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n 1902, Morse 7 measured the solubility of Agl in Hg(NO,), solutions.

Assuming that only HgI* and no Hgl, was formed, he calculated with the
aid of the solubility product of Agl: [Hg2+] [I7] [HgIt]? = »;* = 0.4 . 10713,
From the solubility of Hgl, in water and in 1 C Hg(NO,), he calculated
[HgL][Hg?*] [HgI*12? = %%, 2 = ki; = 0.016, and by combining this value,
which he considered very inaccurate, with #,, he obtained [Hg?+)[I 12[HgI,]? =
x5t = 107%,

Sherrill 8, in 1903, measured the emf of cells with a Hg electrode in a solution
of Hgl, and KI, concluded that at the concentrations used (0.04—1.00 C KI,
2.5—305 mC Hgl,) the predominant complex is Hgl:", and calculated the
equilibrium constant x, = [Hgl?] [Hg?*]? [I"]% = 1.9.10%0. According to
Frl Hamburger (quoted in 8), the equilibrium constant for Hg,I(s) + 2 I" &
Hg(1) -+ Hgli is [Hel3 ] [I°T2 = 2.02; from this value, in combination with
ko = [Hg2+] [Hg?*] ! = 120, and a single value of %, (not the average), Sherrill
calculated the solubility product for Hg,I, as [Hgj*t] [I"]? = 1.2- 1072, He also
measured the partition of Hgl, between benzene and aqueous KI solutions
(0.050—1.0 C) and calculated values for ¢, = [Hgl% J[HgIL,][I ] ranging
from 5.9 -10% to 31-10%. Of these values for g,, he considered the most prob-
able to be g, = 7.3-10% which together with x, gives »3! = [Hg?*] [I"]* [HgL,]*
= 3.8.107%, thus x», = 2.6-10%. From catalytical measurements of [I7] in
solutions containing 31.25 mC KI and 0—13.15 mC Hgl, and in solutions
with 18—233 mC KI, saturated with Hgl,, he concluded somewhat surprisingly
that at these concentrations the predominant complex is Hg,I5~. The freezing

* Part I—VI, see References 1—8.
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points of solutions with 0.24—0.74 C KI, saturated with Hgl,, could equally
well be interpreted by assuming HglI?~ and Hg,I3~ ions. Abegg and Sherrill ®
have recalculated g, by the same vicious circle as for Br~ (c ).

As far as we know, there are no later measurements of the equilibria
involving Hg?*, Hgl*, and Hgl,, except those recently made at this Institu-
te. The work on the higher complexes is also scanty and contradictory.
By optical methods, Fromherz and Lih1° found ¢, = 1.1.105, and Job !
g;t = 1.2.107% (at 16°C) thus ¢, = 0.8- 108, These three authors considered
only HglZ; as did Malyugina et al.’?2, who computed x», = 1027 from polaro-
graphic measurements.

Garrett 1> measured the solubility of Hgl, in solutions of different [I"].
He could explain his results by assuming both HgI; and Hgl}™ to be present,
with the equilibrium constants [HgI;] [I"] = 0.48 and [HgI;] [I]2 = 35.
If the solubility of Hgl, is assumed to be 1.32 - 107 C (the value accepted by
Garrett) we can calculate g, = 3600, ¢, = 2.7 - 105,

SURVEY

The equilibria between Hg2* and I were studied under the same conditions
as were chosen for previous investigations of Hg2+*—Cl~ and Hg?*—Br~ equi-
libria; 25° C, [H*] = 10 mC, and ionic strength close to 500 mC, which was
achieved by the addition of NaClO,. The apparatus was the same in principle
as in earlier work»®. In the latter part of our work, the thermostat was
placed in a thermostat room.

However, the methods used for studying the Hg?t—ClI~ and Hg?*—Br~
equilibria could not be taken over unchanged. Thus the equilibria involving
HglI; and Hgl? (equilibrium constants x, and x,, definition see Table 4)
could not be studied by means of redox emfs in solutions containing Hg,I,,
Hgl;, Hgl?- and IT; in this case (as later on for the corresponding Br~ equi-
libria) emfs were measured with a Hg electrode in (Hgly, Hgl3, I") solutions.

For Hg?+*~-Cl~ and Hg?t*—Br~ the first two complex products, x»; and x,,
had been obtained by measuring the maximum redox emf during a titration
of a Hg?*—HgZ* mixture with X~, and combining this result with the equi-
librium constants &, = [HgX+]? [HgX,]? [Hg**]™? measured by Sillén and
Infeldt 2. For I this was not possible, since the sparingly soluble Hgl, pre-
cipitated before the desired maximum E had been reached, and since the value
for k,, was so uncertain in this case that an independent check was necessary.
Finally the desired data could be obtained from the redox emf curve using
more complicated formulae than for CI- and Br-.
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The solubility product k, of Hg,I, was calculated from titrations of a Hgs+
solution with I-, using a Hg electrode. The calculations were analogous to
those for Hg,Cl, and Hg,Br,, although the corrections for the presence of
Hg™ complexes were larger than for the other halogens.

The equilibrium constants obtained are listed in Table 4. The equilibria
involving Hg?*, the Hg?*—I~ complexes, Hg2*, Hg,I,, and I" are analogous
to those studied for C1~ and Br~. In addition, a few equilibria involving HglI,(s)
are given.

As a by-product we obtained 4G (25° C) for the reaction Hg(l) + HgI,(s)
-» Hg,I,(s), a figure that should of course be independent of the special com-
position of the solutions in our experiments.

In the following, the experiments will be recorded in an order different
from that followed in the previous parts of this series. The reason is that we
have wanted to present straightforward calculations with as little use as
possible of constants derived at a later stage.

TITRATIONS FOR %, AND x,

We tried to study the redox potential of solutions of Hgly, Hgl3~ and I~
in equilibrium with solid Hg,I,. However, the emf between a Pt electrode in
such solutions, and a calomel electrode, proved to be still less reproducible
than the corresponding emf with Hg", Hg,Br,(s), and excess of Br~.

Thus another method had to be used. By means of a Hg electrode we
measured the concentration of free Hg?* in a solution containing Hgl;, Hgl?"
and I (later on analogous measurements were carried out with Br; they were
described in Part VI ®). In such titrations:

[Hg" ot = & = [HgX,] + [HgX;] + [HgXi] = [Hg>*1X2 (% + %5 X + #,X?)
(1 = VI, 17)

X, = [X7] + [HgX;] + 2 [HgX{] = X + [Hg**]X® (x5 + 2 %,X) :
(2 = VI, 18)

It was necessary to use such concentrations (@ and X) that Hg,X, did not
precipitate. The condition for equilibrium with Hg and Hg,X,:

a = [HgX,] + [HgX3] + [HgX;] = k(e + #sX + #,X?)
(3 = VI, 19)
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gave when the constants were known for X = I, the following maximum values
for a: |X mC, a,,, mC|1 0.014/10 0.29]20 0.93/50 5.03|100 19.1]. Accordingly
higher total Hg" concentrations, @, could be used than for Br.

Just as for Br, the concentration of Hg?* was calculated from

Bt = } (B + E,) + 29.58 log [Hg?t] = 496.95 + 29.58 log [Hg2*]
(4 = ITI, 20)
and the function

a [Hg> X3 = 5, X1 + w5 + #,X = w5 + %,X (5= VL 20)

was computed and plotted against X. Here, too, [HgX,] can be neglected.
As a first approximation we put X= X, —2 a, and from this first diagram cal-
culated approximate values for »; and x,. Then we calculated the correction

2 %, X
X,—X = (HgX;] + 2 [HgX?] = “—%—};%J —2a—a (l+xg' X)7 (6)

We used three values for »,; (0.1; 0.2 and 0.3 mC™), one within and one on
each side of the range that we thought possible. Formula (6) is easily derived
from (2) if [Hgl,] is neglected, which can be shown to be permissible.

In Fig. 1 are plotted the points of (5) for two different titrations for each
of the @ values 0.5, 2, and 5 mC. Those for 2 mC are recorded in Table 1.
The corrections have been made assuming x,x;' to be 0.2 mC™. (With the
other values the differences were insignificant.) From these measurements we
estimated

%3 = (4.0 & 1.5). 101® mC3 = (4.0 &= 1.5)- 10 (3
%, = (6.8 &= 0.3) . 1017 m(C~¢ = (6.8 - 0.3) . 102 C* (7)

It seems that Sherrill 8 found the right order of magnitude for », (1.9 . 103%),
whereas Malyugina’s 1* value (10%?) was too low. In the literature we have
found no direct determination of .

SOLUBILITY OF Hgl,

The solubility of Hgl, (s, red) at 25°C in a solution containing 490 mC
NaClO,, and 10 mC HCIO, has been determined by George Biedermann, mag.
chem., using a colorimetric method 4. He found 0.074 4 0.003 mC, which
value is accepted in our calculations:

s = 0.074 4+ 0.003 mC (8)
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Fig. 1. Titrations for u3 and », (See Table 1), For O and @ a = 0.497; mC; Jand B

a = 1.999 mC, A and A a = 5.049 mC. Calomel electrode G was used in all titrations

except that marked f\, where A was used. Upper line: xg = 5.5 . 1018 mC 3, %, = 6.8 . 10'7
mC % . Lower line: xg = 2.5 . 10'8 mC™3; », = 6.8 . 1017 mC ™4

TITRATIONS FOR b, AND b,

If CI” or Br™ is added to a Hgjt—Hg?* solution, the redox potential rises
slowly to a maximum value, which is attained at the point where [HgX*]
is maximal, and [Hg2?*] = [HgX,]. After this maximum point the redox
potential decreases, first slowly and then with increasing slope 4. From this
maximum emf and the value of %,, obtained previously %, we could caleulate
the values of the first two complex products, %, and x,.

When we tried to make analogous experiments with I, however, there
was a break in the curve E versus v, the volume of I solution added (cf. Fig. 2
where the halogen excess X, is used as coordinate instead of v). The precipi-
tate, which had previously consisted of pure yellow Hg,l, after the break
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Table 1. Titrations for xg and »x,.
Hyg electrode, calomel electrode »G»

8 = 1.99, mC Hgl,, 9.99; mC I~ (100 ml)
T = 1.99y mC Hgl,, 351.4 mC I (v ml)

W4 9. 1946 Dé6. 9. 1946
14 X, X — E mV —log [Hg2*] a [Hg?tT1 X 3mC™3
ml mC mC ) =] "] O ] g1o71e

5.00 26.25 22.62 | (191.9) (190.5) | (23.289) (23.242) | (3.364) (3.015)
10.00 41.03  37.27 208.6  209.25 | 23.854 23.876 | 2.760  2.904
15.00 54.53  50.71 224.2  224.65 | 24.381 24.396 | 3.689  3.821
20.00 66.89  63.05 2354  235.6 24.760  24.766 | 4.593  4.664
25.00 78.27  74.40 243.7  243.95 | 25.040 25.049 | 5.330  5.434
30.00 88.78  84.89 250.4  250.4 25.267  25.267 | 6.044  6.043
35.00 98.50 94.61 255.8  255.95 | 25.449 25.454 | 6.644  6.723
40.00 107.5 103.6 260.35  260.6 25.603 25.612 | 7.219  7.360
45.00 1159 112.0 264.35 | 25.738 7.797

The values for X were calculated assuming x, »g! = 0.2 mC™1. For v = 5, solid Hg,I,
was still present, so the values were not used in our calculations.

also contained red HgI,. Thus at the concentrations a used by us, the point
where [Hg2t] = [HgL,] could not be attained because of the low solubility of
Hgl,. It would have been possible to overcome this by using very low a,
but then the attainment of equilibrium could be expected to be slow and the
potentials unsteady.

We tried instead to get as much information as possible from the broken
curves obtained.

A number of preliminary experiments showed that the attainment of equilibrium was
rather slow. Thus,in the titrations which were performed for the calculations and which
are represented in Fig. 2, the first point was measured only after 2—5 hours, and the

subsequent points each after $—2 hours’ waiting; after these intervals the E seemed to
be constant.

For both parts of the curve we have (cf IV, 7), neglecting the concentra-
tions of I-, Hgly, Hgli~, and soluble I" complexes of Hgit,

[Hgs Lot = [Hed ] + [HeoLolioua (9 a)
[Hg* Jiotar = [Hg®*] + [Hgl*] 4 [HgL] + [HgLla = @ (9 b)

(T ot = 2 [Hgalokeona + [HeI™] + 2 [HgLy] + 2 [HgLlua (9 c)
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Fig. 2 Titrations for by and by, E¥ (standardized, see 3 ) with Pt electrode plotted against X,.

S (100 ml) T (v ml)
Symbol Date mC Hg>* mC Hgit mC Hgl, | mC Hg>* mC I”
A 15. 12. 1947 1.298 20.00 20.01 1.298 100.00
(m} 1. 12. 1947 3.636 30.00 10.00 3.636 100.00
] 9. 12. 1947 3.536 20.00 . 20.01 3.536 100.00
(o) 29. 7. 1947 5.140 7.78 19.00 5.140 47.40
o 17. 12. 1947 5.181 20.21 10.00 5.181 150.00

" The excess of halogen added, X, (which is negative in these experiments),
is defined by

X, = [T ota — 2 [Heg liot — 2 [Hg> Jiotat (10 =1V, 1)

It can easily be calculated from known quantities: the volumes added of

the solutions S and T, and the concentrations in them of the Hg2+, Hg2*, and
I~ ions. From (9) and (10)

— X, = 2 [Hg*"] + [HgI*] 4 2 [Hg3*] (11 = IV, 8)

From the emf measured we can calculate directly the ratio

q = [Hg**P[Hg*]? (12)
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since £ = E,, + 29.58 log ¢ (13 = II1, 3)

Thus each titration provides us with a series of corresponding values of X,
and ¢ for the a in question.
We shall find it convenient to introduce the two equilibrium constants:

ngIz(S) + 2 Hg2+ = Hgy* + 2 Hglt
= [Hg3"] [HgI*]? [Hg?*]2 = «ik, (14)

Hg,l,(s) + Hg?®t =& Hgly(s) + Hg§+
b, = [Hgy*] [Hg* T = khq = xoks? (15)

where k,, is the solubility product of Hgl,:
Hegly(s) & Hg?* + 2 T ky, = [Hg?*] [I]? = ox;? (16)
In the first part of the curve, before Hgl, has precipitated, only the equi-

librium (14) exists, and not (15). If, for brevity’s sake, we denote [Hg?*] by
z, we find from (12) and (14)

[Hg**] = ; [HgI*] = Vbg; [Heit] = 2% (a7
and from (9 b), (11) and (17), introducing the quantity o’

a—[HgLl =2+ Vbg=a (18)
2 x2 —_—
—X, =2 x+‘___qx + Vg (19}

From the definitions of the equilibrium constants it is seen that, in equilibrium
with solid Hg,l,,

(Hg*]  bylHg"] b
(Hehl =k “[Hgry) = T(Hg] T &

bysq
a—Vbg— [Hgl]

(20)

Since, in our experiments, [HgI,] was only a small correction to a, it could
be calculated from (20) with all the accuracy needed as soon as approximate
values of s, b,, and b, were known.
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We eliminate * = a’ — V b,g from (18) and (19) and find

fl = bl—szE (21)
h=—%X,—a —a'%g? (22)
h=1Vq+2qt (23)

The calculations were made as follows:

First f, and f, were calculated by means of (22) and (23) from the known
quantities a, X, and g neglecting [HgL)], thus using a instead of ¢’. In a
diagram the points f,(f,), and a set of lines y = k—aV'k (cf. 21) were drawn.
The k value corresponding to the points of lowest ¢ (where the correction for
Hgl, is negligible) was an approximate value for b,. Now with this value for
b, we calculated an approximate value for b, in the way to be described below.
With these preliminary values for b, and b, we computed the correction [Hgl,]
in (18) using (20). Corrected values a’ were used for calculating f, and f,,
and a new diagram was constructed (Fig. 3). A new approximation was not
found necessary and we concluded

b, = 18.5 & 2.5 mC (24)

For the second part of the curve, after solid Hgl, has appeared, we assume
that the equilibria (14) and (15) both exist. From (12), (14) and (15) we find

[Hg**] = byg; [Hel*) = Vg [Het*] = bjg (25)
and thus with (11)

— X, =2qb+8)+Vog
or

—~Xgt=Vb +20,+8)Vq (26)

From (26) it follows that ¢ should be the same function of (— X,), indepen-
dent of the original Hg™ concentration a. This is fulfilled to a certain extent,
as is seen from Fig. 2, where the latter parts of the various curves E* (X,)

almost coincide. The deviations we are inclined to ascribe to the slowness
with which solid Hgl, and Hg,I, attain their stable equilibrium states and to
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Fig. 3. Diagram for calculating by by means of (21), (22), and (23). The notations

for the points from differen ttitrations are the same as in Fig. 2. Upper line: b, = 16; lower

line: by = 21. On the addition of more I (shift to the right in Fig. 2), f, decreases (shift
to the wpper left in Fig. 3 ).

the inaccuracy in X, rather than to the formation of complexes of other types
than hitherto assumed, e. g. Hg, I3+ or Hg,I*.

In Fig. 4 (—X. 1) has been plotted against V'¢q. The points which should
according to (26) be situated on a straight line are seen to spread consider-
ably. Thus it is quite impossible from this diagram to compute b, and b,
independently. If, however, the value for b, from (24) is accepted, we see
that the experimental points all lie between the straight lines corresponding
to b, = 2.8 and by, = 3.28. We thus conclude

b, = 3.05 - 0.25

In these calculations no special weight has been put on the position of the
peak in g, since the precipitation of Hgl, might have been slightly delayed.

Experimental note: The solution S was mixed by adding first the calculated volumes
of NaClO,, HCIO,, and Nal solutions, then Hg?* solution, and finally Hg2 +. In this way
a yellow precipitate of Hg,I, was obtained, and the emfs were steady. If Hg2+ was
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Fig. 4. Diagram for calculating by by means of (26 ). The notations for the points from
different titrations are the same as in Fig. 2. Upper line: b, = 18.5, by = 3.28; lower line:
by = 18.5, by = 2.8.

added before Hg2t, a greenish mixture of Hg,I, and Hg first precipitated, which did not
change its colour in a reasonable time, and creeping potentials were obtained.

It was important that all solutions added had already been liberated from air very
carefully by nitrogen bubbling before the mixing, since otherwise free iodine appeared.

TITRATIONS FOR k,

The solubility product &, of Hg,I, was determined in the same way as for
Ol and Br~, by adding I~ to a Hg2* solution and measuring £ between a Hg
electrode in this solution and a calomel electrode with 4 C NaCl. From the
first point of the titration, where Hg3* is in excess, the quantity &, is cal-
culated by the equation

B,y = E—29.58 log [Hgi*] = E — 29.58 log (— $X,) + 6E (27 =1III, 12)

where SE is the correction for the amounts of Hg?* and HgX+ present at
equilibrium

OF =~ 12.85 k3l 4 6.42 s kg?V k[Hgit T} = 12.85 kgl + 6.42 K31V b, [HegdtTH
(28 = III, 13)
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By inserting the numerical values for k, and b, with X~ = I~ we find
[Hg3*1, 8E|4 mC, 0.21 mV|1 mC, 0.31 mV|0.25 mC, 0.53 mV|. Before any
I" has been added,6 E = 0.10 mV as usual. These corrections are practically
the same as those calculated from preliminary values in (III, 14).

After the equivalence point there is excess of I~ and

X, = [X7] + [HgX;] + 2 [HgX] ] = X(1 + wakk! + 2 »,kk5'X)

(29 = III, 21)
The quantity E, is calculated from
Eyx = B + 59.16 log X = E + 59.16 log X,—4"E
8"E = 25.7 (nghJig! + 2 wyk k31 X) (30 = VI, 9)
If the numerical values for X~ = I~ are inserted, we find
6"E = 0.27 + 0.093 X mV (31)

The corrections (28, 31) are thus much larger than for CI” and Br~. How-
ever, for the small values of X used by us, the approximations implied in
(28) and (31) are still permissible.

Table 2 gives a titration chosen at random, and Table 3 summarizes our
measurements of E,, and Ky for I". As average value we have chosen

Ey—E,x = —29.58 log k, = 546.2 & 0.3 mV (32)

Table 2. Titration for Eix.

S = 4.68 mC Hg2+, 0.045 mC Hg*+
T = 49.65 mC I

v X, 59.16 log X, E Ex+ O'E &'E Eix
ml mC mV mV mV mV mV
22.80 1.523 10.80 — 123.4 — 112.60 0.41 — 113.01
23.93 1.961 17.31 — 129.75 — 112.44 0.45 — 112.89
24.02 1.995 17.75 — 129.8 — 112.05 0.46 — 112.51
26.24 2.834 26.76 - 138.7 — 111.94 0.53 — 112.47
26.29 2.852 26.92 — 139.0 — 112.08 0.54 — 112.62
29.03 3.845 34.60 — 146.3 — 111.70 0.63 — 112.33
29.07 3.860 34.70 — 146.5 — 111.80 0.63 — 112.43
31.32 4.645 39.46 — 151.2 — 111.74 0.70 — 112.44
33.77 5.469 43.65 — 155.4 — 111.75 0.78 — 112.53
37.16 6.561 48.33 — 160.1 — 111.77 0.88 — 112.65
42.00 8.030 53.562 — 165.2 — 111.68 1.02 — 112.70

Average: Ejx = — 112.6 mV
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Table 3. Measurements of E,q and Ex.

Month Eyy Eix Eip—Er1x

7. 1945 434.8 — 111.5 546.3

3. 1946 433.7 - 112.6 546.3

3. 1946 433.8 — 1124 546.2
11. 1947 433.8 — 112.3 548.1
11. 1947 433.7 — 112.2 545.9
11. 1947 433.75 - 112.7 546.45

Average: 546.2 1+ 0.3
thus log k, = —18.465 £ 0.010
k, = (343 =+ 0.08) - 1071® m(C3 = (3.43 - 0.08) - 10728 C3 (33)

The ‘activity product of Hgel, at 25° C has been determined previously by
Sherrill® (1.2 - 10728) and by Brodsky and Scherschewer 3% (5.0 - 102°). From
Bates and Vosburgh’s 16 data, Latimer!” has computed 4.5 - 107, Thus
‘the product of the ionic activity factors in our solutions would be about 0.13
for Hg,l,, as compared with about 0.11 for Hg,Br, * and 0.09 for Hg,Cl, ©.

DISCUSSION

_ Frcm the results above we obtain, using (14) and (15),

%, = Vbt = (1.35 = 0.5) - 1012 1
2y = bysi?! = (6.6 - 0.6) - 102 C2
kyp = bibptst = 82 + 14 - (34)

Thus Morse 7 and Sherrill 8 found values of the right order of magnitude
(Morse », = 2.5 - 103, x, = 10%; Sherrill », =~ 2.6 - 10%). The value 115 - 25
was found for k,, by Sillén and Infeldt 2 under conditions identical with ours
We consider our value to be more accurate, though the limits of error overlap

‘We can moreover calculate:

gy = g %3t = ngh,b3ls™t = 6100 + 2400 C1
gy = %, %31 = 2k b3lst = (1.03 £ 0.11) - 108 C2 (35)

Fromherz and Lih’s value for g,, (1.1 - 105)19, is of the same order of magni-
tude as ours but not Job’s (0.8 - 108)11. A number of equilibrium constants
derived from our measurements are listed in Table 4.
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Table 4. Summary of equilibrium constants.

Reaction

Hg?+ 4+ I” & Hglt

Hg?*+ + 2I" & Hgl,

Hg?t+ 4 Hgl, & 2Hgl*

Hg?+ + 31" = Hgl,

Hg?t + 41 = Hgl2~

Hgl, + I" = Hgl,

Hgl, + 21" « Hgl2~

2Hgl, = Hgl*+ + Hgly

HglI,(s) = Hgl,

Hgl,(s) + 1" =& Hgl,

Hgl,(s) + 21" = Hgl2™

Hegly(s) = Hg2* - 21

Hg,ly(s) +2Hg* 2 Hg2 + + 2HgI*
Hg,l,(s) + Hg?+ = Hgly(s) +Hg3 +
Hg(l) + Hg?t = Hg2+

Hg,Iy(s) = Hg(l) + Hgly
Hg,T,(s) + I = Hg(l) + Hgl;
Hg,Iy(s) + 217 = Hg(l) + Hgl}~

log of equil. const.
(C scale)

12.866 4 0.028
23.818 + 0.040

1.914 + 0.067
27.602 + 0.138
29.832 + 0.019

Equilibrium constants

#, = Vbl = (1.35 + 0.5) 10271
%y = bysk,1 = (6.6 + 0.6) 1023 2
kg = bybgls™l — 82 4 14

%3 = (4.0 £ 1.5) 10¥ C73

%, = (6.8 + 0.3) 102 ¢4

g1 = #gkbzls1=6100 + 2400 C! 3.784 4 0.144
g =24kb31s1=(1.03+0.11) 105 C2  6.014 + 0.044
xgb3kEb3% 2 = (6.8 + 2.8) 1078 — 7.168 + 0.152
s =(74+03) 105 C — 4.131 + 0.018
ugh b3l — 0.45 + 0.18 — 0.347 + 0.143
x,kebgl = 76 + 8 C! 1.883 + 0.040
k, = (3.43 + 0.08) 10728 C3 — 27.465 + 0.010
b, = 0.0185 + 0.0025 C — L.733 £ 0.055
by = 3.05 + 0.25 0.484 + 0.034
kg = 129.2 + 1.0 2.111 4+ 0.003
sbykigl = (1.75 & 0.16) 1078 C — 5.758 + 0.039
xgkg? = 0.0105 + 0.004 — 1.974 + 0.138
xylegkg! = 1.80 + 0.1007L 0.256 + 0.022

Our equilibrium constants for Hgl,(s) + I~ = Hgl;, and Hgl(s) + 2 I =
Hin‘; 0.45 4 0.18, and 76 4- 8, can be compared with Garrett’s 13: 0.48 and
35. Our equilibrium constant for Hg,I,(s) + 2 I~ = Hg(1) + Hgl3", 1.80 &+
0.10 is not far from Hamburger’s 8 value 2.02. It should be remembered that
our measurements refer to a constant ionic strength larger than that usually
used by these previous workers.

In addition, our measurements permit us to calculate a value for 4 @
for the reaction between Hg metal, solid Hgl,, and solid Hg,[,.

We have studied the two

equilibria

Hg2+ 4 Hg(l) = Hg3t; [Hgdt] [Hg?*]! = ko, = 129.2 4 1.0

4 G,

—RTInk, (I, 18 = 36)

Hg?* + Hg,l,(s) = Hg3* + Hgly(s) ; [Hgi*] [Hg?*]™ = b, = 3.05 & 0.25

4G, =

—RTlnb, (37)

Here, 4 G, means 4 @ for the reaction in question at 25° C with [Hgi*] = 1
mC, [Hg?*] =1 mC, and the ionic medium used in our experiments. By

combination we find
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Hg(1) + Hgly(s) - Hg,ly(s) (25°C) .
AG=—RTInky+ RT In by = — RT In 10 (log ky—log b,) = — 5.708
(1.627 & 0.034) kj = — 9.29 & 0.19 kj = — 2.22 4+ 0.05 keal (38)

This value should be quite independent of the ionic medium and only
influenced by temperature and pressure. Obviously HgI, is not stable in the
presence of metallic Hg.

SUMMARY

By electrometric measurements, a number of equilibrium constants in-
volving Hg?*, Hgl*, Hgl,, Hgl;, Hegl:, Hgly(s), Hg2t, Hg,Iy(s) , and Hg(l)
have been determined and listed in Table 4. They are valid under the special
conditions 25°C, [H*] = 10 mC, ionic strength 500 mC.

For Hg(l) 4+ Hgly(s) - Hg,I,(s), 4 G (25°C) = —9.29 £+ 0.19kj =

= —2.22 4 0.05 kcal

In a concluding paper, the results of this paper and the previous parts I—

VI of this series will be discussed and visualized by means of diagrams.

Our thanks are due to Magister Sirkka Hietanen, Mr. Erik Ekedahl, and Mr. George
Biedermann for their valuable aid.
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