fiton the o, pe regarded as single bonds, also independent of their ionic
same curve and can have a ranggifalues and corresponding  .paracter.
lengths, and while the two bond types each cover a somewhat (5) Both the ionic character and the covalent character of

d_ifferent range, no sharp distinction can k_)e_mad_e between aAO, AF, and AOH bonds contribute to their length and strength,
single bond and a double bond. These variations in the IengthsOlouble bonds having both a larger ionic and a larger covalent
of formally single and double bonds emphasize the difficulty character than single bonds

of drawing any useful conclusions from the comparison of the (6) Negative hyperconjugation is not needed to explain bond
length of a particular bond with some arbitrarily chosen standard lenaths i?\ OCE‘ypONFg f’;m% related molecules P

bond length. Moreover, since a number of factors including 9 ’ ’ ’
polarity and ligand close packing affect bond lengths, in addition 1C981037B

++
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