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tively large cavities of the WO3 structure. On cool­
ing, the WO3 lattice need not revert to its original 
monoclinic structure because there would now be 
an increased entropy contribution from the mixing 
of empty cavities and cavities occupied by silver 
atoms. If the enthalpy change between the mono­
clinic and rhombic varieties of WO3 is small (and it 

is probably no more than a hundred calories or so) 
and if the doping with Ag produces no significant 
decrease in the vibrational entropy contribution for 
the WO3 structure, then the configurational en­
tropy, though only of the order of 0.09 e.u., may be 
sufficient to stabilize the orthorhombic crystal 
structure at room temperature. 
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The values of AH» for the reactions HgCl n - I + 3 "" + Cl" = HgCL1
+2-" (re = 1 to 4) and Hg + 2 + 4 X " = H g X 1 - ( X - = B r ­

and I" ) in solutions of ionic strength = 0.5 Jiff determined by calorimetric measurements are —5.9, —6.9, —2.2, +0 .1 
— 27.7 and —44.3 kcal., respectively. Coupled with the equilibrium quotient values obtained by Sillen and co-workers, 
and by Marcus, this study permits the evaluation of the entropy changes accompanying these reactions. The abnormally 
positive value of the entropy change in the fourth stepwise mercury(II)-chloride reaction suggests that a decrease in co­
ordination number of mercury(II) occurs in this reaction. With some of the data obtained here in combination with data on 
mercury(II)-bromide reactions reported by Scaife and Tyrrell, one can demonstrate the validity of the Latimer and Jolly 
method of calculating the "replacement" contribution to value of AS0. 

Although it is often assumed t ha t the coordina­
tion number of a metal ion remains constant in its 
complex ion formation reactions, there are cer­
tainly some systems in which this is not the case. 
T h a t the mercury(II)-chloride complex ion system, 
with the reactions 

HgCU + C l - = HgCln
 H 

where n = 1 to 4, may be an example was suggested 
by van Panthaleon van Eck on the basis of X-ray 
diffraction of aqueous solutions containing mer-
cury(II) ion and chloride ion.3 These data3 were 
interpreted in terms of a coordination number of six 
for mercury(II) in the species with zero,4 one and 
two chloride ions, and a coordination number of 
four for mercury(II) in the species with four chlo­
ride ions; a coordination number of five was sug­
gested by van Panthaleon van Eck for the species 
with three chloride ions, although this was admit­
ted to be uncertain.3 b There are theoretical argu­
ments for a distorted oct&he&rzl configuration of 
ligands about mercury(II) .5 

The present paper deals primarily with calori­
metric experiments which establish the values of 
AiI0 for the mercury(II)-chloride complex ion 
formation reactions in aqueous solution at 25°. 
The ionic strength of the final solutions was 0.5 M, 
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(5) L. E. Orgel, J. Chem. SoC, 4180 (1958). 

with the principal cationic contributor being hydro­
gen ion. In all solutions except those in which the 
tetrahalide species formed to a significant extent, 
the principal anionic species present was perchlo-
rate ion. In the interpretation of these calorimetric 
studies, it was assumed t ha t the value of each rele­
van t quotient of activity coefficients was constant 
and had the same value as is appropriate for solu­
tions of ionic strength equal to 0.5 M in which the 
principal cationic species was sodium ion; this was 
the medium in which Sillen6a and Marcus6 b es­
tablished the values of the equilibrium quotients. 
The mercury(II) concentration in the present work 
was less than 0.05 M; it is assumed tha t further dilu­
tion of the mercury(II) species would result in no 
heat effect. The standard s tate for the solute 
species in this s tudy is a hypothetical one molar 
solution in which the ionic strength is 0.5 M. The 
zero superscript when used with AF, AH and AS 
pertain to the s tandard changes in these quantities 
referred to this s tandard state. 

The A5° values can be derived from the combina­
tion of the AJf0 values obtained in this work and 
the AF0 values established by Sillen6a and Marcus.6 b 

I t is anticipated tha t any reaction in which a change 
in the coordination number occurs will have asso­
ciated with it a s tandard entropy change which is 
abnormal compared to the values associated with 
reactions in which there is no such change. The 
big problem is deciding what a normal AS11 value 
would be. The standard entropy changes for a 
series of complex ion formation reactions without 
coordination number change, after appropriate 
correction for the symmetry number factor, may, 
perhaps, be expected to conform to the equation7 

AS0o„r = a - b&Z2 (1) 

w h e r e AZ 2 is t h e s u m of t h e s q u a r e s of t h e c h a r g e s 

(6) (a) L. G. Sillen, Ac(O Chem. Scand., 3, 539 (1949); (b) Y. Mar 
cus, ibid., U , 599 (1957). 

(7) (a) E. L. King, J. Phys. Chem., 63, 1070 (1959); (b) E. L. 
King and P. K. Gallagher, ibid., 63, 1073 (1959). 
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on the products minus the sum of the squares of 
the charges on the reactants. The basis of this 
expectation is the successful correlation of the val­
ues of A5°cor with equation 1 for the first five suc­
cessive aluminum(III)-fluoride complex ion forma­
tion reactions and the first three successive scan-
dium(III)-fluoride complex ion formation reac­
tions.8 It must be admitted, however, that equa­
tion 1 has not yet been shown to correlate the values 
of the entropy change in a series of normal chloride 
complexing reactions; there does not appear to be 
any well-studied system with the requisite number 
of steps. 

Calorimetric studies also have been made of the 
over-all reaction 

Hg + + + 4 X - = HgX 4 - (4') 

for X - = Br - and I~. The AS0 values derived 
from these data and some values for other mercury 
(Il)-bromide reactions reported by Scaife and 
Tyrrell9 allow tests of the Latimer and Jolly 
method10 of considering the AS0 values for complex 
ion formation reactions to include a "replacement" 
effect of predictable magnitude in addition to a 
"charge" effect. 

Experimental 
The Calorimeter.—The calorimeter was, with some 

modifications, that constructed by Dr. K. Schug; this 
equipment and its use already have been described.11 The 
calorimeter was calibrated periodically during the course of 
this work. Fourteen determinations of the heat evolved 
upon dissolving magnesium metal in 1.000 M hydrochloric 
acid gave values in the range 109.6 to 112.7 kcal. /g. atom of 
magnesium; an accurately determined value of this quantity 
is 111.32 kcal.12 Fourteen determinations of the heat 
absorbed upon dissolving crystalline potassium chloride in 
water to give solutions with a concentration in the range 
0.07 to 0.14 molal gave values between 4.15 and 4.22 kcal. / 
mole of potassium chloride; the average of the observed 
values was 4.20 kcal./mole. The literature values of this 
quantity for these concentration extremes are 4.193 and 
4.202 kcal./mole.13 

Reagents.—All solutions used in this work were prepared 
with doubly distilled water using reagent grade chemicals 
unless otherwise specified. The second distillation of the 
water was from an alkaline permanganate solution in a 
Barnstead still. 

The mercury(II) perchlorate stock solution was prepared 
by dissolving mercury(II) oxide in excess perchloric acid. 
The concentration of excess acid was determined by passing 
portions of the solution through a column of Dowex 50 resin 
in the hydrogen ion form. The effluent and washings were 
titrated with base of known concentration. 

In some experiments, a perchlorate of lithium, sodium, 
magnesium or barium was used in place of perchloric acid to 
maintain constant ionic strength. Stock solutions of each 
of these substances were prepared from the appropriate G. 
F . Smith reagent which had been twice recrystallized from 
water. The solutions were standardized by passing portions 
through a column of Dowex 50 resin in the hydrogen ion 
form and titrating the effluent acid and washings with stand­
ard base. 

(8) J. W. Kury, A. D. Paul, L. G. Hepler and R. E. Connick, THIS 
JOURNAL, 81, 4185 (1959). Using the same geometries assumed for the 
analogous aluminum(III)-fluoride species in making the symmetry 
number correction, one obtains &SC0I = 7 — 3AZ2 for the scandium 
(Ill)-fluoride reactions at 2.5° in perchlorate solutions of ionic strength 
equal to 0.5 M. 

(9) D. B. Scaife and H. J. V. Tyrrell, / . Chem. Soc, 394 (1958). 
(10) W. M. Latimer and W. L. Jolly, T H I S JOURNAL, 75, 1548 

(1953). 
(11) K. Schug and E. L. King, ibid., 80, 1089 (1958). 
(12) C. H. Shomate and E. H. Huffman, ibid., 68, 1625 (1943). 
(13) "Selected Values of Chemical Thermodynamic Properties," 

Circular No. 500, National Bureau of Standards, p. 487. 

Experiments in which Mercury(II)-Perchlorate Solution 
was Added to Hydrochloric Acid-Perchloric Acid Solution.— 
In nineteen experiments, samples of 2.00 to 5.00 ml. of 
mercury(II)-perchlorate solution (1.849 M Hg(ClOO2, 
0.526 M HClO4) were added to 300 ml. of perchloric acid-
hydrochloric acid of such a composition that the final value 
of the ionic strength was 0.50 ± 0.05 M. The concentra­
tion of free chloride ion in the final solution was calculated 
from the stoichiometric composition and the appropriate 
equilibrium quotient values.6 The observed evolved heat 
was corrected for the heat of dilution of the mercury(II) 
perchlorate solution into a perchloric acid solution of ionic 
strength 0.50 M, which was found to be —0.9 ± 0.1 kcal./ 
mole. The 10% uncertainty in the value of the heat of 
dilution contributes, in most of the experiments, an uncer­
tainty of 1% or less to the quantity of heat being attributed 
to the chemical reactions. The results of these experiments 
are summarized in Table I . 

TABLE I 

T H E H E A T EVOLVED U P O N ADDING M E R C U R Y ( I I ) PER­

CHLORATE SOLUTION TO HYDROCHLORIC ACID-PERCHLORIC 

ACID SOLUTION 

T = 25.0 ± 0.2° 
Mercury (II) 

id 

2d 

3 
4d 

5" 
6 
7" 
8d 

9 
10 
11 
12 
13 
14 
15 
16 
17 
18 
19 

(mmole) 

9.25 
7.40 
9.25 
9.25 
7.40 
7.40 
9.25 
7.40 
7.40 
9.25 
5.55 
3.70 
9.25 
7.40 
9.25 
5.55 
7.40 
9.25 
3.70 

[Cl-I" 

9.77 X IO""8 

9.77 X 10~8 

2.4o X 10- ' 
2.46 X IO' 7 

2.46 X IO - 7 

2.5o X IO' 7 

6.16 X IO-7 

6.16 X 10~7 

1.0 X IO"4 

1.0 X IO-4 

1.0 X 10"4 

1.0 X 10~4 

1.0 X 10~4 

8.0 X IO-2 

2.7 X I O ' 1 

3.2 X 10"1 

3.4 X 10"1 

4.0 X 10- 1 

4.0 X 10"1 

I = 0.50 ± 0.05 M 
Heat evolved (kcal./mole Hg11) 

na 

0.50 
0.50 
0.985 
1.00 
1.00 
1.01 
1.50 
1.50 
2.00 
2.00 
2.00 
2.00 
2.00 
2.84 
3.59 
3.66 
3.68 
3.72 
3.72 

Obsd. b 

3.O6 

3.O7 

6.13 
6.22 
6 . 2 3 

6.37 
9.42 
9.38 

12.83 
12.85 
12.96 
12.73 
12.89 
14.O0 

15.Oi 
14.36 
14.82 
14.74 
14.72 

Calcd. c 

3.O6 

3.O6 

6 . I3 
6.20 
6 . 2 0 

6.28 
9 .4 i 
9 . 4 i 

12.8 
12.8 
12.8 
12.8 
12.8 
14.0 
14.7 
14.8 
14.8 
14.8 
14.8 

" The values of the molarity of uncombined chloride ion, 
[Cl ~ ] , and the average number of chloride ions bound per 
mercury(II) ion, n, were calculated from the stoichiometric 
composition and the appropriate equilibrium quotient 
values.6 b Corrected for the heat of dilution of the mer-
cury(II) perchlorate solution. ° Calculated using the AH1, 
values given in Table V. d In these experiments, the final 
volume in the calorimeter was 350-360 ml. 

Experiments in which [AHi + AH2] was Evaluated in 
Solutions Containing Different Electrolytes.—Dichloro-
mercury(II) is particularly stable with respect to species 
containing one more and one less chloride ion ([HgCl2] = 
4.1 X 10« X V[HgCl+][Hg^cFT] at 25° and / = 0.5 M6); 
upon bringing mercury(II) ion and chloride ion together in 
the proportions two chloride ions per mercury(II) ion, the 
reaction 

Hg + + + 2Cl - = HgCl2 (2') 

occurs essentially to completion. This reaction is, there­
fore, a convenient one to study for a possible medium effect 
upon the enthalpy change. Experiments of the same type 
as described in the preceding section were performed in 
which the hydrogen ion concentration was 0.1 M and in 
which the perchlorates of lithium, sodium, magnesium and 
barium were used to maintain the ionic strength at 0.5 M. 
With each of these cations as the principal cationic contrib­
utor to the ionic strength, three experiments were per­
formed to determine the heat of dilution of the mercury(II) 
perchlorate stock solution, and three experiments were per­
formed with chloride ion present. The average values of the 
heat of dilution to give a solution with a concentration of 
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mercury(II) of 0.05 M in the presence of lithium ion, sodium 
ion, magnesium ion and barium ion were, in kcal./(mo!e of 
H g " ) , - 0 . 8 , - 1 . 0 , - 0 . 8 g and - 1 . 1 , respectively. The 
experimental values of AHt', which is equal to (AHi + AH^}, 
corrected for the heat of dilution, in the presence of lithium 
ion, sodium ion, magnesium ion and barium ion, were, in 
kcal./mole, - 1 2 . 6 i , - 1 2 . 4 8 , - 1 2 . 5 , and -12.8», respec­
tively. These figures compared directly with those for 
experiments 9-13 in Table I indicate that the value of AH 
for reaction 2 ' shows no appreciable dependence upon the 
nature of the predominant cation in the solution. In the 
interpretation of most of the experiments in the present 
work it was necessary to assume that changing the anion 
which is the principal contributor to the ionic strength has 
no influence upon the values of AHn (n = 1 to 4). This 
assumption, which cannot be checked directly, is given only 
mild support by the results described in this section. 

Experiments in which Hydrochloric Acid Solution was 
Added to Mercury(II) Perchlorate-Perchloric Acid Solution. 
—In each of four experiments, a sample of 1.86 to 10.8 ml. 
of 5.98 M hydrochloric acid was added to 300 ml. of a per­
chloric acid solution containing mercury(II) perchlorate; 
the final ionic strength of the solution was 0.50 ± 0.05 M. 
The heat of dilution of 5.98 M hydrochloric acid to 0 . 1 -
0.2 M in a solution with I = 0.5 M was found to be — 1.535 ± 
0.02 kcal./mole. In these experiments in which hydro­
chloric acid is added to mercury(II) from 20 to 60% of the 
observed evolved heat was due to the heat of dilution. The 
results of these experiments are given in Table I I . 

TABLE II 

T H E H E A T EVOLVED U P O N ADDING HYDROCHLORIC ACID 

TO M E R C U R V ( I I ) PERCHLORATE-PERCHLORIC ACID SOLUTION 

T = 25.0 ± 0.2° I = 0.50 ± 0.05 M 

Mercury Cn) 
(mmole) [Cl"] 
11.10 2.46 X 10~7 

5,55 1.0 X 10-" 
5,22 1.25 X 10- 1 

4.44 1.75 X 10-1 

Yl 

1.00 
2.00 
3.16 
3.36 

(kcal./mole Hg") 
Obsd.o Caled.b 

6.37 

12,62 
14 .4 0 

14.60 

6.2 
12.8 
14.4 
14,6 

" Corrected for the heat of dilution of hydrochloric acid 
into perchloric acid solution. b Calculated using the AHn 
values given in Table V. 

Experiments in which Solid Mercury(II) Chloride was 
added to Hydrochloric Acid Solution.—Eight experiments 
were run in which solid mercury(II) chloride was added to 
hydrochloric acid solution. The heat of solution of crys­
talline mercury(II) chloride in the absence of the effects of 
additional complexing by more chloride ion was determined 
by substituting perchloric acid for hydrochloric acid. The 
results of these experiments are summarized in Table I I I . 

TABLE I I I 

T H E H E A T EFFECTS ASSOCIATED WITH THE SOLUTION OF 

CRYSTALLINE M E R C U R Y ( I I ) CHLORIDE IN ACIDIC SOLU­

TION"-6 (T = 25.0 ± 0.2°) 
Perchloric acid Hydrochloric acid 

Acid, Heat absorbed Heat absorbed 
M (kcal./mole Hgn) (kcal./mole Hgn) 

0.5 3.63 I .67 
1.0 3.34 1.22 
2,0 3.02 0 , P>s 
4 . 0 2 , 4 7 O.Oo 

0 The experiments at 4.0 M HClO4 involved 0.4 to 0.7 g. 
HgCl2; all others involved 1.7 to 3.5 g. HgCl2. ' E a c h 
entry in table is the average of two experiments; the average 
difference between the pairs which were averaged was 0.06 
kcal./mole of Hg11. 

The value of AH for the solution of mercury(II) chloride in 
pure water at 25° obtained from the temperature coefficient 
of the solubility14 is + 3 . 2 kcal./mole. Only the experi­
ments at 0.5 M acid can be compared with the results of the 
experiments reported in Tables I and I I . The net heat 
evolved in 0.5 M hydrochloric acid is 1.96 kcal./mole Hg11. 

(14) R. D. Eddy and A. W. C. Menzies, J. Phys. Chem., 44, 207 
(1940). 

(Using the values of AHJ> and AHi" to be given in Table V, 
one calculates an expected evolution of heat of 2.0 kcal. / 
mole Hg11 for these experiments.) 

Experiments in which Mercury(II) Perchlorate was Added 
to Bromide or Iodide Solution.—Three experiments were 
performed on the mercury(II)-bromide system and the same 
number on the iodide system. In each case the calorimeter 
contained 0.50 JVi" sodium halide. Under these circumstances 
the mercury(II) is present in the final solution predomi­
nantly as tetrabromo- or tetraiodo-mercury(II) ion. The 
final concentration of halide ion was calculated using the 
relevant equilibrium quotient values. The experiments are 
summarized in Table IV. 

TABLE IV 

T H E H E A T EVOLVED U P O N ADDING M E R C U R Y ( I I ) P E R ­

CHLORATE TO SODIUM BROMIDE OR SODIUM IODIDE SOLU­

TION" 

T = 25.0 ± 0.2° / = 0.50 ± 0.05 M 
Mercury(ll) Heat evolved & 

(mmole) [Br"] [I"] (kcal./mole Hg") 

9,25 0.464 . . . 27 .8 
3.7O' 0.485 . . . 28 .2 ,28 .0 
3.7O* . . . 0.485 45 .0 .44 .3 ,44 .7 

0 In these experiments, the total volume of the solution in 
the calorimeter was 350-360 ml. * Corrected for the heat of 
dilution of the stock solution of mercury(II) perchlorate into 
a solution with / = 0.50 mole/1., perchloric acid being the 
principal contributor to the ionic strength. ' Two identical 
experiments. d Three identical experiments. 

Discussion 

The da ta presented in Tables I and I I have been 
used to calculate the values of AHn" (n = 1 to 4) for 
the mercury(II)-chloride reactions. The distri­
bution of the mercury(II) among the five forms in 
which it existed in the final solution in each experi­
ment was calculated using the stoichiometric com­
position and the Qn values. The value of (AHi0 + 
AiI2

0) came directly from experiments 9 to 13 in 
which the final solutions had n = 2.00 and con­
tained very predominantly dichloromercury(II). 
The sum of AiIi0 and AiI2

0 then was resolved by ex­
periments 1 to 8 and 20, the final solutions in which 
contained between 30 and 4 0 % monochloromer-
cury(II) ion and between 9 and 60% dichloromer-
cury(I I ) . The values of AH3

0 and AII4
0 came from 

the simultaneous consideration of experiments 14 to 
19, 22, and 23; the relative amounts of the mer-
cury(II) present as trichloromercury(II) ion and 
tetrachloromercury(II) ion in the final solutions in 
these experiments ranged from 17 to 3 1 % and 
from 12 to 78%, respectively. These derived 
values of AiIn

0 are presented in Table V. 

I t is to be noted tha t each of the first two step­
wise reactions is quite exothermic. On the basis of 
the values of AH0, one would conclude t ha t the first 
two reactions are similar in na ture ; each probably 
involves the replacement of one water molecule by 
one chloride ion with no change in configuration. 
The slight difference in the values of AiIi0 and AH2

0 

is probably a solvation energy effect. The third 
and fourth stepwise reactions are much less ex­
othermic. I t would appear tha t in each of these 
reactions something more occurs than simply the 
replacement of one water molecule by one chloride 
ion. 

Perhaps the relative values of AS0 for the reac­
tions will shed some light on the na ture of these re­
actions. (The absolute values of AS0 are not of in­
terest since these reactions have An 5^ 0, where Aw 
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TABLE V 

VALUES OF AH0 AND A5° AT 25° AXD / = 0.50 M FOR 

M E R C U R Y ( I I ) - H A L I D E REACTIONS 

HgCl„_,+ 3-» + Cl" = HgCU + 2 - " 
n Qo AH", kcal. 1 AS", e.u. 
1 5.5 X 106 - 5 . 9 + 1 1 . 1 
2 3.0 X 10" - 6 . 9 + 6.3 
3 8.9 - 2 . 2 - 3.0 
4 11.2 + 0 . 1 + 5.1 

Hg + + + 4 X - = H g X r 

X - = C l - 1.64 X l O 1 6 - 1 4 . 9 + 1 9 . 5 
X - = B r " 8.9 X 1020 - 2 7 . 7 + 3.0 
X - = I " 7.2 X 1028 - 4 4 . 3 - 1 3 . 4 

° For the chloride system the values of Qi and Qi are those 
determined by Sillen6"; the values of Q3 and Q, are those de­
termined by Marcus.6b The value of Q1' for the chloride 
reaction is the product of the values of Qu Qi, Q3 and Qt 
given above. For the bromide reaction, the value of Qt' is 
the average of the values given by Sillen6" and Marcus6b; 
for the iodide reaction, the value of Qi' is tha t given by 
Marcus.6b ' v a n Panthaleon van Eck3° has obtained —2.5 
kcal. for AHS" and —0.6 kcal. for AHf; from existing thermal 
data, he calculates - 1 3 . 3 for (AA1

0 + AHi0). These values 
and those reported here agree within the experimental 
uncertainties. 

is the difference between the number of solute parti­
cles on the product and reactant side of the chemical 
equation, and the numerical values of ASn

0 depend, 
therefore, upon the choice of concentration scale.) 
Before a sound comparison of the values of AS0 can 
be made, they should be corrected for the contribu­
tion of the symmetry number factor, A50

OOr = AS" 
+ R In crp/o-R, where crp and CTR are the symmetry 
numbers of the product and reactant mercury(II) 
species, respectively. If it is assumed that the first 
two chloride ions added replace two water mole­
cules held in a linear O-Hg-0 arrangement, the 
values of AS°COr for reactions 1 and 2 are 9.7 e.u. and 
7.7 e.u., respectively. This gives a b value of l.o if 
one assumes that the values of ASOor0 for reactions 1 
and 2 are correlated by equation 1. This value of b 
is smaller than the values for the fluoride-complex-
ing reactions,713'8 which is not unreasonable in view 
of the larger size of the ions involved in the mercury 
(Il)-chloride reactions. 

For the purposes of probing the nature of tri-
chloromercury(II) ion and tetrachloromercury(II) 
ion, values of A5°3,COI and A5°4,cor were calculated us­
ing equation 1 fit to A5°i,COr and AS°2,Cor with b = 1.0, 
which fits perfectly, and b = 2.0, an arbitrarily 
chosen alternate value. A summary of the cor­
rected entropy change values so calculated is given 
in Table VI. These values are to be compared 
with the experimental values, both before and after 
correction for the symmetry number factor. A 
comparison of the uncorrected experimental values 
with those calculated using either equation indi­
cates that the value of AS3

0 is too negative and the 
value of AS4

0 is too positive. In making the sym­
metry number corrections, a tetrahedral configura­
tion for tetrachloromercury(II) ion has been as­
sumed; this has been suggested by its Raman 
spectrum15 as well as by the X-ray diffraction 
measurements already cited.3 For dichloromercury-

(15) J . A. Rolfe , D . E . S h e p p a r d a n d L. A. W o o d w a r d , Trans. 
Faraday Soc, 60 , 1275 (1954) . T h e ev idence for a t e t r a h e d r a l M X r 
is m u c h s t ronge r in t h e case of C d I a " t h a n in t h e case of H g C U - , 
for which b u t a single R a m a n line has been obse rved . 

(II) and trichloromercury(II) ion values of a equa 
to 2 and 6, respectively, have been chosen. The 
choice of 6 for trichloromercury(II) ion was dic­
tated as much by the fact that this extreme of the 
possible values will tend to reduce the abnormality 
of the values of A S°3,COr and ASV001. as it was by any 
notion that trichloromercury(II) ion is planar. 
The values of AS°cor for reactions 3 and 4 show the 
same discrepancy from the values calculated using 
equation 1 as did the uncorrected experimental 
values. The conclusion that the value of AS30 is 
abnormally negative and the value of AS4

0 is abnor­
mally positive stands. In the rearrangement which 

TABLE VI 

T H E ENTROPY CHANGES IN REACTIONS 3 AND 4 

AS»cor. -
AS» + R In 

AS0COr, calcd. (eq. 1) OP/OR. 
Reac t ion A.S°(e.u.) la 2& exp . va lue 

3 - 3 , 0 5.7 2.7 - 0 . 8 ' 
4 + 5 . ] 3.7 - 1 . 3 + 6 . 5 ^ 

"Calcd. using AS°COP = 5.7 - 1 . 0 AZ2. b Calcd. using 
AS0Cr = 2.7 - 2.0 AZ2. ' Calcd. using o-H8cis = 2and<rH«cir 
= 6, the extreme values which make AS3

0COr as positive as 
possible. d Calculated using orrgcir = 6 and o-Hgcu" = 12. 
This choice of o-HgCir is the maximum possible value, which 
will make A-SV,!, as negative as possible. 

occurs in reaction 3, there is some tightening of the 
hold on water molecules by mercury (II). In 
reaction 4, on the other hand, there appears to be a 
loosening of the hold on water molecules by mer-
cury(II). Perhaps reaction 4 is correctly repre­
sented as 

Hg(OHj)3Cl3- + Cl- = HgCl4" + 3H2O 
The addition of one chloride ion with the liberation 
of three water molecules would result in an ab­
normally positive value of AS0. The value of AHi" 
also lends some support to this picture; the fact 
that three water molecules are set free and only one 
chloride ion becomes coordinated would tend to 
make the reaction less exothermic. 

The entropy changes in the mercury(II)-chlo-
ride complex ion reactions contribute relevant 
information on the interaction of the mercury-
(II) species with the solvent. Another source 
of such information is the relationship between the 
entropy and enthalpy of vaporization of neutral 
dichloromercury(II). Associated with the process 

HgCl2 (aq., hyp. Im) = HgCl2 (g„ 1 atm.) 

at 298° are values of AH0 and AS0 of 16.7 
kcal. and +• 27 e.u., respectively.16 The point for 
mercury(II) chloride in a plot of AS°vap versus AH°vap 
(e.g. Fig. 3 in the paper by Frank and Evans17) falls 
very close to the normal Barclay-Butler line for 
non-aqueous solutions (AS°vap = 6.5 + 1.1 AH\ap; 
the values of the parameters are appropriate for the 
solution phase and vapor phase concentrations al­
ready used) and thus corresponds to an abnormally 
negative value of AS0

VaP compared to the value 
shown by most non-ionic solutes in water.17 In this 
respect, HgCU in water resembles a water solution 
of the polar solute NH3 and water itself which also 

(16) T h e values were ob t a ined by combin ing t h e d a t a on t h e solu­
bi l i ty and h e a t of so lu t ion of HgCU(C) in wa te r (ref. 14) wi th d a t a 
on t he v a p o r pressure of t h e c rys ta l l ine solid as a funct ion of t e m p e r a ­
t u r e (R. Ruf and W. D . Treadwel l , HeIv. CMm. Acta. 37 , 1941 (1954)) . 

(17) H . S. F r a n k and M . V. E v a n s , J. Chem. Phys., 13 , 507 (1945). 
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have values of AH°vnp and A^vapagreeing reasonably 
well with the Barclay-Butler equation.18 Cer­
tainly ammonia and water both interact strongly 
with water and the present comparison suggests 
that HgCU also does. In this connection, it is to be 
noted that Allen and Warhurst,19 in their correlation 
with dielectric constant of the frequency of the 
Raman line associated with the symmetrical vibra­
tion of HgCU in various solvents, did not feel com­
pelled to suggest specific bonding between HgCl2 
and water; of the solvents they studied, only pyri­
dine and dioxane were suggested to form bonds of 
appreciable strength with HgCl2. Their results 
were, however, taken to indicate a stronger inter­
action of the polar Hg-Cl bonds with water than 
exists with many solvents of lower dielectric con­
stants (e.g., benzene, certain esters, certain alcohols, 
acetone and acetonitriles). 

The Latimer and Jolly approach10 to the predic­
tion of AS0 values for complex ion formation reac­
tions has not been tested adequately for reactions 
involving charged Hgands, for in such cases the 
manner in which the "charge effect" should be 
handled has not been solved. Latimer and Jolly 
consider the "charge effect" to be small, but the 
evidence they cite for this is marred by their con­
sideration of reactions with An ^ 0. By combin­
ing the values of AS0 for certain reactions studied 
in the present work and in the mercury(H)-bro-
mide studies of Scaife and Tyrrell920 one can check, 

(18) Professor H. S. Frank pointed this out to us. 
(19) G. Allen and E. Warhurst, Trans. Faraday Soc, 54, 1786 

(1958). 
(20) The values of AS0 for reactions 3 and 4 in the bromide series at 

/ = 0.5 M are —0.5 and ~ 0 e.u., respectively. 

The cleavage of the P-CF3 bond by halogens has 
been known for some time; for example the bi-
phosphine P2(CF3)4 heated with excess iodine or 
bromine eventually yields all of the CF3 groups as 
CF3I or CF3Br, or (CF3)3P with I2 gives CF3I, 
(CFs)2PI, CF3PI2 and PI3.2 However, these reac­
tions have been carried on only at relatively high 
temperatures and little has been known of their 
intermediate stages. 

Our initial studies of the P2(CFs)4-Br2 reaction 
indicated the formation of the phosphorane (CF3)2-
PBr3 and suggested that the loss of CF3Br from this 

(1) This research was supported by the United States Air Force 
under Contract AF 33(616)-5435 (Subcontract No. 1) monitored 
by the Materials Laboratory, Wright Air Development Center, 
Wright-Patterson Air Force Base, Ohio. 

(2) F. W. Bennett, H. J. Emeleus and R. N. Haszeldine, / . Chem. 
Soc. 1565 (1953). 

using reactions with An = 0, the Latimer and 
Jolly prediction regarding reactions involving com­
plexes with charged Hgands but in which the value 
of AZ- is zero. These reactions are 

B r - + -1 HgCl 0" 2-" = Cl^ + - HgBr 0
+ 2 "" 

a a 

with a = 2, 3 and 4, and 

I- + 1AHgCl1- = Cl- + V4HgI4" 

The Latimer and Jolly approach predicts AS0 

values of —3.3 e.u. for the bromide reactions and 
— 7.4 e.u. for the iodide reaction.21 The experi­
mental values are —5.2, —4.2 and —4.2 e.u. for the 
bromide reactions with a = 2, 3 and 4, respectively, 
and —8.3 e.u. for the iodide reaction. The agree­
ment is probably within the total uncertainty, that 
of the experimental values of AS0 and of the experi­
mentally determined quantities which went into the 
predicted values. (Since the value of AZ2 for each 
reaction is zero, it is expected that the value of AS0 

will be approximately independent of / between / 
= 0.5 and / = 0.) The correlation is good enough 
in any case to suggest that the mercury(II)-bro-
mide and mercury(II)-iodide species involved have 
the same coordination number as the corresponding 
mercury(Il)-chloride species.22 

(21) In making the predictions, the entropy values used were: 
S0Cr = 13.2, 50Br- = 19.3, S°[- = 26.1, ScrCbound) = 8.1, 
SBr"(bound) = 10.9 and Si-(bound) = 13.6 e.u. (These values 
were taken from W. M. Latimer, "Oxidation Potentials," 2nd Ed., 
Prentice-Hall, Inc., New York, N. Y., 1952). 

(22) ADDED IN PROOF.—Scaife and Tyrrell3 have suggested, how­
ever, that tribromomercury(II) ion is the tetrahedral species Hg(OH2)-
Brs-

and other phosphoranes might be the chief mech­
anism for removing the highly electronegative CF3 
group from its bond to phosphorus. This bromine 
reaction seemed best for further study, since iodo-
phosphoranes cannot be prepared at convenient 
temperatures, if at all, and chlorophosphoranes 
tend to be either too stable—e.g., CF3PCl4

3—or ex­
plosive under certain conditions—e.g., (CF3)3PC12.

2 

However, the intermediate bromophosphoranes 
proved to be both recognizable and subject to de­
composition under mild conditions. 

The first step of the action of bromine upon P2-
(CF3) 4 is the virtually quantitative P-P bond cleav­
age 

(CF3)2P-P(CF3)2 + Br2 ^ 2(CF3)2PBr (1) 

T h i s is fol lowed b y t h e a l m o s t q u a n t i t a t i v e c o n v e r ­

ts) W. Mahler and A. B. Burg, THIS JOURNAL, 80, 6161 (1958). 
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The removal of CF3 groups from phosphorus(III) by the action of bromine is understood in terms of formation of the 
phosphoranes (CF3),J5Br5-„, which lose CF3Br in reverting to phosphorus(III) compounds. A number of intermediate 
and parallel processes are recognizable. The transfer of Br2 from (CFs)3PBr2 to (CF3)2PBr, from (CF3J2PBr3 to CF3PBr2 and 
from CF3PBr4 to PBr3 correlates with greater stability for phosphoranes having more Br and fewer CF3 groups. 


