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the reaction mixture has carbonyl bands at 4,90 (vs) and 5.06
u (vs). Attempts to isolate the product led to yellow crystals
which decomposed as they were being purified.

N.m.r. Spectra.—The n.m.r, spectra were obtained using a
Varian Associates 12-in. electromagnet and a frequency of 60
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Mec, All samples were sealed in vacuo in 5 mm. o.d. glass sample
tubes. They were studied at 30° as solutions in CDCl;.  Chemi-
cal shifts, referred to external benzene, were obtained by the
usual side-band technique using a Hewlett-Packard wide-range
oscillator, Model 200CD.
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Solvolysis reactions of alkali metal fluorides in chlorine trifluoride and bromine pentafluoride at 100° resulted
in the formation of the respective alkali metal tetrafluorochlorates and hexafluorobromates; the compounds

KCIF,, RbCIF,, CsClF,, KBrF¢, RbBrF; and CsBrFs have been prepared.

All of the above materials are

powerful oxidizing agents, react violently with water, liberate iodine from aqueous iodide solutions, and interact

explosively with common organic solvents.

Introduction

Halogen fluorides are a particularly interesting class
of compounds from the standpoint -of their unusual
composition and great chemical reactivity. The fluo-
rides are usually quite easy to prepare, their physical
and chemical properties have been studied extensively,
and several reviews on the subject have been pub-
lished.3=7 Particular interest has been shown in the
self-ionization of many of the halogen fluorides, and
in the polyhalide salts resulting from the dissolution
of metal halides in them. Indeed, many of the halogen
fluorides act as solvents for the formation of a new
class of acids and bases brought about via solvolysis
reactions. Thus, bromine trifluoride and iodine penta-
fluoride have been shown by Emeléus and Woolf?
to act ‘as ionizing solvents according to the following
equilibria

2BrFy > BrF;* + BrF,~ (N

and

2IFs > IF(* + IFe™ (2)

Compounds containing the BrF,* or IF,* ions are thus
considered as acids, whereas those containing BrF~
or IFs~ ions are bases. Through solvolysis reactions
in the above halogen fluorides, the bases KBrF,,
AgBrF,, Ba(BrF,);, and KIF; have been prepared.’~!
No stable addition compounds of the type M(IFs)
could be formed, however, when the alkali fluorides,
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NaF, KF, or RbF, were mixed with iodine heptafluoride
at room temperature.!?

Although the tetrafluorohalates of cesium, rubidium,
and potassium have been prepared through direct re-
action of elementary fluorine with the corresponding
alkali metal halides,'®~"" there has been no report in
the literature of bases of the type MCIFs or MBrFs
being formed as the result of solvolysis reactions in
chlorine trifluoride or bromine pentafluoride, respec-
tively.

In this paper are reported the results of solvolysis
reactions between the fluorides of potassium, rubidium,
and cesium, and the halogen fluorides, ClF; and BrF;,
leading to the formation of the corresponding tetra-
fluorochlorates or hexafluorobromates, respectively.
Our results can best be explained by the general re-
actions

MF + CIF; —> MCIF, (3)

and
MF + BrF; —> MBrF; (4)

To our knowledge this constitutes the first reported
synthesis of bases containing the hexafluorobromate
(BrFs—) ion, i.e., compounds of the type MBrF.

Experimental

Materials.—Anhydrous HF and 99¢, CIF; were obtained from
the Matheson Co., Inc. Bromine pentafluoride and IF; were
obtained from the General Chemical Division, Allied Chemical
and Dye Corp. Prior to use, the halogen fluorides {except for
IF;s) were allowed to distil under vacuum through a bed of NaF
pellets maintained at 100° ina Monel pipe heated by means of a
Fisher combustion tube furnace. In this manner HF ninpurities,
and in the case of BrF; traces of BrF;, were removed. BrF; and
CIF; were then fractionated under vacuum to remove traces of
F;, and in the latter case Cl; and CIF if present. Fractionation
was accomplished by a series of trap-to-trap distillations at —78°
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followed by collection of the materials in a trap at 0°. Iodine
peutafluoride was distilled before use.

Cesium and rubidium fluorides of high purity were obtained
from the American Potash and Chemical Corp. Potassium and
ammoniun fluorides were ACS reagent grade materials. The
fluorides were thoroughly dried before use.

Apparatus.—Due to the reactive nature of the compounds
handled in this work experiments were conducted in a general
purpose vacuum system in order to exclude air and moisture.
The system consisted of both Pyrex and metal sections, the sec-
tions being joined by means of a copper to Pyrex No. 774 (House-
keeper) seal. The glass portion of the apparatus consisted of a
nitrogen gas drying column, a mercury manometer, a three-way
stopcock which was used for either pulling a vacuum on the sys-
tem or introducing nitrogen into the apparatus, and a liquid
nitrogen cooled trap. The trap served to protect the mercury
manometer and Duo-Seal pump from accidental attack by halo-
gen fluoride vapors. The metal portion of the 'equipment was
constructed of 0.25-in. o.d. copper tubing, Hoke miniature
forged Monel needle valves equipped with Teflon packing, and
Monel traps. Silver-soldered connections were used ou the
traps and reactors, and flared connections in the rest of the
apparatus. Steel tanks of HF and IF; were connected directly
to this line, whereas cylinders containing CIF; and BrF; were
attached to the system through the HF absorber. A thin
laver of Teflon ‘‘T-Film'' thread compound (Eco Engineering
Co.) was used on all threaded connections. Pressures were
measured on Helicoid gages equipped with stainless steel Bourdon
tubes operating in the range 30 in. vacuum to 30 p.s.i. pressure.
Each part of the apparatus was rigorously cleaned and carefully
dried before assembly.

Synthesis reactions were conducted in 500-ml. nickel reactors
fitted with thireaded caps, Monel needle valves, and flared con-
nections. Provision was made for removing the reactors from
the vacuum systern after introduction of the reactants. Heating
and agitation of the reactants were accomplished by wrapping
the reactors with heating tape and asbestos, and fastening the
units to a laboratory shaker. Heating was controlled by means
of a Brown Pyr-O-Vane temperature regulator.

Procedure.—Purified halogen fluorides were condensed in a
calibrated Pyrex tube attached to the vacuum system by means
of a Housekeeper seal. The amount of halogen fluoride obtained
in this way was determined from the measured volume and the
density of the material. We have observed, along with Banks
and Rudge, that CIF; and BrF;, when free of hydrogen fluoride,
do not etch Pyrex glass.!® The lialogen fluorides were then
distilled into the nickel reactor containing the alkali metal
fluorides; the reactor wasclosed, removed from the vacuum line,
then heated and agitated for approximately 1 hr. At the
conclusion of the experiment the reactor was returned to the
vacuum line, excess halogen fluoride distilled off, and the reaction
product subjected to reduced pressure at room temperature until
a constant weight was obtained. Uureacted chlorine trifluoride
or bromine pentafluoride, after condensation in a Monel trap,
was identified by means of vapor pressure measurements at
several temperatures. The extent of conversion of the metal
fluoride to the corresponding polyfluorohalate was determined
from tlie iucrease in weight of the starting material. The re-
actors were always opened and the reaction products removed
and lhandled in a drybox which had been previously purged with
dry nitrogen.

The polyfluorolialate salts were analyzed for total fluoride and
total bromide or chloride by Parr bomb fusion with sodium per-
oxide, followed by standard analytical techniques. In spite of
the fact that both the tetrafluorochlorate and hexafluorobromate
salts react readily witlh water, simply analyzing solutions of
these salts after liydrolysis for the corresponding halide ion was
not satisfactory. Indeed, Asprey, ef al.,'s have shown that hy-
drolysis of the tetrafluorochlorate salt yields primarily the chlo-
rate, rather than the chloride ion. Presumably the hexafluoro-
bromates form primarily bromates upon hydrolysis.
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Densities of the polyfluorohalate salts were determined by
means of the displacement method. Fluorochewnical FC-753,
a completely fluorinated cyclic ether with the empirical formula
CsF1e0,% was used to fill the pycnometer after introduction of the
salt. Fortunately none of the compounds synthesized reacts
with or is soluble in this material.

Results and Discussion

The results of the synthesis experiments are sum-
marized in Tables I and II. In Table III are listed the
measured densities of the polyfluorohalate salts. The
reaction products are crystalline solids, powerful
fluorinating agents, are violently reactive with water,

TaBLE I

SOLVOLYSIS OF ALKAL]I METAL FLUORIDES IN CHLORINE
TRIFLUORIDE AT 100°

Mole Analysis
ratio  of product
Metal CIFsy/ G, o

fluoride MF Cl1 F Remarks

LiF 8 No reaction

NaF 8 No reaction
KF 8 14.7 46.7 White crystalline solid, 56.5% conversion of
KF to KCIF,
Theoretical for KCIF;-0.8KF: Cl, 182: F,
46.5%
RbBF 7 15.4 37.3 Pink crystalline solid,* 85.29, conversion of
RbF to RbCIF,
Theoretical for RbCIF+:0.2RbF: Cl, 16.5;
F, 36.99,
CsF 8 14.4 30.8 Pink crystalline solid,* 91.09, conversion of

CsF to CsCIF;
Theoretical for CsCIF:-0.1CsF: Cl, 13.7; F,
30.0%

@ Pink color may be due to presence of red-colored complex
fluorides Rb,NiFs or Cs,NiFs.

TaBLE II

SoLvoLysls oF ALKALl METAL FLUORIDES IN BROMINE
PENTAFLUORIDE AT 100°

Mole Analysis
ratio  of product
Metal BrFs/ 9 T

fluoride MF Br F Remarks

LiF 10
NaF 10

No reaction
1n one experiment it was observed that NaF
reacted with BrFs to form (presumably) a
polyfluorohalate at 140°, but the conver-
sion, at most, was less than 59,
25.2 43.5 White crystalline solid, 49.4% conversion of
KF to KBrFs
Theoretical for KBrF¢KF: Br, 27.3; F,
454 %
27.3 39.8 White crystalline solid, 90.09, conversion of
RbF, to RbBrFs
Theoretical for RbBrFs:0.I1RbF: Br, 27.6;
F, 408%
24.4 34.8 White crystalline solid, 1009 conversion of
CsF to CsBrFg
Theoretical for CsBrFs: Br, 24.4; F, 31.89,

KF 10

RbF 10

CsF 10

TaBLE III

DENSITIES OF POLYFLUOROHALATE SALTS AT 25°

Salt Density, g./cm.?
CsCIF4-0.1CsF 3.40
KCIF,-0.8KF 2 .58
CsBrF; 3.68
RbBrFs-0.1RbF 3.59

(20) FC-75 Technical Data Sheet No. 1, Minnesota Mining and Manufac-
turing Co., Saint Paul, Minn., April 1, 1957.
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and liberate iodine from iodide solutions.
charred wood and ignited paper on contact.

It is postulated that the successful synthesis of the
alkali metal tetrafluorochlorates and hexafluorobro-
mates was brought about wig solvolysis reactions in
which the normal anion and cation concentrations of
the solvent were changed by the presence of the metal
fluorides, the systems being analogous to the solvolysis
of metal fluorides in the ionizing solvents, BrF; and
IF;. The self-ionization and solvolysis of metal fluo-
rides in ClF; and BrF; may be expressed as

They

2CIF; > CIF;* + CIF,~ (5)
MF + CIFs 7> M* + CIF,~ (6)
and
2BrFs > BrF,* + BrF~ (7
MF + BrF; > M* + BrFy~ (8

where M = K, Rb, or Cs. The relative ease of con-
version of alkali metal fluorides into the polyfluoro-
halates was found to be the same irrespective of the
halogen fluoride employed as the solvent, z.e., for both
CIF; and BrFy, CsF > RbF > KF. These observa-
tions are in accord with the general rule for stability
in polyhalides as discussed by Wiebenga, et al.” in
that the stability of the crystalline polyhalide depends
upon the nature of its cation. The stability of the poly-
halide is greater when the cation is larger and more
symmetrical. Likewise, it has been shown?!' that in
the case of the solubility of alkali metal fluorides in
BrF; the solubility of the fluoride increases as the size
of the cation increases. Thermal decomposition studies
on cesium tetrafluorochlorate and cesium hexafluoro-
bromate revealed both these materials to be unusually
stable as compared to alkali metal polyhalide com-
pounds in general. Both CsCIF.0.1CsF and CsBrF;
could be heated to 300° for several hours without
decomposition taking place. KCIF,0.77KF, however,
started to decompose at approximately 200°.

The above observations are thus in agreement with
the general conclusions of Cramer and Duncan?? that
factors favoring the stability of a polyhalide are: (a)
symmetry, (b) a cation of large molecular volume,
(c) presence of a large electropositive atom at the center
of the anion, and (d) that other atoms in the anion
should be light electronegative atoms. Item ¢ may
explain why in the case of CsF and RbF higher con-
versions to the polyhalide were obtained with BrF;
as the ionizing solvent than with CIF;. The latter
halogen fluoride gave a higher conversion to the cor-
responding polyhalide with KF, however.

As can be seen from Tables I and II, the tetrafluoro-
chlorates and hexafluorobromates of lithium and so-
dium were not obtained although presumably a small
amount of NaBrFs may have been formed between
NaF and BrF; at 140°. These observations are in
agreement with the results of Asprey,'® who found the
potassium salts more difficult to prepare than either the
cesium or rubidium fluorchalates, and Kelly,” who was
unsuccessful in preparing either LiClF, or NaClF, by

(21) 1. Sheft, H. H. Hyman, and J. J. Katz, J. Am. Chem. Soc., T8, 5221
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treating the corresponding chlorides with elemental F,
at elevated pressures and temperatures.

It has been observed?® that chlorine trifluoride dis-
solves in both iodine pentafluoride and bromine tri-
fluoride and is not evolved upon heating the resulting
solutions to 60-70°, although chlorine trifluoride itself
boils at 12°. This phenomenon is logically explained
through the assumption of mutual ionization of the
constituents in the above halogen fluoride solutions.
The effect of such complex ionization on the solvolysis
of alkali metal fluorides in mixtures of ClF; and BrF;,
and CIF; and IFs is shown in Table IV. The recovery
of rubidium and cesium hexafluorobromates from the
mixed solvents is not surprising in view of the apparent
ease of preparation of the above materials as compared
to the corresponding tetrafluorochlorate salts. The
preferential formation of potassium tetrafluorochlorate
at 25 and 100° is again difficult to explain, and indeed
appears to be analogous to the unusually low solubility
of potassium perchlorate in water.

TaBLE IV

SoLvoLyTic REACTIONS EMPLOYING MIXTURES OF
CHLORINE TRIFLUORIDE AND BROMINE PENTAFLUORIDE OR
IODINE PENTAFLUORIDE AS SOLVENTS

Metal Solvent, Temperature,

fluoride CIF;® °C. Product

KF BrFs 25 KCIF,KF
KF BrF; 100 KCIF,0.YKF
RbF BrF; 25 RbBrFs-0.5RbF
CsF BrF; 25 CsBrFg-0.1CsF
KF IFs 100 KIFs

@ 1:1 molar solutions.

Identification of KIF; was based upon the percentage
of iodine in the product and the “‘oxidizing power” of
the material. The latter was measured as equivalents
of I, per gram of sample, and was based upon the re-
actions

KIFg + 3H,0 —> KIO; + 6HF )]

KIO; + 5KI + 6HCl — 6KCl + 3H,O + 31,  (10)

Potassium hexafluoroiodate was first prepared by
Emeléus and Sharpe.*

The data appearing in Table IV are interesting ex-
amples of the relative acidities of the halogen fluorides,
the stronger acid coordinating a fluoride ion to form
ions of the type XF,~. From the last three experi-
ments listed in Table IV it would appear that BrF;
and IF; are both stronger acids than is CIF; as indi-
cated by the reactions

CIF; + BrF; > CIF;~ + BrF~ (11)
MF + CIF:* + BrFs~ > MBrFs + CIF;  (12)
where M = Rbor Cs, and
CIFs + IFs == CIFy ™ + 1F,~ (13)
KF + CIF:™ + IFs~ 2= KIFs + CIF; (143

(23) R. N. Haszeldine, #bid., 3037 (1950)
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Indeed, studies on the isotopic exchange reaction of
fluorine between CIF; and BrF; have shown?* that chlo-
rine trifluoride acts as a base in bromine trifluoride
solution, the exchange reaction proceeding through
the equilibrium

CIF; + BrF: > CIF;* + BrF,~ (18)

The results with potassium fluoride are again ex-
ceptional. In a mixture of ClF; and BrF;, potassium
tetrafluorochlorate was obtained at both 25 and 100°
whereas potassium hexafluorobromate had been ex-
pected.

During some preliminary investigations, several
experiments were conducted in which chlorine tri-
fluoride was added to solutions of LiF, NaF, KF, and
CsF in anhydrous HF at room temperature. The
mole fractions of the metal fluorides in HF were ad-
justed so as to assure complete solution of the metal
fluoride. With LiF and NaF only the bifluorides were
obtained, whereas for fluorides containing larger cations,
i.e., KF and CsF, solvated bifluorides were obtained.
In no instance was any chlorine found in the above
products. The above results not only are consistent
with the observation that HF forms a complex
with CIF;242 but also substantiate the observation
of Nikolaw and Malyukov? that CIF; behaves as a
very strong base when dissolved in HF, 7.e.

2HF + CIFy 77> CIF*? 4+ 2HF,~ (16)

as do the alkali inetal fluorides (M = alkali metal
atom)

MF + HF <_’ M* 4+ HF:~ 17

It is not surprising, therefore, that no chlorine-contain-
ing polyfluorohalate salt could be obtained under these
conditions. The extent of solution of the alkali metal
fluorides as deduced from this work is in agreement
with the relative solubilities of the fluorides in HF,¥
1.e., CsF > RbF > KF > NaF > LiF.

Finally, it is of interest to mention some experiments
performed in an attempt to synthesize some ammo-
nium polyhalides. Dry crystalline NH,;F was placed
in Pyrex tubes and the halogen fluoride allowed to

(24) M. T. Rogers and J. J. Katz, J. Am. Chem. Soc., T4, 1375 (1952).

(25) J. P. Pemsler and 1. F. Smith, J. Chem. Phys., 28, 1834 (1954).
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E. D. WHITNEY, R. O. MAacLareN, C. E. FoGLE, anD T. J. HURLEY

Vol. 86

distil into the tube by condensation of the latter
at liquid nitrogen temperatures. The —196° bath was
then removed and the reaction mixture allowed to
warm slowly in air at room temperature. Experiments
were conducted with ammonium fluoride and with
CIF;, BrF;, BrF;, and IF;. The results are summarized
in Table V.

TaBLE V

REACTION BETWEEN AMMONIUM FLUORIDE AND SOME
HaLoGceN FLUORIDES

Halogen
fluoride Results
CIF,; Maixture exploded at 7 < 0°, NH,CIF, presumably
produced
BrF, White solid product, NH,BrF, presumably pro-
duced
BrF; White solid which decomposed at 7 > 0°, NH,BrFs
presumably produced
IF; White solid product, NH,IF, presumably produced

None of the above NH,F-halogen fluoride complexes
was further characterized. The observation that re-
acting mixtures of liquid ClF; and crystalline NH,F
nearly always explode on warming to temperatures
slightly below 0° has been made by Gardner, Knipe,
and Mackley® in their studies on the preparation of
chlorodifluoramine. The order of stability of the
ammonium polyfluorohalates probably is NH,BrF,
(NH.IF) > NH,BrF; > NH,CIF,.

Sheft, Martin, and Katz?® have discussed the use of
bromine trifluoride addition compounds, i.e., KBrF,
and BrF,SbFe, for the high temperature fluorination
of inorganic substances not readily attacked by liquid
BrF;. Because of their low dissociation pressures
the above addition compounds can be employed in
reactionsat up to 500°in closed systemswithout develop-
ing high pressures. The use of bromine trifluoride
under similar conditions would involve considerably
more complex apparatus and more difficult experi-
mental operations. By analogy it is suggested that
because of their stability up to ~300°, both rubidium
and cesium hexafluorobromates, and the corresponding
tetrafluorochlorates, may be emiployed as convenient
laboratory sources of fluorine in high temperature
reactions where the use of liquid bromine pentafluoride
or chlorine trifluoride would be inconvenient.

(28) I. M. Gardner, W. W. Knipe, and C. J. Mackley, Inorg. Chem., 2,
413 (1963).

(29) I. Sheft, A. F. Martin, and J. J. Katz, J. Am. Chem. Soc., 18, 1557
(1956).



