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Complex Fluorides 

Most elements form complex ions. In aqueous systems, interference 
by fluorides in analytical processes has long been recognized as an indica
tion of the stability of complex fluoride ions. Within recent years, investi
gations in nonaqueous media have widened our knowledge of complex 
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fluorides to a considerable degree, and this chapter gives a general account 
of such complexes in the solid state and in various solvents. A brief 
introduction to the complex fluorides and detailed discussions of com
plexes of silicon, phosphorus, and sulfur appeared in Volume I. Sub
stances are described here under the element which is (or is presumed to 
be) the central atom in a complex ion: K3HCbOF7, for example, is dis
cussed under columbium. Where there is any doubt as to whether complex 
ions are present, and where their presence has in the past been generally 
assumed without proof, discussions of structures are included, e.g., for 
KMgF3, Na2UF6, and K3FeF6. The order in which the elements are 
treated is the same as that in Volume I, Chapter 1. 

Complex Fluorides of Group I 

THE ALKALI METALS 

There is as yet no convincing evidence that the alkali metals form 
complex halide ions, though the isomorphism of cryolithionite, Na3Li3-
AI2F12, and the garnets, orthosilicates of general formula M 3

I I
M 2

I I I
( S i 0 4) 3, 

has led Wells (163) to make the interesting suggestion that cryolithionite 
should be represented as Na3Al2(LiF4)3, the (Si04)

4
~ and Ca++ ions in 

grossular being replaced by (LiF4)— and Na+, respectively. Attempts to 
prepare a simpler complex from potassium and lithium fluorides in 
bromine trifluoride were, however, unsuccessful (149). 

Bode (9, 10) has recently reported that the action of fluorine at 
moderate temperatures on potassium, rubidium, and cesium fluorides 
leads to the formation of higher fluorides, KF2, RbF2, and CsF3, respec
tively; these substances are powerful oxidizing agents, liberating iodine 
from iodides and converting nickel salts into red complex fluorides of 
quadrivalent nickel. The structures of these remarkable substances are 
not yet known, but it has been suggested (164) that the rubidium com
pound, for example, may be Rb

I
(Rb

I I I
F4) . Similar structures have long 

been postulated for the diamagnetic halides of bivalent gallium and 
indium, but it should be pointed out that the absence of the intense color 
usually associated with the presence of an element in two valency states 
makes the correctness of these postulates doubtful. 

The likelihood of a purely ionic structure may be examined by esti
mating the energy of the reaction 

K F 2 = KF + i F 2 (1) 

from known thermochemical quantities. The reaction may be represented 
as taking place in the following stages: 
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K F 2 K++ + 2 F -
K++ + 2 F - -* K+ + F - + F 

K+ + F - + F - » K F + F 
K F + F —» KF + i F 2 

(2) 
(3) 
(4) 
(5) 

In stage 2, the lattice energy of K F 2 is absorbed; if we assume K F 2 to have 
a fluorite type of lattice with K++ equal in size to Ca++, the lattice energy 
of K F 2 may be taken as equal to that of CaF2, i.e., 617 kcal. In stage 3, 
energy equivalent to the second ionization potential of potassium (733 
kcal.) is liberated, while the electron affinity of one fluorine atom (85 
kcal.) is absorbed. Stage 4 involves liberation of the lattice energy of 
potassium fluoride (193 kcal.); the formation of j ^ F 2 in stage 5 will be 
accompanied by liberation of half of the dissociation energy of fluorine, 
i.e., 20 kcal., if Z)(F2) is taken as 40 kcal. 

The approximate energy change attending reaction 1 is therefore 
liberation of about 240 kcal. This strongly suggests that K F 2 cannot have 
an ionic lattice and that covalent bonding must be involved. Details of 
the structures of these higher fluorides will therefore be awaited with 
very great interest. 

Complex fluorides of cuprous copper are unknown. Cupric fluoride 
forms compounds such as KCuF3, RbCuF3, and (NH4)2CuF4-2H20 
(56, 80) ; but since these compounds, which are obtained from their con
stituent fluorides in aqueous solution, are all pale blue in color, and since 
the solubility of cupric fluoride is somewhat diminished by addition of 
alkali metal fluorides (71), it appears likely that no complex ion is formed. 
Analogies with formally similar complex chlorides are not helpful: 
K2CuCl4-2H20 (blue-green) contains planar [CuCl2-2H20] groups; 
CsCuCl3 (red) has anion chains of CuCl4 squares, each sharing two corner 
atoms with adjacent squares. 

The action of fluorine at 250° on a mixture of composition 3KC1 : CuCl2 
yields a homogeneous pale-green complex fluoride, K3CuF6, which is 
unstable to water (76). Similar compounds of quadrivalent cobalt and 
nickel are prepared in analogous ways. Unlike the complex periodates of 
tervalent copper, potassium hexafluorocuprate (III) is paramagnetic; 
This suggests that the bonding in the (CuF6) and (FeF6) ions is 
similar. The magnetic moment of 2.8 Bohr magnetons corresponds to the 
two unpaired d electrons expected for a Cu+++ ion (65, 180). The para
magnetism of the complex fluoride is particularly noteworthy, since 
cuprates containing tervalent copper are all diamagnetic. Silver forms no 
complex fluoride ion. 

COPPER, SILVER, AND GOLD 
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Gold dissolves quietly in warm bromine trifluoride to yield the yellow 
compound AuBrF6, which in this solvent reacts as (BrF2)

+
(AuF4)~, 

difluorobromonium tetrafluoroaurate. Interaction with "bases" on the 
bromine trifluoride system (e.g., KBrF4, AgBrF4), followed by evapora
tion of the solvent in vacuo, yields metallic fluoroaurates (KAuF4 and 
AgAuF4, respectively) : 

(BrF2)(AuF4) + Ag(BrF4) = Ag(AuF4) + 2BrF3 
The fluoroaurates are pale yellow salts which are unstable even to 40% 
hydrofluoric acid, being decomposed by moisture with formation of auric 
hydroxide: 

(AuF4)- + 3 H 20 = Au(OH)3 + 4F~ + 3H+ 

Thermal decomposition of AuBrFe at 180° yielded the hitherto unknown 
auric fluoride, an orange powder which is immediately decomposed by 
water, carbon tetrachloride, benzene, or alcohol (146). Potassium and 
cesium fluoroaurates have also been obtained by the action of fluorine 
on the chloroaurates (65). Nitronium fluoroaurate (170) and nitrosonium 
fluoroaurate (171) have been made by the action of bromine trifluoride 
on mixtures of gold and dinitrogen tetroxide, and gold and nitrosyl 
chloride, respectively; both are immediately decomposed by water. 

Complex Fluorides of Group I I 

BERYLLIUM 

The common complex fluorides of beryllium are those of the type 
M2

x
BeF4 or M

n
B e F 4. A few substances of empirical formula IVPBeFs are 

also known, but these are stable only in the presence of a large excess of 
beryllium fluoride and are converted by recrystallization from water into 
tetrafluoroberyllates and beryllium fluoride. The BeF4 ion is stable 
toward water, and the tetrafluoroberyllates are usually made by wet 
methods; the sodium salt is also obtained by fusion of beryl with sodium 
fluoride or fluoroferrate, when it is the only soluble product of the reac
tion (for details see Volume I). Fluoroberyllates of Li, Rb, Cs, NH4+, 
Me4N+, Ag, Cu, Ca, Sr, Ba, Cd, Tl, Pb, Fe

1 1
, Co, and Ni are described 

by Ray (119-124). Thermal decomposition of (NH4)2BeF4 is a convenient 
preparation for beryllium fluoride. 

The BeF4 ion, in which beryllium has the sp
z
 valency configuration, 

is tetrahedral; and since its charge, size, and shape are similar to those 
of the sulfate ion, the resemblances between the tetrafluoroberyllates and 
the sulfates are not surprising. Ammonium (67), potassium (99), rubidium 
(95), and thallous (95) tetrafluoroberyllates are isomorphous with potas
sium sulfate; the double salts Zn(NH4)2(BeF4)26H20 and K2Al2(BeF4)-
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(S04)324H20 are isomorphous with the corresponding double sulfates 
(31, 95). Alkaline earth metal salts are sparingly soluble, the solubility 
decreasing from calcium to barium. 

Beryllium fluoride crystallizes with the â-cristobalite structure (160), 
and the similarities between fluoroberyllates and silicates are of con
siderable interest. Lithium tetrafluoroberyllate (15) has the same struc
ture as the orthosilicate phenacite (Be2Si04), sodium tetrafluoroberyllate 
(97, 98) as olivine (Mg2Si04) and 7-Ca2Si04; in these complex fluorides 
the Li+ and N a

+
 ions (radii 0.60 A and 0.95 A) occupy positions of four-

and six-coordination, respectively. Potassium tetrafluoroberyllate is 
isomorphous with the orthosilicates of strontium and barium, the K+ ion 
(radius 1.33 A) having eight-coordination. The isomorphism of sodium 
trifluoroberyllate (100), NaBeF3, and wollastonite, Ca3 (Si309) , indicates 
that the trifluoroberyllate contains a cyclic anion in which three BeF4 
tetrahedra each share two corners. The Be—F distance in BeF4 is 
1.61 A (67). I t is shown later that fluoroaluminates also display structural 
similarities to the silicates and phosphates. 

An ingenious use of the very sparingly soluble radium fluoroberyllate, 
RaBeF4, as a standard radium-a-beryllium neutron source in which 
atomic ratio and geometry are rigidly defined and easily reproducible 
has been suggested (17). The radium salt is obtained by mixing hot solu
tions of radium chloride and potassium tetrafluoroberyllate; the neutron 
yield is 1.84 × 10

6
 neutrons sec .

-1
 g."

1
 RaBeF4. 

MAGNESIUM AND THE ALKALINE EARTH METALS 
The compound KMgF3, obtained by precipitation from magnesium 

chloride and potassium fluoride solutions, or by fusion of magnesium 
oxide with potassium fluoride (34), has the perovskite structure (described 
below) and is therefore a lattice aggregate of K+, Mg++, and F~ ions (2). 
Thermal investigations (126) of the systems KF—MgF2 and RbF—MgF2 
reveal the existence of KMgF3, K2MgF4, RbMgF3, and Rb2MgF4; sodium 
compounds NaMgF3 and Na2MgF4 arec also known. No evidence for 
complex ions in any of these substances has been presented. 

Complex fluorides of calcium, strontium, barium, and radium are 
unknown. 

ZINC, CADMIUM, AND MERCURY 

From aqueous solutions of zinc fluoride and alkali metal fluorides, 
the sparingly soluble compounds KZnF3, NaZnF3, K2ZnF4, and (NH4)2-
ZnF4-2H20 are obtained (56, 80, 158). The first of these, KZnF3, has the 
perovskite structure (44). The unit cell is cubic, with K+ ions at the 
corners, a Zn++ ion at the center, and F~ ions at the centers of the faces. 
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The coordination numbers of the K+ and Z n
++

 ions are twelve and six, 
respectively. The geometrical requirement for the adoption of this struc
ture is given by 

RA + Rx = Λ / 2 (RM + Rx) 

where A, M, and X are, in this instance, K+, Zn++, and F~, respectively. 
This size factor explains why the perovskite structure is found also in the 
double fluorides KMgF3 and KNiF3; the radii of Zn++, Mg++, and Ni++ 
are 0.74, 0.65, and 0.69 A, respectively. The structures of the other zinc 
fluoride-alkali metal fluoride compounds and of the analogous cadmium 
compounds (NH4)CdF3 and K2CdF4 are unknown. 

Mercury is not known to form complex fluorides, and recent results 
with other noble metals suggest that a complex fluoride ion of mercury 
would not be very stable. Mercuric fluoride is known to be less soluble in 
potassium fluoride solutions than in water (71). 

Complex Fluorides of Group III 

BORON 

The chemistry of boron trifluoride and its coordination compounds 
up to the beginning of 1948 has been assembled in a comprehensive review 
by Booth and Martin (13), who also gave a much shorter account of this 
subject in Volume I. The discussion below supplements the material in 
Volume I. 

The common fluoroborates are those derived from the acid HBF4, 
which, like many other complex acids, is unknown in the anhydrous 
state. In such a molecule, either boron would be quinquivalent or fluorine 
bivalent; both of these alternatives are unlikely, since the electronic level 
of principal quantum number two contains no d sublevels. Only when 
another molecule is available to solvate the proton are stable compounds 
formed. Thus aqueous solutions of tetrafluoroboric acid contain the 
ions H 30

+
 and BF4~. The substance formerly written as BF3-2H20 has 

been shown by Klinkenberg and Ketelaar (77) to be [H30]+[BF3(OH)]-; 
and it is probable that the unstable compound BF3-2HF is [H2F]+[BF4]~ 
analogous to [H30]

+
[BF4]~ and [NH4]+[BF4]". Alkali metal salts of two 

other fluoroboric acids, probably (HO)BFOBF(OH) and (HOO)BFOO 
BF(OOH), are known; for description of these and for criticism of other 
reports of the preparation of new types of fluoroborate, reference should 
be made to Booth and Martin's book (13). 

The preparation, properties, and uses of fluoroboric acid, together 
with the general methods for the preparation of its salts, have been given 
in Volume I. Recent work (138, 159) on the kinetics of formation and 
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Stages 1 to 3 are rapid compared with stage 4; such behavior is similar 
to that observed with the P t F 6 ion. The scarcity of information on the 
mechanism of substitution in complex ions makes it impossible to say 
whether the first substitution in a symmetrical complex ion is generally 
associated with a much higher activation energy than later stages. 

A similarity between the fluoroborates and perchlorates was pointed 
out by Wilke-Dôrfurt (165): several fluoroborates form mixed crystals 
with the corresponding permanganates (166). These relationships are 
discussed below. Fluoroboric acid is a strong acid (as shown above, HBF4 
is unstable), and many substances usually formulated as addition com
pounds of boron trifluoride should be described as fluoroborates or sub
stituted fluoroborates, e.g., BF3-2H20 as [H30]+[BF4]-, B F 3N O F as 
[NOl+lBFJ- B F 3C H 3C O F as [CH3CO]+[BF4]- B F 3C H 3O N a as 
Na+[BF3(OCH3)]-. The B—F distance in B F 4- is 1.53 A, considerably 
greater than that in B F 3 (1.30 A), suggesting that the bond order in the 
complex ion is considerably lower than that in the simple fluoride. The 
boron atom presumably has the electronic configuration 2s

2
2p

6
, the ion 

being tetrahedral. The ionic radius of BF4~ is 2.27 A, compared with 
approximately 2.4 A for C104~~, which is also tetrahedral. 

Sodium fluoroborate, NaBF4, is usually made from the acid and 
sodium carbonate; unlike the potassium salt, it is readily soluble in 
water. At ordinary temperatures sodium fluoroborate, like sodium 
perchlorate, crystallizes in the rhombic system (77); at temperatures 
above 240° and 308°, respectively, transitions to the more symmetrical 
cubic system occur (41, 156). This is usually attributed to rotation of 
the anions at the higher temperatures. The structure of the sodium salt 
of monohydroxyfluoroboric acid, B F 3N a O H or Na+[BF3OH]

_
, has been 

shown (78) to be closely similar to that of NaBF4. 
Potassium and ammonium fluoroborates are also dimorphous (41), 

the respective transition temperatures from rhombic to cubic forms being 
275° and 236°. The potassium salt is usually made in aqueous solution. 
It is obtained from the anhydrous constituent fluorides only at moderate 
temperatures, but in anhydrous hydrogen fluoride (173) reaction occurs 
even at — 78°, probably according to the equation 

K+(HF2)~ + (H2F)+(BF4)~ = K B F 4 + 3HF 

decomposition of the BF4~ ion in aqueous solution has shown that these 
reactions proceed in stepwise fashion and may be formulated 

H 20 + B(OH)3 + HF ^ H30+ + BF(OH)3- (1) 
BF(OH)3- + HF ^± H30+ + BF2(OH)2- (2) 

BF2(OH)2" + HF ^± H30+ +-BF3(OH)- (3) 
BF3(OH)- + HF ^± H30+ + BF4~ (4) 
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Ammonium fluoroborate is usually made from boric acid and the bi-
fluoride (12): 

2NH4HF2 + H3BO3 = NH4BF4 + 3 H20 + N H 3 
It is also obtained, very slowly, by solvolysis of boron nitride with 
aqueous hydrofluoric acid: 

BN + 4HF = NH4BF4 

Fluoroborates of Mg, Ca, Sr, Ba, Al, Ag, Zn, Tl, and many aquo and 
ammine cations of transition metals have been described (166). Those of 
magnesium, silver, and zinc are very soluble; those of large complex 
cations are only sparingly soluble. Thallous fluoroborate is dimorphous, 
but only the low temperature form is isomorphous with the corresponding 
form of the perchlorate (76). The sparingly soluble hexamminecobaltous 
salt, C o ( N H3) 6 ( B F4) 2 , has the fluorite structure and is isomorphous with 
the perchlorate (54). Like most complexes of bivalent cobalt, in which 
the metal atom has one easily lost electron in a high-energy level, it is 
readily oxidized in air. The hexamminecobaltic salt is structurally similar 
to ammonium hexafluoroaluminate. When it is heated at 300°, autore-
duction takes place, with formation of CoF2, B F 3N H 3, NH4BF4, and N2. 
A similar decomposition takes place when the diammineargentous salt, 
Ag(NH3)2(BF4), is heated: the products are Ag, NH3, BF3, and N 2 (5). 
The ammine complex fluoroborates of moderately electropositive transi
tion metals in their normal oxidation states, e.g., Zn

1 1
, Cd", C r

m
, and 

Ni" hexammine salts, yield the corresponding simple fluorides, ammonia, 
and boron trifluoride when heated. 

Nitrosyl (nitrosonium) fluoroborate, NOBF4, is conveniently prepared 
by the action of nitrous fumes or of dinitrogen tetroxide on concentrated 
fluoroboric acid (157, 166). I t is also obtained by interaction of boric 
oxide, nitrosyl chloride, and bromine trifluoride (171). The isomorphism 
of NOBF4, NOCIO4, and NH4BF4 strongly supports the formulation of 
these nonvolatile nitrosyl compounds as salts containing the NO+ ion. 
The formation of nitrous and fluoroboric acids as the first hydrolysis 

NOBF4 + 2 H 20 = H N 0 2 + B F 4- + H30+ 

products of nitrosyl fluoroborate makes possible the elegant use of this 
compound for the preparation of diazonium fluoroborates (and hence of 
aromatic fluoro compounds) from amines (157). If the water is replaced 
by methyl alcohol (which is very rapidly esterified by nitrous acid), 
methyl nitrite results. Nitronium fluoroborate, N 0 2B F 4, is obtained by 
the action of bromine trifluoride on boric oxide and an excess of dinitro
gen tetroxide (170). 
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Many organic fluoroborates, represented by the types ( C E ^ N 
(BF4), (CeH6N2)(BF4), (CH3CO)(BF4), and (C2H6)*0 (BF4), are known 
(13). Discussion of their chemistry, however, lies beyond the scope of this 
chapter. 

ALUMINIUM 

Cryolite, the best known of the complex fluorides of aluminium, occurs 
naturally, the chief deposit being at Ivigtut, Greenland; it is also made 
synthetically, for the aluminium industry, by interaction of a solution of 
alumina in caustic soda and ammonium bifluoride. Fluoroaluminates of 
other alkali metals may be made from aluminium hydroxide and acid 
fluorides. The solubilities of Na3AlF6, K3AlFe, and (NH4)3 AlFe at 25° 
are 0.417, 1.429, and 7.66 g. per 1000 g. of solution, respectively. Thallium 
also forms a number of fluoroaluminates, but salts of several other metals 
have not been adequately described : the compounds SrAlF5 and BaAlF6, 
for example, have not been investigated since 1862. 

In the A1F6 ion, aluminium uses two of the five d orbitals in the 
valency shell, forming six hybrid d

2
sp* bonds distributed octahedrally 

around the aluminium atom; the assignment of the electronic configura
tion 3s°3p

6
3d

4
 to the Al atom follows from the stereochemistry of the 

AlFe ion, since no combination of orbitals other than one s, two d, and 
three ρ gives an octahedral structure. The isoelectronic ions and molecule 
SiFe , PFe~, and SF6 have the same shape. 

The crystal chemistry of the fluoroaluminates, which was extensively 
investigated by Brosset, has recently been reviewed by Wells (163). The 
stable coordination number of aluminium with respect to fluorine is 6, and 
compounds with a F:A1 ratio of other than 6:1 do not contain finite 
AIF5 or A1F4"~ ions but chains or layers of A1F6 octahedra, each sharing 
two or four corners. Ammonium hexafluoroaluminate has a structure 
derived from the antifluorite structure by insertion of extra cations at the 
mid-points of edges and at the center of the cubic unit cell (25). This 
structure is stable only for fairly large cations; and although (NH4)3FeFe, 
(NH4)3 CrFe, and (NH4)3 VFe are isomorphous with ammonium hexa
fluoroaluminate, cryolite is not, and the Na+ and AlFe ions are so 
arranged that sodium ions have only six nearest fluorines (96). In thallous 
pentafluoroaluminate there is an infinite anion chain of average atomic 
composition A1F6, each A1F6 octahedron sharing two opposite corners 
(19). In the tetrafluoroaluminates of Tl, K, NH4, and Rb, each AlFe 
octahedron shares the four equatorial fluorine atoms, giving a layer of 
composition A1F4 (19, 21, 152). Chiolite, NaBAl3Fi4, contains layers of 
composition Al3Fi 4, in which one-third of the AlFe octahedra share four 
fluorine atoms and two-thirds share only two (20). The hydrated complex, 
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K2A1F6-H20, unlike many complexes of similar formula which have water 
occupying one position in an octahedral ion, is structurally similar to 
T12A1F6, the water molecules and alkali metal ions being accommodated 
between the anion chains (22). 

The precipitation of sodium and potassium fluoroaluminates has 
recently been investigated. Cowley and Scott (30) showed by X-ray 
powder photography that, contrary to the conclusions of other workers, 
only cryolite and chiolite may be obtained from sodium fluoride and alu
minium fluoride. The compositions of natural and synthetic cryolite (151), 
however, and of the potassium analog (101), are reported to correspond 
more nearly to M2.8A1F5.8 than to M3A1F6. Brosset (24) found that the 
potassium cryolite of composition K2.9A1FB.9 has a cubic lattice; as the 
composition approaches K3A1F6, however, the structure becomes tetrag
onal. The consecutive formation of fluoroaluminate ions in solution has 
been studied by Brosset and Orring (23). In 0.001 M solution, Kleiner (75) 
found the complex ion present to be A1F++ and, by measuring its bleaching 
effect on solutions containing iron and thiocyanate, showed it to be about 
ten times as stable as the corresponding FeF++ ion. 

GALLIUM, INDIUM, AND THALLIUM 

Many complex fluorides of gallium may be made from the constituent 
fluorides in solution (117, 118); they include the sparingly soluble alkali 
metal compounds Na3GaF6, (NH4)3GaF6, K 2G a F 6H 20 , RbGaF4-2H20, 
and CsGaF4-2H20, and a series of salts of bivalent metals, of general 
formula M

I I
GaF6-7H20, where M

11
 = Cu, Zn, Cd, Mn, Co, or Ni. Such 

heptahydrates may be formulated [M
n
6H20][GaF6(H20)] , but structural 

investigations have not yet been made on any of these complexes. The 
action of heat in vacuo on ammonium hexafluorogallate effects the follow
ing interesting decomposition (51): 

220° 400° 
(NH4)3GaFe • Ga(NH2)F2 > Ga(NH)F 

An insoluble complex fluoride of indium, (NH4)3InFe, closely resem
bles the corresponding gallium compound. Sodium hexafluoroindate, 
Na3InFe, is obtained by evaporation of mixed solutions of indium tri
fluoride, sodium fluoride, and hydrofluoric acid. It decomposes in air 
above 520°, giving l n 20 3, NaF, and HF; it is fairly soluble in aqueous 
hydrofluoric acid but is hydrolyzed by water (39). In ease of hydrolysis, 
indium trifluoride and its complexes are intermediate between the 
analogous gallic and thallic compounds. A compound KF*2T1F3, prepared 
by fusion of thallic oxide with potassium bifluoride (42), is of unknown 
structure. 
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SCANDIUM, YTTRIUM, LANTHANUM, AND THE RARE EARTH ELEMENTS 

Scandium differs notably from heavier elements in the group by its 
less basic character. The trifluoride dissolves in solutions of alkali metal 
fluorides, giving complexes of the type M^ScFe, the formation of which is 
made use of in the separation of scandium. The potassium, ammonium, 
and silver salts are isomorphous with the corresponding complex fluorides 
of chromium and iron and must therefore be presumed to contain the 
ScF6 ion. Compounds (NH4)ScF4 and (NH4)2ScF5 have also been 
described, but in view of Brosset's work on the formally analogous com
plexes containing aluminium, it is doubtful whether ScF4~ and ScF5— 
ions exist. 

Yttrium fluoride is insoluble in alkali metal fluoride solutions. The 
existence of compounds such as K3YFe, Rb3YF6, and NaYF4 has been 
established by thermal studies (33, 68), but only for the last of these has 
the structure been examined. This substance is dimorphic, and the â-form 
forms anomalous mixed crystals with yttrium fluoride. When yttrium 
chloride is added to sodium fluoride solution, the products, whose com
position may be generally represented as 

z0-NaYF4-2/YF3 (x + y = 1) 

give similar X-ray powder patterns within the composition range 
χ = 0.991 to χ = 0.417; this has been interpreted as showing that the 
structure is that of a fixed cation lattice with variation in the number of 
fluorine atoms according to the sodium .yttrium ratio. The adoption of 
this structure is made possible by similarity in the ionic radii of sodium 
and yttrium, 0.98 A and 1.06 A respectively (69). 

Analogous double fluorides of lanthanum and tervalent cerium are 
known. By fusion of the component fluorides, or by addition of hydro
fluoric acid to a solution of the nitrates, KLaF4 is obtained (177). This 
substance is dimorphic. The cubic á-form has a disordered fluorite struc
ture, equal numbers of K+ and L a +

++
 ions being distributed at random 

among the cation positions. The hexagonal âé-form (the prefix refers to a 
structure type) has essentially the same structure as Łi-K2ThF6 and 
/3i-K2UFe, the unit cell containing 1.5 KLaF4; this is equivalent to 
K^La^F6, the uranium and one-quarter of the potassium positions in 
0i-K2UFe being occupied by lanthanum ions. In the NaF-LaF3 system 
only one form of NaLaF4 is found. This has the hexagonal 02-Na2ThF6 
structure, the relation between the structures being the same as that 
between 0i-KLaF4 and 0 rK 2U F e; the disordered fluorite structure of 
a-KLaF4, involving eight-coordination of all cations, is apparently not 
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stable when K+ is replaced by the smaller Na+ ion. The compounds 
NaCeF4 and KCeF4 resemble NaLaF4 and Łi-KLaF4, respectively. 

According to Rimbach and Kilian (127), complexes of eerie fluoride 
with fluorides of Co, Ni, Cu, Zn, and Cd may be obtained by interaction 
of solutions of eerie hydroxide and the metal hydroxide in hydrofluoric 
acid. They have the general formula M

n
Ce2Fio-7H20 and are all decom

posed by water. Attempts to obtain salts of the alkali metals were unsuc
cessful. It has been reported (108) that fusion of praseodymium fluoride 
with potassium bifluoride produces a green complex which is soluble in 
dilute acids, but further details of this substance have not been given. 

Complex Fluorides of Group IV 

CARBON, SILICON, GERMANIUM, TIN, AND LEAD 

Carbon tetrafluoride forms no complexes, in this respect resembling 
the fluorides of nitrogen and oxygen; for each of these three elements no 
d sublevels in the valency shell are available, and expansion beyond the 
octet is energetically unlikely. 

The complex fluorides of silicon have been described in some detail 
in Volume I. Silicon tetrafluoride and hydrogen fluoride do not combine 
at ordinary temperatures, and fluorosilicic acid, like fluoroboric and many 
other complex halogeno acids, is known only in solution. The structure of 
a molecule H2SiFe would require octavalent silicon or bivalent fluorine, 
and failure to prepare it may be correlated with failure to prepare H P F e 
or complexes from sulfur hexafluoride. At the present time, however, it 
cannot be said that we have any satisfactory explanation of this apparent 
restriction to a group of twelve valency electrons for silicon, phosphorus, 
and sulfur. When water is present, a solution containing (H30)+ and 
(SiFe) ions is formed. It would be expected that at low temperatures 
hydrogen fluoride would dissolve silicon tetrafluoride to yield a solution 
of (H2F+)2(SiFe—) analogous to the hydrogen fluoride-boron trifluoride 
addition product, but this is not established. 

Commercially, fluorosilicic acid is obtained as a by-product in super
phosphate manufacture. The gaseous mixture of SiF4, HF, and C 0 2 that 
is evolved when crude tricalcium phosphate is treated with sulfuric acid 
is dissolved in water, and sodium fluorosilicate is precipitated by addition 
of saturated sodium chloride solution 

H2SiFe + 2NaCl = Na2SiFe + 2HC1 

Fluorosilicic acid, like most complex fluoro acids, is a strong acid. In 
alkaline solution the SiFe— ion is quantitatively hydrolyzed to fluoride 
and silicate; the reaction is of the first order, and the rate-determining 
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step appears to be dissociation of the SiFe ion according to the equation 

S i F e~ = SiF4 + 2 F -

the equilibrium constant for which is 1 X 10~
6
 at 20° (66, 125). 

Fluorosilicates are prepared from the acid and metal oxides, hydrox
ides, or carbonates; those of sodium, potassium, rubidium, cesium, and 
barium, which are only sparingly soluble in water, may also be made by 
double decomposition. Barium fluorosilicate resembles the sulfate in its 
insolubility in dilute hydrochloric acid; ammonium fluorosilicate is 
easily soluble in water, like the perchlorate and fluoroborate. Aryl 
diazonium fluorosilicates, like the fluoroborates, decompose quietly on 
heating, with the production of aromatic fluoro compounds (27) : 

(RN2)2(SiFe) 2RF + 2N2 + SiF4 

The fluorosilicates of the larger univalent cations (K,Rb,Cs,NH4,Tl
I
) 

all crystallize at ordinary temperatures with the antifluorite structure, in 
which M+ and SiFe ions occupy the F~ and Ca++ positions of the 
fluorite lattice (14, 72). The salts of smaller cations (e.g., Na) have less 
symmetrical structures; this dependence of structure on radius ratios is 
also noticeable among the fluorogermanates. The salt (NH4)3SiF7, ob
tained from ammonium fluorosilicate and fluoride, is a lattice aggregate 
containing SiF6— and F~ ions (62). Many fluorosilicates of large bivalent 
cations, e.g., BaSiF6 (60), (Mn-6H20)SiFe (53), (Ni6NH3)SiFe (53), and 
(Zn6H20)SiF6 (53), have rhombohedral slightly deformed cesium chlo
ride structures. The structures of salts of smaller bivalent cations have 
not been investigated. The Si—F distance in SiF6— is 1.71 A (60, 62), 
compared with 1.54 A in SiF4 (18); this relationship recalls that between 
the Â—F distances in BF4~ and B F 3 and again suggests appreciable 
double bond character in the simple fluoride. 

Fluorogermanic acid is formed in the reaction between germanium 
tetrafluoride and water, or by heating germanium dioxide with hydro
fluoric acid; addition of potassium fluoride to the solution precipitates 
sparingly soluble colorless crystals of potassium hexafluorogermanate, 
K2GeF6 (168). This salt is stable under the action of heat at 500°; it 
melts at 730°. Heating with hydrochloric acid readily effects decomposi
tion, and the ratio K2GeF6:2KCl has been used in the determination of 
the chemical atomic weight of germanium (94). Rubidium, cesium, and 
barium salts resemble the potassium salt ; decomposition of barium fluoro-
germanate at 700° affords a convenient method for the preparation of 
germanium tetrafluoride (32). 

The structures of the hexafluorogermanates, all of which contain the 
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octahedral GeF6 ion, depend on the size of the cation: K2GeFe is 
hexagonal (59), Cs2GeF6 is cubic (antifluorite structure) (174). The 
rubidium and ammonium salts are isomorphous with K2GeF6 (155). 
Barium fluorogermanate, like the fluorosilicate and fluorotitanate, has a 
rhombohedral structure which may be described as a slightly deformed 
body-centered cube; Hoard and Vincent (60) suggest that this structure 
is to be expected for compounds of formula M(AX6) when the radius 
ratio of M+ to X~ is about equal to or greater than unity. The Ge—F 
distance in GeF6— is 1.77 A, appreciably greater than that in GeF4 
(1.67 A). 

Double or complex salts derived from stannous fluoride are described 
in the older literature but have not been investigated in the present 
century. Complex fluorostannates, however, are well known; they are 
most simply prepared from the metal fluoride, hydrated stannic oxide, 
and hydrofluoric acid. Fluorostannates of Li, Na, K, Rb, NH4, Cs, Ca, Sr, 
Ba, and several other elements have been made. These salts resemble the 
fluorosilicates, but no recent work on their structures has been reported. 
Potassium fluorostannate and bifluoride in hydrofluoric acid form an 
addition product of composition K3HSnF8; lead tetrafluoride yields an 
isomorphous salt K3HPbF8. In view of the demonstration that the salt 
K3HNbOF7 is a lattice aggregate of K+, H F 2- , and NbOFB— ions, it 
seems probable that the tin and lead compounds may not contain eight 
covalent atoms. A new preparation of fluorostannates (169) uses an 
alkali metal halide, tin, and bromine trifluoride as starting materials ; this 
method is described in connection with the properties of the halogen 
fluorides. 

Complex fluorides of quadrivalent lead are stable in solution only in 
the presence of high concentrations of hydrofluoric acid. The best known 
salt is K3HPbF8. This is prepared by dissolving potassium plumbate in 
concentrated hydrofluoric acid and evaporating in vacuo, when white 
monoclinic crystals separate (16, 28). The salt is immediately decomposed 
by water: 

K 3H P b F 8 + 2 H 20 = 3KF + P b 0 2 + 5HF 

On heating at 250° hydrogen fluoride is evolved, and at 300° free fluorine 
is liberated—a preparation of the element which does not involve elec
trolysis. The salt has occasionally been used as a vigorous fluorinating 
agent (28, 140). Sodium hexafluoroplumbate (28), Na2PbF6, resembles the 
potassium acid salt. Rubidium and cesium hexafluoroplumbates have 
been obtained from lead tetraacetate, hydrofluoric acid, and the alkali 
metal carbonates; both form colorless rhombohedra and are rapidly 
hydrolyzed by moist air (150). 
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TITANIUM, ZIRCONIUM, HAFNIUM, AND THORIUM 

Tervalent titanium forms complex fluorides analogous to those of 
other metals of the first transition series (109, 112). Ammonium fluoride 
and titanium trifluoride solutions, for example, give (NH4)2TiF5 or 
(NH4)3TiF6, the nature of the product depending on the relative concen
trations. Both salts are violet and only sparingly soluble; the hexafluoro-
titanite is isomorphous with (NH4)3VF6, (NH4)3CrF6, and (NH4)3FeF6 
(109), a result of the similar sizes of atoms and corresponding ions along a 
transition series. 

Titanium dioxide dissolves in aqueous hydrofluoric acid with libera
tion of heat and formation of a solution containing (H30+)2(TiFe ); 
once again the anhydrous compound of the tetrafluoride and hydrogen 
fluoride does not appear to exist. If the possibility of ion combination to 
yield H2TiFe is eliminated, it is not surprising to find that the acid is a 
strong one. The fluorotitanates are stable to water and are usually made 
in the wet way; they are generally isomorphous with the corresponding 
fluorosilicates and fluorostannates. Early work on these substances is 
summarized by Mellor (88). Potassium, rubidium, and cesium salts are 
sparingly soluble; sodium forms a soluble hexafluorotitanate and an acid 
salt of formula Na3HTiF8. Potassium hexafluorotitanate monohydrate 
is isomorphous with the complex oxyfluorides of columbium and tungsten, 
K2CbOF6*H20 and K 2W 0 2F 4H 20 , a consequence of the similarity in 
size of fluorine and oxygen. Concentrated sulfuric acid decomposes the 
fluorotitanates in the cold, with formation of titanic sulfate. The only 
fluorotitanates which have been investigated by the X-ray method are 
BaTiFe (50), (Zn6H20)TiF6 (53), and (Mg6H20)TiF6 (53), all of which 
are isomorphous with the corresponding fluorosilicates. Barium fluoroti-
tanate, though insoluble in water, is soluble in hydrochloric acid. Fluoro
titanates of many transition metals, and a number of peroxyfluoroti-
tanates of somewhat doubtful individuality, have been described. 

Lower oxidation states of zirconium and hafnium are much less stable 
than those of titanium, and the only complex halides are those of the 
quadrivalent elements. Zirconium tetrafluoride gives rise to a wide range 
of fluorozirconates ; potassium and zirconium fluorides, for example, give 
K Z r F 5H 20 , K2ZrF6, or K3ZrF7, according to conditions. The fluoro-
zirconate ions are extremely stable in aqueous solution, and the bleaching 
of the red zirconium alizarin complex by fluoride ion constitutes a sensi
tive test for fluorides. The nature of the ions present in very dilute 
fluoride solutions containing zirconium has been investigated by Connick 
and McVey (29) : even in 8 X 10

_ 3
M.HF, conversion into complex ions, 

mainly ZrF3+, is 99.999% complete. 
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Unlike the formally analogous fluorosilicate, the cubic salt (NH4)3ZrF7 
contains finite ZrF7 ions; the structure of the potassium salt is similar. 
The ZrF7 ion may be described as an octahedron distorted by addition 
of an extra fluorine in the center of one face, with subsequent slight 
rearrangement of the other fluorines (49). This structure is possessed also 
by the CbOF6 ion, but not by CbF7— or TaF7—, a departure from 
the isoelectronic principle for which no adequate explanation has yet been 
suggested. Numbers of complexes containing more than seven atoms of 
fluorine are known; monoclinic Na6ZrF9, which is sparingly soluble, is ob
tained from the constituent fluorides in solution, if excess of sodium fluo
ride is present. The structure of this substance has not been investigated. 

The fluoride complexes of zirconium and hafnium were important in 
early work on the separation of hafnium (57). The solubilities (in moles 
per liter at 0°) of the ammonium hexafluoro and heptafluoro salts are: 

(NH4)iZrF. 0.611 (NH4)2HfF6 0.890 
(NH4)3ZrF7 0.360 (NH4)3HfF7 0.425 

Since the solubility difference is more marked with the hexafluorides, 
excess of ammonium fluoride is to be avoided; the relative solubilities are 
still more favorable in the potassium hexafluoro salts (both of which are 
considerably less soluble than the ammonium compounds), and after 
preliminary enrichments on the ammonium hexafluoro salts, the separa
tion was completed using the potassium hexafluoro compounds. The sides 
of the cubic unit cells (each of which contains four molecules) of (NH4)3-
ZrF7 and (NH4)3HfF7 are, respectively, 9.35 A and 9.40 A (52). The 
ammonium fluorozirconates and fluorohafniâtes all yield the tetrafluorides 
on ignition. The interaction of the salts NaZrF6 and NaHfF6 (the struc
tures of which are unknown) and aluminium borohydride yields boro-
hydrides of zirconium and hafnium (64). 

Although it has been known for many years that insoluble compounds 
of potassium fluoride and thorium fluoride are obtained by boiling 
thorium fluoride with potassium bifluoride solution, nearly all our infor
mation on such compounds is derived from recent work by Zachariasen 
(175, 176). By precipitation from solutions rich in thorium, orthorhombic 
KTh2F9 is obtained; from solutions containing thorium and potassium in 
equal atomic proportions, rhombohedral KThF5 results; rapid precipita
tion from potassium-rich solution gives cubic <*-K2ThF6. By fusing to
gether the constituent fluorides, other phases may be obtained: K T h eF 26 
is hexagonal, 0 i -K2ThFe hexagonal, and K5ThF9 orthorhombic. Phases 
identified in the NaF—ThF4 system were NaTh2F9 (cubic), two forms of 
Na2ThFe (both hexagonal), and Na4ThF8 (cubic). Similar compounds 
containing thorium and a bivalent cation (e.g., CaThFe, SrThFe, 
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BaThFe, and PbThFe) are prepared by addition of hydrofluoric acid to a 
solution containing the two metal ions or by melting together the con
stituent fluorides. Related compounds are formed by quadrivalent 
uranium, neptunium, and plutonium. 

The structures of many of these substances have been determined 
by Zachariasen, but his descriptions are for the crystallographer rather 
than for the chemist; for a more easily understandable description of the 
work, reference should be made to the account by Wells (163). There is no 
evidence to support the formulation of any of these compounds with 
complex ions. Like a-KLaF4 and a-K2UFe, a-K2ThFe has a disordered 
fluorite structure. In 0i-K2ThFe, as in 0i-K2UFe, KLaF4, and KCeF4, 
each cation has nine nearest fluoride ions. The unit-cell dimensions for 
these substances are: 

"Molecules" per 
a c unit cell 

j8i-K2ThFe 6.56 3 .81 1 
0! -K2UF6 6.53 3 .77 1 
0i-KLaF4 6.52 3 .79 1.5 
0i-KCeF4 6.50 3 .75 1.5 

Ł2-K2ThFe has the same structure as #2-NaThF6 (the prefix refers to a 
structural type). In this compound, the thorium ions are nine-coordi
nated, like Sr++ in SrCl2*6H20; the sodium ions, like Cl~ ions in stron
tium chloride hexahydrate, are accommodated between the chains of Th 
and F atoms in positions such that they have six nearest fluoride ions. 
The adoption of this structure may be connected with the smaller size of 
the Na+ ion, but since the radius of T h

4+
 is only 0.95 A , the validity of 

such a correlation is doubtful. The 02-Na2ThFe structure is exhibited by 
/3irNa2lJFe, NaPuF4, NaLaF4, and NaCeF4. The salt NaTh2F9 is isomor
phous with U2F9, the N a

+
 ions being accommodated interstitially. 

Finally, the double fluorides M
u
T h F e, where M = Ca, Sr, Ba, or Pb, 

have disordered lanthanum trifluoride (tysonite) structures and are thus 
analogous to BaUFe. 

Complex Fluorides of Group V 
NITROGEN, PHOSPHORUS, ARSENIC, ANTIMONY, AND BISMUTH 

The limitations which appear to prohibit the formation of complexes 
by carbon tetrafluoride apply with equal force to nitrogen trifluoride, and 
claims to have prepared such complexes are untenable (36). A full account 
of the chemistry of the fluoro acids of phosphorus has been given in 
Volume I ; only the briefest recapitulation is made here. 

Monofluorophosphoric acid, POF(OH)2, is obtained by the reaction 

P 20 6 + 2HF + H 20 = 2 H 2P 0 3F 
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The PO3F— ion is isoelectronic with S 0 4 , and the monofluorophos-
phates show general similarity to the sulfates, e.g., Ba(P03F) is insoluble 
and Ni(NH4)2(P03F)26H20 is isomorphous with nickel ammonium sul
fate. Difltiorophosphoric acid, POF2(OH), is obtained pure by the elegant 
device of using monofluorophosphoric acid as hydrolyzing agent for 
phosphorus oxyfluoride: 

POF3 + POF(OH)2 = 2POF2(OH) 

Salts of this acid are usually soluble in water and show only limited 
similarity to the perchlorates. Hexafluorophosphoric acid, HPFe, is 
known only in solution ; it is obtained by the action of excess of hydrogen 
fluoride on monofluorophosphoric acid. Hexafluorophosphates are 
readily prepared by interaction of metal chlorides, phosphorus penta-
chloride, and liquid hydrogen fluoride : 

MCI + PCU + 6HF = M P F 6 + 6HC1 

The ammonium salt is also obtained by the action of anhydrous 
hydrogen fluoride on phosphonitrilic chloride: 

(PNC12)3 + 18HF = 3NH4PFe + 6HC1 

Hexafluorophosphates are very stable in neutral or alkaline media but 
are hydrolyzed when heated with mineral acids. In their solubilities they 
resemble the perchlorates. Thermal decomposition of the alkali metal 
salts takes place only at medium temperatures; the dry diazonium salts 
decompose more easily, with the formation of aromatic fluoro compounds: 

[ArN2]+[PF6]- = ArF + P F 6 + N 2 
In its general stability, the PF6~ ion resembles sulfur hexafluoride, with 
which it is isoelectronic; but the widely quoted "explanation" of this 
stability (viz., that the central atoms are covalently saturated) is a 
redescription of the experimental facts rather than an explanation of 
them, since no satisfactory reason for the existence of a covalency maxi
mum of six for phosphorus and sulfur has ever been given. Nitrosyl 
(nitrosonium) (171) and nitronium (38) hexafluorophosphates have 
recently been made by the reactions 

NOC1 + PBr6 + BrF3 -> NOPF6 
N 0 2 + PBr6 + BrF3 -> N 0 2P F 6 

By the use of bromine trifluoride as fluorinating agent, silver and barium 
hexafluorophosphates have also been prepared. The silver salt is a brown
ish-yellow powder which is soluble in cold water but hydrolyzed to silver 
phosphate and hydrofluoric acid by hot water (38). The crystal structures 
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of KPFe, (NH4)PF6, and CsPF„ have been investigated (144, 181): the 
alkali metal and PFe~ ions form a rock-salt type of lattice at ordinary 
temperatures; the Ń—F distance is 1.58 A, compared with 1.57 A in P F5 
and 1.59 A in PF3C12. 

Arsenic trifluoride dissolves potassium fluoride slightly; and on 
removal of the solvent in vacuo at room temperature a white residue of 
potassium tetrafluoroarsenite, KAsF4, remains (172); the properties and 
structure of this compound, which would be expected to contain a 
stereochemically interesting AsF4~ ion, have not yet been described. A 
few complexes of arsenic pentafluoride are known. Potassium fluoro-
arsenate, KAsFe, is made by evaporating a solution of potassium arsenate 
in hydrofluoric acid; from the limited information available, the AsFe~ 
ion appears to be considerably less resistant to hydrolysis than the PF6~ 
ion, and crystallization of the hexafluoroarsenate from water yields a 
complex oxyfluoride of doubtful composition. Nitrosyl (nitrosonium) 
hexafluoroarsenate, NOAsF<$, was first prepared by passing nitrosyl 
fluoride through arsenic trichloride (133): 

6NOF + AsCl3 = NOAsFe + 3NOC1 + 2NO 

The white product is stable in the absence of moisture and is not easily 
decomposed by heat; water at once hydrolyzes it: 

5 H 20 + NOAsF6 = H N 0 2 + H3As04 + 6HF 

Nitronium hexafluoroarsenate, N02AsFe, is obtained from arsenious 
oxide, dinitrogen tetroxide, and bromine trifluoride (38). The structures 
of the hexafluoroarsenates have not been investigated. 

Antimony trifluoride forms a number of addition products with other 
metal fluorides (89) ; these may readily be obtained from solutions of the 
mixed salts. They include compounds of formulae such as KSbF4, 
(NH4)2SbF6, Na3SbFe, TlSb2F7, and TlSb3F1 0; little is known of their 
chemistry, nothing of their structures. 

Complexes from antimony pentafluoride have been more thoroughly 
investigated. Alkali metal hexafluoroantimonates, MSbF6, may be pre
pared by neutralization of a solution of antimony pentafluoride in hydro
fluoric acid, or by interaction of a metal halide, antimony trioxide, and 
bromine trifluoride (169); all are deliquescent and soluble in water. The 
SbF6~ ion is more easily hydrolyzed than PF6~, and water eventually 
converts the hexafluoroantimonates into "pyroantimonates," with 
intermediate production of complex oxyfluorides (142): 

NaSbFe NaSbF4(OH)2 -+ NaSb(OH)6 
[NaF-SbOF3H20] [NaSb03-3H20] 
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In fluoride-containing solution, however, the SbF6~ ion is little disso
ciated ; and hexafluoroantimonates react with hydrogen sulfide only very 
slowly. The hexafluoroantimonates are generally more soluble than the 
hexafluorophosphates; the diazonium salts undergo quiet thermal decom
position into aromatic fluoro compounds, nitrogen, and antimony penta
fluoride. Nitrosyl hexafluoroantimonate, NOSbFe, is obtained from 
nitrosyl chloride and antimony pentafluoride or from nitrosyl hexafluoro
arsenate and antimony pentafluoride. It is readily decomposed by water 
or alcohol but sublimes without decomposition at about 500°; heating 
with potassium fluoride yields nitrosyl fluoride and potassium hexafluoro
antimonate (133). Nitronium hexafluoroantimonate may be obtained by 
a method analogous to that for the hexafluoroarsenate (38). Pure hexa
fluoroantimonates of bivalent metals have not been prepared. Salts 
which appear to contain seven-coordinated antimony are known, e.g., 
K 2S b F 7H 20 , [quinolinium]2SbF7, but have not been investigated by the 
X-ray method. 

The structures of the alkali metal hexafluoroantimonates vary with 
cation size: the sodium salt (142) crystallizes with the rock salt structure; 
the potassium (11) and silver (179) salts have a cubic structure related 
to that of cesium chloride; ammonium, rubidium, cesium, and thallous 
salts have rhombohedral deformed cesium chloride structures and are 
isomorphous with barium fluorosilicate (143). 

Complex fluorides of bismuth have been investigated recently, and 
silver hexafluorobismuthate, AgBiFe, has been prepared by interaction of 
silver fluoride and bismuth pentafluoride in bromine trifluoride. I t is 
hydrolyzed by water, with the formation of bismuth pentoxide (48). 
Attempts to prepare alkali metal salts by analogous methods yielded 
impure products. An oxyfluoride, K3BiOFe, is formed from bismuth 
pentoxide, concentrated hydrofluoric acid, and potassium fluoride; this 
forms colorless prisms which decompose in moist air (132). 

VANADIUM, COLUMBIUM, TANTALUM, AND PROTACTINIUM 

Vanadium trifluoride forms a large number of complexes which are 
conveniently made from the constituent fluorides in dilute aqueous 
hydrofluoric acid (109, 113) ; ammonium fluoride and vanadium trifluoride 
yield (NH4)3VF6, ( N H 4) 2V F 6H 20 , and (NH4)VF4-2H20, the product 
depending on the relative concentrations. Potassium fluoride under 
similar conditions yields a green crystalline precipitate of K2VF6-H20; 
thallous fluoride gives T1VF4-2H20 and T 1 2V F 6H 20 ; cobalt, nickel, zinc, 
and cadmium salts M

I I
VF6*7H20have also been prepared by wet methods. 

Ammonium hexafluorovanadite (III) is isomorphous with ammonium 
hexafluoroferrate. The ammonium, rubidium, and thallium pentafluoro-



FLUORINE CONTAINING COMPLEX SALTS AND ACIDS 21 

vanadite (III) monohydrates have the same structure as potassium 
chloroplatinate, i.e., the antifluorite structure (102, 115). In these salts 
the molecule of water must therefore be in the complex ion, and the 
formulae should be written M2

I
[VF6*H20]. I t seems likely that T1VF4-

2 H 20 and C o V F 67 H 20 should be formulated T1[VF4-2H20] and [Co-
6H20][VF6H20] , but there is no experimental confirmation of this. 

Interaction of solutions of vanadium tetrafluoride (or of vanadyl 
fluoride, VOF2) and alkali metal fluorides in aqueous hydrofluoric acid 
results in the formation of oxyfluorides, e.g., (NH4)3VOF6, (NH4)2VOF4-
H 20 , and K2VOF4; salts of transition metals, e.g., ZnVOF4-7H*0; and 
more complex salts, e.g., Na8V303Fi4-2H20, may also be made (110, 113). 
The structures of these compounds are unknown. Anhydrous potassium 
hexafluorovanadate (IV), K2VF6, may be obtained by fluorination of a 
mixture of potassium and vanadium (III) chlorides (70). The magnetic 
properties of these complexes have not yet been investigated. 

Vanadium pentafluoride is partly hydrolyzed even in concentrated 
aqueous hydrofluoric acid, and only oxyfluorides can be prepared in this 
medium. These are of two types, derivatives of vanadium oxytrifluoride, 
VOF3, and the unknown dioxyfluoride, V02F . Typical formulae are those 
of K2VOF6, (NH4)3V02F4, and BaV02F3 (40, 111, 113). Large numbers 
of more complex compounds of doubtful individuality have also been 
described; and the whole field of vanadium complexes, the confused 
literature of which is summarized by Mellor (89), needs reinvestigation by 
modern methods. Potassium fluoride and vanadium pentafluoride com
bine when heated under pressure, yielding potassium hexafluorovanadate, 
KVFe, a white salt which is hydrolyzed by water and decomposed by 50% 
sulfuric acid with formation of vanadium pentoxide (37). Thermal decom
position into the simple fluorides is rapid at 330°. A more convenient 
preparation of this salt is by interaction of vanadium trichloride, potas
sium chloride, and bromine trifluoride (37) ; nitrosonium (148) and nitron-
ium (38) hexafluorovanadates may be obtained by analogous methods. 
Unsuccessful attempts to prepare thallous, hexafluorovanadate in aqueous 
hydrofluoric acid have been described (70); earlier claims to have pre
pared this substance are of doubtful validity. 

The lower valency states of columbium and tantalum are much less 
stable than those of vanadium, and all reported complex fluorides and 
oxyfluorides are those of the quinquivalent elements. These are of several 
types, but the widespread application of X-ray methods has introduced 
a high degree of order into the complex fluoride chemistry of these ele
ments. Columbium complexes are more readily hydrolyzed than those 
of tantalum; in solutions of identical potassium fluoride and hydrogen 
fluoride concentrations, columbium pentoxide yields the oxyfluoride 
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K2CbOF5\H20 (soluble), and tantalum pentoxide gives K2TaF7 (sparingly 
soluble). Use may be made of this in separating the elements. A high 
fluoride ion concentration or the use of anhydrous hydrogen fluoride as 
solvent is necessary for the production of hexa- and heptafluorocolum-
bates containing the CbF6~ and CbF7 ions (82) while oxyfluoride ions 
of tantalum are little known. From excess of alkali metal fluoride 
and tantalum pentoxide in hydrofluoric acid, stable salts of the type 
MVTaFg, which have no vanadium or columbium analogs, may be 
obtained; their structures are unknown. A recent method for the prepara
tion of hexafluorocolumbates and tantalates utilizes as starting materials 
columbium or tantalum, an alkali metal halide, and bromine trifluoride; 
Cb, KC1, and BrF3, for example, yield KCbF6 (48). Heptafluorocolum-
bates are not obtained by taking two moles of alkali metal halide per gram 
atom of columbium; the CbF7 ion does not appear to be formed in 
bromine trifluoride. 

From potassium fluoride, hydrofluoric acid, and columbium pentoxide 
or pentafluoride four products may be obtained: K2CbF7, K3HCbOF7, 
K3CbOF6, and K 2C b O F 6H 20 . The preparation of RbCbF6 and CsCbFe 
requires repeated crystallization of the MVCbOFoHijO compounds from 
concentrated hydrofluoric acid (4). Structures of salts of formula type 
M

x
(Cb,Ta)F6 have not been investigated, but presumably octahedral 

(Cb,Ta)Fe~ ions are present. The heptafluoro compounds K2CbF7 and 
K 2T a F 7 contain finite CbF7— and T a F 7— ions, the shape of which may 
be described as a distorted trigonal prism (58). This difference from the 
isoelectronic ZrF7 ion, which is a distorted octahedron, is puzzling and 
as yet unexplained. The CbOF6 ion present in K3CbOF6 has the same 
shape as ZrF7 (167). In the salt K 2C b O F 6H 20 finite octahedral 
CbOF6— ions are found (61); these also occur in K3HCbOF7, which is a 
lattice aggregate of K+, HF2~, and CbOF6— ions (61). The structures of 
the octafluorotantalates are not known. 

The preparation of potassium heptafluoroprotactinate (V), K2PaF7, 
from protactinium oxide, potassium fluoride, and hydrofluoric acid was 
described in early work on the chemistry of protactinium; the ratio 
2 K 2P a F 7: P a 20 5 was used in the determination of the approximate 
atomic weight of this element (46, 47). 

Complex Fluorides of Group VI 

OXYGEN, SULFUR, SELENIUM, AND TELLURIUM 

Oxygen, like carbon and nitrogen, forms no complex fluoride ion. The 
fluorides of sulfur do not combine with alkali metal fluorides, but partial 
hydrolysis of sulfuryl fluoride gives fluorosulfonic acid, S02(OH)F; the 
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corresponding derivative of sulfurous acid, which would be SO(OH)F, is 
unknown. 

Fluorosulfonic acid and its salts have been described at length in 
Volume I. The anhydrous acid, obtained by interaction of gaseous hydro
gen fluoride and liquid sulfur trioxide at 30-35°, is a colorless fuming 
liquid (b.p. 163°); the vapor is stable up to 900° but reacts with sulfur at 
163° (136): 2S02(OH)F + S = 3S02 + 2HF. The acid is slowly and 
incompletely hydrolyzed by water: 

S02(OH)F + H 20 ^ H 2S 0 4 + HF 

and is formed in the interaction of fluorides and concentrated sulfuric 
acid. Salts of the acid, obtained by neutralization or by interaction of 
sulfur trioxide and a solid fluoride, are only slowly hydrolyzed by hot 
water. Potassium, rubidium, and cesium salts are sparingly soluble. 
Attempts to prepare salts of alkaline earth and heavy metals by wet 
methods fail because of the insolubility of the fluorides, which are pre
cipitated and displace the equilibrium in favor of hydrolysis products. 
The thermal decomposition of barium fluorosulfonate at 400° provides a 
convenient method for the preparation of sulfuryl fluoride (153) : 

Ba(S03F)2 = BaS04 + S 0 2F 2 
Perchlorates, fluorosulfonates, and fluoroborates have similar prop

erties. Thus fluorosulfonates of diazonium ions are stable, and nitrous 
fumes and fluorosulfonic acid react to yield nitrosyl fluorosulfonate: 

N 20 3 + 2HS03F = 2NO(S03F) + H 20 

This substance, a white hygroscopic solid, is also obtained from nitrosyl 
chloride and sulfur trioxide by treatment with bromine trifluoride (171); 
replacement of nitrosyl chloride by dinitrogen tetroxide gives nitronium 
fluorosulfonate, N02(S03F) (38). Silver, nitrosyl pyrosulfate, and bromine 
trifluoride yield the hygroscopic silver salt, AgS03F, which has not been 
prepared by other methods (171). Nitronium fluorosulfonate has been 
investigated in detail by Ingold and coworkers (43, 91) who prepared it 
by the reaction 

N 20 6 + H S 0 3F = N02(S03F) + H N 0 3 
in nitromethane at —10°. The compound crystallizes from nitromethane 
in small needles; it has a negligible vapor pressure at ordinary tempera
tures. On treatment with water it evolves heat and decomposes, giving 
nitric and fluorosulfonic acids: N02(S03F) + H 20 = H N 0 3 + HS03F . 
The Raman spectrum of the solid establishes conclusively its constitution 
as N02+(S03F)- , analogous to N02+(C104)-. 
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A number of fluorosulfonates are isomorphous with corresponding 
perchlorates and fluoroborates at ordinary temperatures (81). High-
temperature cubic forms of the fluorosulfonates, however, appear to be 
unknown. 

No fluoro salts of selenium have been described. Tellurium dioxide 
and alkali metal fluorides in hydrofluoric acid are reported to yield easily 
hydrolyzed fluorotellurites such as CsTeFB, N H 4T e F 5H 20 , and KTeF6 
(63, 162); these compounds have not recently been reinvestigated, and 
very little is known about them. Chloroselenites, bromoselenites, and 
tellurites are, of course, well known. 

CHROMIUM, MOLYBDENUM, TUNGSTEN, AND URANIUM 

The fluorochromites (III), M^CrFe, closely resemble other complex 
fluorides of tervalent metals of the first transition series. Ammonium 
hexafluorochromite (III), for example, is made by mixing solutions of 
ammonium and chromic fluorides; it forms green crystals which are easily 
soluble in water and which are isomorphous with those of (NH4)3FeFe 
(103). The potassium salt is only sparingly soluble. Pentafluorochromites 
with one molecule of water are isomorphous with potassium chloro-
platinate; in such salts, e.g., R b 2C r F 5H 20 , the water must therefore 
occupy one position in an octahedral complex ion (103). 

Interaction of chromous acetate and potassium bifluoride solutions 
results in the precipitation of potassium chromous fluoride, KCrF3 (154). 
The structure of this substance is not known, but since the ionic radius 
of Cr++ should be little greater than those of Zn++ and Ni++, KCrF3 will 
probably resemble KZnF3 and KNiF3 and have the perovskite structure. 
The salt NH4CrF3-2H20 is obtained in a similar way. 

Huss and Klemm (70) have recently made potassium hexafluoro-
chromate (IV), K2CrF6, by the action of fluorine at moderate tempera
tures on a mixture of potassium and chromic chlorides; chromium penta
fluoride was the other product of reaction. The hexafluorochromate (IV) 
is decomposed in water, giving a yellow-green solution of Cr

i ri
 and Cr

V I
; at 

elevated temperatures it decomposes into chromium pentafluoride and a 
chromic (III) compound. 

Compounds of the type M ^ r F e derived from chromium pentafluoride 
are not yet known. The oxyfluoride CrOF3 has not been obtained in the 
free state, but in bromine trifluoride it yields a stable solution of (BrF2) 
(CrOF4) which reacts with alkali metal fluorides to yield complexes such 
as KCrOF4, a light purple powder which in contact with water undergoes 
instantaneous decomposition with formation of C r

m
 and Cr

VI
 in 1:2 

proportion (148). The relatively light color of this complex salt appears to 
preclude the possibility that chromium in two valency states is present; 
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whether or not CrOF4~ finite ions are present is unknown. The salts 
KCrOF4 and AgCrOF4 are conveniently obtained from dichromates 
and bromine trifluoride. 

Fluorochromates (VI) containing the Cr03F~ ion, analogous to S03F~, 
are well known, though the acid Cr02(OH)F has not been prepared in a 
pure condition. Alkali metal fluorochromates are made by boiling dichro
mates with hydrofluoric acid; they form red crystals and are hydrolyzed 
by water much more readily than the fluorosulfonates. Sparingly soluble 
silver and thallous salts are made from chromic acid, hydrofluoric acid, 
and acetates of these metals. Potassium and cesium fluorochromates are 
isomorphous with cesium fluorosulfonate and have the scheelite (CaW04) 
structure (73, 74) ; the Cr03F~ ion is tetrahedral. 

Several complex fluorides of tervalent molybdenum have been 
described (128, 129), a solution of molybdenum trioxide in concentrated 
hydrofluoric or hydrochloric acid is reduced electrolytically, and ammo
nium or potassium fluoride is then added. The violet ammonium and 
potassium salts of formula M

I
M o F 4H 20 are only sparingly soluble; 

dehydration of the ammonium salt over sulfuric acid yields the binuclear 
complex (NH4)3Mo2F9-2H20, which is also obtained by the action of 
hydrofluoric acid on ammonium hexachloromolybdate (III), (NH4)3-
MoCle. The structure of the enneafluoride is not known, but it may well 
contain Mo2F9 ions analogous to the well-known W2C19 ion, which 
consists of two WCle octahedra sharing one face. 

The oxytrifluoride of quinquivalent molybdenum, MoOF3, is not 
known; but several complex oxyfluorides derived from it have been 
reported (84, 139). They were obtained by addition of alkali metal 
fluorides to solutions of the hydrated pentoxide in hydrofluoric acid, or 
by cathodic reduction of oxyfluorides of sexavalent molybdenum. Typical 
compounds are K2MoOFB*H20 and (NH4)2MoOFB; the latter substance, 
which is pale blue, is isomorphous with ( N H 4) 2M o 0 2F 4 and presumably 
contains octahedral MoOF5— ions. 

Molybdenum hexafluoride, according to Ruff and Eisner (131), com
bines with alkali metal fluorides, but no details of the products have been 
given. Numerous complex oxyfluorides, derived from MoOF4 and 
Mo02F2, are known; they are easily obtained from molybdates and metal 
fluorides in the correct proportions in hydrofluoric acid and include 
KMoOF6, (NH4)2Mo03F2, TlMo02F3, and (NH4)2Mo02F4. The rela
tionships between these salts, which have not recently been investigated, 
are admirably summarized by Koppel (79). The key point in the inter
pretation of their empirical formulae is the possibility of isomorphous 
replacement of oxygen by fluorine, accompanied by a change in the charge 
on the complex ion: thus cubic (NH4)3Mo03F3 has the same structure as 
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(NH4)3AlFe(104); and, as mentioned above, the rhombic quinquivalent 
molybdenum complex (NH4)2MoOF6 is isomorphous with the sexavalent 
complex (NH4)2Mo02F4. Peroxyfluoromolybdates are also known. Treat
ment of the potassium fluorooxymolybdate K 2M o O 2F 4H 20 with hydro
gen peroxide yields successively K 2M o 0 3F 4H 20 and K 2M o 0 4F 2H 20 . 
Such compounds may be formulated with Mo-O-0 links, the peroxy 
group occupying only one coordination position, but there is no physical 
evidence to support such formulations. 

By the action of hydrofluoric acid on the complex chlorides M3W2C19, 
the complex fluorides K W F 4H 20 and N H 4W F 4 H 20 , derivatives of the 
unknown tungsten trifluoride, are obtained (129). 

Complexes containing fluorine are not known for quadri- and quinqui
valent tungsten. Like molybdenum hexafluoride, tungsten hexafluoride 
is said to combine with alkali metal fluorides, but no products have been 
described (130). The complex oxyfluorides are all derivatives of the 
dioxydifluoride, W 0 2F 2; this is probably because the oxytetrafluoride, 
WOF4, is easily hydrolyzed, and attempts to make derivatives of this 
substance in aqueous solvents would almost certainly be- unsuccessful. 
Among the salts prepared from tungstates and hydrofluoric acid are 
N H 4W 0 2F 3H 20 [probably N H 4 ( W 0 2F 3H 20 ) ] , (NH4)2W02F4, (NH4)3-
W 0 3F 3, T1W02F3, T12W02F4, and T13W204F7. Series of isomorphous 
complex fluorides, assembled by Koppel (79), are: 

I Rhombic (M « NH4+ or T1+) II Monoclinic 
M2( M o 02F4) K 2( M o 0 2F 4) H 20 
M2( W 02F4) K 2( W 0 2F 4) H 20 
M2(MoOF6) K2( M o O F6) H20 
M2(CbOF6) K2(CbOF6)H20 

III Monoclinic IV Hexagonal (M = Zn, Cd, Mg, Mn, 
Cu-4H20(Mo02F4) Co, Ni) 
C u 4 H 20 ( W 0 2F 4) M-6H20(Mo02F4) 
Cu4H20(MoOF6) M-6H20(MoOF6) 
Cu4H20(CbOF6) M 6 H20 ( C b O F6) 
C u 4 H20 ( T i F6) M 6 H 20 ( T i F e) 
Cu 4H 20 (Si Fe) M-6H 20 (SiF.) 

V Cubic 
( N H4)3( M o 03F3) 
( N H4)3( W 03F3) 
(NH4)3(FeFe) 

A stable peroxyfluorotungstate of composition K 2W 0 3F 4- H 20 is obtained 
by cooling a hot solution of the oxyfluoride K W 0 2F 4 in aqueous hydrogen 
peroxide (114); it evolves water vapor at 100°, but evolution of oxygen 
does not take place rapidly below 150°. 

When uranium tetrafluoride is fused with alkali or alkaline earth 
metal fluorides, double salts are formed. Among such compounds, 
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a-K2UFe has a disordered fluorite structure, BaUF6 a disordered tysonite 
(LaF3) structure, and Na3UF7 a fluorite structure in which one-eighth of 
the fluorine positions are unoccupied. In /3i-K2UF6, 02-K2UFe, and 
02-Na2UFe the structures are the same as those of the analogous thorium 
compounds. In the orthorhombic 7-Na2UFe structure each positive ion is 
eight-coordinated (164, 175). The compound KUF6, obtained as a green 
powder by reduction of potassium uranyl fluoride by oxalic acid in 
sunlight, was formerly used in the electrolytic preparation of uranium. 
A green double salt, NH4UOF3, is said to be formed on electrolysis of a 
solution of uranyl ammonium carbonate in hydrofluoric acid. 

Uranium hexafluoride combines with sodium fluoride under pressure, 
with formation of a yellow addition product which at room temperature 
has the composition Na3UF9 (83). This substance is stable in dry air but 
is hydrolyzed by water; it decomposes at 200°, giving NaUF5 and fluorine. 
Uranium hexafluoride is also absorbed at room temperature by potassium 
and thallous fluorides; it has no action on fluorides of lithium, calcium, or 
bismuth. Oxyfluorides derived from uranyl fluoride, U 0 2F 2, are made in 
the wet way from alkali metal fluorides and uranyl fluoride solutions. 
These include K 5( U 0 2) 2F 9, K3(U02)F6, K4(U02)F6, and K4UOF8; their 
structures have not been investigated, but since fluoride interferes con
siderably with the analytical chemistry of uranium, complex fluorine-
and uranium-containing ions must be formed. Peroxyfluoro complexes are 
formed in solution, but the existence of solid peroxyfluorouranates is not 
established. 

TRANSURANIC ELEMENTS 

By interaction of solutions of plutonium tetrafluoride and alkali metal 
fluorides in hydrofluoric acid, double fluorides NaPuF5, KPuF5, RbPuFB, 
and CsPu2F9-3H20 are obtained (1). Other double fluorides may be 
obtained by dry methods (176). The structures of some of these sub
stances are described by Zachariasen (175, 176): KPu2F9 and the analo
gous neptunium compound K N p 2F 9 are orthorhombic, isomorphous 
with KTh2F9 and K U 2F 9; NaPuF6, KPuF6, and RbPuF6 are rhombo-
hedral, like KUF6. As described under thorium, NaPuF4 has the same 
structure as 0irNa2ThF6. NaPuF4 is equivalent to Na^Pu3 /$F6; one Pu 
atom replaces the Th atom in 02-Na2ThFe, and the %Na and remaining 
}^Pu are distributed statistically between the two Na positions in 
02-Na2ThF6. Such a distribution is made possible by the closeness of the 
ionic radii of Na+ and P u

4 +
, which are 0.99 A and 0.86 A, respectively. 

The solution chemistry of plutonium in fluoride-containing solution 
is described by McLane (85). Measurements of absorption spectra and 
the potential of the Pu

1 1 1
—Pu

IV
 couple in the presence of hydrofluoric 
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acid indicate the existence of PuF+++ in dilute fluoride solution and of 
further complex formation in concentrated solution. The equilibrium 
constant of the reaction 

Pu
IV
 + F - = PuF+++ 

is given as 5.9 × 10
6
 (temperature not stated, presumably 25°). 

Complex Fluorides of Group VII 

CHLORINE, BROMINE, AND IODINE 
Claims for the preparation of a complex fluoride of chlorine, K2C1F7, 

are untenable (36). Salts such as KBrF4 and KIF6, and the partial dis
sociation of the halogen fluorides into ions, are considered in detail in 
Chapter 2, which deals with the halogen fluorides and their derivatives. 
Alkali metal difluoroiodates, M

I
I 0 2F 2, are obtained by recrystallization 

of iodates from 40% hydrofluoric acid; they are readily hydrolyzed by 
water: I 0 2F 2~ + H 20 = I 0 3~ + 2H+ + 2F". The I 0 2F 2- ion is an 
irregular tetrahedron similar in shape to Ph2SeBr2 and TeCl4; the fluorine 
and iodine atoms are linearly arranged, with the oxygen atoms in a plane 
containing the iodine atom and perpendicular to the FIF axis. The ĎÉĎ 
angle is approximately 100° (55). Similar salts derived from the recently 
discovered chlorine oxyfluoride, C102F, are not yet known, and salts 
derived from the iodine oxyfluoride IOF3 have not been described. 

MANGANESE AND RHENIUM 

By the action of saturated solutions of alkali metal fluorides on 
manganous chloride, sparingly soluble double fluorides NaMnF3, KMnF3, 
and N H 4M n F 3 are precipitated. The structures of these substances are 
not known, but since the Mn++ ion is very little larger than Ni++ or 
Zn++, they are very likely to have the perovskite structure. 

When the brown solution of manganese trifluoride in hydrofluoric 
acid is treated with potassium fluoride, the salt K2MnF6-H20 is obtained 
as a rose-red precipitate. This salt is decomposed by water, with forma
tion of manganese (III) hydroxide; it is, however, stable in the presence 
of hydrofluoric acid (93). Similar salts are formed by other alkali metals. 
A point of analytical interest is the formation of such salts by the action 
of nitrous acid in the presence of hydrofluoric acid on either permanganate 
or a manganous salt; in the former case the nitrous acid functions as a 
reducing agent, in the latter as an oxidizing agent; determination of 
nitrite by permanganate in fluoride-containing solution is therefore 
impossible (7, 8). 

Potassium manganite dissolves in 40% hydrofluoric acid with the 
formation of potassium permanganate and potassium tetrafluoromanga-
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nite (IV), K 2M n F e (161). A better preparation of the latter salt is by 
reduction of a solution of the permanganate in hydrofluoric acid with 
ether; yellow hexagonal crystals of the complex fluoride separate and are 
washed with hydrofluoric acid (6). Potassium tetrafluoromanganite is 
decomposed by cold water, manganese dioxide being precipitated; it is 
soluble in hydrochloric acid, yielding a brown solution which, when 
heated, evolves chlorine. A rubidium salt, Rb2MnFe, made by dissolving 
hydrated manganese dioxide in a solution of rubidium fluoride in hydro
fluoric acid, resembles the potassium compound (161). Potassium hexa-
fluoromanganite is strongly paramagnetic, the observed moment of 3.84 
Bohr magnetons corresponding to the presence of three unpaired electrons 
in the M n F 6— ion (45). The salt KMnF6 has the same moment (178). 

The action of fluorine and bromine trifluoride on potassium perman
ganate or mixtures of potassium and manganese salts has been investi
gated. Aynsley, Peacock, and Robinson (3) state that fluorine and the 
permanganate at 150° yield a mixture of KF, MnF2, and MnF3, but no 
K 2M n F e. Huss and Klemm (70), however, obtained potassium hexafluoro-
manganite (IV) by heating a mixture of composition 2KC1 : MnCl2 in the 
gas. Bromine trifluoride converts manganous iodate into an unstable 
addition product of manganese tetrafluoride, M n F 4B r F 3 or (BrF2) 
(MnF5); this reacts with potassium tetrafluorobromite in bromine tri
fluoride to yield successively KMnF6 (pink) and K 2M n F 6 (yellow) (148). 
The compound KMnF6 is stable in vacuo at 180° but is decomposed by 
cold water; whether it contains a finite MnF6~ ion is unknown. Quadriva
lent manganese appears to be stabilized in bromine trifluoride, as in 
water, by complex formation; attempts to make free M n F 4 have, so far, 
all failed. 

Potassium hexafluororhenate (IV), K2ReF6, is obtained by reduction 
of potassium perrhenate in hydrofluoric acid solution with potassium 
iodide. I t is a green salt which is hydrolyzed by water only on warming; 
this may indicate that the ReFe— ion is less dissociated than M n F e . 
The ReF6— ion is octahedral, like all other known finite complex ions 
containing a six-coordinated central atom; K2ReFe, like K2SiFe, has the 
antifluorite structure (137). 

Complex Fluorides of Group VIII 

IRON, COBALT, AND NICKEL 

Ferrous fluoride combines with some of the alkali metal fluorides to 
yield double fluorides such as KFeF3 and K2FeF4, the structures of which 
are unknown. Complexes of ferric fluoride are much more common: they 
are of three types, M

I
FeF4, M 2

H
F e F 6, and M^FeFe, the general method 
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of preparation being to mix solutions of the constituent salts. The action 
of fluorine on potassium chloride-ferric chloride mixtures yields only 
complexes of tervalent iron (76); fluoride complexes of iron in higher 
oxidation states are not known. Hexafluoroferrates of the alkali metals 
are isomorphous with ammonium hexafluoroaluminate (92, 104); their 
chemical properties and the uses of the stability of the FeF6 ion in 
analysis have been described in Volume I. 

The high paramagnetism of the salts (NH4)3FeF6 and (NH4)2FeF6H20, 
both of which have moments of 5.9 Bohr magnetons, led Pauling (105, 
106) to suggest that in the FeF6 and FeF6(H20)— ions the five 3d 
electrons in the valency shell of the iron were unpaired, and that the iron-
fluorine bonding was essentially ionic in character. Despite the obvious 
objection that (NH4)3FeF6 always behaves as a complex salt, Pauling's 
suggestion has been very widely accepted. In a later communication (107), 
however, the paramagnetism is more reasonably ascribed to the use of the 
four sp* orbitals for the formation of six weak covalent bonds, leaving the 
d electrons unpaired. It seems clear that certain transition metals may 
form covalent bonds of more than one type, but in the present state of 
our knowledge a correlation of bond type and magnetic properties does 
not appear possible. 

Compounds of cobaltous fluoride and alkali metal fluorides are 
generally similar to the derivatives of nickelous fluoride which are 
described below: typical compounds are (NH4)2CoF4-2H20, K2CoF4, and 
KCoF3-H20. The structures of these substances are unknown. 

The magnetic properties of potassium hexafluorocobaltate (III), 
K3CoF6, have been very widely discussed in connection with the relation 
between magnetic properties and bond type in complex ions. This sub
stance is unique among Co (III) complexes in having a moment as high 
as 4.26 Bohr magnetons (45). 

By heating a mixture of composition 3KCl:CoCl2 in fluorine at 325 
to 425°, a complex of quadrivalent cobalt, K3CoF7, is obtained (76). This 
is a blue salt, probably isomorphous with K3ZrF7, and is only slowly 
decomposed by water at room temperature or by hydrogen at 350°. 

When nickel fluoride is heated with potassium fluoride or potassium 
hydrogen fluoride, double fluorides are formed; KNiF3 has the perovskite 
structure, but K2NiF4 has not been investigated. From the fact that the 
solubility of nickel fluoride is diminished by addition of potassium 
fluoride (80) it seems that no complex ion is formed. Phase studies (80) in 
the system NH4F—NiF2—H20 revealed the existence of a compound 
(NH4)2NiF4-2H20, isomorphous with the corresponding cobalt compound; 
the anhydrous salt (NH4)2NiF4 may be obtained by fusing nickel chloride 
with an excess of ammonium fluoride and washing out the ammonium 
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chloride with boiling alcohol (116). There is no evidence to suggest the 
presence of complex ions in these substances. 

Klemm and Huss have recently prepared a complex fluoride of quadri
valent nickel, K2NiFe, by heating a mixture of composition 2KCl:NiCl2 
in fluorine at 275°; this substance forms red cubic crystals (K2PtCle struc
ture) and is unstable to water (76). This substance is diamagnetic, in 
contrast to the complex fluorides of iron and cobalt (65, 180). 

THE PLATINUM METALS 

The difficulty associated with the preparation of complex fluorides of 
noble metals originates in the relatively high instability constants of their 
complex fluoride ions (147). For most elements, the complex fluoride ion 
is the most stable of the complex halide ions; but for silver, gold, mercury, 
and the platinum metals, the order is reversed and the equilibrium in the 
reaction 

P tF — + 6C1- ̂  PtCle— + 6F-

for example, is over on the right-hand side. Frequently, complex fluoride 
ions of noble metals are unstable to water as well as to other halide ions, 
and it then becomes necessary to prepare the complex fluorides either by 
high-temperature reactions in the absence of a solvent, or in a nonaqueous 
medium such as bromine trifluoride. 

Complex fluorides of ruthenium have not yet been prepared: the 
action of ruthenium pentafluoride on potassium fluoride does not appear 
to have been investigated. From the insolubility of ruthenium hydroxide, 
Ru(OH)3, in hot concentrated hydrofluoric acid, we may infer that if a 
complex fluoride ion of tervalent ruthenium exists it is unstable to water. 

Hydrofluoric acid has no action on complex chlorides or bromides of 
rhodium, but by converting potassium chlororhodite (III) into the insolu
ble complex nitrite K 3R h ( N 0 2) e and decomposing this with hydrofluoric 
acid, Meyer and Kienitz (90) obtained a yellow solution which on 
evaporation yielded the complex fluororhodite, K3RhFe. Addition of a 
chloride at once converts the yellow solution of the complex fluoride into 
a red solution of the complex chloride. Rhodium tetrafluoride, obtained 
by the action of bromine trifluoride on the trichloride, combines with 
sodium fluoride in bromine trifluoride solution, yielding a pale blue com
pound Na3RhF7, analogous to the complex fluoride of quadrivalent cobalt. 
Both RhF4 and Na3RhF7 are decomposed by water, with formation of 
rhodium dioxide; both liberate chlorine from hydrochloric acid. Rhodium 
dioxide is insoluble in hydrofluoric acid, and hydrolysis of the fluoro-
rhodate (IV) ion thus appears to be irreversible (147). The only known 
complex chloride of quadrivalent rhodium, Cs2RhCl6 (35), liberates 
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chlorine on treatment with water; this reaction may be regarded as inter
action of the two primary decomposition products, rhodium dioxide and 
hydrochloric acid. 

The insolubility of palladous hydroxide in hydrofluoric acid and the 
lack of any action of the acid on potassium tetrachloropalladite (II) 
indicate that any fluoropalladite (II) ion is unstable to water and other 
halide ions. Bromine trifluoride reacts with potassium tetrachloropalladite 
to yield the pale yellow diamagnetic complex KePdF6, which is immedi
ately hydrolyzed by cold water, with precipitation of palladium dioxide. 

Ruff and coworkers (134, 135) in their studies on the fluorides of 
osmium reported the existence of complexes derived from OsF8 and OsF4; 
no analyses of these complexes were made, however, so that their formulae 
cannot be regarded as established beyond doubt. Osmium octafluoride 
readily combines with sodium fluoride to give a white salt which is decom
posed by water, with liberation of ozonized oxygen. It seems clear that 
this highly interesting substance must contain a complex ion in which 
osmium has a coordination number of at least nine, and the subject 
merits reinvestigation. Osmium tetrafluoride in hydrofluoric acid is 
reported to yield with sodium hydroxide yellow crystals of sodium 
fluoroosmate (IV), Na2OsFe. 

Potassium hexafluoroiridate (IV), K2I rFe, is obtained in low yield 
by heating finely powdered iridium with the complex lead fluoride 
K3HPbF8 (140). The salt is unstable at temperatures above 120°. Nothing 
has been reported about the stability of the I r F 6— ion, but from the 
absence of any interaction between potassium chloroiridate and hydro
fluoric acid it must be inferred that I rF6 is less stable than IrCU 
(147). 

Only one hexafluoroplatinate (the potassium salt, K2PtFe) has been 
obtained in a pure state; this substance is, however, by far the most 
investigated of the complex fluorides of the platinum metals. It was first 
obtained by heating platinum with the complex lead fluoride K3HPbF8, 
extracting with hydrofluoric acid, precipitating lead as sulfate, and 
evaporating the filtrate (140). A slightly shorter method involved the 
fluorination of platinum by molten potassium tetrafluorobromite (145), 
but the best method is fluorination of potassium hexachloroplatinate, 
K2PtCle, by liquid bromine trifluoride (147). This yields a mixture con
taining K2PtFe, (BrF2)2PtF«, and KBrF4; at 200° all bromine trifluoride 
is lost, giving a residue of K2PtF6, P tF4, and KF; this is extracted with 
hot water, when P t F 4 is hydrolyzed to insoluble platinic hydroxide, and 
yellow sparingly soluble crystals of potassium hexafluoroplatinate 
separate on cooling the filtrate. 

Potassium hexafluoroplatinate crystallizes in the hexagonal system; 
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the Pt—F distance in the slightly irregular octahedral complex ion is 
1.91 A (87). I t is isomorphous with K2GeFe, but not with K2PtCle and 
K2PtBre, which have the cubic antifluorite structure. Like the chloro- and 
bromoplatinates, however, it is diamagnetic (86) ; this is of great interest 
as showing that the orbitals involved in complex halide ion formation are 
probably the same in the P t F e— P t C l e— , and PtBre— ions (contrast 
the magnetic properties of complexes of iron). 

The absorption spectra of the hexahalogenoplatinate ions were 
studied by Schlesinger and coworkers (140, 141), who showed that the 
stability increases from chloride to iodide, but were unable to observe 
the conversion of the hexafluoroplatinate into the other hexahalogeno-
platinates. Indeed, in neutral solution, K 2P t F e and KI give no brown 
coloration even when maintained at 90° for two hours, whereas reaction 
between K2PtCl« and KI is rapid at much lower temperatures. Since it 
is impossible to prepare potassium hexafluoroplatinate by treatment of 
the hexachloroplatinate with hydrofluoric acid, the failure to replace 
fluorine in the hexafluoroplatinate ion must be attributed to a high 
activation energy for the substitution reaction. Reactions of P t F e— with 
Cl~, Br~, and I~ are found to be strongly catalyzed by hydrogen ions 
(147); in the hexafluoroplatinate-iodide reaction, for example 

P t F e— + 61- = P t l e— + 6F-

the initial rate is almost independent of the I~ concentration; and the 
rate-determining step appears to be formation of HPtFe*~ or HPtF6. This 
behavior recalls that observed with the BF4~ ion. I t is not unlikely that 

P t F e— + 4 H 20 = Pt(OH)4 + 4HF + 2F~ 

hydrolysis of the P t F e— ion is another extremely slow reaction which 
proceeds almost to completion. Aqueous solutions of potassium hexa
fluoroplatinate are stable for several weeks at room temperature, but 
platinic hydroxide is not dissolved by 40% hydrofluoric acid or by 
potassium hydrogen fluoride solution. The study of such reactions should 
throw fresh light on the properties of complex ions. 
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