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: TaBLE III - :
ELEMENTAL ANALYSES AND VAPOR PRESSURE DATA
CFsC(O)NF: C:FsC(O)NF: CiF7C(O)NF FyN(O)C(CF2):C(O)NF:
a 7.80 7.96 7.91 7.95
Log Pum = o — b/ T%b 1240 1418 1540 1865
Analysis F, 64.6 (63.7)* F, 66.8 (66.8) F, 68.6 (68.7) F, 61.3(61.4)
C, 19.4(19.2)
N, 9.0(9.1)
Bp, °C —21.1 6.2 33.1 94.8
AH yap, kecal /mol 5.7 6.5 7.1 8.5
ASyap, eu 22.5 23.2 23.0 23.2
Mol wt 150.8(149.2) 203.8(199.0) 248.6(249.0) 312.9(310)

e Calculated values in parentheses.

reaction mixture using —91, —131, and —196° traps resulted in
an impure product in the —91° trap. Pumping on this sample at
—78° gave essentially pure product (359 yield). Identification
was made by ir analysis,®
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Raman, infrared, and electrical conductance studies were carried out on liquid mixtures of bromine trifluoride with chlorine

trifluoride.

The experimental data reveal the existence of a fluoride ion transfer equilibrium CIF; + BrF; = CIF,* 4+ BrFs~.

The equilibrium constant for the above reaction was calculated to be ~107%,

Introduction

In connection with a detailed investigation of the
chemistry of liquid halogen fluorides®—® carried out in
this laboratory, it was decided to study the equilibria
existing in the liquid mixtures of bromine trifluoride and
chlorine trifluoride by spectroscopic and conductometric
techniques. These techniques have been shown to be
very useful in the identification and quantitative esti-
mation of species present in halogen fluorides.?

The exchange of radioactive F isotope between
BrF; and CIF; in binary mixtures of these compounds
was studied by Rogers and Katz.” They found that
the exchange was complete in 10 min at 27° and con-
cluded that this exchange was due to the existence of a
fluoride ion transfer equilibrium, probably

BrF; + CIF; === CIF;* + BrFy~ 1)

* Address all correspondence to this author at Argonne National Labora-
tory, Argonne, I1l,  60439.
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mission.
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This would imply that in these mixtures chlorine tri-
fluoride behaves as a base (luoride ion donor). It was
of interest to us, therefore, to determine the magnitude
of the interaction between the two halogen fluorides.

Experimental Section

Chemicals.—Bromine trifluoride, chlorine trifluoride, and
arsenic pentafluoride were obtained from the Matheson Co. and
were purified by previously described methods.?

Apparatus.—The vacuum line used for the handling of the
halogen fluorides as well as the conductivity cells have also been
described in previous publications.4 The conductance mea-
surements were made with an Industrial Model RC-18 conduc-
tivity bridge at 25°. The precision of the conductivity measure-
ments was =19,.

Raman spectra were obtained on a Cary Model 81 Raman spec-
trometer using previously described cells.® Infrared measure-
ments were made on a Beckman IR-12 recording spectropho-
tometer with a specially constructed cell with diamond windows.5
In general, Raman and infrared measurements were made in the
200-900-cm ! spectral region, although some measurements
were carried out to 2000 cm~1, The spectra were resolved on a
Du Pont Model 310 curve resolver.

Preparation of Solutions.—Bromine trifluoride—chlorine tri-
fluoride solutions were prepared on a vacuum system using the

-same technique as was described for the hydrogen fluoride—

bromine trifluoride mixtures.$

Results and Discussion
Chlorine Trifluoride Spectra.—The Raman spectrum
of liquid chlorine trifluoride is shown in Figure 1 and
the bands are listed in Table I. In general, the results
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Figure 1.—Raman spectrum of liquid CIF;.

TaBLE I
VIBRATION SPECTRUM OF LIQUID CHLORINE TRIFLUORIDE

——=Liquid CIFs —Gaseous ClF§? ————————
Raman Infrared Raman Infrared Assignment
324 (8) 328 m 321,337 p, w 328 s vy (a;)
n.0.b 334 m n.o. 328 s vs (be)
426 (6) 416 w 431 w 442 w vs (b1)
518 (100) 519 m 529 p, vs 522, 538 m v (a1)
1.0. 703 vs  n.o. 702 vs vy (by)
756 (22) 758 s 752 p, s 742, 760 s v (ay)

¢ Reference 9. Not observed.

agree with those of Jones, ef l.,® with the exception of a
strong band at 502 cm~—! which we do not observe.
The infrared spectrum of liquid chlorine trifluoride,
which does not appear to have been observed previ-
ously, is shown in Figure 2. The Raman and infrared
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Figure 2.—Infrared spectrum of liquid CIF;.

spectra are in essential agreement with the recently pub-
lished results for gaseous chlorine trifluoride.® No ex-
traneous bands have been found in the liquid which
could be attributed to ionic or polymeric species. The
absence of ionic species in any appreciable concentra-

(8) E. A, Jones, T. F. Parkinson, and R. B, Murray, J. Chem. Phys., 17,
501 (1949).
(8) H. Selig, H. H. Claassen, and J. H. Holloway, ibid., 62, 2517 (1870).
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tions is consistent with the low specific conductance of
the liquid.*® :
Figure 3 shows the Raman spectrum of a 3.1 M solu-
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Figure 3.—Raman spectrum of 3.1 M AsF; in CIF;.

tion of arsenic pentafluoride in chlorine trifluoride.
The elimination of bands attributable to the solvent
and to the AsFy~ anion leaves only one band at 782
cm ! which cannot be attributed to the two above spe-
cies. There is little doubt that this band is due to the
y; symmetric stretching vibration of the difluorochlo-
rinium (III) cation, ClF: ™, formed in the reaction CIF; 4
AsF; = CIF;* 4 AsFe~. It is interesting to note that
the band is observed at a lower frequency in solution
than in the solid complex CIF;AsFg (806 ctm—1!).1t  The
same behavior has been recently observed by us for the
BrF;* cation.® The decrease in the frequency of the
» band in solution of the two cations may well be asso-
ciated with interaction with the solvent. In the sol-
vated ion, the CI-F and Br-F force constants might well
be less than in the crystal, and related stretching vibra-
tions occur at somewhat lower frequencies. This shift,
however, is rather less in chlorine trifluoride than in
bromine trifluoride. Much of the comparative be-
havior of the two liquids can be described in terms of
weaker interaction between chlorine trifluoride mole-
cules and their derivative ions than between bromine
trifluoride molecules and their derivative ions.

Spectra of BrF;—CIF; Mixtures—A typical Raman
spectrum of a bromine trifluoride—chlorine trifluoride
mixture is shown in Figure 4. In essence, the addition
of chlorine trifluoride to bromine trifluoride does not
produce any substantial changein the spectrum. When
the spectra were resolved, however, it became evident
that the decrease in the intensity of the BrF,~ bands
was definitely smaller than that predicted on the basis of
stmple dilution. This observation is consistent with the
postulated existence of equilibrium 1. It should be
noted, however, that no band was observed at 782 cin™!
which would correspond to the ClF;™ cation and, there-
fore, the equilibrium lies largely to the left. The quan-
titative aspects are discussed below.

Chlorine trifluoride is probably a much weaker fluo-
ride ion acceptor (Lewis acid) than bromine trifluoride.

(10) A. A. Banks, H, J. Emeleus, and A. A, Woolf, J. Chem. Soc., 2861
(1949).
(11) R.]J. Gillespie and M. J. Morton, Inorg. Chem., 9, 616 (1970).
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Figure 4 —Raman spectrum of a BrFy~CIF; mixture containing
0.64 mole fraction of BrF;.

Many bases are known in bromine trifluoride while the
CIF,~ anion has been detected only when stabilized in
a few specific lattices. While this is the only quantita-
tive evidence for their relative acid strength, there is no
evidence as to their comparative strengths as fluoride
ion donors (bases). A very superficial approach based
on their comparative bond strengths'? would suggest
that chlorine trifluoride is a stronger base (weaker
average bond energy, better donor) than bromiine tri-
fluoride, but the slight extent to which the equilibrium
is demonstrated in solution indicates that the overall
difference is small.

The concentration of the BrF,~ and BrF,* ions in
the liquid mixtures was calculated from the values of
the integrated areas of the Raman bands. The ¢oncen-
tration of the CIF,* cation was calculated by subtract-
ing the concentration of the BrF,* ion from that of the
BrF,~ ion. Since the initial concentrations of chlorine
trifluoride and bromine trifluoride were known, the
value of the equilibrium constant
x = (CIEs")(BrF,~)

(CIF;)(BrFs)

could be calculated. The results of these calculations
are shown in Tables II and III. These values are

TaABLE II

CONCENTRATION OF SPECIES PRESENT IN BROMINE
TRIFLUORIDE~CHLORINE TRIFLUORIDE MIXTURES

Initial concn

Tonic conén, M

Mole fraction [BrFs], M [CIFs], M BrFa:+ BrF¢~ CIF;+
0.849 17.2 3.1 0.71 0.72 0.01
0.825 16.7 3.5 0.71 0.72 0.01
0.648 13.0 7.0 0.60 0.62 0.02
0.606 12.1 7.9 0.55 0.56 0.01
0.426 8.4 11.3 0.36 0.39 0.03
0.414 8.1 11.5 0.34 0.37 0.03
0.218 4.2 15.2 0.22 0.25 0.03
0.151 2.9 16.4 0.20 0.22 0.02

only approximate since a small error in the determina-
tion of the integrated areas of the BrF,* and BrF,~
bands is compounded in the calculations of the equilib-
rium constant, Nevertheless, the values indicate the
correct order of magnitude of the constant and show
that chlorine trifluoride behaves as a weak base in

(12) L. Stein, “Halogen Chemistry,” Vol, 1, V, Gutman, Ed., Academic
Press, New York, N, V., 1967, p 183,
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TaBLE 111
EQuiLiBrRIUM CONSTANTS FOR

BrF; + CIF; === BrF,~ + CiF,*

Mole fraction Mole fraction

of BrFs 10¢K* of BrFs 104K°%
0.849 1.43 0.426 1.30
0.825 1.28 0.414 1.24
0.648 1.43 0.218 1.23
0.606 - 0.82 0.151 0.96

@ These dre the numbers as actually calculated. The precision
of these measurements is such that there is no significant differ-
ence between them. The actual equilibrium constant may be
taken as (1 % 0.4) X 104

bromine trifluoride solutions. The calculations also
show that the maximum concentration of the ClIF,+
cation in the mixtures is <0.1 M and, therefore, too
low to observe the band at 782 cm—* due to this species.

The infrated data confirm the absence of any signifi-
cant additional interactions as the change in the bro-
mine trifluoride spectrum can be accounted for largely
as the diluting effect of chlorine trifluoride. As in
the case of the hydrogen fluoride-bromine trifluoride
mixtures, more quantitative data could not be obtained
due to thé limitations inherent in such measurements.

A plot of the molar conductance of bromine tri-
fluoride vs. the mole fraction of bromine trifluoride
in the mixture is shown in Figure 5.
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Figure 5.—Molar conductivity for the BrF;~CIF; system.

Toy and Cannon!?® have previously measured the
conductivity of BrF;—ClF; mixtures. They reported
no data for concentrations below 32 mol 9%, CIF; and
drew a rather smooth curve for specific conductivity
decreasing with decreasing bromine trifluoride content.

Our measurements, which, in the high chlorine tri-
fluoride concentration range, are in fair agreement with
those reported by Toy and Cannon, also include the
conductivity in the high bromine trifluoride concentra-
tion range and are in substantial disagreement with
their extrapolated curve, The specific conductivity
shown by Toy and Cannon at 32 mol 9, CIF;, the
single measuremerit they reported in the BrF; richer
region, is above 2 X 1072 ohm~' cm~! as compared
with an intetpolated value of 102 chm™! em~! from

(13) M. 8. Toy and W. A, Cannon, J. Phys. Chem., T0, 2241 (1966).
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TaBLE IV

CoNDUCTIVITY OF BROMINE TRIFLUORIDE IN
CHLORINE TRIFLUORIDE AT 25°

Specific  Molar Specific Molar
conduc- conduc- conduc~ conduc-
tivity tivity tivity tivity
X 108, X 108, X 10%, X 108,
ohm=! ohm™! ohm 1 ohm ~!
Conen, M cm ! cm? Conen, M cm L cm?
20.5% 8.01 391 12.95 0.717 55.4
19.39 5.09 263 8.13 0.209 25.7
18.29 2.88 157 2.92 0.00403 1.28
17.19 2.52 147 1.32 0.000412 0.312

e Pure BrF;.

our measurements. As seen from Figure 5, initial
addition of chlorine trifluoride produces a sharp drop

LarrY O. SPREER AND EDWARD L. KING

in the conductance which becomes more gradual in
solutions containing ~85 mol ¢, bromine trifluoride.
It appears, therefore, that our conductance data sup-
port the postulate that the high electrical conductivity
of pure bromine trifluoride is due to a chain-conducting
mechanism.® (See also Table IV.)

It is evident from the above results that the fluoride
ion transfer in bromine trifluoride—chlorine trifluoride
mixtures does take place and leads to the formation
of BrF;~ and CIF,* ions, but, at room temperature,
the extent of the reaction is quite limited.
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The inner-sphere association of chromium(III) ion and bromide ion has been studied in agtieous hydrobromic acid solution

(~0.5-9.0 M) at 45, 60, and 75° and in aqueous hydrobromic acid—perchloric acid solution (I = 7.14 M, 45°).

Outer-sphere

interactions of oppositely charged ions also occur in the concentrated electrolyte solutions studied, thereby complicating

greatly the interpretation of the data.
greater extent at high electrolyte concentration;

The association reaction to form pentaaquobromochromium(III) ion occurs to a
this is due, in part, to the low activity of water in these solutions. The

association reaction is endothermic (AH = +7.5 kcal mol~! at 0.50-2.0 M hydrobromic acid; AH = +35.9 kcal mol~! at 8.0

M hydrobromic acid).

The interaction of a metal ion and an anionic ligand
in solution may produce two (or more) definable types
of species: inner-sphere species with direct bonding of
the ligarid to the metal ion and outer-sphere species
(ion pairs) with one (or more) solvent molecules sep-
arating the metal ion and the ligand. In addition,
there are ion atmosphere effects in electrolyte solution;
it is unnecessary and inappropriate to describe such
interaction in terms of the formation of new species.?
Distinguishing inner-sphere and outer-sphere inter-
action is facilitated for chromium(III) ion by the large
difference in rates of establishment of equilibrium in the
two types of interaction. Distinguishing outer-sphere
interaction from ion atmosphere effects is aided by no
such experimental criterion; the basis for establishing
the extent of outer-sphere interaction is usually an as-
sumption which cannot be proved (e.g., the validity of
the ionic strength principle).

The present paper deals with studies on chromium-
(III) bromide in aqueous solutions of hydrobromic
acid or perchloric acid-hydrobromic acid mixtures.

(1) Based on the Ph.D. thesis of L. O. Spreer, University of Colorado,
1969; work supported by grants from the National Science Foundation
(Grants GP-680 and GP-7185X).

(2) National Science Foundation Predoctoral Trainee, 1668~1969,

(3) T. F. Voung and A. C. Jones, Ann, Rev. Phys, Chem., 8, 275 (1952);
O. Redlich and G. C. Hood, Discuss. Faraday Soc., 24, 87 (19857).

The rate of formation of pentaaquobromochromium(III)ion has been studied at 45°.

The interactions investigated are the inner-sphere inter-
actions*

Ct(OH: )1~ nBra_i?™? + Br~ = Cr{OH:)e_»Bra?™" + H.0

(n=1,2 302)

with equilibrium quotients @, and the outer-sphere
interactions

Cr(OHy)e_ »Brad~* + Br~ = Cr(OHy)enBr,3~».Br— (n = 0, 1)

with equilibrium quotients g,; and

Cr(OHz)g_nBrn"‘" —+ ClOy~ = Cr(OHz)s_nBr‘*"“CIOf
(n=201)

with equilibrium quotients gn,. In addition, the pres-
ence of outer-sphere species containing more than one
ion-paired anionic ligand (e.g., Cr(OHy)s** - (Br=)s) is
possible in media of high electrolyte concentration.
These several equilibria must be considered simulta-
neously, resulting in difficulties which will be explored in
the interpretation of the data.

The following system of notation will be used in con-
centration termms in equilibrium quotients and rate
laws: Cg;, total stoichiometric concentration of
chromium(IIT); [Cr(OH,)s**], molarity of hexaaquo-
chromium(III) ion; [Cr3+] = [Cr(OH,)¢**+] + [Cr
(OHy)s®* - Br—] + ;. [Cr(OHy);Br2+], molarity of

(4) J. H. Espenson and E. L. King, J. Phys. Chem., 64, 380 (1960).



