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CHAPTER I
IRTRODUCTION T0 THE PROBLEM

In the chemical literature there exist many discrepancies
in the values reported for such useful thermodynamic proper=-
ties as the standard free energy of formation and soclubllity
product constant of many of the important metal sulfides.
(See Table 1)« A review of the development of solubility
product constant data ngkoa c¢lear how such inconsistencies
have arisen. The early work in this fleld was done just
after the turn of the nineteenth century. Two pespers during
this period, one by ibigoll and one by Bruner and vaadakiz,
are especially significant. Their data were quoted in nearly
all textbooks of inorganic chemistry and qualitative analysis
until 1831, at which time Kolthoffd made a critical study of
the available solublility product constant data of metal sule
fides and completely discredited their results. Kolthoff ob=-
tained a better set of constants by correcting the results of
various other early investigations for hydrolysis of the sule
fide ions Although Kolthoff ! s paper in 1931 made a bilg step
forward by eliminating ridiculous values for the consatants of

10. Wweigel, Z. physik. Chem., 58, 294 (1907).

(1008) L. Bruner ana J. Zavadski, Z. anorg. Chem., 85, 136
.

S1. M. Kolthoff, J« Phys. Chem., 35, 2711 (1931).



TABLE I

SOLUBILITY PRODUCT CONSTANTS OF METALLIC SULFIDES FROM VARIOUS SOURCES

Source

Solubility Product Constant

BlgSs

Sns

¥nS

Wis

Zns

Handbook of Chem.
and Physe. Cheme.
Rubber Pube. CoOs,
1947

- - -

1.4 X10™*®

1.4% 0™

1.8X10™%®

Oxidation Poten=-
tials Istimer

1.6X 10772

8X m"‘ﬂ’

5.6 X 10728

S X10™es

4 X1078se

Quante. Inorganic
Anal. Kolthoff
and Sandell

1.6 X107 7®

7 X107

l.1X10787

7 X10™8e

The Theory and
Practice of
Semimicro Qual.
Anal., Helsig

1.6 X1077®

A -

5.6 X 10738

3 X0

4.5 X 10%¢

Geéneral Inorganic
Chemistry, Sneed
and Maynard

- - -

. o

5.6 X 10™2e

S X108

Introduction to
Qual. inasl.
lﬁalton and Sorum

14 X 10™"

1.4 X 107R¢

l.2 X 107=s
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several sulfides, he made no new experimental measurements
and admitted the need for more reliable experimental data.

In 1936 Btvita,4 with the ald of new activity data, made
a mumber of recalculations of old electromotive force measure-
ments to obtain a new set of wvalues for the solubility product
constants of several metal sulfides, The use of activities in
his recalculations resulted in an improvement over Kolthoff's
values, but Ravitz, like Kolthoff, made no new experimental
m@aluronnhts.

Solubility product constant and free energy of formation
data for the metal sulfides were again reviewed in 1938 by
Latimer® in his book QOxidstion pPotentials. Best values
were chosen by Latimer from all work reported previous to
1938, ILatimer’'s book slso contains some new data on free
energles of formation ealculated by combining available heat
of formation date with somewhat questionsble 6st1mat§a of
entropy data in the Third-Law calculation. A detailed erite
icism and evaluation of all work previous to the study de-
seribed in this thesis are presented in Chapter II.

Because present data on free energy of formation and
solubility product constants of the metal sulfides are both

inconsistent end based on very old experimental data, & new

481 F. Bo.vitz, l‘ Phys. M” 40, 87 (1956)0

SW. M. Latimer, "Oxidation Potentiall," Prentice~
Hall Inc., New York, 1938, p. 178,



study using modern techniques is amply justifled. Because
metal sulfide precipitates are often colloidal® and because
the solubility of these sulfides 1s so low, ordinary physical
and analytical methods are not applicable to a direct deter=-
mination of the solubility product constant. Therefore, a
more relieble thermodynamic approach was undertaken in this
study. The standard free energy of formation of silver and
mercury sulfide was determined from electromotive force
measurements of suitable galvanic cells, and the solubility
product constants ollculatid from the fres energy measure-
ments. This study 1s part of a large program extending to
6ther metal sulfides and to other thermodynamic properties.




CHAPTER II
REVIEW OF THE LITERATURE

Three general methods of approach have been used by past
investigators for obtaining the free energy of formation and
the solubility product constant of the metal sulfides. These
three general methods are ThirdeLaw calculations, equilibrium
studles, and electromotive force determinations. They will
be discussed in this order for silver and mercury sulfides.

SILVER SULFIDE

Standard Free Inergy of Formation. Latimer’ calculated
th§ standard free energy of formation of silver sulfide us~
ing a Third-~Law calculation. In this calculation he used
5,500 cal/mole as the standard heat of formation of silver
sulfide, reported by Bichowsky and Roaaini% and 35 e.u., as
the entropy value of silver sulfide, reported by Kelley®.
Latimer obtained -7600 cal/mole as the standard free energy
of formation of silver sulfide from this Third-Law calculation.
In a 1like manner, using Thomsen's? value for the standard heat

of formation and the same entropy value (35 esu.), he calcu-

lated the standard free energy of formation of silver sulfide

1!. M. Latimer, /Oxidation Potentials,” Prentice-Hall
Incs, New York, 1938, p. 178.

gn. Bichowsky and F. D. Rossini, /The Thermochemistry
of the Chemical Substances,” Reinhold Publishing Corperation,
New York, 1936, p. 78.

5%, K+ Relley, Us3+ Bur. Nines Bull., 406, 63 (1937).

5 ;Thomsen, 7 The rmochemische Uhtersuchungen,” vol. IV,
(1886).



to be =9,000 cal/mole.

These Third~Law calculations sre in poor agreement with
each other because of the inconsistency of heat of formation
data listed for silver sulfide. However, these calculations
are ridiculous, even if reliable heat of formation data had
been used, because Eblléy calculated his entropy value from
the equation AF® aAH" = T A8° which contains the free energy
of formation of silver sulfide as one of its terma. It 1s
ebiieaa that any calculation of the free energy of formation
of silver sulfide involving Kelley's entropy value will be no
more correct than the free energy value Kelley used in deters
mining the entropy value.

Kelley in his entropy calculation used 8,580 cal/mole
for the free energy of formation of silver sulfide, which 1s
& welghted mean of the work of Jellinek and Zakowski,®
Watanabe,® and Keyes and Felsing,” These investigators in-
dependently studied the equilibriﬁm involved in the reduction
of silver sulfide with hydrogen gas at high temperatures
(above 450°K)s From thelr measurements they calculated the

S + Hg = HgS + 2
equllibrium constants for the reaction Aga ' . Ag

Sk. Jellinek and J. zakowski, Z. snorg. Ghem., 142, 1
(1925).

(1%3?”' e tanabe, Ms.z Heports Tohoku Imp. Unive, £2, 902

: 7
F. 8., Keyes and W. A. Felsing Chems Soce, 42
246 (1920). T M f: sy



at various tampofaturosa

Aecording to Kelley,® two forms of silver sulfide exist:
the low tempersture or «<form existing below 448° X eand the
high temperature or fform existing above 448° K. Jellinek
and Zakowski, Watanabe, and Keyes and Felaing nll‘nndn their
equllibrium studles above the transition point andeerc
therefore working with the high temperature form and not the
low temperature form encountered in qualitative ﬁnnlyaiu-

The absence of very detalled heat capscity data makes cal-
culation of the standard free energy of formetion of silver
sulfide at 25° from these high temperature data not com=
pletely reliable.

Kokichi® also studied the reaction Age8 + Hy = 2Ag + HgS
at varlous temperatures between 490° and 660° K. ¥From his
equilibrium measurements he calculated the free energy of the
reaction 2Ag + Spnombic) = ASeS at 25° to be ~9,736 cal/mole.
Kokichi!s value for the free energy of formation of silver
sulfide would also be for the high temperature form. The
seme eriticism as was applied to the data of Jellinek and
Zakowski, Watenabe and Keyes and Felsing could be applied
to Kokichils data also.

8relley, op+ oit., p. 64.

'ng Sano, Science Reports Tohoku Imp. Univ., First Sec.,
25, 187-96 (1936). _
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The standard free energy of formation of silver sulfide
was determined by Noyes and F:eedlo by measuring the equil-
ibrium constant of the reactions

AgaB(g) + 2H',I"(4n water) = 2AgI + HeB(4, water) 2% 25°
Cs. The standard free energy change of the reaction is related
to the equilibrium constant by the equation A F® = «RT 1ln K.
The mesan equilibrium constant, as derived from their exper=
imental data, was 964, Using this value for K in the equa-
tion, the free energy change of the reaction was calculated.
From thls free energy change and from the known free energles
of formation of the other compounds involved in the reaction,
the free energy of formation of silver sulfide was calculated
to be =9,425 cal/mole. It should be remembered that the re-
~lationship between the standard free energy change of a re-
action and the equilibrium constant of this reasction is valid
only when the equilibrium constant 1s determined by using
activities and not concentrations. Noyes and Freed in thelr
calculations of the equilibrium constants used concentrations
and not sctivities.?! For this reason, their value of the

I'ree energy of formation of silver sulfide should not be
welghted too heavily.

104oycs and Freed, J. Am. Chem. Sati; 42, 476 (1920).

1 )rthur Cole, "Electrochemical Determination of the
Thermodynamic Properties of Silver and Mercury Sulfides,”
g;:gor'a gheaia, Brigham Young University, Provo, Utah,

» Pe T 3
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Noyes and Freedl? also determined the standard free
energy of formation of silver sulflde by electromotive force
measurements of a galvanic cell. They found the free energy
of formation by this electrochemical method to be =9,558 cal/
mole for silver sulfide. This electrochemical method will
be disecussed in more detail in a later chapters

Kapustinsky end Makolkinl® repea@ed the eleectrochemical
determination of Noyes and Freed and boportad the standard
free energy of formation to be =9,510 cal/mole.

The electrochemical method of Noyes eand Freed was also
repeated by Kimural? who listed -9,542 cal/mole as the stan=
dard free energy of formation of silver sulfide.

Jellinek and Czerwinskil® calculated the free energy of
formation of silver sulfide from electromotive force measure-
ments of a galvanic cell of the type M,M8 lna,gl\aorarenco
electrode to be =8,160 cal/mole. This ﬁethod, also, will be
dineulde& in more detall in a later chapter.

- Jellinek and Cgzerwinski's determinations were all csrried

lzneyes and Freed, op. clte, pe 476,

13Kapusti d Mekolkin, Acta. tosanin. T e B o,
X No. 2, 250 (1989)s n, Acta. Physlcochim. U. R. 8. &

(,_m’;‘“- Kimurs, Sclence Reports Tohoku Imp. Unive, 1, 24, 259

15
K¢ Jellinek and Js Czerwinski physik, Chem
438 (1936). ’ v & t Mk
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out at 10° and not at the more conventional 256° C. Also,
a8 pointed out by Ravitz, 16 the concentrations of the sulfide
ion used in their calculations were probably incorrect.
Jellinek and Czerwinski!s calculations mey be further drit-
icized because they used concentrations and not activities
in thelr calculation of the free energy change of the cell
reaction.

Ravitzl7 recalculated the results of these investigators
by correcting the sulfide lon concentrations, using the lon=
ization constants of hydrogen sulfide and water to make these
corrections. He also made use of more recent nctivity data
in his recalculation. However, since Jellinek and Czerwinski/s
data were all at 10° C., Ravitz had to convert his results to
25° by use of the Van't Hoff equation 1n Ne=AH (T4 = T
This calculation involved an assumption that Anxis SSnlznnt
over the 15° temperature range. From this cslculation Ravitz
reported «9,930 cal/mole for the standard free energy of fore
mation of silver sulfide.

Solubility Product Constant. Latimerl® reported the
solubility product constant of silver sulfide as 1 X 10"*
This velue corresponds to 9,500 cal/mole as the standard

183, F, Ravitz, J. Phys. Chem., 40, 65 ueas).

14, p. 67
18ratimer, op. gite, D« 315,
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free energy of formation of silver sulfide, which was se-
lected by him as the best value for the free energy of
formation of silver sulfide. He selected this value from a
survey of all the avallable data, but gave more welight to
values obtained from electromotive force measurements.

Woigallg attempted to meesure the actual solubility of
a8 number of metal sulfldes, including silver sulfide, by
electrical conductence measurements. He reported 5.5 X 10™7

as the solubility of silver sulfide in water. Kolthoff,EO
commenting on Weigel's solubility measurements, salds

Weigel's work on the electrical conductance of sate
urated solutions of metallic sulfides cannot be corrects
The solubllity of most sulfides in water 1s so small that
in many ceses the conductivity of the saturated solution
is much smaller than that of the purest (ultra pure) cone-
ductivity water. At such extremely small solubilities,
the econductance measured in the saturated solution in
contact with the solid body must be mailnly attributed to
slight impurities, which are very hard to wash out from
precipitates of a colloidal nature, and to surface cone-
ductance of the solid particles. Inother factor which
has to be considered is that sulfides are easily oxidized
by the oxygen of the alr. In Weigel's work no indication
is found that he performed his experiments in the absence
of oxygen and, therefore, it 1s quite posaible that he
measured the conductance of the metal hydroxides formed
by oxidation of the sulfides.

Weigel, in his calculations, assumed that hydrolysis of the
sulfide ion was complete, as shown hered

8% 4+ HgO = He8 + 208"

199, weigel, Z. physik. Chem., 58, 294 (1907).
201, M. Rolthotf, J. Phys. Chem., 35, 2711 (1931).
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This assumpticn 1s greatly in error because nearly all the
sulfide 1s hydrolyzed by water only to the bisulfide.?l 1t
is evident from the foregoing discussion that no weight should
be given to values listed by Welgel for the solubllity of the
various metal sulfides.

Bruner and Zewadski®2? attempted to messure the solubility
of silver sulfide by studying the equilibrium of the resction

AgaS & 24g* 5°
at a known acidity end hydrogen sulfide concentration. They
reported 3.4 X 1™ nolda/iiter as the solubility of silver
sulfide in water, The difficulty involved in uoa#urins low
concentration in solution makes thls method not very useful
and susceptible to large error for very slightly soluble mee-
tal sulfides such as silver sulfilde. Results obtained by
this method are based on concentrations rether than sctivi-
tiea,andvthua further error is introduced.

B11tz%° determined the solubllity of silver sulfide by
the use of the ultramicroscopes In his determination he
mixed very dilute solution of silver ions and sulfide ions
together very slowly while looking through the ultramicro-

séope to observe at what concentration the first particles of

“l g,

th Bruner and J. Zawadski, Z. anorg. Chem.
136 (1908). 5 . 82

3w, Biltz, Z. physik. Chem., 57, 288 (1907).
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the precipitate formed. He assumed the water to be saturated
with silver ions and sulfide ions when he could see the first
particles of precipitate with the ultramicroscope. He listed
9.0 X 1077 mole/liter as the solubility of silver sulfide in
wa ter.

This direct method of measuring the solubility of
slightly soluble metal sulfides can certainly be questioned.
First, there must be a minimum number of particlqa formed to
be visible with the ultramicroscope and this minimum number
is not a constant, but depends on the particle size.<% Se-
cond, 1t 1is entirely possible that supersaturation may have
taken places Third, hydrolysis of the sulfide ion was come
pletely ignored. Biltz!s value should be disregarded be-
cause of these errors.

Jellinek and Czerwinski®® reported 5.7 X 10™°* and
1.2 X 107%° as values for the solubility product constant
of silver sulfide. fThese values are based on calculstions
from free energy of formation data, as dotermine& by these
investigators from measurements of the electromotive force
of galvenic cells.

Ravitz®® uged the experimental data of Jellinek and

24xolthore, op. eit., pe 2711,

29 Jellinek =nd Czerwinski, gp. cit., De 438,
265&71155, Ope clte, pe 67,
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Czerwinski to calculate the free energy of formation of
silver sulfide at 25°, as discussed under standard free
energy of formatlon of silver sulfide at the beginning of
this chapters From this free energy value and the known
free energles of silver ion and sulfide lon, he calculated
the free energy change of the reactions
AgeS = Agt + &,
Then from the free energy change of the reaction, he cal-
culated the equilibrium constant of the resction which is
the solubility product constent. He listed 3.28 X 107°®R as
the solubility product constant of silver sulfide by these
enlculctions. |
Benfeld,27 Lucas,®® and Enox,?? each independently de-
termined the solubility product of silver sulfide by electro-

motive force measurements similar to those of Jellinek and

and czerwinsk1,3° end obtained the following values respec-
tively: 148 X 107%°, 2.2 X 107%%, and 3.9 X 107%9,
Kapustinsky and Makolkin®l calculated the solubility

271 Benfeld, Z physik. Chem., 25, 46 (1898).
28R, Lucas, Z. snorg. Chem., 41, 193 (1904).

#%3. Knox, Z. Hleotrochemle, 12, 477. (1906).

5°Jallinek and Czerwinski, op. cit., p. 438,
alxapuatinsky and Makolkin, op. cit.,.259.
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product constant of silver sulfide from its free energy of
formation as determined by electromotive force measurements
of a galvanic cell of the type used by Noyes and Froed.sg
They reported 5.9 X 10™®® as the solubility product constant
of silver sulfide. ‘ ) :

Using the free energy of formation value of silver sule
fide that was obtained from electromotive force measurements
of a‘beua and Fruod?iype galvanic cell, Kimuraa%alculatad
840 X 107®2 g5 the solubility product constant of ailior
‘nulfidOo

MERCURIC SULFIDE

Standard Free Energy of Formation. Letimer®® 1lists
-8,800 cal/mole as the standerd free energy of formation of
mercuric sulfide. He obtained this value from a Third-Law
ealeulation by using -10,700 cal/mole as the heat for fore
mation of mercuric sulfide, as reported by Bichowsky eand
Rossini,®® and by using an estimated entropy change of
«643 esus Latimer's value for the free energy of formation

of mercuric sulfide can be criticized because of the uncertainty

52)Noyes and Freed, gp. git., ps 476,
aaubyes and Freed, ops cit., pe 478.
a‘xiunrl, ope ite, pe 7.

S5 atimer, ope oit., pe 305,

36B1chowsky and Rossini, op. cite, P+ 70s
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of the heat of formatlon value used. and because the entropy
, ehangs used 1s & questlonsble estimates
Rinuo?v made extonéive equilibrium measurements, ine-

volving mercurlc sulfide in the reaction

O M) 5 Mie) o,
His study showed the existence of two forms of mercuric sule
fide, the transition point for the two forms being at 650° K.
He reported -12,340 cal/mole as the free energy of formation
of the low tempersture form. ;

?olnben,aa end Jellinek and Zakowski®® independently

studled the reaction

HgS + Hg = Hg + HeS
at temperatures above 600°, Kblley,‘o in discussing the
measurements of these investigators, sald:

No reasonably rellable calculations may be made from
these measurements, but they indicate even lower values
of the heat and free energy of formation of mereuric sul-
fide than do the figures of Rinse.

Kellay‘l calculated the free energy of formation of mer-

curic sulfide from the solubility product econstant reported

575, Finse, Rec. trav. ghim., 47, 28, (1928).

38pg1abon, . BOGC. ; " " %
i (1901).'“0“ Bull. soc. chim. Belg., ser Lm&&.

5ga'elnnek and .akowskl, op. git., pes 1o

0%e11ey, op. git., p+ 63,
4
Tmig.
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by Khox,‘z and from the known free energies of silver, silver
ion, sulfur, and sulfide ion. Knox calculated his solubllity
product constant from electromotive force measurements.
Kelley's caleculated value for the free energyof formation of
mercuric sulfide was reported as ~10,330 cal/mole.

llakolkin48 determined the free energy of formation of ‘
mercuric sulfide electrochemically by using a galvenic cell
of the typel

Pt,He | KCl(o,01mole) | ¥C1(o,0mole) \533‘388’55°
The chen1§a1 reaction of the cell is
Hg8 + Hg = Hg® + Ho8,

From the stendard electromotive force of this cell, it 1is
possible to calculate the free energy of the above chemical
reaction. It is then possible teo calculate the standard
free energy of formetion of mercuric sulfide, using the free
energy change of the reaction and the known free energies of
the other substances involved in the reaction. He reported
«10,470 cal/mole as the standard free energy of formation of

mercuric sulfide.

Solubillty and Solubllity Product Constant. The solu=-
bility of mercuric sulfide was listed by Welgel?‘ as

“Brnox, ope clte, pe 477,

431, A. Makolki + Phys. « Us 8+ 8¢ Ro,
18 (1942). olkin, J. Pays. gheme Us S+ S+ Rs, 18,

Yye1gzel, op. cit., p. 294.
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G.4 X 10°® mole/liter, and by Bruner and Zawadski?® as

6+3 X 107%7 mole/liter. The work of these investigators
has been discussed in connection with the solubility of sile
ver sulfide, and will not be discussed further at this point.
Treadwell and SQhaurelbergor45 studied the equilibrium
of the reduction of cinnaber and metacinnabar with hydrogen
gas 2t temperatures between «100° and 400° K. They reported
0s7 X 10™%® as the solubility product constant of mercuric
sulfide as cinnabar, and 0.3 X 10"°* as the solubility proe-
duct constant for mercuric sulfide as metacinnabar,
Knox47 reported 3 X 10™%¢ as the solubility product
constant of mercuric sulfide calculsted from the free energy
of formation of mercuric sulfide, as determined from electro-

motive force measurements.

45 ' :
Bruner and Zawadski, op. 21&;, pe 136,

‘6W¢ Ds Treadwell and F. Schaurelborgor, gg;_ Chim.

Actas, 29 (1946).
477, Knox, Z. Electrochemle, 12, 477 (1906»
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CHAPTER IIIX
THEORY OF TiE ELECTROCHEMICAL METHOD SELECTED
‘Pha me thod selected for use in this study consists of
the accurate measurement of the electromotive force of
various simple galvanic cellss From this measured poten~
tial the standard electiromotive force was calculated, and
from this standard electromotive force the standard free
energy change of the cell reaction was obtained. Thorrrao
energy of formation of thelnntal sulfide was calculated
using the standard free energy change of the reaction, and
the solubility product constant was determined from the free
énntgy ef-farmation of the m&tal‘aulfidn. The thermadynamic
equdiians relating these different wvalues will be developed
below from fundamental definitions.
DERIVATION OF EQUATIONS ‘
Derivation of Equation Relatins the Standard Free Energy
Change and the Equilibrium Constant of g Reaction. The
thermodynamic property P, known as the free energy, 1s de-
fined by the expression
F=H«TS, (1)
in which H is the heat content, 8 the entropy, and T the
temperature of the system.
The free energy, F, is & function of the tempersture,

pressure and components of the system, or mathemeatically
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stated 1is

F:][(T, F)/ﬂ/ Ml}—-- "m":'—_—>J

in which ny 1s the first component, ng the second component,
and ny 1is the “1th"component. Taking the total differential
of F glives

LR RE)E 3R

+(__o>F)m + (QF)
SATY I A YR T &m 3 % CM¥A ’ (2)
The tem@F ) T pm .18 known as the partial molar free energy

A
of the 41th eonntituont end is represented by the symbol F .
The partial molar free energy,Ff, for the ' 1th component is
equal by definition to the chemical potentialyu;, for this
same camponentg'therafore,

QEX =F =i

MAT PR (3)

Substituting the chemical potontialepu, into equation (2)

results in the azyresaion

AE=(B509T - QE)AF 4 M, on, 4=

F/'\'M -
2 Tl/"\,,m;

(¢)
If the system 1s held at constant temperature end pres-

sure, equation (4) now becomes

A’: :/xlq VL”/ -+/AxaaoLﬂ i L -

and if the system is at equilibrium, the free energy change

is gzero, so that

OIF‘—'/U“/J""/"F/(A: ”(/“J+'-- = 4 (5)
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Consider a perfectly general reaction represented by

Va4 YaB - RN C A+ VyD+---
taking place in a closed system at a given temperasture and
pressure and having been allowed to reach a state of equil-
ibriums Now suppose an Infinitesimal chsmge 1s allowéd to
take place in the system so that the reaction goes just slightly
toward completion. During this infinitesimal change a(m A
moles of A anddm,moles of B are transfommed intodn moles of
c and.,L,‘Dnolel of D« The free energy change accompanying this
transformation will be given by equation (5) as

JF: (/(f(cd/r\c_‘i‘/a,oalmp+‘"')— (/U-AA’V‘A + Mg ‘l”‘rs 4"')-
Now writing V/ V. ---, I,
aLnA,oLng--_ Amn. dnp —-- — the expression becomes

dF - (VSMC'*' un'o"'r“ﬁ" (Vidkat Yo ligH ~eix )=0. (&

Then the free energy charge at constant tempersture, pressure,

Y. ,- -~ for the guantlties

and composition of a reaction at equilibrium is given by the

AFipw= éVx/(M M:O (7)

the heat constant, H, i1s defined by the expression

equation:

H=E + PV. (8)
Combining equation (1) with the equation defining heat content
gives "
F=E«~TS + PV,
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Differentiating this equation gives the expression
dF = dE « TdS « 34T « PAV + VdP ,
and for an infinitesmsl stage in a reversible process
involving only work of exp#aaion,
| dF = V4P - 84T .
Then at constant temperature

£ AEL

Differentiating this with respect to ny4 gives the expression

and

..___-——&:‘F = __a__l{- = V :
c-)PaMA Q')/{IA' " (9)

Equation 3 defined the chemical potential as
<QF) 2

am": T.f,m ‘A
Differentiating this equation with respect to pressure gives
J E . 9k, =50
AmidP or
Comparing this result with oquntion (9) one may see that
QP

The equation of state for any constituont, 1, or ] mlxture of
ideal gases may be written as
in which Pi is the partial pressure due to n, moles of the

ith constituent. Gquation (12) may be rearranged into the



form _
V = n:RT )
Py

and then differentiating with respect to n, at constant

temperature and pressure gilves

RT ;
(CD/Y}ABT, V ; (13)

W
If all the pressure change 1s due to the 1th cons tituent,

P in equation (1l) may be replaced by Py« Then combining
(11) and (13) gives

Q.L) Al

o)-Pa Fa
or upon rearranging

dw = RT ””D = R Td LB

On 1ntogration this glves
* o .
= + RT/L’\)'\a (14)
in whiehi'is the integration constant. For real gases Py
'nly be replaced by Fy, the fugacity of the *1th’ constituent.

This modification would change the value of the integration

conatantz

A ’-‘-/00;/4 RTAn o (15)
Then since the fugacity is proportional to the activity, the
expression could be writtent
._/{/(J.O_{.RT/L.«\J‘ (1)
in which ‘1 reprcsents the activity of the component X g
which can be a substance other than a gas. Combining with



24
equation (7) and (16) gives

SV = S Yol 4 RT S Yo o i =00

Then wupon rearrangement

0
SVilly = RT4Ve And, -
Dividing through by RT gives
QY;‘“ = SV idinde -
For the general reaction
VA, B+ -—--2= Vo C+Y, D+~

the equilibriun conut;nt K 1s defined by the expression

g dﬁv, éd =K (18)

Equation (18) uxprassod in logarithmic form 1is

? ikt = ik 19)

Combining equations (17) and (19) gives

é_y’_'é(_'t_io: s K

which upon rearrangement gilves

~ SVl = RTLAK - (20)

Combining equation (7) and (20) gives

= - RTAInK. (21)

This equation makes possitie the calculation of the equil-

ibrium constant of a reaction if the standard free energy



change accompanying the reaction 1s knowne
. the Standerd Elestro-
motive Force and the Standard Free Energy Change. The term
A, called the work function, 1s defined by

A=T - 78, ' (22)
in vhich E is the internal energy, T the temperature, and 8
the entropy of the system.
Conslder a change at constant time from en initial state, ine
dicated by subseript 1, to the final state, indicated by 2,
Ag = Ay = Eg =~ Ey -~ T (8g =~ 8;)

AAE ’AE!‘ - TAS (23)

By definition,

A8 = Spev, 3
-_ (24)

where Qprey, 18 the heat taken up when the change is carried
out reversibly.
Combining equations (23) and (24) gives

AAg = AEp = Qpgy, (25)
According to the first law ofthomodynmiea

OB = Qpgy, = Wpey, » (26)
in which Wp,,y, 1s the total reversible work obtainsble in the
glven change.
Combining equations (25) and (26) gives

= bDAg = Wpey, (27)



Combining egquations (1) and (8) gives

F.E=-T8+ PV (28)
Combining equetions (22) and (28) glves
&F = A + PV- ‘ (29)

For a process taking place at constant pressure the equation
can be written
AFp =04Ap + PAV , LT
and if the process is carried out at constant Temperature, also,
the equation takes the form :
“AFpp = Wyoy, = PAV ,
The term W,,, = PAV represents the reversible work, other
than pressure volume work. This quantity 1s referred to as
the net work, and is represented by W ;..“
: /
“AFpr = ¥ rovs (31)
In general, the toﬁi’:‘ done, rogai'dleu of 1ts form, 1is
equal to the product of & generalized force, frequently re-
ferred to as the m&z factor, snd a generalized dis-
placement, frequently referred to as the gspacity factor.
The net work, or the work other than pressure volume work,
of & reversible galvanic cell at constant tempersture and
pressure is equal to the electromotive force of the cell
times the quantity of electricity that passes through the

cell, or mathematically:

W reve = 8 7€ (32)
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in which € is the electromotive force of the cell, n the nume-
ber of Faradsys, 7 the Faradey, and W ;ov. 1s the work other
than pressure volume work. The potentialf 1s the generaliged
force or intensity factor, and the gquantity of electriclty ‘
passing through the cell, n7, is the generalized displacement
or capacity factor.

If€ 1s expressed in int, volts, and if 1s expressed in

int. ecoulombs, the work done, W s will have the dimen~

rev.
sions of int. volte-coulombs or int. Joules.

Combining equations (31) and (32) gilves

F=-ny&° (83)

This ecquatiocn makes possible the calculation of the stan-
dard free energy change éccompanying the cell reaction if the
stendard oleétromativo force of the cell is known.

Derivation of Equation Relating the Measured Electro-
motive Force and the Stendard Electromotive Forse. Combining
equations (16) and (7) gives

SVlki =S¥ 4 RT 4V b di
Therefore,

“AF = AF° 4 RT £ ¥a lndi
Considering the general chemical resction

b4, Baemm= o C Y, BHoae

and referring to equations (18) and (19) one cen write

(54)



28

ot X
S s = bk = o Git e

Combining this expression and equation {(34) gives

A% J(p.
AF = AF°+ RT An o (353

Combining equations (33) end (35) and rearranging terms

B o RTL,.JAD-
| CS Cf G A ﬁg (36)

This equation makes possible the calculation of the

glves

standard electromotive force of a reaction taking plece in
a galvanic cell 1if the measured electromotive force is
known.

Derivetion of Eguation Relsting the Free Inergy Chance
of g Resctlon and the Free Energy of Formation of the Sub-
stances Involved in the Reaction. Equation (6), which has
been previously derived, gives the relationship between the
free energy change of a chemical reaction and the free energy
of formetion of the substances involved. This ecuation could

be expressed in the form
[SF}nuwﬁmw)" éiﬁ& Produeh) éizaF}ﬂMwllwﬁ)'

DISCUSSION OF CELLS OF THE FIRST TYPE

(37)

The first cell selected for study was a cell of the
type

PL:Ba(p atm.)| B (x mo1.) HaS (o oim. )2 HSsH

(x ol.)




29
which had been previously employed by Noyes and Freed,l
Kimure,® and Kapustinsky end Makolkin.® The chemical re=-
action taking place in this cell is

W) * ®a(p atm.) = BeS(p atm.) * M(g)

The aymbol M &s used here represents eny metal.

This particular cell is an 1ldeal one experimentally
for three reasons: First, the cell reaction is indepene
'dont of pressure because the same number of moles of gas
appear on both sides of the eguation. Second, the electro-
motive force of the cell is independent of the conconfrt-
tion of hydrochloric acid because the concentration of the
acid solution is the same in both half-cells. Third, using
the same concentration of hydrochlorie acid solution in both
half-cells precludes any possibility of & liquid junction
potential between the two half-cells.

CALCULATIONS FOR CELLS OF THE FIRST TYPE

Standard Electromotive Forces The relationship between

the standard electromotive force and the measured electro-

motive force of this cell is given by egquation (36)

lNoyes ana Freed, J. Am. Chem. Soc., 42, 476 (1920).

2 _
G« Kimur : . : ?
ser. 24 1, 77 (mgs.ésmzmw Izpe Univ.,

SAs F. Kapus tinsky and,IQ A. Makolkin, Acta
Physicochim. U. Re S. 8., X, lo. 2, 259 (1939).



=g RT Lo s x A A
J #E fro X Amsd
which was previously derived on page 25, The activities of

the pure solids, metal and metal sulfide, are taken as unity
by convenitions The equation then reduces to
Ha§
(_(:Ea“%}“ o, ‘ (38)

To calculate the standard electromotive force from the
measured electromotive force 1t is now necessary to know
the fugacities of hydrogen and hydrogen sulfide gases under
the conditions of the experiment. ﬁaing‘the eritical tem- ;
perature and pressure values listed in Internetionasl Critical
zghgggf for these gases and the temperature (208,1° K) and
pressure (650 mm.) at which the experiment was carried out,
one ¢an calculate the reduced temperature'and pressure. These
values used, together with generalized fugacity curves, show
the activity coefficlents of both gases to be very nearly
unity. The ratio of the fugscities, as calculated by the
above me thod, 1s close énough to unity to make any correc=
tion due to slight differences in fugacity less than exper-

imental error. If the ratio {(HgS) is unity, the term

Hg
Ez,ln'é{g‘?liin equation (38) become zero, and the standard
n? H.

electromotive force ias equal to the measured electromotive

force of the cell.

g *Internstional Gritical Tebles, vol. III, (1928),
Pe 248, |
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Standard Electrode Potentiasl. The standard electro=-

motive force of a cell is equal to the algebraic sum of the
standard electrode peotentials of the two electrodes. Then,
since the standard electrode potential of the hydrogen elec-
trode (the electrode used as a reference electrode in this
particular cell) is equal to gero by definition, the stane
dard electromotive force of the cell is equal to the stane-
dard electrode potential of the electrode M, MS, HgS«

Standard Free inergy of Formation. The standard elecw

tromotive force of a chemical resction taking place in a cell
is related to the free energy change of the reaction by
equation (33): AP® = « n7c€®
Using this equation and the calculated standsrd electromotive
force, one can calculate the standard free energy change of
the reaction. The free energy change of the reaction 1s re-
lated to the free energy of formation of the metal sulfide by
the expression: -

AP (reaction) = ¥’ (mys) *4F () = AP (yg) =4 F%y) o
The free energy of hydrogen gas and of the free metal are

taken as scré by conventlion. The equation then reduces to
L i
4 F° oys) "AF.(H,s) 'Ar._(rn;cticn) .

The fréo energy change of the reaction is csleculated from

standard electromotive force deta, and the free energy of

formation of hydrogen sulfide 1is known aceurately and listed
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in the chemical literature.® Having these two values 1t is
possible to calculate the free energy of formation of the
metal sulfide from the above eguation.

Solubility Product Constants The very slightly soluble
metal sulfides dissolve in water to give a saturated solu=
tion, acecording to the equation:

us = u** 4+ 3= ,
The free energy change of this reaction is given by the

expression:

4 F'(:t'uai:.i.on) 'AF°(H**) +AP°(S§3AF° (us) *
The free energy of formation of the MS can be ealculated as
was shown under the section on standard free energy of for-
mation. The free energiles of formation of the metal lon and
the sulfide lon are reliably listed in tables.® These values,
when substituted into the above equation, make possible the
calculation of the free energy change of the reaction. The
equilibrium constant of the reaction is related to the free
energy change of the reaction by equation (21)

AF® =« RT In K

With the free energy change of the reaction known, the
equilibrium constant can be calculated. This equilibrium
constant 18 the thermodynamic¢ solubility product constant

8
We M, Latimer, 'Oxidation Potentials !, Prentice~
Bill Corporation, New York, 307 (1938).

SLatimer, op. cite, pps 305-307,
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based on the activities of the lons.
~ DISCUSSION OF CELLS OF THE SECOND TYPE
The second cell selected for study was a cell of the

type
' M, IS) 3'(a-vuriable)llu°”mal calomel.

The chemical reaction taking plece in the M, MS a’(aavariable)
half=cell 18

M+ 8% = N8 + 2o ,
in which M represents any metal and e represents an electron.
This particular type of cell was previously studied by
Jellinek and Czerwinski’ as well as a number of other ine-
vestigators.

This second type cell is not as desirable as a cell of
the first type because this cell involves the use of a salt=
bridge, which does not leave the cell entirely free of ligquid
junetion potontiai. nother disadvantage of the second type
cell, as is obviously seen below under the section on calcula~-
tions, is thet the calculation of the standard electromotive
force from the measured electromotive force of the cell is
much more complicateds For these reasons results obtained
from cells of the first type should be weizghted higher than -
those of cells of the second type; however, the caleulations

on the second type cell involve no unreasonable assumptions

e, Jeliinek snd J Guerwineki, Es shasil -Guams
108, 438 (1936). 3 8wl
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and should produce a fairly good check on the first type
cell.

, CACLULATIONS ON CELLS OF THE SECOND TYPE
Standard Electromotive Force. The relationship between
the standard electromotive force and the measured electro-

motive force of this type cell 1s given by equation (38):

=/ + BT 1n A(us)
& é n¥ A(u*) x A(g™)

Then since the activitles of the pure sollids, metal and metal

suliide, are unity by convention, the equation reduces to

C 36’ +%1n A(g=)
In order to calculate the standard electromotive force from
the measured electromotive force, one must know the activity
of the sulfide ion.

The sulfide ion in this second type cell was provided
by sodium sulfide solutlions of varying concentrations. De=
terminations on silver sulfide were made in sodium sulfide
solutions of the following concentrations expressed in moles
per liter: 0.1, 0,05, 0.01, and 0,008 At concentrations
lower than 0.0056 molar the observed electromotive force of
the cell was very erratic, probably due to the large internal
resistance of the cells Solutions of higher concentrations
were not used because they fall outside the limit of appli=-
cation of the Dobye-ﬁackal theory, which will be applied in

a number of subsequent calculations. In determinations made
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on mercuric sulfide, the concentration range was more re-
stricted because the sulfide coating on the Hg, Hgs | §°
electrode would not persist in sodium sulfide solutions more
concentrated than 0.01 molar. The lack of stabllity of the
ﬁg. HgS | 8% electrode in concentrated sodium sulfide solu-
tions 1s probably due to the fact that these solutions are
very strongly baslc because of the hydrolysis of the sulfide
ions This hydrolysis will be discussed in more detail below.
Determinations were made on mercuric sulfide in the
following approximate concentration of sodium sulfide solu~
tion: 0.01, 0.0075, 0.0060, and 0.00256 moles per liter.
When the salt, sodium sulfide, 1s dissolved in water,
hydrolysls takes place according to the reactions:
(First Hydrolysis) NagS+ HgO = Na* 4+ OH" + Na* + HS”
(Second hydrolysis) HS™ + Hg0 = HgS + OH"
(Total hydrolysis) NagS + 2Hga0 = 2Na® + 20H™ + H,.S
The equilibrium constants of these reactions, which are

the hydrolysis constants, can be written:

(Pirst hydrolysis) Kn, = Aoy~ x Agg=
; Ag=
(Second hyarolysis) K, = AEQS x Apmp~
Augs~
(Total hydrolysis) Ky = AQH-® x Ap_s
Ag=
- where Ky,, XK , and Ky represent the first, second, and total

hydrolysis constants respectively, and A represents the
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activity of the various subscripted ions and molecules. Any

substance that e&ppears unchanged on both sides of the hydroly~-
8is reaction has been omitted from the sbove hydrolysis ex-
preaaionk, and the activity of the water term 1s teken as
unity in sccordance with the chosen stendard state.

It has already been stated that it 1s necessary to know
the exact activity of the sulfide ion in the cell in order
to convert measured olectécmotive force to standard electro~
motive force. If the hydroxide and bilsulfide ilon sctivities
vof the sodium sulfide solution could be obtained, 1t would
then be possible to calculate the activity of the sulfide ion
by substituting these activity values and the known value of
the first hydrolysis constant, Khi,s into the oxprcuaién given
above for the first hydrolysis. This procedure was the one
followed in calculating the sulfide ion activity. The hydrox~
ide and blsulfide ion activities of the sodium sulfide solue
tion were calculated from data obtained from two separate
titrations, and by use of the Debye-Hickel theory.

The sodium sulfide solutions were not made up to an
exsct molelity because the sodium sulfide eryatals (Nagt *» 9HgO)
were very hygroscopic and could not be weighed exactly. If

sodium sulfide is made to undergo & complete hydrolysis by
the addition of hydrogen ions, there will be two hydroxide

8Latimer, op. gite, ps 65.
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ions formed for every molecule of sodium sulfide hydrolyzed.

The hydroxide lon concentration of the completely hydrolyzed
sodium sulfide solution was determined by the following
neutralization titration: A definite smount of aodiﬁn sul-
fide solution was measured out in a pipette and transferred
to a beaker., An excess, but measured smount of sulfuric
acld, wes added to this solution from a burette. The solution
was boiled carefully for five minutes to expel any hydrogen
sulfide gas in the solution. Then phenolphthalein was added
as an indiecator, and the acid back titrated with standard
sodium hydroxide solution. This titration gave the concen~
tration of the hydroxide ion when the sodium sulfide was com-
plotalj hydrolized and the concentration of the sodium sule
fide solution, which is half as much as the hydroxide ion if
the salt is hydrolized completely.

There 1s only a very minute amount of sulfide ion in the
sodium sulfide solution. However, this small amount of sule
fide ion is in equilibrium with the bisulfide ion and if this
sulfide 1s removed from the scene of action, more bisulfide
will change into sulfide until finally all the bisulfide will
be changed over,

The bisulflde lon concentration was determined by an
oxidationereduction titration on the sulfide ion. A definite
amount of sodium sulfide solution was measured out in a plpette

and transferred to a besker. An excess, but measured smoint of
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approximately one per cent solution of caleium hypochorite
was added from & pipette. The mixture was made acid and an
excess of potassium lodide was added. This sclution was
back titrated with standard sodium thiosulfate solutionj no
indicator was needed: A blank determination was then made.
The chemistry involved in this determination will be illu~
strated by the reactions:

8" + 4 0C1™ = 50, + 4 C1*
001" + 2I~ + 28% = I, + C1™ + Hg0
28,05~ + Ig = 5,0 + 2I"s

This titration mskes possible the calculation of the
bisulfide ion concentration.

Recalling the equations for the hydrolysis of sodium
sulfide, one can see that the hydroxide ion concentration
from the first hydrolysis is equal to the bisulfide ion
concentration, which 1s equal to the amount of sodium sule
fide that w111~unggrgo Just the primary hydrolysis. There
is, howevor,'a\cer£ain smount of the sodium sulfide that will
undergoe complete or total hydrolysis. This amount can be
caloulnted’by-aubtracting the amount that will undergoe Just
the primary hydrolysis from the total amount present. Now,
since each mole of sodium sulfide that hydrolizes completely
will give two moles of hydroxide 1on,‘the hydroxide 1ion
concentration formed from the conplet? hydrolysis can be

calculateds The total hydroxide ion concentration of the
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solution can now be caleuleted by adding the hydroxide lon
concentration obtained from the first hydrolysis to that
obtained from the compléte hydrolysis,

Through reasoning of this kind the total hydroxide ion
concentration of the sclution was ecalculated. With the
hydroxide and bisulfide ion eoncontrétiona knoyn, it now
becomes necessary to know the activity cocefficlent of these
ions 1& order to calculate their activities. (The ratio of
the activity of a substance to 1ts concentrstion 1s the ac-
tivity coefficient). The Debye-Hilckel 1limiting law equation 7
was employed to calculate the activity coefficient of these
jons. fThe limiting law equation 1s°

Y_Azzv;:
171 | + OBV

where Yy is the mean sctivity coefflcient, # 1s a known con-
stant, equal to 0,509 for water as solvent at 25° C, U 1s the
ionic strength, : is the mean distance of closest aspproach
of the ions in the solution and B 1s a constant involving
universal constants together with the dielectric constant
and the temperature. B 1s equal to 0,33 x 10@ in water as a

o
solvent at 25° ¢, and by taking an average value of a as

98. Glaultone,"Thernodynamies For Cheniutaf’ D+ Van
Nostrand Co., New York, 1947, p. 418.

L
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©
S x 10",10 the product aB is approximately unity. The
limiting law equation for water as a solvent at 25° may be
written

Y:AZ*Z’W
/Lgi e A

The lonic astrength,M; must now be known in order to calculate
the mean ionic activity coefficient of the lons, The lonic
strength is half the sum of the terms obtalned by multiply-
ing the molality of each ion present in the solution by the
square of its valence. usmco all the concentrations of the
various lons in solution are known from the two titrations
discussed above, the ionic oirongth<onn be calculated. Then,
by the use of this fonic strength value and by the use of
known constants, the limiting law equation can be employed
to calculate the activity coefficlents of the ions.

The product of the setivity coefficlent and the con-
centration of the hydroxide ion iz equal to the sctivity of
the hydroxide lon, and the product of the activity coef-
fielent and the concentration of the bisulfide lon isequal
to the activity of the bisulfide ions The equilibrium ex-

pression for the first hydrolysis of sodium sulfide 1s

Kh. aAOH.XAKS. .
1 As=

e ST
M1bia, pe 420,
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Using this expression, and the calculated sctivities of

hydroxide and bisulfide lons, and by the known hydrolysis
conatant,lg the activity of the sulfide ion may be calculated.

The apyropril;a form of equation (36) for this particu-
lar halfecell reaction 1is

€ =€ + T 1n kg ,
Using this equation and the calculated sulfide ion aetitvity,
it is poassible to convert measured electromotive force to
standard electromotive force,

Standard Electrode Potential., As has alroady‘ been
stated, the standard electromotive force of a cell is equal
to the algebralc sum of the astandard electrode potentials of
the two electrodes. Then, since the electromotive force of
the half=~gcell resction,

8+ M- M3 + 2 ,
was the only electromotive force considered in the convere-
sion of measured electromotive force to stenderd electro-
motive force, the standard electrode potential of the elec~
trode ¥, MS '5‘ 1s equal to the standard electromotive force
ealculated above.

Standard Free jnergy of Formation. The free energy of
formation of the metal sulfide can be calculated from the

18 s tiner, oD+ 8lts, De 65,
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free energy change of the c¢ell reaction, and the free energy
change of the cell reaction can be ¢slculeted from the stane
dard electromotive force by the same general procedure as
was employed in making simllar calculations on a cell of the
firat types

Solubility Product Constant. The e¢slculation of the
solublility product constant of the metal sulfide from its
free energy of formeation 1s identical wiﬁhrthat used for a

cell of the first type.
DISCUSSION OF CELLS OF THE THIRD TYPE
The third cell selected for study was a cell of the

type _
Ag, AgaS '5’ ) 8= l NS, N .

The chemical reaction taking place in the cell is

28 (s) + MS(g) = M(s) * AsaS(s) »
where M, as used here, represents any metal. This third type
cell i1s an originel cell, and has not been reported in the
ch«nianl literature as being used to determine the free
energy of formation of any metal sulfide.

This particular type cell is theoretically desirable
because all the substances involved in the cell reaction are
pure sollds, 4lso, the concéptration of the sulfide lon in
each halfecell 1s the same and thereby eliminates any chance
of liquid junction potential.
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CALCULATIONS ON CELLS OF THE THIRD TYPE
Standard Hectromotive Force. The relation between
the standard electromotive force and the measured electro~

motive force of = cell 1s given by equation (36):

E =g - Blln A(u) x A(AgeS)
A(ag)® x A(us)

The activity of the pure scllids are taken as unity by con-

ventions Then, since all the cubatancu Mvolved in the

cell reaction are pure solids, the term R‘!’ in A(m) x A(Ag.s)
n;z ‘(As) x A(Es)

equal toc zero and the measured electromotive force bezomes

equal to the standard electromotive force, or
e

Standard Electrode Potential., The standard electro-
motive force of a cell is equal to the algebraic sum of the
standard electrode potentials of the two electrodesa. The
standard electromotive force of the cell can be calculated,
as shown above, and the standard electrode potential of the
electrode Ag, As,.s/ 8= can be obtalned from calculetions
made for a cell of the second type. The standard oléctrodo
potential of the electrode M, us] 8= could be ecalculated by
taking the algebralc difference of these two potentials.

Standsrd Free Inergy of Formation. The free energy of
- formetion of the metal sulfide can be calculated from the
Ifree energy change accompanying the c¢ell resction, and the

free energy change of the cell reaction ean be caleulated
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from the standard electromotive foree by the same general
me thod used to calculate these values In cells of the first
two types. However, the free ohorgy of formation of silver
sulfide must be known in order to make these ealculations.
The free energy of formation of silver sulfide could be de=
termined by one of the first two type cells dlscussed above.

Solubllity Product Constent. The solubility product
constant of the metal sulfide can be ‘calcnlatcd from its
free energy of formation by the identical method used to
¢alculate this value in cells of the first two types.



CHAPTER IV

SOLUBILITY FROM SOLUBILITY PRODUCT CONSTANT DATA

From & practical point of view, 1t is of interest to
the chemlist to know the solublility in water of the slightly
soluble metal sulfidess An attempt will be made in this
chapter to point out the difficulties involved in calcula-
ting the a;ount of dissolved metasl sulfide from the solu=
bility product constant and to suggest methods of improving
this ealculation. J

Consider a slightly soluble substance of the type'AB
which dissolves in water, according to the reaction

AB 2 A% + B,
whose solubility product constant expression 1is
K= Ap+se x Ag= ,

The usual method of calculating the solubility 1s to take
the square root of the solubility product constant. The
solubility is ecual to the square root of the solubility
product constant in this case because for each molecule of
AB that dissolves there will be one cation, aA**, and one
anion, B®, formed and the solubility product constant 1s
the product of these two iouns.

The above method of ecalculating solubility from sol=-
ubility product constant data cannot be applied to a
slightly soluble compound such as mercuric sulfide, which
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dissolves in water, according to the reaction

' Hgs & Hg™ + &
because both the mercuric and sulfide lons will be hydrolyzed
by water. The hydrolysis will decrease the amount of mercuric
and sulfide lons, and as a result more mercuric sulfide will
dissolve. At equilibrium, the concentration of the mercurie
and sulfide ions in solution will not be the same, and a&s a
result the solubllity will not be equal to the square root of
the solubllity product constant.

In order to calculate the solubility from the solubility
product constant, the hydrolysis of this salt must be taken
into account. If s special case is considered in which the
solution 1s distinctly acid, the hydrolysis of the mercuric

~~ lon will be negligible, but the hydrolysis of the sulfide ion
will be apprecisble. The sulfide ilon hydrolyzes according to
the reactionsi
(First hydrolysis) 8= + Hg0 = HS™ + OH"
(Second hydrolysis) HS™ + HgO = HgaS + OH
(Total hydrolysis) S™ + 2Hg0 = 20H™ + HgS
The hydrolysis constant for the first hydrolysis, K, , 1s
defined by

Kn, = Ams= X Aop- ,
Ag=
the hydrolysis constant for the second hydrolysis, ‘h.' is

defined by
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K, = Aaas x Ao~
Ans=

and the hydrolysis constant for the total hydrolysis, Ky, is
defined by
Ky = Aoa*. x 42;& "
Ag=
- in which A is the activity of the variocus subscripted ions.

The water terms have been omltted from these expressions be-
cause the activity of the water is taken as unity by conven=-
tion, The product of the two constants ¥y, end Ky 1s an-
other constant Ky, as shown by the following equation:

xht Kh‘ = Agg~ x Agg- Ag.s x AQK" = AOB" x “Kﬁ = Ky « (39)

Solving the expression for the sulfido ion activity gives
2
Ag= = AQH-: x Ay HeS (40)
H

Recalling the solubility product constant expression for
mercuric sulfide,

Ks.p, = AHgt+ x Ag= ,
and solving this expression for the mercuriec ion activity
gives

AHg'OW = KS;PO . (‘1)

The lativity of the mercuric ion is oqual to the solubillity ‘?
of marcuric sulfide because for each molecule of marourie
sulfide that dlissolves one mercuric ion goes into solution.

Now, combining equations (40) and (41) gives
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Agg++ = solubility of Hgs = Ks.p, Xm . (42)
Apog~" x Ag.g : R

By definitioen,
Ky = Ag+ x dop-
- in which Ky 1s the dissociation constant for water. Solving
for the activity of the hydroxide ilon gives

Agg- = Su_ |
Ag+

Then combining this expression with equation (42) gives

¥ Agg*+ = solubility of Hgs = K3.p, An+" XKy .  (43)
AHg8

Hydrogen sulfilde dissoclates in water solution sccorde
ing to the reactions:
Hed 2 HY » HS™ (2)
HS* # Bt + 58" (1)
and the ionization constants of these reactions are
Ky, = ARt x Aus-
Amgs

Ki;"ﬂ“"ﬂ' *
HS™

The relationshlp between X,,, %4, and Ky 1s given by the

equations

= Ag* x Agy™ = Ags= x AoE” = Kn;
1, An* x Ag= s=

or

= K'
a X1, (44)
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The rélationship between Rp,, Ky and Ky 1s glven by the

equationt

%:'akg"‘_x Aga;uAst AQﬁ-!Kh‘
9 b ‘ L ]
x Aps~ Apra=
AHgS
cnmparing equations (36), (44) and (45) one can write the
following equation: :

= Kyg® " {48)
&K K1, K1,

Solving this expression for Ky, and combining with equation

43 gives
8

Agg++ = solubllity of HgS + &‘%“‘“—L- o« (47)
| Kg, K1, Ag.s

The equation makes possible calculations o the solubility of
a slightly soluble metal sulfide of the mercuric sulfide
type at any glven pH end partisl pressure of hydrogen sule
fide from the solubility product constant of the metal sul=-
fide and the two dissoclation constants of hydrogen sulfide.
The equation is developed on the assumption that the cation
does not hydrolyze, and therefore is applicable only to acid
solutions. '

Consider another slightly soluble substance of the type
AgB which dissolves in water, according to the reaction

4B 2 2A% + B*

and whose solubility product constant expression is

KSQPo » 'AA*. X ‘"B" .
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The usual method of calculating the solubility of the sub-
stance, AgB, 1s as follows: Let X equal the amount of B
that 1s in solutionj then the amount of A% in solution is
equal to 2x. Substituting X into the solubllity product
constant expression glves

Kg,p, = 42X)° X = ax® .

The solubllity of the substance A,B 1s equal to the amount
of B® going into solution, and therefore equal to Xe
The solubllity would be gi::n by
\(':W
l{.

The sbove method of calculating solubility from solus

bility product constant data cannot be applied to slightly
goluble compounds such as silver sulfide, which dissolves
in water, according to the reaction

AgeS @ 2ag% + 5
because of the hydrolysis of the cation and anion.

In order to calculate the solubility of silver sulfide
from the solubility product constant, a special case will
be considered in which the solution is distinetly acid. In
acid solution the hydrolysis of the silver lon will be
negligible, but the-hydfolytil of the sulfide ion will be
appreciables 2 k¥s

Recalling tlhie solubility product constant expression
for silver sulfide, solving it for the activity of the
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silver ion, and combining this expression with equation (40)

AAS#-B. ,Kg,gi E ~
- Bor~ x AHgs (48)

gives

By definition,
Ky = Ag+ x Ag~ »
Solving for the activity of hydioxide ion gives
Aoge = X _
Ag+

'épnbining this expression with equation (48) gives

=) Ksr An' Ku
AA‘/+ y};w’ An,s

Recalling equation (46) and combining it with equation
(49) zives

(49)

2
A % Ksr An*
A +

‘Then, since for every molecule of silver sulfide that dis-
solves two silver ions go into solution, the solubility of
silver sulfide is given by the expression:

4 = ,

solubility = A;l o %_ 7/ Rar A
Kt A Ha$

The equation makes poesible a caleculation of the solublility

of a slightly soluble metal sulfide of the silver sulfide
type. In order to carry out the calculetion, the solution
must be acid, at a specific pH, and at & partiecular partial

pressure of hydrog@dISTORBAN'S OFFICE

Church of Jesus Christ of Latter-day Saints
47 East Soush Temple $s.
SALT LAKE CITY, UTAH
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CHAPTER V
EXPERIMENTAL TECHNIQUES
APPARATUS

The electromotive force of the various cells was measured
with & Leeds and Northrup type K-2 potentiometer. A mirror
type Leeds and Northrup (2620-C) galvnnometer was useds The
combination of potentiometer eand galvanometer was sensitlve
to a potential of one microvolts An Eppley standard cell,
calibrated by the U. 5« Buresu of Standards on March 15, 1849,
was used as & primary standard. The cells being studled were
maintained at constant tempersture by immersion in a water
bathe The bath was heated with an aiaetrie heater which was
controlled by a mercury filled regulator. The temperature of
the water bath was controlled to within five~hundredths of
8 degree centigrade. A mercury-in-glass thermometer gradu=-
ated in tenths of a degree was used to measure temperature.
The thermometer was calibrated by the National Bureau of
Standard, March 10, 1949. |

The cell containers were one~hundred milliliter Berzelius
beakers fitted with two-holed rubber stoppers, one hole for
the electrode or electrode housing and the other for the
bridge during resdings. An additional hole was bored and
fitted with a gas outlet tube when cells of the first type
involving hydrogen sulfide gas were under observation. The

beakers were airtight except for a small interval of time
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Guring which readings were made; 1t was then necessary to
have the bridge hole open in order to insert the bridgog 2
cell of the first type is shown in figure I. The‘bridge
for cells of the first end third types was made from cepil-
lary glsss tubing. This bridge was rinsed and filled with
the seme concentration of solution es that in the cells be~-
fore inserting into the halfecells. For cells of tﬁo first
type the bridge was never left in plaé. longer than twenty
seconds without being removed, washed, and refilled. For
cells of the second type the bridge was a salt bridge
attached to the normal calomel electrode. (See figure II).

REAGENTS

The hydrogen for the hydrogun‘elemtrodes used was come-
mercial hydrogen. It was purified before entering the cell
by bubbling through a purifying trein consisting of two
bottles of alkaline pyrogalllic acid, two bottles containing
concentrated sulfuric acld saturated with potassium dichro-
mate, two bottles of distilled water, and one bottle of acld
of the same concentration as contained in the cells.

The hydrogen sulfide for the M, M8, HgS electrode was
commercial hydrogen sulfide, 99.9 per cent pures This gas
was further purified by passing through a purifying train
consisting of two bottles of saturated barign hydroxide
solution, two bottles of distilled water, one bottle of

acid of the same concentration as that contalned in the cells.
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The sedium sulfide solutions used in cells of the second
end third types were prepered from Nag,S+9H,0 crystals con-
forming to the specifications of the American Chemieal ‘
Soclety Committee on Cuarenteed Reagents. The maximum
amount of impurities are ammonium campound§ 0.0028 perlcent
and sulfite and thioaultate 0410 per cent.

PREPARATION OF ELECTRODES

Hydrogen. The hrdragoh electrodes were prepared by
electroplating an even coat of platinum black onto clean
platinum metal itripc. These electrodes were stored in test
tubes of distilled water until they were needed. The measure~
ment of one hydrogen electrode against another showed whether
the electrodes were prepared correctly.

Sllver Sulfides. The sllver, silver sulfide electrodes
were prepared by electroplating silver on clean platinum
wires from a four per cent solution of silver nitrate, then
forming a coating of silver sulfide on the outside of the
silver by electrolysis of a sclution of sodium sulfide for
a short time., Hlectrodes that produced the best results
were obtained by electroplating the silver on the platinum
wire as heevily as possible and plating the sulfide from a
one molar sclution of scdium sulfide for twenty-five seconds
using about three hundredth ampere of current. Eleeﬁrodol
uged without previously being coated with a silver sulflde

coating were much slower reaching equilivrium than those
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having & preliminary costing of silver sulfide.

Hercury Sulfide. The mercury-mercuric sulfide elec~
trodes for cells of the second and third types in whiéhAno
gas 1s involved were prepared as follows: A smill diéh was
filled with re-distilled mercury and placed inside a
Berzelius beskers, Contact was made by means of platinum
wire fused in the end of a glass tube partielly filled with
‘mercury into which the leads from the potentiometer could
be dippeds This platinum wire was completely lmmersed in
the mercury of the dish. The besker was partly filled with
one hundredth molar sodium sulfide solution, and a coating
of mercuric sulfide was electroplated on top of the mercury.
The sodium sulfide solution was siphoned off and the beaker
filled about two thirds full with scdium sulfide solution of
the desired molality. The electrode iu coming to equilibrium
changes the concentration of the sulfide ion in the solution.
This changed solution was removed by siphoning and re=placed
by fresh sodium sulfide solution of the same desired molality.
This procedure of filling the half-cell with a solution of
sodlum sulfide at a specific concentration, allowing the
electrode to reach equilibrium, then refilling the half=-cell
w;th more solutlon of the original concentration was repeated
until the electrode was in equilibriom with the solution at

the original specifisd concentration,
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. The mercury-mercuric sulfide electrodes for cells of
tha‘tiﬁat type were prepared by placing mercury filled
dishes directly below the usual electrode housing. (See
figures 8)+ Contact wes made by & platinum wire fused in
the end of & glass tube which was partially filled with
mercury. This platinum wire was immersed completely in
the mercury of the dish., The hydrogen sulfide gas was
foreced through the electrocde housing so that the electrode
was alternately covered by hydrochloriec acld and hydrogen
sulfide gas. £ bleck coating of mercuric sulfide was formed
on the surface of the electrode very quickly.

Lead Sulflde. A lead, lead sulfide electrode was pre-
pared by electroplating lead metal on a clean platinum wire
from a four per cent solution of lead nitrate, then forming
a coating of lead sulfide on the outside of the metal by
the electrolysie of sodium sulfide solution.

Bickel Sulfide. Nickel metal was electroplated on a
platinum wire from e concentrated solution of nickelous
nitrate. A layer of nickel sulfide was formed on the oute
side of this electrode by the electrolysis of sodium sul-
flde solution.

Cobalt Sulfides« Cobalt metal was electroplated on s
platinum wire from a concentrated solution of cobalt nitrate,
A coating of cobalt sulfide was formed by the electrolysis

of sodium sulfide solution.
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Bismuth Sulfides A bismuthebismuth sulfide electrode
was prepared by electroplating bismuth metal on & platinum
wire from an acid solution of bismuth nitrate, and then
forming & sulfide coating by electrolysis of sodium sulfide
solution.

A second type of blamuth-bismuth sulfide electrode was
prepared by dipping & clean platinum wire in molten bismuth
metal, removing any bismuth oxide that might have formed on
the electrode by dipping 1t in concentrated hydrochleric acid
solution, end then forming a sulfide coating by electrolysis
of sodium sulfide solution.

Cadmium Sulfides Cadmium metal was electroplated from
an acid solution of cadmium chloride. A cadmium sulfide
coanting was formed by the electrolysis of sodium sulfide
solution.

Tin Sulfides Long crystals of metallic tin were plated
on & platinum wire from an acid solution of stannous chloride.
A layer of sulfide was then coated by electrolysis of sodium
sulfide solution.

| READING TECENIQUES

Lells of the First Type. Three i1dentical cells were
studlied on ctch‘run. The hydrogen electrodes were usually
platinized the night before & run was to be made. The metal~
metal sulfide electrodes, with the exception of the mercury-

mercuric sulfide electrodes, were prepared about one~half
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hour before they were to be placed in the cells: Both the
hydrogen and the metalemetal sulfide electrodes were stored
in test tubes of distilled water until needed. The mercury-
mercuric sulfide electrodes were prepared lmmedlately before
use, as described above, (See section on Preparation of
Electrodes).

The hnifooclls were fllled half full with hydrochlorie
acid solution and placed in the temperature bath. Bridges
made of small bore glass tubing and filled with the same
concentration of acid as used in the cells were used to
connect each half-cell with each other halfecells This
arrangement allowed the acid in each halfe-cell to siphon
to the same level. This was done to prevent siphoning of
solution through the contaet bridge during readings, which
would contaminate the electrodes.

After all the halfecells reached the same level the
siphon bridges were removed, stoppers placed in th§ holes,
and the hydrogen and hydrogen sulfide gases started. The
gases were allowed to flow through the system for one~half
hour before the electrodes were placed in the cells.

After the electrode had been in the cells for sbout
three hours with the gases flowlng, readings were taken be=-
tween hydrogen electirodes, and then between n.tal¢ngta1
sulfide electrodess. If all these readings were gzero, all

eélectrodes were assumed to have reached egulilibrium snd
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readings were teken between the hydrogen and the metalemetsl

sulfide eleetrodes. The¢ readings were made as rapidly as
possible to minimize the possibility of contaminating the
hydrogen electrodes by diffusion of hydregen sulfide gess
Readings on the same cell were taken at least twenty minutes
a part to allow the cell to reach equilibrium again before
reading.

‘Lells of the Second Type« During each run measurements
were made on duplicate cells at four different concentrations
of sodlum sulfide solutions The sodium sulfide solutions
were made up at least forty=eight hours before they were
used in & run. This sllows the solution to reach a hydroly-
sls equilibrium.

 The half-cells are filled with the verious sodium sule
fide solutions and placed in the constant temperature bath.
The metal-metal sulfide electrodes, whiech were prepared as
desribed above, were placed in the cellss The electrodes
were allowed to attain equilibrium with the desired solution
by using the siphoning procedure previously discussed.

The electodes are in equilibrium with the desired solu=-
tion after about one~half hour and the voltage 1s messured
using a normal calomel as & reference electrode. The cells
Aro.allewod to rest for at least thirty minutes between
readings.

After all readings are taken, the various sodium sulfide
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solutions are analyzed as described in chapter IIX.

Sellsof the Third Types Ten cells were m'uurod during
each run. Sllver=-gilver sulfide electrodes were nl;d as
reference electrodes against other metal-metal sulrida‘
electrocdes in these runs. The preparation of these elec=
trodes was described above.

The cells filled with sodium sulfide solution and
fitted with electrodes are placed in the constant tempere
ature baths Both electrodes are allowed to come At.o‘ equil-
ibrium by the procedure deseribed previously. Readings aro'
made no of tener than once every half hour to givo' the cells
a chance to regain their equilibrium,



CHAPTER VI
EXPERIMENTAL RESULTS
CELLS OF THE FIR ST TYPE
SILVER SULFIDE

Electromotive Force Meesurements. The electromotive

force of the cell
PT, He lxcl(x mol) | HCl(x mol) ]H,S IAE:S. Ag
es measured at 25° € 1s «0,0362 international volts. Duplie
cate determinations agreed within # 0.0001 international
velts. The measured standard electrode potential of the
electrode 2g, AgeS, HgS 1s 0.,0362 international volts since
the stendard electrode potentisl of the hydrogen electrode
is gero by definition.
- Stendsrd Free Energy of Formation. The free energy
change of the reaction
AgeS + Hp = 24g° + HgS

was calculated from the standard electromotive force using
equation (33), and found to be 1,870 cal/mole.

The free energy of formation of silver sulfide at 25° C
was calculeted from the appropriate form of equation (37),
and found to be =9,430 cal/mole.

Latimer 'sl value for the free energy of formation of
hydrogen sulfide was used in this calculation,

1y, M. Latimer,"&xidation Potontials," Prentice-~Hall
Inc., New York, 1838, p. 307,
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Solubility Product Constante. The reaction taking place

when slightly soluble silver sulfide dissolves in water 1s
AgeS 2 2Ag* + 5=

The free energy change of the reaction was caleculated from
the appropriaste form of equation (37). latimer ‘82 velues
for the free energy of formation of the silver and sulfide
ions were used in this cslculation. The solubllity product
constent was calculated to be 6.6 X 10™3%® by the use of
equation (21).

X MERCURY SULFIDE

Electromotive Force Measurements. The electromotive
force of the cell i

PT,Hg | BCl(y mo1) |HCL(x mol) [ HeS 1&8.38

as measured at 25° C is ~0.051 international volts. In
duplicate determinations the maximum deviation was 4+ 0,001
international volts. The experimental standard electrode
potential of the electrode Hg, HgS HgS is ~,0581 international
volts since the standard electrode potentlial of the hydrogen
electrode 1s zero.

Eree Znergy of Formation. The free energy of the cell
reaction HgS + Hg = He8 + Hg, as caleculated from the stan-
dard electromotive force using equation (33) is 2348 cal/mole.

The standard free energy of formation of mercuric sulfide was

®ig.
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calculsted using the appropriate form of equation (37), and
found to be 10,220 cal/mole. Latimer ( 83 value for the
free energy of formation of hydrogen sulfide was used in this
caleulation.

Solubllity Product Constante The equation for the dis-
solving of slightly soluble mercuric sulfide 1s

Hgs = Hg** + 8= .,
The free energy change of this reaction was calculated from
equation (37), using the experimental free energy of forma-
tion of mercuric sulfide and Latimer (84 value for the free
energy of formation of the mercurlc and sulfide ions. The
solubility produet constant of mercuric sulfide was found to
- be 1.7 X 10%¢, using the free energy value of the reaction
caleulnted above and equation (21).
LEAD SULFIDE

Determinations were made on lead sulfide at different
concentrations of acid and 1t was found th@t the cell re-
action was not independent of the concentration of the acid

in the cells, Therefore no relisble results were obtalned.
CELLS OF THE SECORD TYPE
SILVER SULFIDE

Hlectromotive Force Measurements. The electromotive

am.
4Ibid.
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force of the cell

AgAges | 5= |

was measured and the potential of the normsl calomel elec=

normal calomel

trode algebraically subtracted from the total potential to
give the potential of the Ag,Ag,S[ §= half-cell. This
measured electrode potential was converted to the standard
electrode potential by using the appropriate form of equa~
tion (36)

é: -éjo+‘§2,1n Ag=

ny

The details of calculating the activity of the sulfide ion
were dlscussed in chapter III. The standard electrode po=~
tential wes calculated to be 0.713 international volts.
Duplicate determinations give results thet agree within one
in thg’third place.

Free Energy of Formetion. The free energy change of
the reaction was calculsted using equation (33). The free
energy of formation of silver sulfide was then calculated
from the sppropriate form of equation (37), and was found
to be «9,455 cal/mole. The free energy of formation of the
sulfide lon used in this calculation was 23,420 cal/mole
which 1s the value reported by Latimer.®

Solubility Product Constants The free energy of the

reaction

Smig.
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Bge8 = 2ag* + 8=
was calculated from the measured free energy of formation
of sllver sulfide and Latimer 35 values for the free energy
of formation of the silver and sulfide ions. The solubility
product was calculated from this free energy value by use
of equation (21).

HERCURY SULFIDE

The electromotive force of the cell Hg,HgS [s’lhnrmnl celomel
was measured, and the potential of the Rg,ﬂgs( 8% halfecell
calculated by subtracting the potential of the normsl calomel,.
This measured potential was converted to standard potential by
the use of the appropriate form of equation (36),

g‘ ﬁg s gg{ln Ag= .
The ealculation of the sulfide ion activity was described in
chapter III. The standard electrode potentisl was found to be
0,733 internationsl volts. Duplicate determinations checked
within one in the third place,

Free Energcy of Formation. The standard free energy change
of -the-hslf-cell reaction was calculated from the standard
electrode potential and from using equation (33). The free
energy of formation of mercuriec sulfide was calculated from

the free energy of the reaction and lntiner’ 8’ value for the

®Ibig.
TIbid.
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free energy of formation of the sulfide. The free energy of
formetion of mercuric sulfide at 25° ¢ was calculated to be
~10,400 cal/mole.

Solubility Product Constant. The free energy change of
the rezction
HgS = Hg** + 5=
was calculated from the free energy of formation of mercurie
sulfide and from the free cnorgj of formation of the sulfide
end mercuric ion as listed in tables.® The solubility pro=-
duct constant wasg calculated from this standard free energy
change by the use of equation (21)s The calculated value of
the solubility for mercuric sulfide 1s 2.4 X 107%%,
BISMUTH SULFIDE
No reliable results were obtalned for bismuth sulfide
using this t ype cell. A possible explsnation for this
failure would be that the bismuth electrodes were rescting
chemically with the strongly basic sodlum sulfide solution.
CELLS OF THE THIRD TYPE
Mercury fulfides The cell
Hg,HgS | S= | 8= | AgaeS,Ag
was studled in an effort to obtain an additional check on
the free energy of formation of mercuric sulfide assuming

that the free energy of formation of silver sulfide was

8Ibig.
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knowne No reliable results were obtained, however, becasuse
of the erratic nature of the electromotive force reading.
The lack of a constant potential could have been due to the
small differential in voltage that must exist between the
two electrodes.

Other Metal Sulfidess A number of other metal sulfldes
such as nickel sulfide, cobalt sulfide, c¢admium sulfide,
and tin sulflde were tried in cells of this third type, but
no reliable results were obtaineds A& possible explanation
would be that the metels were reacting with the basic sodium
sulfide solution.



CHAPTER VII
SUMMARY

Values for the standard free energy of formation and the
solubility product constents of silver and mercury sulfides
were determined from electromotive force measurements on
galvenic cells of the types

(1) Pt,H.] HCl(x mol) 1331(x mol) 13331 MS, M

(2) M,M8 [ss(navariable) 2‘ normel calomel

The weightédmean values for these thermodynamic constents aret

Koaggtgge =~ = = C =" S X 1o

A Fouggpge - e =%« == «10,310 cal/mole
ES.Pefgsgse = = = = = = = 21 X 1078¢
The generally accepted values which are quoted in most
textbooks of chemistry at the present time are those reported
by Latimer! in his book Qxidation Potentisls. Latimer lists
«9,500 cal/mole for the standard free energy of formation of
silver sulfide and =8,800 cal/mole for the standard free
energy of formation of mercuric sulfide. The value obtained
in this study for the free energy of formation of silver sule
fide increases the accuracy of the figure quoted in Latimer/l

( R {
1‘. M. Latimer, IOxidation Potentials, Prentice~
Hall Incorporation, New York, 1938, p. 3085.
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tables by a2t least one significant figure. The value obtained

in this study for the free energy of formation of mercuriec
sulfide mekes a correction of 1,500 cal/mole in the estimste

made by Letimer.
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