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Introduction 
Both the methods of preparation of halogen fluorides and a number of 

their physical and chemical properties are described in Volume I (5) and 
in recent reviews (6, 20, 42). There has been, however, a rapid advance in 
the study of this interesting group of compounds, and it now seems certain 
that some members of the series will acquire considerable technical 
importance. With these facts in mind, the aim of the author has been to 
supplement the information given in the earlier chapter in the light of 
more recent developments. 

Physical Properties of the Halogen Fluorides 
The most recent values for the melting and boiling points of all the 

interhalogen compounds are given in Table I. For purposes of comparison, 
data for the halogens themselves are included. There is a measure of 
uncertainty in the values for the molecules for BrCl, BrF, and IBr, which 
arises from the instability of these substances. Bromine monofluoride, for 
example, disproportionates continuously to a mixture of bromine and its 
higher fluorides and cannot, therefore, be isolated in a pure state. 

The Chlorine Fluorides 
The critical temperature of chlorine monofluoride was estimated by 

Ruff and Laass (36) on the basis of the very approximate " three-halves 
rule" (19, 22) to be about - 1 4 ° . The calculation of the latent heat of 
vaporization, ΑΗνΛρ, of the monofluoride by Ruff and Laass from vapor 

39 



40 H. J. EMELÉUS, F.R.S. 

TABLE I 
Melting and Boiling Points of the Interhalogen Compounds (17) 

Compound M.p., °C B.p., °C Compound M.p., °C B.p., °C 

F2 - 2 1 8 . 0 - 1 8 7 CIF3 - 8 2 . 6 11.9 
C1F - 1 5 5 . 6 - 1 0 0 . 1 BrF3 8.8 127.6 
Cl2 - 1 0 1 . 0 - 34.6 ICh 101 (16 atm.) decomp. 
BrCl ca. - 6 6 to -•55 ca. room temp. BrF5 - 6 1 . 3 40.5 
BrF ca. - 3 3 ca. 20 I F6 9.6 98 
Br2 - 7.3 58.78 I F7 5 to 6/2 atm. 4.5 
ICI (a) 27.2 97 to 100 
ICI (β) 13.9 ca. 116 
IBr 42 184.35 
I2 113.6 

pressure data is in error, and a later calculation by Ruff and Krug (35) 
gives A/ /v ap = 4.80 kcal. mole

-1
 and Trouton's constant = 28.0 cal. deg .

-1 

mole.
-1
 The material used in the vapor pressure determinations on which 

these values are based (5) was probably contaminated with chlorine 
trifluoride, but, taken at their face value, they indicate that chlorine 
monofluoride is an associated liquid. 

Potter (28) has recently calculated the thermodynamic functions of 
chlorine monofluoride from spectroscopic data; Table II gives a series of 
his values for the standard free energy, absolute entropy, and specific 
heats. The data exclude nuclear spin and refer to isotopic C1F as an ideal 
gas at 1 atm. 

TABLE II 
Thermodynamic Functions of Chlorine Monofluoride 

-(G° - H0°)/T S° 
r, °κ cal. d3g." ~

l
 m o l e

-1 
cal. deg.""

1
 mole"

1 
cal. d e g .

-1
 mole"

1 

298.16 44. 90 52.05 7.672 
500 48. 68 56.19 8.348 

1000 54. 09 61.19 8.894 
1500 57. 44 65.84 9.079 
2000 59. 88 68.47 9.196 

On the basis of Giauque and Overstreet's data for Cl2 (15) and those 
of Murphy and Vance (27) for F2, the entropy change in the formation of 
gaseous chlorine monofluoride from its elements is: Ä 529 8 ° = 1.10 cal. 
deg.*

-1
 mole

- 1
, which, combined with the heat of formation —ÄÇ/° of 

12.3 ± 1 kcal. mole
- 1
, gives the free energy of formation of chlorine mono

fluoride as - Ä / ^ 2 9 8 ° = 12.6 ± 1 kcal. mole"
1
. Evans, Warhurst, and 
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Whittle, however, prefer the value 13.3 ± 2 kcal. mole"*
1
 for the heat of 

formation of C1F (14), and the absolute accuracy of these data is at 
present very uncertain. The bond distance in chlorine monofluoride has 
been determined by electron diffraction measurements (30) as 1.63 ± 0.01 
A. This agrees well with the spectroscopic value of 1.625 A (48) and with 
that of 1.628 A, determined by microwave spectroscopy (16). The value 
deduced from the mean value for the parent halogens is 1.712 A (8, 26), 
a fact which is sometimes taken to indicate a partial ionic character in 
the bond. In fluorine itself the bond distance is 1.42 A (1). The dipole 
moment has been determined by microwave spectroscopy as 

ě = 0.88 ± 0.02D 

Preliminary observations on the infrared spectrum of gaseous chlorine 
monofluoride and on the Raman spectrum of the liquid do not suffice for 
a complete analysis to be made (24). 

Thermochemical data for chlorine trifluoride and values for the 
equilibrium constant of the reaction between the monofluoride and 
fluorine have already been discussed in Volume I (5). Recent measure
ments by Grisard, Bernhardt, and Oliver (18) show that the trifluoride 
has a transition point at 190.50°K. The heat of fusion measured at the 
triple point (196.84° ± 0.05°K) is 1819.3 cal./mole. Vapor pressure 
measurements over the range —47° to 30° are represented by the equa
tion logio p m m. = 7.37611 - 1096.917/J + 232.75, the calculated heat of 
vaporization at the boiling point being 6580 cal./mole. Entropy values 
calculated from these data for the liquid and ideal gas states at the boiling 
point are 43.66 ± 0.10 and 66.87 cal./deg. mole, respectively. The value 
of the Trouton constant is 23.1, and the estimated value of the critical 
temperature is 174°. The liquid density has been measured by Banks 
and Rudge (4). 

The absorption spectrum of chlorine trifluoride is continuous in the 
visible and ultraviolet regions (38, 39). Electron diffraction experiments 
with the trifluoride indicate a pyramidal model, the Cl—F bond distance 
being 1.63 A and the F—Cl—F bond angle 86° (30). Raman and infrared 
spectra may also be interpreted as showing a pyramidal configuration 
with some association in the liquid state (23, 37, 39). 

The Bromine Fluorides 
Of the three fluorides of bromine, BrF, BrF3, and BrF5, the first is 

the least stable and its disproportionation into bromine and higher 
fluorides is rapid and complete at 50°. As already pointed out, values 
quoted by Ruff and Braida (32) for the melting and boiling points of the 
monofluoride (ca. —33° and 20°, respectively) can be only approximate, 
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and the same must be true of the value for the Trouton constant (20.5 
cal. deg .

-1
 mole

- 1
), based on vapor pressure data obtained with impure 

samples. The three bromine fluorides are completely miscible, although 
none of them is more than slightly soluble in liquid bromine. 

The molecule BrF produces a banded absorption spectrum in the 
visible and ultraviolet regions (9, 10), from which the value of the 
dissociation energy deduced, assuming F to be the excited atom, is: 
AH = 59.6 ± 0.2 kcal. mole

- 1
. If Br is the excited atom, this value 

becomes 50.3 kcal. Recently Durie (12) has observed a series of bands in 
the emission spectrum of the flame of bromine burning in fluorine which 
form an extension of the bands observed in absorption and probably 
arise from a 3π0+ —» 1Ó transition. Assuming that the upper state of BrF 
dissociates to excited Br and normal F, the Birge-Sponer extrapolation 
gives a dissociation energy of 49.8 ± 0.4 kcal. The formation of this 
molecule is therefore moderately exothermic, and its apparent instability 
must be attributed to the even greater stability of the higher fluorides 
rather than to any weakness of the Br—F bond. The internuclear distance 
in BrF, calculated from the band spectrum, is 1.74 A, and that calculated 
from the microwave spectrum is 1.759 A (47). The dipole moment of 
bromine monofluoride, calculated from the microwave spectrum, is 
μ = 1.29D. 

Bromine trifluoride vapor has a continuous absorption spectrum (49). 
Electron diffraction observations have been interpreted in terms of a 
pyramidal molecule with the Br—F bond distance 1.78 A and the angle 
F—Br—F equal to approximately 86°. The microwave spectrum of this 
molecule has not yet been reported, nor is the heat of formation known. 
Observations on the electrical conductivity of liquid bromine trifluoride 
and its behavior as an ionizing solvent are discussed later (p. 44). The 
critical temperature predicted from the "three-halves rule" is 328°. 
Trouton's constant calculated from the data of Ruff and Braida (31), has 
the high value of 25 cal. deg .

-1
 mole

- 1
. The value of Ä#í»Ń is 10.1 kcal. 

mole
-1
 for the temperature range 8-80°. 

Relatively little is known about the physical properties of bromine 
pentafluoride. Its mode of preparation, together with vapor pressure and 
density data, are given in Volume I (5). The critical temperature, pre
dicted from the "three-halves rule," is 197°. It is noteworthy that the 
pentafluoride is reported to be very stable to heat and that there are no 
signs of decomposition up to 460°. Information on the structure and 
chemistry would be of great interest, particularly in view of the interest 
which attaches to iodine pentafluoride (vide infra). There is as yet no 
indication that bromine forms a heptafluoride, though this possibility 
cannot be excluded. 
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The Iodine Fluorides 

Iodine trifluoride has not been prepared, though several investigators 
have attempted to do so by reactions such as that between the penta
fluoride and iodine. Iodine ignites when exposed to a stream of free 
fluorine and burns with a pale flame, in the spectrum of which a band 
system arising from the IF molecule has been observed (12). A vibrational 
analysis of this spectrum gave a dissociation energy of 1.98 or 2.87 ± 0.04 
e.v. according to whether the upper state dissociates to excited I and 
normal F, or vice versa. 

From the vapor pressure data of Ruff and Braida (33) the values of 
the latent heats of sublimation and evaporation of iodine pentafluoride 
are 13.89 kcal. and 10.09 kcal. mole

- 1
, respectively, the latent heat of 

fusion, obtained by difference, being —3.80 kcal. mole
- 1
. The derived 

value of the Trouton constant is 27.2 cal. deg .
-1
 mole

- 1
. The heat of 

formation of iodine pentafluoride is 204.7 kcal. at 18° (52). The compound 
is said to be thermally stable up to at least 400°. 

The absorption spectrum of iodine pentafluoride is continuous in the 
visible and ultraviolet (49). From electron diffraction experiments 
Braune and Pinnow (7), deduced that the molecule was a trigonal bi-
pyramid with a mean I—F bond distance of 2.57 A. This is considerably 
larger than the normal halogen internuclear distance (2.05 A). A later 
determination of the structure by the same method (30) gave no definite 
results but tended, nevertheless, to discredit the earlier values for the 
bond distance. From a study of the Raman spectrum of the pentafluoride 
at room temperature, Lord, Lynch, Schumb, and Slowinski (25) have 
concluded that the configuration is that of a tetragonal pyramid (C4v 
symmetry), with four fluorine atoms at the corners of a square base and 
the iodine atom together with the residual fluorine atom on a fourfold 
axis normal to the base. If it is assumed that all the I—F bond lengths 
are equal and that the F—I—F bond angle is 105°, a bond length for 
I—F of 1.75 A is derived. 

Iodine heptafluoride, which was first prepared by Ruff and Keim 
(34) from the elements at 270°, has a latent heat of sublimation of the 
solid, AHj of 7.33 kcal. mole

- 1
. This differs from the heat of vaporization 

of the liquid by an amount equal to the latent heat of fusion. As a result, 
the Trouton constant will be less than the published value (26.4 cal. 
deg .

-1
 mole

- 1
) . Vapor density measurements give no indication of asso

ciation in the gas phase, and the compound is believed to be stable up to a 
temperature of the order of 400°. 

Both the infrared absorption spectrum of gaseous iodine hepta
fluoride and the Raman spectrum of the liquid have been studied (25), 
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and the results indicate that the molecule is a pentagonal-bipyramid 
(D6h symmetry), in which the iodine atom is at the center of a regular 
pentagon of fluorine atoms. The two remaining fluorine atoms are spaced 
equally above and below the plane of the pentagon on the fivefold axis 
through the iodine atom. This type of configuration is unique in struc
tural chemistry but has been shown to be plausible in terms of available 
orbitals (11, 41). 

The Halogen Fluorides as Ionizing Solvents 
Although it has long been known that iodine mono- and trichloride 

and iodine monobromide conduct electricity in the molten state or when 
dissolved in nonaqueous solvents (17), it is only recently that these 
observations have been extended to certain of the halogen fluorides. I t 
was shown by Banks, Emeléus, and Woolf (3) that the specific conduc
tivity of pure liquid chlorine trifluoride was < 10~

e
 o h m

-1
 cm."

1
 at 0°, 

that of bromine trifluoride 8.0 X 10~
3
 o h m

-1
 cm."

1
 at 25°, and that of 

iodine pentafluoride 2.0 X 10~
6
 ohm"

1
 cm."

1
 at 25°. More recent observa

tions by Banks (2) give for chlorine trifluoride a value of 3 X 10~
9
 ohm"

1 

cm."
1
 at 0°. 

Values of the specific conductivity of bromine trifluoride exhibit an 
abnormality in that the temperature coefficient is negative, as shown 
below: 
Temperature 10.1° 14.8° 25.0° 35.0° 45.0° 55 .0° 
Conductivity (ohm"

1
 cm."

1
 X 10») 8.12 8.11 8.00 7.78 7.48 7.08 

Comparable data for iodine pentafluoride show a normal positive tem
perature coefficient. Ohm's law is obeyed in the case of conduction by 
bromine trifluoride, but not in that of iodine pentafluoride. 

The existence of ions responsible for the conduction in bromine tri
fluoride was attributed to the following equilibrium: 

2BrF3 ^ BrF2+ + BrF4~ 

On this basis it is possible, regarding bromine trifluoride as an ionizing 
solvent, to formulate a series of compounds which react as acids or bases. 
The former are substances which are soluble and ionize to some extent 
to yield the cation BrF2+, characteristic of the solvent. Similarly, bases 
are compounds which give the BrF4~ anion in bromine trifluoride solu
tion. Three well-defined bases, KBrF4, AgBrF4, and Ba(BrF4)2, have 
been prepared (46). These are white crystalline solids which remain 
when a halide of the metal in question is dissolved in bromine trifluoride, 
excess of which is then evaporated in vacuum. The bases lose bromine 
trifluoride when heated above ca. 150°, and there is evidence that similar 



HALOGEN FLUORIDES—RECENT ADVANCES 45 

compounds of lower stability are formed by others of the more electro
positive elements (e.g., Li, Cs, Ca). The halides of such elements dissolve 
in bromine trifluoride; but the products, after evaporation of the excess 
solvent, lose bromine trifluoride in vacuum at room temperature. I t is 
noteworthy that the solvent plays a dual role when it reacts with a salt 
of one of the base-forming electropositive elements: it displaces the 
anion of the salt by fluoride and also solvates the latter, forming the 
BrF4~ anion. These compounds have been called bromofluorides. All 
are exceedingly reactive. They are decomposed instantly by water and 
react violently with many organic compounds, often with inflammation. 

The number of substances containing the BrF2+ cation is relatively 
large. The general preparative method is the same as that used for bases. 
A compound of the acid-forming element (e.g., S b 20 3 or SnCl2) is treated 
with bromine trifluoride, and excess of the latter is removed in vacuum. 
The products are solids, the reactivity of which is similar to that of 
bromofluorides. The formulae of the acids so far prepared are shown in 
Table III . The acids decompose at 100 to 250° with liberation of bromine 
trifluoride. 

TABLE III 
Acids in Bromine Trifluoride 

Compound Typical preparative method 

BrF2AuF* Au 4- BrF3 
(BrF2)2SnFe SnCl2 4- BrF s 
BrF2SbFe Sb203 4- BrF3 
BrF2BiF6 BiF6 4- BrF3 
BrF2NbF« Nb or N b206 4- BrF3 
BrF2TaFe Ta or T a206 4- BrF* 
(BrF2)2PtFe PtF4 4- BrF3 

Both acids and bases are soluble in bromine trifluoride and bring about 
an increase in its conductivity. Conductimetric titrations have also been 
carried out in this solvent corresponding to the neutralization reactions 
shown below: 

AgBrF4 + BrF2SbFe = AgSbFe + 2BrF3 
2AgBrF4 + (BrF2)2SnF6 = Ag2SnFe + 4BrF3 

The neutralization points are marked by sharp minima in the conduc
tivity, and in each case the resulting salt may be isolated and analyzed. 
Complex fluorides may be prepared by neutralization reactions of this 
type by dissolving equivalent amounts of the acid- and base-forming 
compounds and pumping off excess of the solvent. This is well illustrated 
by the preparation of silver tetrafluoroaurate, AgAuF4, by dissolving 
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atomic proportions of metallic silver and gold. The gold acid, BrF2AuF4, 
decomposes in vacuum at 180°, forming auric fluoride (43). Further 
examples are furnished by the preparation of hexafluoroniobates, hexa-
fluorotantalates, hexafluorobismuthates (21), and hexafluoroplatinates 
(44). 

There is indirect evidence that certain unstable acids and bases may 
exist in solution as essential intermediates in the formation of complex 
fluorides. Thus, when arsenious oxide and potassium fluoride in equivalent 
amounts are dissolved in bromine trifluoride, potassium hexafluoro
arsenate may be recovered in high yield. This may be satisfactorily 
explained by postulating the intermediate formation of an unstable acid 
BrF2AsF6 (53) 

As203 -> AsF5 -> BrF2AsF6 
KF -> KBrF4 

KAsF6 + 2BrF3 

A similar postulate has been invoked to explain the formation of hexa
fluorophosphates when potassium metaphosphate is dissolved in bromine 
trifluoride, as well as for the formation of salts containing the anions 
B F r , SiFe—, GeF„—, T i F e~ , and VF6". 

By postulating the existence in bromine trifluoride solution of the 
unstable bases N02+BrF4~, and NO+BrF4~, a satisfactory explanation 
may also be given of the formation of a number of complex fluorides of 
the nitronium and nitrosonium cations. When, for example, a mixture of 
equivalent quantities of nitrogen dioxide and antimony trioxide is treated 
with excess of bromine trifluoride, the salt N 0 2S b F 6 may be isolated from 
the resulting solution. The reaction leading to its formation is probably 

N 0 2B r F 4 + BrF2SbF6 = N 0 2S b F 6 + 2BrF3 

The following salts have been prepared similarly: N 0 2B F 4, N02AuF4, 
N02AsF6, N 0 2P F 6, and (N02)2SnF6 (54). By using nitrosyl chloride in 
place of nitrogen dioxide similar derivatives of the NO+ cation [e.g., 
NOPFe, (NO)2SnFe] are obtained (50). Nitrosyl fluorosulfonate has been 
prepared in the same way from nitrosyl pyrosulfate and excess of bromine 
trifluoride, in which case neutralization of the base NOBrF4 by the acid 
BrF2S03F probably occurs. This acid is produced in an impure state 
when sulfur trioxide is dissolved in bromine trifluoride. Although the 
unstable acids and bases referred to above have not yet been isolated, 
it is likely that a more detailed physicochemical study of the several 
systems involved would provide additional evidence for their existence, 
if indeed it did not lead to the actual isolation of the compounds at tem
peratures below those so far examined. 
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Solvolysis occurs to an appreciable extent in a number of reaction in 
liquid bromine trifluoride. This is, in effect, a reversal of the neutralization 
process and is well illustrated by experiments designed to form hexa-
fluorotitanates by the reaction shown below (45) : 

2KBrF4 + (BrF2)2TiFe = K2TiF6 + 2BrF3 
When a mixture of equivalent proportions of potassium bromide and 
titanium dioxide was treated with bromine trifluoride and the solvent 
was removed by evaporation in vacuum at room temperature, the product 
had the composition K2TiF6, 0.95BrF3. An X-ray powder photograph 
also revealed the presence of KBrF4. Treatment of a pure specimen of 
K2TiFe with bromine trifluoride likewise gave a product which was 
heavily contaminated with KBrF4: there is thus little doubt as to the 
reversibility of the above reactions. To quote other examples, the barium 
salts of BrF2AuF4 and BrF2BiF6 undergo almost complete solvolysis in 
bromine trifluoride and therefore cannot be isolated by the procedures 
outlined. The salt K2PtF6, prepared from the acid (BrF2)2PtF6 and 
potassium fluoride, is also solvated (44). There is as yet no basis for 
classifying acids and bases in liquid bromine trifluoride as strong and 
weak and so placing the phenomenon of solvolysis on a firmer physico-
chemical basis. 

Acids and Bases in Iodine Pentafluoride and Chlorine Trifluoride 

Potassium fluoride dissolves in iodine pentafluoride, and the com
pound K I F e may be isolated from the solution (13). If the mode of 
ionization of the solvent shown be postulated, the potassium salt may be 

2IF6 ^ IF4+ + I F 6" 

regarded as a base in this system. It melts at ca. 200° and decomposes 
above its melting point with loss of iodine pentafluoride. Water brings 
about decomposition according to the equation: 

IF6~ + 3 H 20 = 6 F - + I 0 3- + 6H+ 

Antimony pentafluoride dissolves in iodine pentafluoride, and the com
pound SblFio, which may be isolated from the solution, is almost cer
tainly the acid IF4+SbF6~ (55). When iodine pentafluoride solutions of 
this acid and of the base K I F 6 are mixed in equivalent proportions and 
the solvent is removed under reduced pressure, a solid of the composition 
KSbF6, O.23IF5 remains (51). The presence of iodine pentafluoride in this 
product may well be due to solvolysis, as was found in certain of the 
reactions in bromine trifluoride. Both K I F 6 and SblFio increase the 
conductivity of iodine pentafluoride. Boron trifluoride produces a like 
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effect, and the salt K B F 4 may be prepared by passing the gas into a 
solution of potassium fluoride in the pentafluoride. This may be attributed 
to the intermediate formation in solution of an unstable acid IF4+BF4~. 

The fact that chlorine trifluoride has a very low electrical conductivity 
does not, in itself, preclude the existence of acids and bases analogous to 
those formed from bromine trifluoride. When, however, potassium 
fluoride is treated with excess of chlorine trifluoride, the whole of the 
latter may be evaporated in vacuum and recovery of the metal fluoride is 
quantiative. It appears, therefore, that there can be little tendency to 
form a salt such as KC1F4. There does appear to be some evidence for 
the existence of more stable acids in chlorine trifluoride solution, but 
their study is still very incomplete. Rogers and Katz have shown recently 
(29) that there is a rapid exchange of radioactive fluorine (F

1 8
) at room 

temperature between hydrogen fluoride and the liquid interhalogen 
compounds C1F3, BrF3, BrF5, and IF7. This interesting observation can 
best be explained by postulating the existence of intermediate compounds 
such as HC1F4, though there is as yet no more rigid proof of this. It has 
been shown (40) that iodine heptafluoride does not form stable compounds 
of the type M I F 8 with the fluorides of sodium, potassium, or rubidium. 
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