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This paper reports the attainment of unfamiliar oxidation states of certain elements in liquid ammonia by means of two 
widely diverse methods: (1) electrolytic osidation of metallic anodes; (2) reduction by alkali metals (a)  of gaseous osygen, 
(b) of cyanide complexes of transition metals. 

(1) In the anodic oxidation of aluminum, coulometric measurements indicate R mean initial oxidation state lower than 
3 whenever the electrolyte contains nitrate ion. Evidence is presented to support, the hypothesis of primary oxidation of 
the metal to a cation of low charge (presumably + l ) ,  which reduces nitrate ion to free nitrogen in a secondary reaction con- 
current with the electrolysis. In  the cases of gallium and thallium, stable mistures of unipositive and tripositive ions are 
obtained by anodic osidation. In the case of indium, the ion of charge lower than 3 formed by primary oxidation immedi- 
ately disproportionates into metallic indium and In(II1) ion. (2) {a) It has long been known that liquid ammonia 
solutions of potnssium, rubidium and cesium, upon rapid oxidation with free oxygen, give good yields of the superoxides. 
It may now be added that sodium, under suitable conditions, yields a product of empirical formula Na1.6,, and that in the 
case of lithium there is evidence for the existence of a superoside stable at -78", which, however, has not been isolated. 
(h) The existence of Ni(1) as Ni(CN)a-- and of Ni(0) as Ni(CN)a-4, both obtained by the reduction of tetracyanonickel- 
ate( 11) ion, has becn previously reported, as has the formation of Pd(0) as Pd( CN)4-* from tetracyanopallndate(I1) ion. 
In our laboratory, the reduction of hesacyanochromate(II1) ion has been found to yield a product containing Cr(I), while 
under similar conditions hexacyanomangnnate( 111) ion yields a product of empirical formula K11Mn2( C N ) W ~ N H ~ ,  con- 
taining both Mn(1) and Mn(0). 

The fact that liquid ammonia is an especially 
useful and convenient medium for the carrying out 
of reactions with very strong reducing agents was 
pointed out many years ago by Kraus,' and has 
been re-emphasized in more recent reviews by 
Fernelius and Watt.2m3 As a corollary, i t  follows 
that elements may be expected to exist in liquid 
ammonia in low valence states which, in aqueous 
solution, would be subject to rapid oxidation by 
the solvent. Further, the relatively low degree of 
self-ionization of ammonia permits the preparation 
in this medium of certain substances, such as super- 
oxides, which are subject to immediate and ext,en- 
sive hydrolysis in water. 

The purpose of this paper is to bring together the 
results of a number of relatively recent studies 
of the existence of elements in unfamiliar oxidation 
states, either as ions in liquid ammonia solution or 
in compounds formed by reactions which take place 
in liquid ammonia as a medium. The many 
instances of compounds between alkali metals and 
other metals, especially those of Groups IV and V 
of the periodic system, in which the latter metals 
exist either as simple anions or as homopolyatomic 
anions have been extensively reviewed by others1-4 
and will not be discussed here. 

In  our laboratory, two general types of reaction 
have been studied: (1) the electrolytic oxidation 
of metallic anodes; (2) reduction by means of 
solutions of a!kali metals. 
Electrolytic Oxidation of Metals of the Aluminum 

Family 
Aluminum.-The anodic oxidation of aluminum5 

was carried out by passing a direct current between 
an aluminum anode and a platinum cathode, 
through a soIution either of a single salt or of a 
mixture of two salts in liquid ammonia. An inert 
atmosphere of nitrogen was maintained throughout 
the electrolysis, which was usually carried out a t  

(1) C. A. Kraus, Chem. Reus., 8 ,  251 (1931). 
( 2 )  W. C. Fernelius and G. W. Watt, ibid., 20, 195 (1937). 
(3) G. W. Watt ,  ibid., 46, 289 (1950). 
(4) F. W. Bergstrom, J .  Am.  Chem. Soc., 47, 1503 (1925). 
(5) W. E. Bennett, A. W. Davidson and J. Kleinberg, ibid., 74, 

732 (1952). 

-33". The quantity of electricity which passed 
through the circuit was determined by means of a 
silver coulometer in series with the electrolytic cell, 
while the amount of aluminum anodically oxidized 
was determined from the weight of the anode a t  the 
beginning and at the end of each electrolysis. 

A quantity designated as the apparent initial 
valence number, Vi, of the aluminum ion produced 
by electrolysis was calculated by means of the 
equation 

v, - wt. of Ag deposited in coulometer X 2G.98 

In the case of anodic oxidation to the familiar 
tripositive aluminum ion, this quantity would, of 
course, have the value 3. 

In  a number of electrolyses carried out as just 
described in ammonia solutions of single salts 
other than nitrates, the values found for Vi were 
close to 3 (within 0.1 unit). In  a few other in- 
stances, values higher than 3 were observed; this 
result may be regarded as indicative of partial 
passivity, in that the anodic reaction must have 
included oxidation of some substance other than 
metallic aluminum. In every instance, however, 
in which a nitrate was used as electrolyte, whatever 
the cation, the value of Vi was found to  be less 
than 3-usually in the neighborhood of 2.7. This 
value, furthermore, showed little dependence upon 
concentration of electrolyte, current density or 
duration of the electrolysis. Since there was no 
evidence of direct (non-electrolytic) reaction be- 
tween aluminum and any of the solutions, these 
results were interpreted as indicating that the anode 
was electrolytically oxidized, in part, to an alumi- 
num ion of charge lower than +3. 

Since the results just described pointed toward 
the presence of nitrate ion as the determining factor 
in bringing about the anodic dissolution of alumi- 
num in this lower oxidation state, experiments were 
made to determine whether or not this effect of 
nitrate would persist in electrolytes containing 
both nitrate and other anions. It was found that 
in nitrate-chloride and nitrate-bromide mixtures 
i t  was possible to attain apparent initial valence 

107.9 X wt. of AI lost from anode 1 -  
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numbers much lower than those found for solutions 
of nitrates alone. The value of Vi,  in fact, was 
found to  vary regularly with the ratio of the con- 
centrations of nitrate and halide, reaching a mini- 
mum close to 1.5 for mixtures containing about 2 
moles of nitrate to  1 of bromide, regardless of the 
total concentration of electrolyte. Again, the 
original mixtures were found to have no action 
upon test rods of aluminum; further, an aluminum 
rod used as cathode in some of the electrolyses 
underwent no detectable loss of weight, nor was any 
significant change in initial valence number ob- 
served when an intermittent instead of a continuous 
direct current was used for electrolysis. These 
facts appear to  preclude the possibility of non- 
electrolytic corrosion as a disturbing factor. 

Most of the electrolyses of bromide-nitrate 
mixtures were carried out in a cell in which the 
anode and cathode were separated by a sintered 
Pyrex disk, in order that the separate examination 
of anodic and cathodic processes might be facili- 
tated. No compound of lower valent aluminum 
could be detected in the grayish anodic deposit, 
nor in solution in the anolyte, after electrolysis; 
both of these phases were quite devoid of reducing 
power. It was noted, however, that an appreciable 
diminution in the concentration of nitrate took 
place during the electrolysis, and that measurable 
quantities of nitrogen were evolved a t  both anode 
and cathode. Furthermore, the quantity of hy- 
drogen evolved at the cathode was always somewhat 
less than that calculated from coulometric data, 
on the assumption of hydrogen liberation as the 
sole cathode reaction. 

In order to account for the phenomena which 
have been described, the following electrode re- 
actions were postulated. 

Cathode: 2NH4+ + 2e- = 2NHa + HZ 
2NOa- + 12NHdf + 10e- = NZ + 12"s + GHzO 

Anode: AI = AI+++ + 3e-Iprimary 
AI = Al+ + e-  

5A1+ + 2N03- + 12NH4+ = 
S A ] + + +  + NZ + 12NHa + 6Hz0 secondary 

If these hypotheses are correct, the total number of 
gram-equivalents of nitrate ion reduced during the 
electrolysis, or of free nitrogen evolved, should be 
given by the equation 
No. of gram-equivalents = 

3 X no. of g.-atoms of AI dissolved 
- no. of g.-equiv. of Hz evolved 

while the number of moles of nitrate lost, or of 
nitrogen evolved, should be 1/5 and 1/10, respec- 
tively, of this figure. Several experiments were 
c,arried out in which the amount of nitrate lost 
during electrolysis was determined by analysis, 
while the total volume of gas evolved was meas- 
ured, and its hydrogen content determined by 
combustion. Results of these experiments are 
shown in Table I; the fairly good agreement be- 
tween columns (E) and (F) is in accord with the 
postulated electrode reactions. 

In the anodic oxidation of gallium, indium and 
thallium in liquid ammonia solutions6 under condi- 
(6) A. D. McElroy, J. Rleinberg and A. W. Davidson, J .  Am. 

Chern. Soc., 74, 736 (1952). 

TABLE I 
REDUCTION OF NITRATE DURING ELECTROLYSIS 

(A) (B) (Dl (E) (F) 

NOa- reduced or Nz evolved, 
mole 

Quantity AI fro& H1 calcd. 
of dissolved, (A) evolved, from 

elect., g.- and g.- (B) and 
observed faraday atom (B) equiv. (D) 

0.003783 0.001928 1.96 0.002513 0.000654 0.000641 
.004460 .002080 2.14 .002560 .000736 NO:- .000751 
.003593 .002002 1.79 .001955 .000810/ N, 1 .000773 
.004917 ,003238 1.52 .004240 .000547 .000478 
.002573 ,001354 1.90 .002450 .000161 .000165 

tions similar to those used with aluminum, the 
initial mean valence number of the cations produced 
was almost always appreciably lower than 3, but 
otherwise thg results obtained varied markedly 
from one element to another, as well as from those 
observed for aluminum. 

Gallium.-Electrolyses were carried out in a 
divided cell with a gallium anode and a platinum 
cathode in solutions of ammonium bromide, which 
had been found to show no appreciable non- 
electrolytic reaction with gallium. No measurable 
quantity of gas was evolved from the anode during 
electrolysis. The values of Vi, calculated by means 
of an equation exactly analogous to that used for 
aluminum, L e .  

I 

v, - wt. of Ag deposited in coulometer X 69.72 
107.9 X wt. of Ga lost from anode 1 -  

were found to be in the neighborhood of 2.25. 
With ammonium nitrate-ammonium bromide mix- 
tures as electrolyte the value of Vi, as in the case 
of aluminum, was found to be a function of the 
fraction of nitrate in the mixed solute, with a mini- 
mum of 2.0 at about 17 mole % nitrate. This 
minimum value need not be regarded as evidence 
for the formation under these conditions of di- 
positive gallium, since i t  may more plausibly be 
interpreted as corresponding to an equimolar mix- 
ture of unipositive and tripositive gallium ions.' 

In  contrast to the observations reported for 
aluminum, the anodic deposit and the anolyte re- 
sulting from anodic oxidation of gallium were 
found to exhibit measurable reducing properties; 
in this case, therefore, the ion of lower charge is 
relatively stable in the presence of liquid ammonia. 
The primary anode reactions were postulated to be 

Ga = Ga+++ + 3e- 
Ga = Ga+ + e -  

The grayish-white residue remaining on evapora- 
tion of ammonia from the anolyte after electrolysis, 
and the insoluble solid which had been formed in 
the anode compartment, were tested separately 
for reducing power in the following way. Each 
was dissolved in standard aqueous iodine solution 
which had been acidified with acetic acid. After 
15 minutes, the excess iodine was titrated with 
standard sodium thiosulfate solution. The gallium, 
now completely oxidized to the tripositive state, 
was determined by precipitation with 8-hydroxy- 
quinoline. The reducing power, R.P., in each 
case, expressed in gram-equivalents, was equal to  
the number of gram-equivalents of iodine reduced; 
and the mean valence number of the gallium a t  the 
(7) A. W. Davidson and F. Jirik, ibid., 73, 1700 (1950). 
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end of the reaction, Vr, as determined from the 
reducing power, was calculated by means of the 
equation 

R.P. X 69.72 
wt. of Ga found in solution V t = 3 -  

shown in Table 11. 
A few typical results of these experiments are 

TABLE I1 
ANODIC O X I D A T I O N  O F  G A L L I u n f  I N  L I Q U I D  AMMONIA 

S O L U T I O N S  O F  A M M O N I U M  B R O M I D E  

Vf 
% of 

theoretical 
reducing 

coulometric Anolyts deposit Over-all recovered 
v, Anode power 

2.26 2.24 2.44 2.32 90 
2.23 2.12 2.56 2.20 91 
2.27 2.27 2.60 2.33 91 

Indium.-Metallic indium is not attacked by 
liquid ammonia solutions of ammonium bromide. 
In electrolyses carried out on this electrolyte in a 
divided cell with an indium anode and an aluminum 
cathode, the results were found to vary in a highly 
erratic manner. Values of Vi ranged all the way 
from 2.01 to 4.72; the values higher than 3 can be 
accounted for only on the basis of the occurrence of 
some anode reaction other than the oxidation of 
indium. Noteworthy observations on these elec- 
trolyses included the evolution of hydrogen in the 
anode compartment as well as a t  the cathode, the 
occasional liberation of nitrogen at the anode, and 
the precipitation of finely divided indium in the 
anolyt e, 

These observations may be accounted for in 
terms of the following hypotheses. (1) Indium is 
anodically oxidized to a mixture of indium(1) 
and indium(II1) ions. (2) The anodic hydrogen 
results from the reduction of the electrolyte by 
indium(1) ion. (3) The anodic nitrogen results 
from a competing primary reaction involving the 
oxidation of ammonia. (4) Indium(1) ion, unlike 
the corresponding ions of aluminum and gallium, 
is subject to disproportionation into indium(II1) 
ion and free metal. 

Thus the anode reactions may be listed as 
I n  = In+ + e- 
I n  = In+++  + 3e- primary 

8NH3 = Nz + 6NH4+ + 6e- 
In+ + 2NH4+ = 2NH3 + Hz 4- I n + + +  secondary 

31nC = 2In + I n + + +  3 
After several of the electrolyses, the ammonia 

was allowed to evaporate, the residue was extracted 
with water, and the finely divided indium was 
weighed. The water solution was then titrated 
with standard potassium dichromate solution, and 
the reducing power, in gram-equivalents, was 
calculated from the equation 

wt. of Cr207-- reduced 3 X wt. of pptd. In 
114.8 + 36.01 R.P. = 

The mean valence number of the indium a t  the end 
of the electrolysis, V f ,  as determined from the 
reducing power of the residue, was calculated from 

R.P. X 114.8 
wt. of indium lost from mode V r = 3 -  

Before the mean valence number so calculated 
might properly be compared, however, with the 
coulometric value, it was necessary that the former 
be modified to Vt' to take into account the oxidation 
of In(1) ion in solution by ammonium ion 

2 x no. of moles of anodic HB ("' = - no, of g.-atoms of In lost from anode 
and that the latter be corrected to Vi' to allow for 
the competing anode reaction 

) (vi' = vi - no. of g.-atoms of In lost from anode 
As shown in Table 111, the agreement between the 
corrected values is, in most cases, fairly good, lend- 
ing support to the validity of the postulated elec- 
trode reactions. 

TABLE I11 
ANODIC OXIDATION OF INDIUM IN LIQUID AMMONIA SOLU- 

TIONS OF AMMONUM BROMIDE 
vi VI vi ' vi ' 

2.GO 2.75 2.GO 2.62 
3.20 2.86 2.28 2.61 
2.53 2.70 2.53 2.60 
2.75 2.80 2.27 2.32 
2.72 2.89 1.98 2.10 
2.92 2.94 1.89 2.15 
2.82 2.92 2.30 2.58 
2.01 2.22 2.01 2.16 
4.48 2.98 2.91 ' 2.85 

Thallium.-Unlike the other metals of this 
family, thallium reacts fairly rapidly with liquid 
ammonia, especially in the presence of certain 
dissolved salts. Although this non-electrolytic 
dissolution was taken into consideration in the 
calculation of the mean valence number on electro- 
lytic oxidation by the method previously de- 
scribed, yet the results obtained must be regarded 
as no more than approximate. 

Although anodic oxidation of thallium in nitrate 
solutions was found to yield thallium(1) ion ex- 
clusively, yet in chloride, bromide or amide solu- 
tions a mixture of thallium(1) and thallium(II1) 
ions was formed. Both'of these ions remained 
unchanged throughout the electrolysis, and could 
be identified by qualitative tests in the final prod- 
uct. 
Reduction of Gaseous Oxygen by Alkali Metals 

It has long been known3 that when potassium, 
rubidium or cesium in solutioii in liquid ammonia 
is treated with a rapid stream of oxygen, a t  tem- 
peratures ranging from -70 to -33", the super- 
oxide of the metal is formed. In a recent investiga- 
tion of the oxidation of sodium under similar condi- 
tions,s it was found that if a solution of sodium 
in liquid ammonia was slowly added to another 
portion of ammonia through which oxygen was 
being passed rapidly, a product of constant com- 
position was obtained, regardless of the temperature 
of the solution. In  the absence of moisture, this 
yellow product was fairly stable at room tempera- 
ture. Analysis of eleven samples by measurement 
of the oxygen liberated on treatment with an 

6 x no, of moles of Nz liberated 

(8) \V. H. Schcchtcr, ,J. IC. TholiilJ8un and J. KleinLcrg, J .  Am. 
Chcm. Soc., 11, 1816 (1949). 
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aqueous suspension of manganese dioxide, and 
determination of the sodium by titration with 
standard acid, yielded from 1.65 to 1.70 atoms of 
oxygen per atom of sodium, the average being close 
to 1.67. This composition corresponds to a mix- 
ture of four moles of sodium superoxide, Na02, 
to one of sodium peroxide, h'azOz. 

The product prepared as just described mas 
highly paramagnetic, having a specific suscepti- 
bility at 20" of 21.6 X 10-6 c.g.s. unit, as compared 
with an estimated value of 33.0 X 10-8 unit for 
pure sodium super~xide .~  Although the accuracy 
of the measurement of susceptibility was not very 
high, yet when the observed value was compared 
with a linear plot of specific susceptibility against 
weight percentage in synthetic Na20z-NaOz mix- 
t u r e ~ , ~ ~ ' ~  the percentage of sodium superoxide 
found in this way, 67.5%, was in fair agreement 
with the figure of 73.8% calculated from the 
analytical data. 

In  a study of the oxidation of lithium in liquid 
ammonia,11 i t  was found that when the metal mas 
dropped into liquid ammonia a t  -78" through 
which a stream of oxygen was being passed, a 
bright yellow solution was formed. When this 
solution was allowed to warm up to -33", the 
yellow color disappeared and a white suspension of 
lithium monoxide and lithium peroxide appeared. 
However, a study of the absorption spectrum of 
the yellow solution showed a marked maximum 
in absorption a t  a wave length of 380 mp. Since 
solutions of sodium and potassium superoxides 
exhibit absorption maxima at the same wave length, 
it may be concluded that lithium forms a superoxide 
which is stable in liquid ammonia solution at 
- 78 ". 
Reduction of Transition Metals by Alkali Metals 

It has been previously reportedL2 that when 
excess potassium tetracyanonickelate(II), KzNi- 
(CN),, is treated with sodium,or potassium in 
liquid ammonia, a bright red precipitate of potas- 
sium tricyanonickelate(I), K2Ni(CN)3, is formed. 
This compound is soluble in water, giving a red 
solution which slowly loses its color, with the 
evolution of hydrogen. When potassium tetra- 
cyanonickelate(I1) is treated with an excess of 
potassium in liquid ammonia, the product is a 
yellow precipitate of potassium tetracyanonickel- 
ate(O), KdNi(C1J)d. When freed from ammonia, 
this is a copper-colored solid, which reacts with 
water to give hydrogen and a red solution of potas- 
sium tricyanonickelate(1). 

Similarly, the reduction of potassium tetra- 
cyanopalladate(II), KzPd(CK)4, by potassium in 
liquid ammonia13 yields a light yellow crystalline 
precipitate of potassium tetracyanopalladate(O), 
K,Pd(CE),. In water, this substance momen- 
tarily gives a clear solution; then hydrogen and 

(9) S. E. Stephanou, W. H. Sclieohter, W. J. Argersinger, Jr., and 
J. Kleinherg, J .  Am. Chem. Soc., 71, 1819 (1949). 

(10) The sodium superoxide used in the preparation of these mix- 
tures had been prepared by reaction between sodiiim peroxide and 
oxygen a t  elevated temperatures and pressures. 

(11) J. IC. Thompson and J. Weinberg, J .  Sm.  Chem. Soc.. '73, 
1243 (1961). 

(12) J .  W. Eaatea and W. R I .  Burgemj, ibid., 64, 1187 (1942). 
(13) J .  J. Burbago and W. C. Ferneliua, ibid., 65, 1484 (1943). 

hydrogen cyanide are evolved and metallic palla- 
dium is precipitated. 

In  our laboratory, in a recent study14 of the 
reduction of potassium hexacyanochromate(II1) 
by potassium in liquid ammonia, a dark brown 
product was obtained which was extremely suscepti- 
ble to oxidation by air or moisture. In  order to 
determine its reducing power, an excess of solid 
silver nitrate \.vas added to a suspension of the 
chromium compound in liquid ammonia; a black 
precipitate of silver was immediately formed. 
After the excess silver nitrate had been washed out 
with liquid ammonia, the precipitated silver was 
washed with water and with dilute hydrochloric 
acid, and then dissolved in hot dilute nitric acid. 
Silver was determined in the resulting solution by 
precipitation as the chloride. The mean of five 
values of the reducing power so determined (in 
gram-atoms of silver per gram-atom of chromium) 
was found to be 2.09. This result appears to in- 
dicate the presence in the compound of Cr(1). 

A more intensive investigation was made of the 
reduction by potassium in liquid ammonia of 
potassium hexacyanomanganate(II1) .15 A yellow 
product, difficulty soluble in liquid ammonia and 
possessing strong reducing properties, was ob- 
tained. The characterization of this product was 
carried out by four different methods, all of which 
gave concordant results. 

(a) A study was made of the ratio by weight in 
which potassium and the starting compound 
reacted with each other. It was found that the 
blue color due to excess potassium persisted in the 
solution for more than a few minutes oiily when 
more than 2.5 atoms of potassium were added per 
mole of compound. This fact suggested that the 
stoichiometry of the reaction might be represented 
by the equation 

2KaMn(CN)6 + 5K = K,Mn(CN)s + K&n(CN), 

and that the product might contain unipositive 
and zerovalent manganese, atom for atom. 

(b) After a scheme of analysis applicable to 
manganese complexes had been devised and shown 
to be valid 011 known synthetic mixtures containing 
potassium, manganese and cyanide, the reduction 
product, which contained some ammonia Ivhich 
was slowly lost on standing, was subjected to 
complete analysis. The ratio K : Mn : CN : NH3 
as calculated from the analytical data (mean of 
several determinations of each constituent on 
freshly prepared samples) was 5.42 : 1 : 5.03 : 1.11. 
These results indicate a compound of the empirical 
formula I~11M~is(CN)12.21YH3, as may be seen also 
from the following figures. 

Anal. Calcd. for KllMnz(CK)ln.2T\"s: K, 48.53 ; 
Mn, 12.40; CE, 35.23; NHB, 3.84. Found: K,  
48.29; Mn, 12.51; CN, 35.11; NH,,4.29. 

(c) The reducing power of the product was 
determined by treating a liquid ammonia suspension 
with an excess of an ammonia solution of silver 
nitrate, and proceeding just as in the case of the 
chromium compound. The mean of four values of 
the reducing power (in gram-atoms of silver per 

(14) E. Colton, unpublished work. 
(15) V. J. Christensen, Ph.D. Thesis, University of Kansas, 1952 
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gram-atom of manganese) was found to be 1.53. 
Since the manganese was oxidized by silver ion to 
the dipositive state, the results of these experi- 
ments pointed toward an initial mean valence state 
of one-half, a figure which is in complete accord 
with the observed reaction ratio and with the 
analytical data. 

(d) The magnetic susceptibility of the reduction 
product was measured. As might have been 
expected of a substance containing manganese in 
the zerovalent state, it was found to  be distinctly 
paramagnetic. When the molar weight was cal- 
culated on the basis of the formula KllMn2(CN)12. 
2NH3, the mean of five values found for the effec- 
tive magnetic moment was 1.25 Bohr magnetons, 
as compared to a calculated value for one unpaired 
electron of 1.73 Bohr magnetons. The discrep- 
ancy, however, is less serious than i t  might a t  first 

appear, since a very slight degree of oxidation of 
the product would appreciably lower the value of 
the effective magnetic moment. Thus a mixture 
of 40 mole % of the zerovalent and 60 mole % 
of the unipositive manganese compound would have 
a theoretical moment of the same magnitude as 
that found experimentally. 

In view of the substantial concordance of all 
four lines of evidence, there can be little doubt that 
the reduction product contains manganese in both 
the unipositive and the zerovalent'state, in a t  least 
approximately the atomic ratio of 1 : 1. Its com- 
position may perhaps best be represented by the 
formula K6Mn ( CN)6.K6Mn( CN) 6.2NH3. 
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A previously described apparatus for the precise measurement of the saturation concentration of slightly volatile solids in 
fluids above their critical temperature has been used to determine the saturation concentration of naphthalene in ethylene 
a t  12, 25, 35, 45, 50 and 60' a t  various pressures. I t  was found that these measured concentrations are, to high degree, de- 
pendent on the pressure and the temperature and that they vary from a tenth of a per cent. to 80% by weight. 

In  an earlier paper1 we reported the solubilities appears to be at 52' and 174 atmospheres.2 Thus 
of naphthalene in supercritical ethylene a t  tem- between the temperatures of the first (11") and the 
peratures of 12, 25 and 35' and for pressures to second critical end-point (52') concentration meas- 
about 110 atmospheres. Since the above publi- urements can be made without the formation of a 
cation, me have measured the second critical end- second fluid phase. In  other words, between 11 
point in the ethylene-napthalene system and it and 52" it is impossible a t  all pressures, for another 
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1.-Pressure composition sections of the system ethylene-naphthalene a t  12, 25, 35, 45 and 50". 
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