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Reinterpretation of the Lengths of Bonds to Fluorine in Terms of an Almost lonic Model

Edward A. Robinson,” Samuel A. Johnsort, Ting-Hua Tang,* and Ronald J. Gillespie**

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

Receied October 31, 1996

We have calculated the electron density distributions, electron densities at the bond critical point, and atomic
charges in the period 2 and 3 fluorides and a number of their cations and anions. On the basis of this information
and an analysis of XF bond lengths, we have examined the factors that determine the lengths of these bonds.
We have shown that all the molecules exceptNBF,, and F, have considerable ionic character. The bond
lengths of the fluorides reach a minimum value agB¥period 2 and at Sifin period 3 when the product of

the charges on the central atom and a fluorine reaches a maximum, consistent with a predominately ionic model
for these fluorides. The length of a given—- bond decreases with decreasing coordination number, and we
show that it is determined primarily by packing considerations. This provides an alternative to the previously
proposed back-bonding model explanation, for which our work provides no convincing evidence. There is also
no evidence to support the Schomak8tevenson equation which has been widely used to corredt Bond

lengths calculated from the sum of the covalent radii of A and F for the difference in the electronegativities of
A and F. We propose a new value for the covalent radius of fluorine and point out the limitations of its use.

Introduction recognized that the -+ bond in F, the O-0 bond in HO,,
] ) ] and the N-N bond in NH,4 are abnormally weak, as is shown

On the basis of a detailed analysis of A bond lengths and by the following bond energies: -AF, 155; CI-Cl, 240; O-O,
an analysis of calculated electron density distributions in a 142: S-S, 260: N-N, 167; and P-P, 201 kJ motl3 Pitzer
variety of AR, mole.cules and ions, we have investigated the suggested some time dghat the abnormal weakness of these
factors that determine the lengths of-K bonds. bonds can be attributed to lone paione pair and lone pair

Itis common practice to deduce information about the nature bond pair repulsions in the small and crowded valence shells
of bonds, particularly their multiple bond character, from their of these elements, and although this explanation has been widely
lengths by comparing an observed bond length with that accepted, other explanations have also been proposed. Soitis
calculated from the sum of the appropriate covalent radii. reasonable to conclude that these bonds are also abnormally
However, for bonds to fluorine and oxygen, this is an unreliable long and that, therefore, the “normal” covalent radii of oxygen
procedure for two reasons. First, almost all bonds to oxygen and fluorine cannot be obtained from these bond lengths. Before
and fluorine are highly polar because of their large electrone- these bond lengths had been measured experimentally, FPauling
gativities, so the validity of using covalent radii to predict the had deduced the smaller values of 70, 66, and 64 pm for
lengths of such bonds is doubtful. Second, there has beennitrogen, oxygen, and fluorine, respectively. He appears to have
considerable uncertainty and disagreement concerning the valuegbtained the value for fluorine from the spectroscopically
to be adopted for the covalent radii of these elements. For mostdetermined interatomic distance in what later turned out to be
elements, the covalent radius is taken as one-half of the distancean excited state of Fand the values for nitrogen and oxygen
between two atoms of the element joined by a single bond, suchby interpolating between this value and the value of 77 ppm
as the C+Cl bond in Ch or the C-C bond in diamond.  for carbon! When the experimental values for the-O and
Covalent radii for doubly bonded and triply bonded atoms can F—F bond lengths became available, however, the higher values
be obtained in a similar way. Bond lengths predicted from these for the covalent radii obtained from these bond lengths were
radii agree well with experimental values for many molecules, generally adopted. Some explanation then had to be found for
although there are also many exceptions, for which a variety of the fact that bond lengths calculated from these radii are almost
explanations have been proposed. In particular, the values giverinvariably longer than the experimental values for mostFX
by Schomaker and Stevensddar the covalent radii of nitrogen,  and X—O bonds.
oxygen, and fluorine of 74, 74, and 72 ppm, respectively, give  Because Pauling had shown that arX bond has a bond
predicted bond lengths in almost all other molecules that are energy that is generally larger than the average of thexX
much too large. These values were obtained from the experi-and Y—Y bond energie$,it was generally supposed that such
mental data available at that time on the lengths of theNN polar X—Y bonds would be shorter than predicted by the sum
bond in NbH,4, the OG-0 bond in HO;, and the FF bond in of the covalent radii, which presumably would give the length
F.. The most recent data on these bond lerfgtbad to the of a “pure” covalent bond between the two elements. Scho-
only very slightly different values of 72 pm for nitrogen, 73 maker and Stevensénherefore, proposed an empirical equation
pm for oxygen, and 71 pm for fluorine. However, it is widely based on the difference in electronegativitives of the two bonded
atoms which they claimed could be used to correct a bond length
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nitrogen, oxygen, and fluorine. Their equation has the form Despite its very shaky foundatiefthe inadequacy of the
empirical SchomakerStevenson equatierthis model became
widely accepted and is still used today not only to explain the
bond lengths but also to explain the otherwise unexpected order
of stability of the complexes BFfNH3 < BCl3*NH3 < BCls:

NH3 < BBrs*NHz.2* The (p—d)z back-bonding model and the
nature of the bonding in SiFand related molecules has,
however, been the subject of extensive and lengthy discussion
and controversy when the results of ab initio calculations were
interpreted to show that there is no significant contribution to
the bonding from d orbitals on the central atom. This work
been reviewed and discussed in some detail by Reed and
Schleyert® with particular reference to hypervalent molecules.

dag =rp +rg — CIXA — XxB|

where dag is the predicted bond lengthia and rg are the
covalent radii in picometers, andA — xB| is the absolute
difference in the (Pauling) electronegativities of A and B.
Schomaker and Stevenson gave the congtatie value of 9
pm. Subsequently, to achieve a better fit with experimental
data, Paulingmodified this value to 8 pm for bonds involving
one or two period 2 elements and to 6, 4, and 2 pm for bonds
formed by an element from periods 3, 4, and 5, respectively,
with a more electronegative element. However, most authors : : = -
still use the equation in its original form. During the following On the basis of their own ab initio calculations, they conclude

years, a large number of new bond lengths were accuratelytat X~O and X-F bonds where X is a period 3 element are
determined, and many, particularly the lengths of bonds to partially ionic and that d orbitals are not involved in théonds
fluorine and oxygen, were found to be in poor agreement with &"d Play only a secondary role in thebonding; in other words,

the values predicted by the Schomak8tevenson equation, ~here is no significant (pd) back-bonding. They proposed,
as has been pointed out previously by Waliad many other. however, that there ig bonding arising from donation of ligand
For example, the SiO bond length is predicted to be 171 pm, lone pairs int(? X-F and X—.O ar!tibonding orbitgls, .i.e.,.from
whereas the observed length is 163.5 pm in disiloXaaad n — o* negative hyperconjugation. The bonding in $ifan

163 pmin SiQ.1* Similarly, the Si-F bond length is predicted then be approximately described in terms of resonance struc-
to be 169 pm, compared with the observed bond length of 155 tures, such as

pm in SiR.12 Apart from the fact that the Schomaker

Stevenson equation is a purely empirical equation with no F
guantum mechanical basis, its major weakness is that it is based I

on covalent radii obtained from the lengths of the bondszAN Si _
H,0,, and F, which have long been recognized as being +F/ \ F

abnormally long and weak. Thus, an important reason for

F

having to apply significant corrections to predict heteronuclear

bond lengths from the sum of covalent radii could simply be  seyeral other authors have commented on the strongly polar
that the covalent radii used are too large to be generally natyre of the SiF bond and have suggested that this might
applicable. Moreover, the validity of using covalent radii t0  contribute significantly to the apparent bond shortening. For

elements and other substantially less electronegative elementssive, SiMesF, SiMeF,, SiMeFs, and Sik, Rempfer et a.

is clearly doubtful.

Pauling was aware of the inadequacy of the Schomaker
Stevenson equation, but rather than question its validity, he
proposed an additional effect, “back-bondirigtp account for

found that both S+C and Si-F bonds decreased in length in
this series. They proposed that this decrease in bond length is
due to the contraction of the silicon valence shell with increasing
charge on Si and that it could not be attributed to-dpr

that part of observed shortening of the lengths of bonds, suchbonding, which cannot cause a shortening of theGbonds.

as the B-F and Si-F bonds, that was not accounted for by the
Schomaker Stevenson equation. In this model, it is supposed
that fluorine donates electrons into a vacant boron or silicon
orbital, giving the bonds a certain amount of double bond
character that is described as—{@x bonding in the case of

BF; and related molecules and as—g)sr bonding in the case

of SiF, and related molecules. Back-bonding can be ap-

In another study, Gronert et #.have shown from ab initio
calculations on a series of substituted silanes and the calculation
of atomic charges that SX bonds are extensively polarized
to give significant charge transfers. They conclude that bonds
between silicon and highly electronegative elements such as O
and F are dominated by ionic interactions.

The foregoing discussion shows that there is clearly a need

proximately represented by resonance structures such as theo re-examine the factors that influence-& bond lengths. We

following:
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Press: Oxford, UK, 1984; p 289.

(9) See, for example: Rempfer, B.; Oberhammer, H.; Auner).Mm
Chem Soc 1986 108, 3893.

(10) Allmenningen, A.; Bastienen, O.; Ewing, V.; Hedberg, K.; Traetteberg,
M. Acta ChemScand 1963 17, 2455.

(11) Reference 8, p 1006.

(12) Hagen, K.; Hedberg, KI. Chem Phys 1973 59, 1549. Beagely, B.;
Brown, D. P.; Freeman, J. H. Mol. Struct 1973 18, 337.

(13) Reference 5, p 311.

have, therefore, calculated and analyzed the electron density
distribution in a variety of AF molecules and ions to obtain
more insight into the nature of the bonding and its effect on
bond length. In particular, we were interested in determining
if there is any evidence for back-bonding or negative hyper-
conjugation, to what extent polarity affects bond length, and if
there are any other factors that influence the bond lengths of
fluorides.

In a previous paper, in which we discussed the covalent radius
of fluorine” we noted that the lengths of the bonds in,AF

(14) See, for example: Greenwood, N. N.; EarnshanwChemistry of the
ElementsPergamon Press: New York, 1984; p 221. Cotton, F. A;;
Wilkinson, G.Advanced Inorganic Chemistnbth ed.; Wiley: New
York, 1988; p 173. Shriver, D. E.; Atkins, P. W.; Langford, C. H.
Inorganic ChemistryFreeman: New York, 1990; p 335.

(15) Reed, A. E.; Schleyer, P. v. B. Am Chem Soc 199Q 112, 1434.

(16) Gronert, S.; Glaser, R.; Streitweiser, AAm Chem Soc 1989 111,
3111.
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NaF

AlF, SiF, SF,

Figure 1. Contour plots of the electron densijtyfor some period 2 and 3 fluorides. The contours are in atomic units, with the outermost contour
having the value 0.001 and the other contours increasing in value inward, with the valu@8'24 x 10", 8 x 10", with n having the increasing
integral values-3, —2, —1, ....
molecular plane) are also shown.

molecules in which A has its maximum coordination number ions are given in Figure 1. In each case, there is a local
of 4 for B, C, and N and 6 for Si, P, S, CI, Ge, As, and Br are maximum at each nucleus. At such a maximum, all three
longer than those in period 2 fluorides in which A is only three- curvatures in the electron densit§p/dx?, 3%p/dy?, and d%o/
coordinated and those in period 3 and 4 fluorides in which Ais dz?, are negative. Nuclei that are bonded together are joined
only four-coordinated. We attributed the shorter bonds in by a line called é&ond path along which the electron density
molecules in which the coordination number was less than the is larger than that in any direction perpendicular to this line.
maximum value to back-bonding. In this paper, we re-examine The point of minimum electron density along a bond path is
this explanation. We also noted in the same paper thaf A called thebond critical point This point is a saddle point at
bonds are longer than expected when the central atom has onevhich two of the curvatures in the electron density are negative

The bond paths connecting the nuclei and the atomic boundaries (intersection of the zero flux surfaces with the

or more lone pairs in its valence shell. We attributed this bond

and one is positive. There izaro-flux surfacseparating each

lengthening to repulsions between the lone pairs on A and thoseatom from its neighbor® These zero-flux surfaces serve to
on F, just as has been proposed to account for the abnormallydefine the atom in the molecule, and by integrating the electron

long bond in k.

Calculations

density over the regions defined by these interatomic surfaces,
thechargeon each atom can be found. In contour maps of the
electron density in a plane, such as those in Figure 1, we see

We have calculated the wave function and the electron density lines along which a zero-flux surface cuts the plane.

distribution for each of the following molecules and ions: LiF, BeF
BF;, CFy, NHs, OF, F;; NaF, Mgk, AlF;, SiFs, PR;, Sk, CIF; Bek™,
BeR?, BF,~, CR", NF;*, AlF,~, AlFs®", SiR?, PR', PR~. The
calculations were done using the Gaussian 94 paékagehe HF/6-
311++G(2d,2p) with 6d functions level and at the B3LYP/6-3HtG-
(2d,2p) level® For CR™, calculations were also carried out at the
MP2/6-31H1+G(2d,2p) level. The analysis of the electron density
distributiong® was carried out using the AIMPAC suite of prografhs.

Results

Contour plots of the electron density distribution obtained
from the HF calculations for a selection of the molecules and

(17) Gillespie, R. J.; Robinson, E. Anorg. Chem 1992 31, 1960.

(18) Frisch, M. J.; Trucks, G. W.; Schlegel, H. B.; Gill, P. M. W.; Johnson,
B. G.; Robb, M. A.; Cheeseman, J. R.; Keith, T.; Petersson, G. A.;
Montgomery, J. A.; Raghavachari, K.; Al-Laham, M. A.; Zakrzewski,
V. G.; Oritz, J. V.; Forsman, J. B.; Peng, C. Y.; Ayala, P. Y.; Chen,
W.; Wong, M. W.; Andres, J. L.; Replogle, E. S.; Gomperts, R.;
Martin, R. L.; Fox, D. J.; Binkley, J. S.; Defrees, D. J.; Stewart, J. P.;
Head-Gordon, M.; Gonzalez, C.; Pople, J.Gaussian 94Gaussian,
Inc.: Pittsburgh, PA, 1994.

(19) Becke, AJ. Phys Chem 1993 98, 5648.

(20) Bader, R. F. WAtoms in Molecules: A Quantum Thep@larendon
Press: Oxford, UK, 1991.

(21) Biegler-Kanig, F. W.; Bader, R. F. W.; Tang, T.-H. Comput Chem
1982 3, 317.

Calculated and experimental bond lengths and bond angles,
atomic charges, electron densities at the bond critical point, and
energies for the fluorides are given in Tables 1 and 2 and for
the fluorocations and anions in Table 3.

The calculated bond lengths and bond angles agree well with
the experimental values, particularly in the case of the B3LYP
calculated values. That the agreement with experiment is better
for the B3LYP values than for the HF values, particularly for
the strongly covalent N§- OF,, and F, molecules, is expected
as, unlike the HF calculations, the B3LYP calculations take
account of electron correlation, which is particularly important
in these molecules. In general, the HF calculated bond lengths
are slightly smaller than the experimental values, while the
B3LYP values are slightly larger. In the case ofCRhere is
good agreement between the MP2 and the B3LYP values and
with the bond lengths calculated by Olah et?algonfirming
that the latter are, in general, more reliable than the HF values.
The atomic and molecular parameters quoted in the text are
the B3LYP values unless otherwise stated.

(22) Olah, G. A.; Rasul, G.; Yudin, A. K.; Burrichter, A.; Surya Prakash,
G. K.; Chistyakov, A. L.; Stankevich, I. V.; Akhrem, |. S.; Gambaryan,
N. P.; Vol'pin, M. E.J. Am Chem Soc 1996 118 1446.
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Table 1. Results of HF Calculations for the Period 2 and 3 Fluofides

molecule bond length (pm) bond angle (deg) Pb (au) —q(F) q(X) —E (au)
LiF 156.5 (156.4) 0.076 0.941 0.941 106.978 94
BekR, 136.2 (140) 180 0.150 0.904 1.807 213.760 38
BFs 129.3 (130.7) 120 0.292 0.859 2.576 323.308
Ck 129.5 (131.9) 109.5 0.319 0.741 2.964 435.787 77
NF; 132.0 (136.5) 102.9 (102.3) 0.377 0.362 1.086 352.661 26
(6] 132.9 (141.8) 103.5(103.1) 0.371 0.116 0.232 273.550 44
F. 132.9 (140.5) 0.367 0 0 198.747 55
NaF 192.9 (192.6) 0.052 0.941 0.941 261.356 86
MgF; 173.5 (177) 180 0.083 0.913 1.826 398.691 03
AlF; 161.4 (163) 120 0.122 0.882 2.647 540.580 79
SiFs 154.1 (155.5) 109.5 0.163 0.857 3.418 687.264 51
PR 154.6 (157.0) 97.3(97.7) 0.179 0.837 2.511 639.264 51
Sk 157.1 (158.8) 97.2 (98.0) 0.195 0.714 1.427 596.412 71
CIF 160.6 (162.8) 0.210 0.496 0.496 558.884 32

a Experimental data are given in parentheses. References: LiF, NaF, ref 8, p 444VBEE; AlF3, Volkov, L. V.; Rambidi, N. G.; Spiridonov,
V. P. Zh. Strukt Khim. 1967, 8, 715; BR, Yamamoto, S.; Kuwabara, R.; Takami, N.; Kuchitsu,JKMol. Spectrosc1986 115 333; Ch, Fink,
M.; Schhmeidekamp, C. W.; Gregory, D.Chem Phys 1976 71, 5238; Nk, OF,, Morino, Y.; Saito, SJ. Mol. Spectrosc1966 19, 435; F, ref
2b; Sik, ref 11; PR, Morimo, Y.; Kuchitsu, K.; Moritani, T.Inorg. Chem 1969 8, 867; Sk, Kirchhoff, W. H.; Johnson, D. R.; Powell, F. X.
Mol. Spectrosc1973 48, 157; CIF, Edwards, A. J.; Christe, K. Q. Chem Soc, Dalton Trans 1976 175.

Table 2. Results of DFT Calculations for the Period 2 and 3 Fluofides

molecule bond length (pm) bond angle (deg) Pb (au) —q(F) q(Xx) —E (au)

LiF 157.3 (156.4) 0.0750 0.922 0.922 107.47194
BeFR, 137.8 (140) 180 0.1452 0.876 1.752 214.688 73
BF; 131.4 (130.7) 120 0.2165 0.808 2.433 324.682 98
Ck, 132.6 (131.9) 109.5 0.3086 0.612 2.453 437.641 19
NF; 138.2 (138.5) 101.9 (102.3) 0.3142 0.277 0.834 274.759 98
OF, 140.4 (140.5) 104.0 (103.1) 0.2950 0.133 0.266 399.580 67
F 139.9 (141.8) 0.2879 0 0 542.326 02
NaF 194.3 (192.6) 0.0512 0.906 0.906 262.226 98
MgF; 175.2 (177) 180 0.0795 0.878 1.756 399.998 97
AlF; 163.9 (163) 120 0.1153 0.845 2.538 542.326 02
SiFy 157.0 (155.5) 109.5 0.1541 0.813 3.255 689.305 71
PR 159.1 (157.0) 97.4 (97.7) 0.1678 0.758 2.277 641.116 29
Sk 162.5 (158.8) 98.8 (98.0) 0.1824 0.579 1.159 597.918 92
CIF 166.5 (162.8) 0.1868 0.379 0.379 560.021 06

a Experimental data are given in parentheses. For references, see Table 1.
Discussion our covalent radii of 60 pm for F and 65 pm for O (see later
Effect of lonic Character (Atomic Charges) on Bond discussion) and standard values for the other elements. For all

Length. We see from Tables 1 and 2 that the charge on F the period 2 elements up to carbon and all the period 3 elements
decrea.ses steadily from LiF to,® and from NaF to CIF up to sulfur, the observed bond lengths are considerably shorter
indicating an increasing covalent character of the bonds in both _than . calculated_from covalent radii. However, they are
series. The charges on fluorine correlate well with the elec- N b.?“ef agreement with bond lengths calculated ffom. the lonic
tronegativities of the atom X, as shown in Figure 2. The charge radii of Shannqﬁ? at Igast fqr the elements up to boron in period
on X reaches a maximum at carbon in the period 2 series and2 a_r_1d up to S'"an n period 3. In most cases, the Shannon
at silicon in the period 3 series, while the product of the charges radi are_for qoordmatlon numbers that are h'gh‘?r than the values
on X and F reaches a maximum value of 1.97 at boron in the appropriate in these molecules, and so they give values for the
period 2 series and 2.65 at silicon in the period 3 series. In the bond Igngths that are somewhat higher thaq thg ObSGIVEd values.
second period, the electron density at the bond critical point, The c_hfference between the sum of the ionic ra_dn and th?
Pb, iNcreases steadily from a small value of 0.075 au for LiF, expe_n_mental bond Iength decreasgs across the per_l_od, becoming
which is characteristic of predominately ionic bonding, to a zgrgrltle%[[blceo?rrdﬁitgzd rﬁ;i’bf:r;wg;cnltgiéor:\'f ;arg" f?\:et:eb
value of 0.314 au for Nf characteristic of predominately Shannon 9 y
covalent bonding, and then decreases very slightly, reflecting : . .

the relative weakness of the bonds infaRd F,.. The electron we conqlude that, .for the perloq 2 fluorides up to boron and
density at the bond critical point increases in a similar manner for the.penod 3.fluor|.de's up to S." and. probably for P as well
from NaF to CIF, but the values are smaller in the period 3 (for which no re_IlabIe ionic rad!us_ls available), the_bond lengths
molecules than f,or the coresponding period 2 molecules are more consistent with an ionic model than with a covalent

In both series, the bond length initially decreases, passing model and_ the apparent shor.tenlng. of the ponds in these
through a minimum at boron for the period 2 fluorides and at molecules is largely due to th§|r qonsderab!e lonic character.
silicon for the period 3 fluorides and then increasing again. It B_egeguse_zt @ge ﬁlhlfé?etﬁé; Ilrl\frgn'es ':nﬁind riz:aal)siesgr:%rgr?t of
is striking that the minimum bond length occurs for the same (-0.8), i IS URiIkely nere | y appreci u
molecules for which the product of the charges on X and F back donation, because this involves the transfer of charge from
reaches a maximum (Figure 3), strongly suggesting that fluorine to the central atom. It is noteworthy that the Band
electrostatic attraction between the oppositely charged atomsi';]';b.?:d;fg;gvgﬁmhetﬂfi?gnotgf I?;(c))mlr? gmar%ezéﬁzghzz
is an important factor in determining the bond length. Figure ximu 9 9 wn sing '

3 also shows predicted covalent bond lengths calculated from(23) Shannon, R. DActa Crystallogr 1976 A32, 751.
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Table 3. Results of Calculations for Some Fluoro Anions and

Cations
bond length (pm)
ion exptk calc po(@u) —qF) qX) —E (au)
HF Calculations
BeRs~ 149 145.8 0.107 0.933 1.80 313.35202
BeF2~ 155.4 158.2 0.07 0.952 1.81 412.69648
BF,~ 138.6 138.7 0.166 0.895 2.58 422.88519
CR* 120.8 0.398 0.675 3.03 335.92003
NF4* 130 127.3 0.455 0.146 1.09 451.67159
AlF 4~ 165.8 167.4 0.100 0.913 2.65 640.21871
AlFg~ 181 186.9 0.056 0.947 2.69 838.75408
SiFs? 169.4 169.5 0.103 0.907 2.65 886.048 32
PF* 145.7 0.236 0.776 4.12 738.44768
PR~ 164 159.5 0.162 0.846 4.08 937.84390
DFT Calculations
BeR~ 149 147.6 0.104 0.914 1.75 341.71705
BeR?* 155.4 160.0 0.070 0.939 1.76 41450514
BFs~ 138.6 141.1 0.164 0.856 2.43 424.69801
CR* 123.% 0.373 0.527 2.59 337.34313
NFs+ 130 131.8 0.387 0.078 1.32 453.606 50
AlF,~ 165.8 169.9 0.096 0.888 2.56 642.39264
AlFg~ 181 189.7 0.056 0.930 2.58 841.82207
SiFs?~ 169.4 1729 0.101 0.875 3.26 889.11812
PFR* 149.2 0.219 0.693 3.78 740.66397
PR~ 164 163.6 0.154 0.782 3.70 940.939 14
MP2 Calculations
CR* 123.4 0.370 0.564 2.70 336.809 39

a References: Bef, Spiridonov, E. V.; Erohkin, E. V.; Brezgin,
Y. A. Zh. Strukt Khim. 1972 13, 321; BeR%", Collins, D. M.; Maharr,
M. C.; Whitehurst, F. W.Acta Crystallogr 1983 39B, 303; BR,
Burton, B.Acta Crystallogr 1969 B25 2161; NR*, Christe, K. O;
Lund, M. D.; Thorup, N.; Russell, D. R.; Fawcett, J.; Bau,IRorg.
Chem 1988 27, 2450; AlR~, Herron, N.; Harlow, R. L.; Thorn, D. L.
Inorg. Chem 1993 32, 2985; AIR®~, Naray Szabo, S.; Susvari, K.
Crystallogr. 1938 92, 155; SiR?", Allen, F. H.; Kennard, O.; Watson,
D. G.; Brammer, L.; Orpen, A. G.; Taylor, R. Chem Soc, Perkin
Trans 2 1987 S1; Pk, Bode, H.; Teufer, GActa Crystallogr 1956
9, 825.5Olah et al. §. Am Chem Soc 1996 118 1446) obtained CF

bond lengths of 124.6 pm in an MP2 calculation and 124.4 pm in a
DFT calculation.
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Figure 3. Bond lengths of the period 2 and 3 fluorides®,
Experimental bond lengthE], sum of the covalent radiré = 60 pm);

A, sum of the ionic radii (the following values of Shannon'’s effective
ionic radi?® were used: F (Il) = 128 pm; Li" (IV) = 59 pm; B&"
() =16 pm; B (II) = 1 pm, Na (IV) = 99 pm; Mg+ (IV) = 57
pm; AT (IV) = 39 pm; St (IV) = 26 pm).

series of molecules LiF, BeBF;, CFi, NF3, OF, F> and NaF,
MgF,, AlF3, SiF, PR, SK, CIF, it is often assumed that the
abrupt change in melting points between B¢E287 °C) and

BF; (—127 °C) and between Alf(1290 °C) and Sik (—90

°C), due to the change from a three-dimensional solid lattice
structure to a molecular structure, represents a change from ionic
bonding to covalent bonding. Thus, substances such as BF
and Sik are often described as consisting of covalent molecules,
while BeFR, and AlF; are described as ionic solids. However,
our results show that there is a continuous change from nearly
100% ionic to 100% covalent bonding in period 2 and from
nearly 100% ionic to rather less than 100% covalent bonding
in period 3. Itis clear from the preceding discussion that BF
and Sik are not correctly described as covalent molecules; they
could with just as much accuracy be described as ionic
molecules like LiF and NaF. The reason for the abrupt change

shown by their bond energies, which have been estimated toin properties from Befto BF; and from AlR; to SiF, is not a
be 613 and 565 kJ mol for BF and SiF, respectively.
Bonding and Coordination Numbers in Fluorides. In the

sudden change in the nature of the bonding. Rather, it arises
from the necessity for the central atom of anARolecule to
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achieve a certain coordination number if it is to condense into Table 4. Bond Lengths and F- - -F Distances in Some, Bfoups

a three-dimensional solid. Whereas Befolecules condense species BF (pm) OFBF (deg) F--F(pm) ref
at high temperature to a solid in which Be is four-coordinated
i . . F.B—F 130.7 120 226 a
and fluorine two-coordinated, in order for Bto form a three- F,B—OH 132.3(10) 118.0(10) 227(3) b
dimensional lattice structure, each boron atom would have to F,B—NH, 132.5(12) 117.9(7) 227(3) ¢
be six-coordinated and fluorine two-coordinated, but boron is F,B—CHs 131.5(5) 116.9(5) 2241) d
too small to support six-coordination by fluorine. In contrast, F.B—C=CH 132.3(5) 116.5(10) 225(2) e
the larger Al atom can be six-coordinated by F, and sosAIF EZE:E' igii(g) ﬁgé(% ggg(g) f
forms an ionic solid. However, for SiFo form an ionic solid, FiB—BFz 131:78 117:2§2)) 2258 ﬁ
the silicon would have to be eight-coordinated, and silicon is F,g—sijr, 131.2(5) 118.5(5) 226(1) i
too small for this to be possible. In contrast, ZiE a high FsB—F~ 139.6(4) 109.4(4) 226(1)
melting point solid in which the larger Zr atom is eight- FsB—OH; 138.8 111.5 229 k
Coordinate(f_“ FsB—OH,--H,0 1383(3) 1098(2) 226(1) |
Our conclusion that the bonding in BRand Sik has a ,Eig:g('\f_ﬁzMe 11%27'%(3) ﬁ;%) %ge;(z) ?
considerable ionic character which is responsible for the short F.g—oppp 134.8(4) 111.2(2) 223(1) n
lengths of their bonds adds further doubt to the back-bonding F:B—OAsPh 135.6(5) 110.8(4) 223(1) n
explanation of these bond lengths. The back-bonding model FsB—NHs 136.7 114.4 230 )
has also been justified for Bfon the grounds that, if Bfis FsB-NMes 135.4(6) 113.1(9) 226(2) p
formulated with three single bonds, it does not obey the octet _ B—N=CH fgé%(z) ﬂgg(?)) ggg(l) ;
. 3 = . . (1) r
rule. However, the octet rule has little relevance for such an g g NC,H, 134.7(6) 113.0(5) 225(1) s
ionic molecule, just as it clearly has little relevance for the LiIF  F;B—CH;,- 142.4(5) 105.4(4) 226(1) t
molecule. FsB—CFs~ 139.1(5) 109.9(5) 228(1) u
Bond Lengths and Coordination Number. In our previous FsB—PH, 137.2(2) 112.1(4) 228(1) v
paper on the covalent radius of fluoriteywe pointed out that average 226-1

bond _Iengths in AR molecules appear to be related to the ayamamoto, S.: Kuwabara, R.: Takami, M.: Kuchitsu, KMol
coordination number of the central atom A. For example, the Spectrosc 1986 155 333.° Takeo, H.; Curl, R. F.Microwave
bonds in BR are shorter than those in BF and those in Sif Spectrosc1972 56, 4314;Chem Abstr. 1972 146917v.¢ Lappert, M.
are shorter than those in $fF. Such differences have F.;Power, D. P.; Sawyer, A. R.; Srivasava, RM&tal and Metalloid
previously been used as support for the back-bonding model. Amines Ellis Horwood: Chichester, 1988 Bauer, S. H.; Hastings, J.

: - : M. J. Am Chem Soc 1942 64, 2686.¢ Lafferty, W. J.; Ritter, R. JJ.
We consider two alternative explanations for the effect of Mol. Spectrosc1971 30, 181" Kroto, H.. Maier, M.J. Mol. Specirosc

coordination number on bond lengths. 1977, 65, 280.9 Gerry, M. C. L.; Lewis-Bevan, W.; Maclennan, D. J.;
One possibility is that atomic charges might be smaller in Merer, A. J.; Westwood, N. P. G Mol. Spectrosc1986 98, 143.
the higher coordination number molecules. However, reference" Danielson, D. D.; Patton, J. V.; Hedberg, XAm Chem Soc 1977,
to Tables 1, 2, and 3 shows that the charges ig WBlecules 99, 6484.' Landridge-Smith, P. R. R.; Cox, A. R.. Chem Soc,
are very similar to, and slightly larger than, those in the Faraday Trans2 1983 79, 1089.! Burton, G.Acta Crystallogr 1969

. . B25 2161.XMootz, D.; Steffen, MZ. Anorg Allg. Chem 1981, 483
corresponding AfFmolecule, and those in AFmolecules are 171.' Mootz, D.: Steffen, M.Acta Crystallogr 1981 378, 1110.

slightly larger than those in the corre.spondmg;./lsnl?olecule?.5 _ miijima, K.; Yamada, T.; Shibata, Sl Mol. Struct 1981, 77, 271.
Thus, the decrease in bond length with decreasing coordination Burford, N.; Spence, R. E. V.; Linden, A.; Cameron, T. Acta
number cannot be due to a difference in the atomic charges. Crystallogr. 1999 46C, 92.° Fujiang, D.; Fowler, P. W.; Legon, A.

A second possibility is that bond lengths might decrease with C-J. Chem Soc, Chem Commun1995 113.P Hargittai, M.; Hargittai,
decreasing coordination number for steric reasons. In a pure! J: Mol Struct 1977 39, 79.9 Shibata, S.; ljima, K.Chem Lett
o . . L. . . 1977 29." Burns, W. A.; Leopold, K. RJ. Am Chem Soc 1993
ionic model, interatomic (interionic) distances are determlnt_ed 115, 11622.5 Swanson, B.; Shriver, D. F.. Ibers, J. forg. Chem
by the number of anions that are pacKed around a centra! cation9gq g, 2182.t Braier, D. J.; Buger, H.; Pawelke, GJ. Organomet
It seems reasonable to suppose that, in those molecules in whiclthem 1982 238 267.u Brater, D. J.; Buger, H.; Pawelke, Ginorg.
the atoms have relatively large charges, the number of fluorine Chem 1977 16, 2305.” Reetz, M. T.; Hllmann, M.; Massa, W.;
atoms packed around the central atom would be an importantBerger, S.; Rademacher, P.; Heymanns).PAm Chem Soc 1986
factor influencing the bond length. That this is the case is 108 3937.

strongly supported by the data in Tables? In Table 4, we ] ) )
see that the intramolecular F- - -F distance in a variety of F decreases and the BF bonds increase in length correspondingly.

BX and RBX molecules has a nearly constant value of 226 ~ Consistent with the notion that the bond lengths are determined
1 pm, despite changes in the ligand X and large changes in thePrimarily by packing considerations, the averageBbond
bond lengths and bond angles. There is a clear correlationlength for the three-coordinated molecules is 131.6 pm, while
between bond angle and bond length: the smaller the FBF bondfor the four-coordinated molecules it is 137.0 pm. Moreover,
angle, the longer the BF bond. The largest bond angle°§120 the ratio of the bond lengths in BF and BR is 1.06, in
and the shortest bond (130.7 pm) are observed ix 8fd the excellent agreement with the geometrically predicted value of
longest bond (142.4 pm) and the smallest bond angle (305.4 1.061 for F atoms of constant size packed as closely as possible
are observed indBCH3;~. These observations strongly suggest around the boron.
that the F ligand has an almost constant size in these molecules Tapje 5 gives corresponding data for &Fand CRX
and .that the bond dlstanpes are determined by the ligandsygjecules. Again, we see that the intramolecular F---F
pack|_ng as cIo_ser as possible around the central boron. Whengisiance is remarkably constant, with a value of 218 pm,
the ligand X is more strongly bonded than F, and hence ,,q yhat the CF bond length increases with decreasing bond
approaches more closely to the boron, the FBF bond angleangle. The longest CF bond (139.2 pm) is observed igOCF

in which the FCF bond angle has the smallest value of £01.3
(24) Reference 8, p 436.

(25) We use the term molecule to refer to both neutral molecules and and the ShorteSt.bond is observed im@ﬂ?“’ pm), in which
charged molecules (polyatomic ions). the bond angle is 120 Moreover, the ratio of the GFand
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Table 5. Bond Lengths and F- - -F Distances in Some, Gfoups Table 6. Bond Lengths and F- - -F Distances in Some SHEfoups
species CF (pm) OFCF (deg) F---F(pm) ref species SitF (pm) OFSiF(deg) F---F(pm) ref
CR* 123.5 120 214 this paper SiFs?~ 169.4(39) 90 240(5) a
124.6 120 216 b SiF 155.5(2) 109.5 254 b
CF, 131.9 109.5 215 c 155.2(2) 109.5 254 c
F:C—CFR; 132.6(2) 109.8(1) 217(1) d FsSi—BF;~ 156.7(5) 108.0(2) 254(1) d
FsC—BF;~ 134.3(5) 104.9(3) 213(1) e F3Si—CHs 156.7(6) 107.7(6) 253(2) e
(FC)s 131.6(1) 112.2(1) 219 f F3Si—CgHs 157.2(6) 105.0(21) 249(4) f
(F2C)a 132.1(4) 109.2 215 g FsSi—NMe, 156.7(6) 105.0(9) 249(2) g
(F2C)s 133.8(2) 109.1(3) 218(1) h FsSi—OCHs 155.9(6) 108.2(16) 253(3) h
FsC—OF 131.9(3) 109.4(10) 215(2) i (FsSi),0 155.4(10) 108.8(5) 253(2) i
FsCO™ 139.2 101.3 215 j FsSi—Cl 156.0(5) 108.5(10) 253(2) j
(FsC)NN(CR3), 132.5(5) 108.2(5) 215(1) k FsSi—Br 156.0(2) 108.6(1) 253(1) d
FsC—CN 1335 107.5 215 | FsSi—H 156.5(5) 108.3(5) 254(2) k
FsC—C CH 133.5(10) 107.5(10) 215(2) m FsSi—Siks 156.9(2) 110.6(3) 258(1) I
FsC—H 133.2(8) 108.8(8) 217(1) n F.SiH; 157.7(1) 107.9(1) 255 m
FsC—Cl 132.5(2) 108.6(2) 215(1) o F.Si(H)Me 158.3(2) 106.7(5) 254(1) n
Ezg_Fr %gg 88; iggig)) gigg)) 8 aAllen, F. H.; Kennard, O.; Watson, D. G.; Brammer, L.; Orpen,
F,CH 135.7(1) 108.3(1) 220 A. G.; Taylor, R.J. Chem Soc, Perkin Trans 2 1987, S1.° Beagley,
2L . p
(FsC)sCH 133.6(2) 108.0(2) 216(1) q B.; Brown, D. P.; Freeman, J. M. Mol. Struct 1973 1&_337.C Hagen,
FsC—CH(O) 133.2(7) 108.7(1) 216(2) n K.; Hedberg, KJ. Chem Phys 1977, 59, 1549.¢ Landridge-Smith, P.
F:C=CE 131.9(1) 112.4(4) 219(1) r R. R.; Cox, A. P.J. Chem Soc, Faraday Trans2 1983 79, 1089.
F,C=CCl, 131.5(15) 112.1(25) 218(6) s ¢Durig, J.; Li, Y. S.; Tong, C. CJ. Mol. Struct 1972 14, 255_.f Souza,
F,C=CH, 132.4(1) 109.4(6) 216(1) r G. G. B.; Wieser, J. DJ. Mol. Struct 1975 25, 442.9 Airey, W.;
F,C=CHF 133.6(1) 109.2(6) 218(1) r Glidewell, C.; Robiette, A. G.; Sheldrick, G. M.; Freeman, J. M.

] ] Mol. Struct 1971, 6, 42." Airey, W.; Glidewell, C.; Robiette, A. G.;
2 Calculated value? Olah, G. A.; Rasul, G.; Yudin, A. K.; Burrichter,  sheldrick, G. M.J. Mol. Struct 1971, 8, 4. Airey, W.; Glidewell, C.;

A.; Surya Prakash, G. K.; Chistyakov, A. L.; Stankevich, I. V.; Akhrem,  Rankin, D. W. H.: Robiette, A. G.: Sheldrick, G. M.; Cruickshank, D.

. S.; Gambaryan, N. P.; Vol'pin, M. E.. Am Chem Soc 1996 118 W. J. Trans Faraday Soc197Q 66, 551.1 Sheridan, J.; Gordy, Wi.
1446.¢ Fink, M.; Schmeidekamp, C. W.; Gregory, D.Chem Phys Chem Phys 1951, 19, 965.%Heath, G. A.; Thomas, L. F.; Sheridan,
1976 71, 258.9 Gallaher, K. L.; Yokozeki, A.; Bauer, S. H. Phys J. Trans Faraday Soc1954 50, 779.' Rankin, D. W. H.; Robertson,
Chem 1974 78, 2389.¢ Brauer, D. J.; Buger, H.; Pawelke, Gnorg. A. J. Mol. Struct 1975 27, 438.™ Laurie, V. W.J. Chem Phys 1957,
Chem 1977, 16, 2305.f Chiang, J. F.; Bernett, W. Aletrahedrorl 971, 26, 135." Swalen, J. D.; Stoicheff, B. B. Chem Phys 1958 28, 671.
27,975.9 Chang, C. H.; Porter, R. F.; Bauer, S.HMol. Struct 1971,

7, 89."Hjortaas, K. E.; Stramme, K. GActa ChemScand 1968 22, Table 7. Bond Lengths and F- - -F Distances in Some, BFfoups
2965.1 Diodati, F.; Bartell, L. SJ. Mol. Struct 1971, 8, 395.] Farnham, -

W. B.; Smart, B. E.; Middleton, W. J.; Calebrese, J. C.; Dixon, D. A, ___SPEcies PF(pm) OFPF(deg) F---F(pm) ref
J. Am Chem Soc 1985 107, 4565.% Bartell, L. S.; Higginbotham, H. PR~ 164 90 232 b

K. Inorg. Chem 1965 4, 1346.' Thomas, L. F.; Heeks, J. S.; Sheridan, PFR* 1457 109.5 238 a

J. Z. Z. Electrochem 1957, 61, 935.™ Shoolery, J. N.; Shulman, R. FsP 157.0(1) 97.8(2) 237(1) c
G.; Sheehan, J. F.; Schomaker, V.; Yost, D.MChem Phys 1951, FsP—BH3 153.8(8) 99.8(10) 235(3) d
19, 1364."Tables of Interatomic DistancesSutton, L. E., Ed.; FsP=0 152.4(3) 101.3(2) 236(1) e
Chemical Society Special Publ. Nos. 11 and 18; Chemical Society: FsP=S 153.8(3) 99.6(3) 235(1) f
London, 1958 and 19658.Typke, V.; Dakkouri, M.; Oberhammer, H. Fo(H)P-BHs  155.2(6) 100.0(5) 238(2) g

J. Mol. Struct 197§ 44, 85.7 Hirota, E.; Tanaka, T.; Sakakhira, A.; Fo(HP)P=S 155.1(5) 98.6(2) 235(1) h
Ohashi, Y.; Morino, Y.J. Mol. Struct 197Q 34, 222.9 Stglevik, R.; 154.6(2) 99.1(1) 235 _
Thom, E.Acta ChemScand 1971, 25, 3205." Carlos, J. L.; Karl, R. Fy(H)P=0 153.9(5) 99.8(2) 235(1) i

R.; Bauer, S. HJ. Chem Soc, Faraday Trans 2 1974 70, 177. FPG," 156.2 96 232 j
*Lowrey, A. H.; D’Antonio, P.; George, Cl. Chem Phys 1976 64, aCalculated value (this papeP)Bode, H.; Teufer, GActa Crys-
2884. tallogr. 1956 9, 825.¢ Moritani, T.; Kuchitsu, K.; Morino, Y.lnorg.

i . Chem 1969 8, 867.9 Kuczkowski, R. L.; Lide, D. RJ. Chem Phys
CFRs* bond lengths of 1.06 is in excellent agreement with the 1967 46, 357.¢ Moritani, T.: Kuchitsu, K.: Morino, Y Inorg. Chem

geometrically determined ratio of 1.061. 1971, 10, 344.f Karakida, K.; Kuchitsu, KInorg. Chim Acta 1976
Table 6 gives bond angles and bond lengths for a variety of 16, 29.9 Pasinski, J. P.; Kuczkowski, R. 0. Chem Phys 1971, 54,

four-coordinated molecules of silicon, together with the value l1390D3-“CNa\ée« Ck: g-; SRhe:idaan.Mh;loltﬂSgﬁCt 1273 181 ?tgl- TBIair,

for SiF?~. Again, we see that the F- - -F intramolecular distance . D-+_-radock, ., Rankin, D. W. K. them S0c, Daton lrans

is remarkably constant, with an average \(alue of 253 pm for %?82553?‘6?;:;;?’@33.’; LDEraﬁgchkowcsgt' T..;Ugc;rl?ér?gert 1232\

all the four-coordinated molecules. The slightly smaller value cyystaliogr. 1975 B31, 2506.

of 240 pm for Sik?~ suggests that the fluorine ligands in the

four-coordinated molecules are not quite closely packed. Thelengths in PE and PR' is 1.125, which is in quite good

ratio of the bond lengths in Sifand Sik?™ is 1.09, which does  agreement with the geometrically predicted value of 1.155. Even

not agree well with the geometrically predicted value of 1.155, in PF;, in which the presence of the lone pair decreases the

suggesting again that the fluorine ligands in the four-coordinated FPF bond angle to 97°8vhile correspondingly increasing the

molecules are not quite closely packed around the relatively PF distance to 157.0 pm, the F- - -F distance has the same

large silicon, but the difference in the bond lengths is, constant value.

nevertheless, consistent with the view that it is largely due to  The model that we are proposing is not a truly ionic model,

packing effects. because the F- - -F distance decreases from B to C and from Si
Table 7 gives bond angles and bond lengths for a variety of to P, with decreasing charge on fluorine and the corresponding
FsPX and BEPX, molecules and for PFand PE~. The expected decrease in the size of the fluorine ligand, which

intermolecular F- - -F distance is reasonably constant, with an although not a true ion is, nevertheless, much larger than a
average value of 235 pm, despite the considerable differencesneutral F atom.
in the bond lengths and bond angles. The ratio of the bond On the basis of our model, we would expect that a two-
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coordinated molecule would have an even shortef=Aond
than the corresponding three-coordinated molecule. In agree-
ment with this expectation, the-8- bond has a length of 128.3
pm in F—B=0? and 126.5 pm in the BF moleculécompared
to 130.7 pm in Bk Similarly, the N-F bond in the two-
coordinated FNN ion?8 has a length of 124 pm, which is shorter
than its length of 130 pm in four-coordinated NF It is
noteworthy that the bond length in biFis equal to the sum of
the covalent radii of 70 pm for nitrogen and 60 pm for fluorine
(see following section), which is consistent with the small value
of —0.15 for the produc(N)g(F). In NF;, the bond is longer
(136.5 pm) because of the repulsive effect of the lone pair, but
the F- - -F distance is 212 pm in both NFand NFR.

Our conclusions are very similar to those of Bartélyho

showed that bond angles and bond lengths in ethylene deriva-
tives and related molecules appear to be determined by the

packing of spherical atoms of constant radius around a carbon
atom. Bartell gave a radius of 108 pm for fluorine bonded to
carbon, which gives the same F- - -F distance as in Table 5.

Other authors have commented on the constancy of inter-
ligand distances in a variety of molecules. For example,
Landridge-Smith and C8Xhave previously noted the constancy
of F- - -F distances in a variety of Sk molecules but did not
conclude that such ligardigand interactions might be impor-
tant in determining bond lengths. Hargitfaihowever, has
commented on the constancy of O---0O, O---F, and O---C
distances in a large variety of XYSQmolecules and has
suggested that the constancy of these distances must be take
into account in discussing the variation of bond lengths and
angles in these molecules.

While it would be premature to conclude that, for a given
A—F bond, the only factor determining its length is the
coordination number of A, it is clear that this is an important
factor that must be taken into account before conclusions can

be reached about the importance of other postulated effects, suclﬁ

as back-bonding, hyperconjugation, and changes in hybridiza-
tion.

Lewis Acid Strength of BFs. It has been well-known for a
long time that the Lewis acid strength of the boron trihalides
increases in the order B BCl; < BBrs, as is shown by the
increasing stability of complexes with ammonia and other bases.
The charge on boron is expected to decrease frogt@BCls
to BBr3 with decreasing electronegativity of the ligand, and this
is confirmed for Blz and BC} by the calculated charges, which
are +2.43 for BR (Table 1) and+1.50 for BCk.33 Since a

decreasing charge on boron would be expected to lead to a

decreasing stability of complexes with bases, not the increase
observed, it has been commonly accepted that back-bonding
from the halogen to boron decreases from F to Cl to Br, which
increases the availability of the 2p orbital on boron to accept

an electron pair from the base and thus increases the strengtr&

of complexes with bases.

This explanation has been questioned, for example by Brinke
et al.3* who proposed that the acid strength is determined by a

(26) Kawashima, Y.; Kawaguchi, K.; Endo, Y.; Hirota, £.Chem Phys
1987, 87, 2006.

(27) Onaka, RJ. Chem Phys 1957, 27, 374.

(28) Christe, K. O.; Wilson, R. D.; Wilson, W. W.; Bau, R.; Sukamar, V.;
Dixon, D. A.J. Am Chem Soc 1991, 113 3795.

(29) Bartell, L. S.J. Chem Phys 196Q 32, 827.

(30) Landridge-Smith, P. R. R.; Cox, A. B.Chem Soc, Faraday Trans
21983 79, 1089.

(31) Hargittai, 1. The Structure of Volatile Sulfur Compound® Reidel
Publishing Co.: 1985 (see also references therein).

(32) Allred, A. L.; Rochow, E. GJ. Inorg. Nucl. Chem 1958 5, 264.

(33) Unpublished calculation.

(34) Brinck, T.; Murray, J. S.; Pollitzer, Rnorg. Chem 1993 32, 2622.
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parameter that they call the “charge capacity” of the atom, which
for boron increases from BRo BCl; to BBr;. However, the
results reported in this paper suggest a simple alternative
explanation. The coordination number of boron increases from
three to four as the geometry changes from planar to tetrahedral
when it forms an acigbase complex, and the bond length
|pcreases correspondingly. For example, the BF bond length
increases from 131 to 136 pm in BRH3, and the BCI bond
length increases from 174 to 184 pm (calcul&®edh BCls
NHs. In other words, the formation of a complex involves the
stretching of the B-X bonds as the molecule distorts from a
planar toward a tetrahedral geometry. Thus, it follows that the
more easily the B-X bond can be stretched, the stronger will

e the complex formed. Since the charges iy B, +2.43;

, —0.81) are larger than those in BB, +1.50; Cl,—0.50)

and the B-F bond is much shorter (131 pm) than the-@l
bond (174 pm), the BF bond is considerably stronger than the
BCI bond, and so it will take more energy to distort the planar
BF3 molecule to the tetrahedral geometry in forming a complex
than to similarly distort the BGImolecule, so it is not surprising
that BF; is a weaker Lewis acid than B£I

Covalent Radius of Fluorine. Because all A-F bonds are
polar, and because the folecule has an abnormally long and
weak bond, it is not possible to deduce a true covalent radius
of fluorine from measured bond lengths. In our previous
paperl’” we suggested the new value of 54 pm based on the
bond lengths of A molecules of period 2 elements and AF
molecules of period 3 and 4 elements. However, as we have
shown in this paper, the atomic charges in most of these
molecules are large so that the bonds have a considerable ionic
haracter. Moreover, as those molecules that are much less
ionic, such as N§ OF,, and k, have abnormally long bonds,
there are no molecules from which the covalent radius of
fluorine could, in principle, be determined. Nevertheless, we
can estimate a value for the covalent radius of fluorine from
plots of covalent radii against electronegativity.

The values of covalent radii decrease steadily in each period
across the periodic table as the increasing effective nuclear
charge contracts the valence shell. It seems reasonable, then,
to suppose that the covalent radius should vary in a regular
manner with electronegativity. Figure 4 shows the covalent radii
for the elements in periods 2 and 3 plotted against their Altred
Rochow electronegativiti€d. The covalent radii decrease
smoothly across period 3. However, for period 2, the Scho-
maker-Stevenson radii for N, O, and F of 74, 74, and 72 pm,
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Table 8. Values for the Covalent Radii of Oxygen, Nitrogen, and
Fluorine (pm)

atom Paulingvalte S-S S-S (revised) this paper
N 70 74 72 70
e} 66 74 73 65
F 64 72 71 60

aReference 5, p 224.Reference 1¢ Reference 2.

respectively, give a curve of quite different form. The original

Pauling values of 70, 66, and 64 pm for these elements also

Robinson et al.

small charge «1), as is often the case. In cases where the
atomic charges are known, it would be preferable to indicate
these charges. A bond line is usually taken to indicate a covalent
bond, but an alternative solution would be to use a bond line
simply to indicate that two atoms are bonded together. This
would be consistent with Bader’s definition of a bond p#th.
We are not proposing a definite solution to what appears to be
a not unimportant problem concerning the representation of
molecules with considerable ionic character but are simply
raising it for discussion.

give a curve that does not decrease as rapidly with increasingcqnclusions and Summary

electronegativity as for the elements in period 3. On the other

hand, our previously proposed value of 54 pm for fluorine

appears to be too small, while a value of 60 pm, together with

a value of 65 pm for oxygen and Pauling’s original value of 70

In this paper, we have shown the following:
(1) All bonds to fluorine, with the exception \NF, O—F,
and F-F, have considerable ionic character, so the vast majority

pm for nitrogen, fit a smooth curve, consistent with the curves 0f AF, molecules are more appropriately described in terms of
for period 3. We propose, therefore, that the best value for the an ionic model rather than a covalent model.

covalent radius of fluorine is 60 pm, while for oxygen it is 65
pm, which is scarcely different from Pauling’s value of 66 pm,
and for nitrogen it is 70 pm, which is identical with Pauling’s

(2) The length of A-F bonds in the period 2 fluorides reaches
a minimum at boron and in period 3 fluorides at silicon when
the product of the charges on A and F reaches a maximum value,

value. These values are summarized and compared withconsistent with the ionic model and with the observation that

previous values in Table 8. It is interesting that Pauling, with
his usual insight originally proposed values for F, O, and N
that are either identical with or very close to our “best” values

the B—F and Si-F bond energies are the largest of al-R
bond energies.
(3) The length of a given AF bond in a series of AF

and that differ considerably from the larger values that have molecules and ions decreases with decreasing coordination
subsequently been widely adopted and which Pauling himself numbern and is determined primarily by the value of In
later accepted. His acceptance of these larger values led to hi®ther words, the length of a given-# bond is determined to

proposal of the back-bonding model. It is a reflection of his

a large extent by the number of F atoms (almost ions) closely

great and lasting influence that it is only in recent years that packed around the central atom A.

this model has been seriously questioned. However, it must

(4) Our work gives no evidence for the back-bonding model

be admitted that the value of 60 pm that we propose for the that has previously been used to account for the apparently short

covalent radius of fluorine is of little practical value. In

principle, it should apply to any XF bond with little ionic

bond lengths in Bfand SiR.
(5) As almost all AR molecules are predominately ionic, very

character, and as we have seen, it can be used to predict théew A—F bond lengths can be predicted from the sum of the

length of the bond in NF, but in any other predominately
covalent molecule, such as jF-0, and F, the lone pairs on

covalent radii. Moreover, it does not seem possible to correct
such lengths for the difference in electronegativities of A and

the central atom lead to the bonds being unusually long andF. There is no justification for the use of the Schomaker

weak.

Describing the Bonding in Molecular Fluorides. The
bonds in the period 2 fluorides LiF to G&nd in the period 3
fluorides NaF to SgFhave more than 50% ionic character. It

Stevenson equation for this purpose, as it has no theoretical
foundation and is based on an inappropriate value for the
covalent radius of fluorine.

(6) The increasing Lewis acid strength in the serieg BF

seems that it would be preferable, therefore, to formulate them BClz < BBr3 can be accounted for in terms of the decreasing

as ionic molecules, i.e., asif~, B (F ), B3 (F )3, and even
C*(F)4, and similarly for the period 3 fluorides up to SF
However, this suggestion is so unconventional, at least far BF
and CR in period 2 and for Sif; PR and SF in period 3, that

it seems unlikely that it will be widely adopted. Yet formulating
a molecule such as BRvith covalent bonds gives an incorrect
picture of the bonding and leads to a continuation of the

misconception that the bonding is predominately covalent. Of
course, it is generally recognized that all bonds between different
atoms have some polar character, and it is common to indicate

this in the following way: B*—F°~. This is probably satisfac-

energy needed to stretch the BX bonds to accommodate the
change from planar three-coordination to tetrahedral four-
coordination.

(7) A “best” value for the covalent radius of fluorine has been
obtained from a plot of covalent radii against electronegativity,
but there are very few molecules for which this value can be
used to predict bond lengths.
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