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CHAPTER I 

INTRODUCTION '110 TUE .PROBLEM 

1 

In the chemical literature there ex1at many discrepancies 

in the valu s reported for auch useful thermodynamic proper• 

t1ea as the standard free energy of formation and solubility 

product constant of many of the important metal aul.fidea. 

{See Table l). A review o:f the development or solubility 

product constant data makes clear how such 1ncons1stenc1ea 

have ar1aen. The early work in thia t1eld waa done just 

after the tum of the nineteenth century. Two papers during 

this peri od~ one by e1gel 1 and one bJ Bruner and Z&wadsk12, 

are especially a1gn1t1eant. Their data were quoted in nearly 

all textbooks of 1norgan1c chemistry- and qualitative analysis 

until 1931, at which time Kolthotr3 made a critical study of 

the available solubility product constant data of metal aul• 

rides and completely disered1ted their results. Kolthoff ob-

tained a better aet of constants by correctin g the results ot 
various other early 1nvest1gat1ona tor hJ'drolysis of the sul• 

fide ion. Although Kolthoff' 1 a paper in 1831 made a big atep 

forward by el1m1nat1ng r1d1ou.loua values for the constants or 
1o. Weigel,~• ph7s1k. Ohtm•, .§§... 2g, (1907). 

(1909) • 
2t. Bruner and J. Zauadsk1, .l• anorg. Qhem., AA, 1~6 

~I. If. ltolthoff, .I.• Ph,:s. Chem., ll, 2711 (1931). 



TABLE I 

SOLUBILITY PRODUCT CONSTAUTS OF METALLIC SULFIDES FROM VARIOUS SOURCES 

-Solub1l1 ty Produ ct Constant 
Souree B1aSa SnS ¥n8 !f1S zns 

Handbook of Chem. 
and Phys. Chem. 1.4 xio-i.e -.. 1.2x 10-•• ...... ..,... ... ----~- l.4X 10 Rubber Pub. Co., 
1947 
OJtidation Poten- l.6X 10- 7 • 8 X 10-•• 5. 6 X 10-i.e 3 x10- .. 4 x10-•• t1als Latimer 

Q_uant. Inor ganic 
1.6 x.10- 7 • Anal. Kol tho.ff' ......... 7 X 10-U 1.1 .x10-•" 7 x10-•• 

and Sandell 
The Theory and 
Practice of' 1.6 x10-'• 6.6 X 1 0'.°"'1.C 3 x10-.1. 4.5 X 10-•• Sem1:micro Qual . ------
Anal. Beisig 
oe.nerai Inorgan1c 

5.6 X 10"' 1 e 3 X 10-a:1. Chends try, Sneed .............. ......,,.., ... _ __ __ .... .., 

and IAaJnard 
Introduction to 
Qual . tn al. ......... -... _..,_,___ 1.4 X 10- 18 la4 X 10-a• 1.2 X 10-u 
Walton and Sorum 



several auli1des, he made no new experimental measurements 

and admitted the need for more reliable experimental data. 

3 

In 1936 Ravita, 4 with the aid of new activity data, made 

a number of recalcula tiona o.r old electromot1 ve force measure• 

ments to obtain a new set of values for the solubility product 

constants of several metal sulfides, The uae ot activities in 

his recalculations resulted in an improvement over Kolthoff'• 

values, but Ravitz, like Kolthoff, made no new experimental 

measurements. 

Solubility product conatant and free energy of formation 

data for the metal suli'1des were again reviewed in 1938 by 

Lat1mer5 in his book oxidation PotenttJ!l•• Beat valuea 

were cboaen by Latimer from all work reported previous to 

1938. Latimer'• book also contains some new data on free 

energies or formation calculated by combining available heat 

of formation data with somewhat queationable estimates or 
entropy data in the Third-Law calculat1on. A detailed crit-

icism and evaluation of all work previous to the study de-

scribed in this thesis are presented in Chapter II. 

Becauae present data on free energy- of formation and 

solubility product constants of the metal ault1dea are both 

1ncona1stent End baaed on very old experimental data, a new 

4s. F. Ravitz, l.• Phya. ~•• 40, 67 (1936). 

5w; a. Latimer; 110.xidation Potent1ala; 11 Prentice-
Ball Inc., New York, 1938, P• 178. 



4 

study ua1ng modern techniques is amply ju.stifled. Beoause 

metal sulfide precip1ta.tee az·e often oollo1da l 6 and boeause 

the solubility of these sulrid .es is ao low., ordinary physical 

and analytical methods are not applicable to a direct deter-

mination of th$ eolub111ty product constant. 'lheretore, a 

more reliable thermodyne.m.ic appt>oach was undertaken in this 

stua;y. . Tb.e atandard. .tr-e,e enersy of torma -t1on of silver and 

mercury aulfid• wa& determ1ne .d. from elect:romoti 'V'e force 

meaaurem♦nta ot suitable galvanic cell$, and the solubility 

product constants Qalculated from t.ne .tree energy measure• 

ments. · This study is pa.rt of a large program extending to 

other metal sulfides and to other th$rmod.7namic properties. 
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CHAPTER II 

REVIEW OF TEE LITERATURE 

Three gener l methods of approe .ch have be-en used by a.at 

investigators for obtaining the free energy of formation and 

the solub111 ty product constant of the metal sulfides. These 

three general methods are Third•LQw calculations. equilibrium 

studies, and electromotive force determinations. They •111 

be discussed in this order for silver and mercury sulfides • 

._')ILVER SULFIDE 

Standard~ IDt!rQ of . ormation. Latimer 1 calculated 

the standard free energy of rormation of silver sulfide us-

ing a Third-Law calcul ntio~ . In ·th1 calculation he used 

5,500 cal/mole as the standard ~eat of formation of silYer 

sulfi de , reported by Bichowsky and Rossini~ and 35 e.u. as 

the entropy value of silver sulfide, reported by Kelley5. 

La.timer obtained -~600 cal/mole as the standard free energy 

of formation of silver sulfide from this Third-La• calculation. 

In a like mann r, using Thomaen 1s4 value for the standard heat 

of fo:rmntion and the same entropy value {35 e.u.), he calcu-
lated the a,tandard :rree energy of .formation ot silver sul.f1de 

1v.. ». Latimer, l10xidation Potentials, 11 Prentice-Hall 
Inc,, New York, 1938, P• 178, 

2a. Bichowsky and F. n. Rossini, 11 The Thermochem1stry 
of the Chemical :u.batences, 11 Reinhold Publishing Corporation, 
New York, 1836, P• 78. 

3K. K. Kelley, ll•.§.• ~-Hines~•• 1,.0~, 63 (1937). 
4Thomsen, uThermochemische Untersuchungen,# vol. IV, 

(· 1886}. 
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to be •9,000 ea.1/mole. 

These Third-Law calculations are 1n poor agreement with 

each other because · or the inconsistency or ·heet of formation 

data listed for silver sulfide. However, these calculations 

are r1d1eulous, even if reliable heat of formation data had 

~een used, because Kelley calculated his entropy value from 

the equa t1on A p• = A H0 .., T LI s0 which conta1nn the free energy 

of formation of silver sulfide as one of its terms. It is 

obvious that any calcul ation ot the tree enet"gy of formation 

of silver sulfide involving Kelley- fa entropy value will be no 

more correct than . the free energy value Kelley used in deter• 

mining the entropy value. 

Kelley in his entrop7 calcul tion used -8,580 cal/mole 

for the tree energy of formation of silver sulfide, which 1e 

a weighted mean of the work of Jellinek e.nd Zakowski,5 

Watanabe , 8 and Keyes and Fels1ng ~7 These investigators in-

dependently studied the equilibrium involved in the reduction 

of silver sulfide w1th hydrogen gas at high temperatures 

(above 450°K) • From their measurements the7 calculated the 

equ111br1um constants for the re$ct1on AsaS + H• = HaS + EAg 

5JC. Jellinek and J. Zakowski, .l• 1nore; . Chem,, 142, 1 
(1925). 

6M. atanabe, .~1e9ce Bsporte Topolcu l!m.• llnt,v., g2, 902 
(1933). 

7P. s. Keyes and • A. Felsing, .I.:• Am. Chem• .§2.g,,, !&, 
246 ,1920). 
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at 'Various tempera tur • ·• 

According to Kelley, 8 two forms of silver sulfide exist: 

the lo'fl tempers.turo or o<form ex1et1ng below 448° K ~nd the. 

high temperature or ~form existing above 448° K. Jellinek 

and Zakowski , Watanabe , and Keyes and Fels1ng all ~..ade their 

equllibrium studies above the transition point and were 

therefore working w1 th the high temperature form and not the 

low temperature fonn encountered in qualitative analysis. 

Tho absence of very detailed heat eapacit7 data makes cal-

culation of the standard free energy of formation of silver 

sulfide at 25° from these high temperature data not · com-

pletely reliable. 

Kokich18 al o studied tbs reaction AgaS + g• • 2Ag + H8 S 

at various temperatures between 490~ and 660° x. From his 

equilibrium m asurements he calculated the free energy of the 

reaction 2Ag + ~hombie) = Ag8 S at 25° to be •9,736 cal/mole. 

Kok!oh1 1 a value tor the free energy of t'orma tion ot: a1lver 

sulfide would also be ror the high temperature form. The 

ea.me cr1t1c1sm as waa applied to the data of Jellinek and 

Zakowski, Watanabe and Keye:, and Felsing oould be applied . 

to Kok1ch11s data also ♦ 

-
8Kelley, .2Q.• cit., P• 64. 
9 K~ Sano, Science Reports Tohoku Imp. ID:!!Y•, First Sec., 

25, 187-96 (1936). 
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The standard free energy of fornation ot silver sulfide 

was determined.by Noyes and Freed 10 by measuring the equil-

ibrium constant of the reactions 

AsaS( .a,) + 2H+,1•(1n ·water) = 2Ag.I + llaS(in ater) at 25° 

c. . The standard fre energy change of the reaction is related 

to the equ111br1um constant by the equation A F0 = -RT ln K.· 

The mean equ1l1br1um constant, as derived from their exper• 

!mental data, was 964 • . Using this value for K 1n the equa-

tion, the tree energy change of the reaction was calculated. · 

From this free energy change and from ~he known free onorg1es 

of formation of the other compounds involved in the reaction, 

the free energy of formation of silver sulfi e 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 reaction 1s valid 

only when the equilibrium conatan t 1a determined by using 

aot1v1t1es and not concentrations. Noyes an Freed in their 

calcul fti ons or the equilibrium oonstanta used concentrations 

and not act1v1t1ea.~ 1 For this reason, their value of the 

£ree energy of formation of silver sulfide should not be 
weighted too heavily. 

10Noye s and , Freed, J. Am. Chem. a~c., 42, 476 (1920). - - - ··--- -
11Arthu r Cole, 1

' Electrochemical Determination of the 
Thermodynamic Properties or Silver and Mercury sulfides # 
Master ' s Thes1a, Brigham Young University, Provo, Utah.,' 
1Q49., P• 7. 
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Noyes and Preedl 2 also determined the standard tree 

energy ot formation of silver sulfide by electromotive force 

measurements of a galvanic cell. They found the free energy 

of fornt.4t1on by this electrochemical method to be -9,558 cal/ 

mole for silver sulfide. This electrochemical method will 

be discussed 1n more detail in a later chapter. 

Kapuatinsq and Makolktnl 3 repeated the eleetroche:m.1cal 

determination of Noyes and Freed and reported the standard 

free energy of formation to be -9,.510 cal/mole. 

The electrochemical method ot Noyce and Freed wa~. also 

repeated by K1m.ura1• who liated -9,542 cal/mole as the sta .n• 

dard free energy of formation of silver sulfide. 

Jellinek and Czerw1nsk1 15 calculated the free energy of 

formation of silver sulfide from electromotive force measure .. 

ment8 of a galvanic cell of the type M1 M6 I Na•s I\ Reference 

electrode to be -8,160 cal/mole. Tll1s method, also, will be 

discussed in more detail 1n a later chapter. 

- Jellinek and Czerwinski I s determina t1ons were all carried 

12Noyes and !<"'reed, .SW.• cit., P• 476,. 

l3Kapust1nsky and Makolkin, ~• Pb:y;s1coch1m. ll• fi• A•.§.•, 
J., lf2,. .&, 259 (1939) • 

1•o. Kimura, Science Report§ tohoktt a,. Univ., l., 24, 25g 
(1935). 

15K. Jellinek and J. Czerwinski, i• phys1k, Chem., lQ2, 
4:38 (1936). 
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out at 10° and not at the more conventional 25° c. Also, 

as pointed out by Raitz, 16 the concentrations or the sulfide 

ion used in the1r calculations were probably incorrect. 

Jellinek and Cz r 1nski l a calculations may be further .crit• 
' 1c1zed because they uaed concentrations and not act1vtt1ea 

in their calculation or the free energy change of the cell 

reaction . 

Rav1tzl7 r&calculated the results of th se inveatigatora 

by correctine tlie sulfide ion concentrations, using the ion• 

ization constants or hydrogen sulfide and water to make the•e 

corrections. He alao made uae of moro recent activity data 

1n hie recalculation. However, eince Jellinek and Czerw1nsk1 1s 

data we.re !ill at 10° c. , Re.v1tz had to convert his results to 

25° by uae of the Van I t Hof t equation ln ~ • AH rra • T1 ~ • 
Ki R 'ri, T• 

This calculation 1nvolved an assumption that LlB is constant 

over the 15° temperatur range. From this calculation Ravitz 

repor~ed • 9 , 930 cal/mole for the standard free energy of for -

mation . of ail ver sulfide. 

~o4ub14it7 Product ConBtant. Lat1merl8 reported the . 
solubility product constant or silver sulfide as l X 1o•e 1 • 

I 

This value corresponds to • W,500 cal/mole as the . standard 

16s . F. :Ravitz, J.• Ph.Ya • .Q!wn•, iQ, 65 {1936) .. 
17rp1d • ., P• 67 . 

18tat1mer., .sm.• ill. • , • 315. 
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tree energy of formation of silver sulfide~ wh1eh was se-

lected by him as the beat value for the free energy of 

formation of silver sul f ide. He aeleot&d this v lue from a 

survey of all the available data, but gave more wei ght to 

values obtained from electromotive force measurements. 

Wei ge1 19 attempted to mensure the actual aolubiliey of 

a number of metal sulfides, includin g silver sulfide, by 

electrical conductance measurements. He reported 5.5 X 10-• 

aa the solubility of silver sulfide in water. Kolthofr, 20 

commenting on VVeigel I s sol.ub111 ty measurements, said I 

We1gel 1a work on the electrical conductance of sat-
urated solutions or metallic aul f i dee cannot be correct. 
!h e aolub111ty 0£ most sulf1dea in water ls so small that 
1n JU&ny cases the conduct1v1ty of the saturated solution 
is much smaller than that of th e purest (ultra pure) con-
ductivity water. At such extremely small solubilities, 
the conductance measured 1n the eaturated solution 1n 
oontact w1 th the solid body must be mainly attributed to 
alight impurities, which a.re very hard to wash out from 
precipitates of a colloidal nature, and to sur!'ace con• 
ductance of' the eol1d particles. .tnother factor which 
has to be considered 1a th &t sulfides are easily oxidized 
by the oxygen of the air. In We1gel 1a work no indication 
is found ths t he performed his experiments in the absence 
of oxygen and, therefore, it 1a quite possible that he 
me&sul"ed the conductance of the metal hydrox1des formed 
by oxidation ot· the sulfides. 

Weigel, in his calculations, assumed that hydrolysis of the 

sulfide ion was compl e te, as shown here: 

s= + RaO = H8 S + 20S-

19 0. eigel, •• phzs1k. Chem., 51, 294 (1907). 
20 1. M. Kolthoff, .i.• .fm.• ~•, 35, 2711 (1931). 
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Thia assumpt1an 1s greatly in error because nenrly all the 

sulfide 1s hydrol:yzed b y water only to the bisulfide.21 It 

is evident from the rorego1n g discussion that no weight should 

be given to valu e s listed by ·ei el for the solubili°ty of the 

various metal sulfides. 

Bruner and Zawadskt 22 attempted to measure the solubility 

of silver sulfide by studying the equ1l1br1um of the reaction 

Ag8 S :+!: 2Ag+ s• 
at a known acidity and hydrog n sulfide concentration. They 

reported 3!4 X 10-~ 7 moles/liter as the solubility of silver 

sulfide 1n water, The difficulty involved 1n meas uring low 

concentration 1n solution makes this method not very useful 

and susceptible to large enor for very s11ghtl7 soluble me-

tal sulfides such aa silver oulf1de. Results obtained by 

this method are based on eoncentratione rather than act1v1• 

tiea,and thua further error is introduced. 

B1ltz 25 determined the solubility of ·silver sulfide by-

the uee of the ul tramicroscope. In his deter.u1ination he 

mixed very dilute solution of eilver ions and sulfide ions 

to gether very slowly while looking through the ultram1oro-

ecope to observe at what concentration the f1rat particles of 

136 

21~. 
22t, Bruner and J. Zawadak1, 1• angrg. ~., §.§., 

(1P09). 
23w. Biltz, a• Rhysik. Chem., §1, 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 precipit te with the ultramicroscone. He listed 

9.0 X 10- 7 mole/liter as the solub111t7 of silver sulfide 1n 

water. 

This direct method of measuring the aolub111ty of 

slightly soluble metal sulfides can certainly be questioned. 

First, there must be a minimum number of particles formed to 

be visible with the ultramlcroseope and this minimum number 

1s not a constant, but depends on the particle a1ze. 24 Se• 

oond, it la entirely possible that sup reaturation may have 

ta ken place. Third, hydrolysis of the sulfide ion waa com-

pletely ignored. Biltz ls valu~ should be disregarded be• 

cause of these errors. 

Jellinek and Czerw1nskt 25 reported s.~ X 10·•~ and 

1,2 X 10~• 0 aa values for the solubility product conatant 

ot silver sulfide. 'lbese values are based on calc ul t1one 

from free energy of formation dat, as determined by these 

investigators from measurements of the electromotive force 

or galvanic cells. 

Rav1tz2 6 used the experimental data or Jellinek and 

24 Kolthort, .2.U• .ill•, P• 2711. 
25 Jellinek and Czerwinski, 9J?.• .£11•, P• 438. 
26Rav1tz, .212.• cit., P• 67. 



Czerwins ki to cal cu late the free energy of tonne. t:ion of 

silver sulfide at 25°, as discussed under standard free 

energy or forma t ion or silver sulfide at the beginnin g of 

this chapter. From this free energy value and the known 

14 

free energies or silver ion and sulfide ion, he calculated 

the tree energy chan ge of the reao t1on, 

AgaS • Ag+ + s= • 
Then from the free energy change or the reaction, he oal• 

oulated the equ111br1um constant ot the reaction which ie 

the solubility product constant. He listed 3.28 X 10-e• as 

the .solubility product constant of silver sulfide by these 

oalc ule.t1ons . 

Benteld, 2'7 Ia.to a a, 28 and Kno·x, 29 each 1ndependen tly de-

termined the solubility produet of silver sulfide by electro• 

motive .force measurements similar to those of Jellinek and 

and Cze·rwinsk1,30 and obtained the followin g values res ec• 

tively:1.8 X 10·• 0 , 2.2 X 10-ei., and 3,9 X 10•0-o. 

Ka~uat1nslcy and Makollc1n3l calculated the solub111t7 

27 I. Benteld, e physik • ~•, 25, 46 ( 1898) • 
28R. Lucas , i• anorg. Chem., ,il, 193 {1904). 
29 J. Knox, Z• ~1eotrochem!e, li, •77 , (1906). 
30 Jell1nok .and Czerwinski, .sm.• ~•, P• 438. 
31Kapust1ns y and Makolkin , .92.• cit.,p.259. 
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product constant of silv r sulfide from its free energy of 

.formation as determined by electromotive force measurements 

of a galvanic cell of the type used by Noyes and Freed. 32 

They reported 5,9 X 10- 0 • as t h . solub1l1 ty prod uct oonstant 

of silver sulfide. 

Using the free energy of forma t ion value of silver sul-

fide that was obtained from electromotive force measurements 

of a Noyes an Freed~ype galvanic cell, K1murali\a1eulated 

6.0 X 10- 0 • as the solubility product constant of silver 

sulfide. 

MERCURIC SULFIDE 

Standard fret Energy g/.. formation. Latimer 35 11ata 

-s-eoo cal/mole aa ·the standard free enersy ·of tormat1on of 

mercuric sulfide. He obtain ed this value £rom a Th1r -Law 
calculation by U$1ng -10,700 cal/mole ns the heat for for• 

mation or mercuric sulfide, as re orted by B1chowak7 and 

Rossin1,36 an d by usin g a..1"1 estimated entropy chan ge or 

•6.3 e.u. tat1mer 1s value ·ror the free energy of formation 

of mercuric sulfide can be cr1t1c1ted because of the uncertainty 

321i1oyes and reed, S!.'2.• .2J.i•, P• 476 • 
33 No7 a ana Freed, .2.2.• s11·, P• 478. 
34 IC1mura-5W.• eit., P• 77. 
35Lat1mer, .2£• ill.•, P• 305. 

36Bichowslcy' and Rossini, _sm. • .sJ:1•; P• ?O. 
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of "the heat of formation value used and becauae the entropy 

ohanga US$d is a. quost1onsble esti1tu11.te. 

R1nse 37 made extensive equilibrium meaaurement.a, 1n• 

volv1.ng meX>Cl.lr'1c sulfide in the reaction 

His att:.dy showed the existence of t1ro .forms of mereurio aul• 

fide, the transl tion po.int fo:r the two forms being at 659° K. 

He reported •12,340 c 1/mole as the ~ree ~nerg7 of formation 

of the . low temperv ture .f arn1,, 

Pela'bon ,~ 8 and Jellinek and Zakowski 09 independently 

atud1 d the reaction 

·nss + a. = ag + H.s 
at temperaturea above 600° .. Kelley~ 40 in discussing the 

moasurem.er1ts. of theae 1nveat1gat ,ors, s.e..1d; 

No reasonably- reliable ealeulat1ons may be made tr-o:m 
th.esa m.eaoure:m~nts, but they indicate even lower values , 
of the nest alld free energy of' formation of mercuric sul-
fide than do the figures of Rinse. 

Kelle1 41 oaleulnted the f~ee energy of formation of mer• 

curie sulfide from the solubility product constant reported 

777 

37 J. R1nee, Rec. t:rev- ohim., 47, 28, (1928). 
38 P~labon. f;ull. soc. it~• ~•, ser • .§., Vol • . a., 

(1901) • 
39 Jell1nek and Jikov.ek.1,, .Qn• ,et~•, P • l, 
4°Kclley, .Qlt• oit., P• 63. 
41!b!d• 
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by Knox, 42 and from the known free energies of silver, silver 

ion, sul f ur, and sulfide 1on. Knox calculated his solubility 

product constant from electromotive force m asurements. 

Kel le y 's calculated value for the fr _ee energyof' formation of 

mercuric sulfide wae reported as •10 1330 cal/mole. 

Makolkin 43 determined the free energy of formation or 
mercuric sulfide electrochemically by using a gnlven1c cell 

of t he t pet 

Pt,Ha J KC1 co.oimole) \ KOl(o.oJ.mole) I a.s~HgS,Hg. 

The chemical reaction of the cell ta 

HgS + H• .. Hg 0 + H8 S • 

From the standard electromotive force of thia cell, it 1s 

Doasible to calculate the free energy of the above. chemical 

reaction. It 1a then possible to calculate the standa1•d 

free energy of formation of mercuric sulfide, using the free 

energy change of the reaction and the known free energ1ee ot 

the other subeta.nces involved 1n the reaction. lie reported 

•l0,470 cal/mole as the standard free energy of formation of 

mercuric sulfide. 

Solubil1ty ~ Solub1 +1ty Product Constant. The solu• 

b111ty of mercuric sulfide was listed by Weige144 ae 

42Knox. 
~ -.21?.• ct t., P• 477 • 

45z. A. Ma.kolk1n, l• Phys• '.2.h.!m• l!• ~-.§. l!•, ll, 
18 (1942). 

44w 1gel 1 .Ql?.• .£1!.•. P• 294 • 
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5.4 X 10-• . mole/liter, and by Bruner and Ze:wadsk145 as 

6.3 X 10-•" mole/l1ter. The . work or these 1nveat1ga.tora 

has been discussed in connection w1th the solubility of sil-

ver sulfide., and w1ll not be discussed further at th1s point. 

Treadwell and Sohaufelberger 46 studied the equilibrium 

of t he reduction of cinna"ar and metacinnabar with hydrogen 

gas at temperatures between -100° and 400° K. They reported 

o.7 X 10·•• as the sol ubility product constant of mercuric 

sulfide as cinnabar, nd o.3 X 10· 6 ~ as the aolub111ty pro-

duct conatan t for mercuric sulfide as metac1nnabar. 

Knox47 reported 3 X 10••• as the solubility product 

constant of mercuric sulfide calcul ated from the f'ree energy 

or formation of mf'rcur1c sulfide, as determined from electro-

motive force measurements. 

45 
Bruner and Zawadsk1, ..2.12.• ill.•, P• 136, 

46 . w. D. Treadwell tt."ld F. Schaufelb•rger, HS?lv, .Qh!m• 
29 (1946). 

47 J. Kno~, 1• Elec trochemie, !,g, 477 ('1906 )). 
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CHAP'l1ER III 

THEORY OF THE ELE0'11ROCHE lCA L METHOD SELEC'l'ED 

·The method select d for use in this study consists of 

the accurnt meaeurement of the electromotive force of 

variou simple galvanic cells. From this measured poten-

tial the standa1•d electromotive force was calcul a ted, and 

from this stan ard electromotive force the standard tree 

ener .gy change of the cell reaction was obtained. T'ne free 

energy of form.a tion of the metal sulfide was oe.louln ted 

using the .standard free energ7 eha~e of the - reaet1on, and 

the solubility product consts .nt was determined from the free 

energy of formation of the metal · sulfide. The thermodynamic 

equations relating these d1!f rent values will be developed 

below from flundamental definitions. 

DERIVATION OF EQUATIONS 

Der1vatfpn 9.l,. Egug tion Rela tint; the §tanda:rd Free Eneru 
Chang and the E23t1libr1um Constant ot A Reaction. The 

thermodynamic property F, known as the free energy, 1s de-

fined by the expression 
F·• H • 'fS., 

in wh1oh H.is tho h t content, 8 the entropy~ and T the 

temperature or the syatem. 

(1) 

The tree energy, F, is a function of ~e t~mperature, 

pressure and components of the system., or mathemo.tloall7 
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stated 1s 

f = f ( ~ f_, /)11 /Yl~J - - - /Yl~ - - -).J 
1n which n 1 is the first co~ponent, n 8 the second component, 

,, u 
and n1 is the 1th component. Te.icing the total d1ffei•ent1al 

of F gives 

JF = (¥r)t'..,,, -,~--~L~~. ___ } __ ~: )~M.--· 

(2) (~~};~e,n\A • 
The term(;; ~)T 9 _ .1e known as the partial molar free energy 

~/"'\_., I IJ n, -,\. -

of the 1th constituent and 1s represented by the symbol F, 
- \ // 

The partial mola~ free energy,F, tor t he \1th component 1a 

equal by defini~ion to the chemical potential~~• for this 

aame compone nt i therefore, 

-IL· ~ At, f ,- \,.; (3) 

oten t1al,).v, in t o equ tion (2) 

-r-~. 
Substituting t-t1e chemical 

results in th,e e:cpression 

Jr ==f~) JT -+ @_!)Jr -.+ µ, h,, - - -. 
~T f'/Y\,,,,.,,.,~--- F; (4) 

("",✓ ...-Y\l 

I f the . syste m 1s held nt constant temperature end prea• 

sure,· equation (4) no becomes 

and i f t.t.e s1stem 1s at equilibrium, the free nergy change 

is zero• so that 

J F ~ fo 1 ~I -+ µ 2 hJ -t - - - ~ 0 
(5) 
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Consider a perfectly general reaction represented b7 

v, " 1 Y") s -+ - - - ~ v3 c -+ vli o ~ - - -
taking place in a closed system e.t a given temperature and 

pressure and ~av1n~ been allowed to reach a state of equil-

ibrium. Now suppose an 1n.f1n1 tesil:lal chenge is allowed to 

take place in the system so that the reaction goes just slightly 

tonrd completion. Dur1n e this infinitesimal change ol-nA 

moles of A andc'-,.,11 moles of B are transf onned in to~ mol•• or 
O andJ..,.,

0
molea of o. The free energy change accompanying th1e 

transformation will be given bJ equation (5) aa 

How wr1 t1ng V, 1 V:1., - --/ ~, ~ ., - - - tor the quant1 ties 

hA, ~ a - - - rJ-i c.. ol,.,. 0 _ _ _ _ the expression becomes 

JF-= (V1j)).,c+ V:).Lo+---)- (V,/J..A-+ ~Ji{.g 4 -- - ) = 0 . (6 ) 

Then the free energy change at constant temperature, pressure, 

and composition of a reaction at equ111br1um is given by the 

equation, 

the heat constant, H, 1s defined by the expression 

H • E + PV., 

(7) 

(8) 

Combining equation (1) with the equation defining heat oontent 

givea 

F • E .,. TS+ PV. 



Differentiating this equati~n gives the expression 

dF = dE • TdS • SdT , PdV + VdP, 

and for an 1nfin1tesmal stage in a reversible procea1 

involving only work of expansion, 

dF = V~P • Sd'l' • 

Tht n at constant temperature 

and 

(~) .:: V 0P T 
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Differentiating this with respect to n1 giv e s the expression 

J 4 F - cl V -
c) P d/Y1,,; - J ,,,,,,.: -= V,..-. c 9 > 

Equation 3 def1n,ed the chemical potential as 

(;u \ = ;0· 
d/Y\,.; ) T, r, /Y\ ' j ). • 

D1fferent1at1n 1 this equation with respect to pressure gives 

~lF - ~µj 
dr'l"li. ~ P cJ t' 

• (10) 

Comparin g this result with eq uation t9) one may see th t 

(11) 

The oquat1on of state for any constituent, 1, of a mixture of 

ideal gaaee may be written as 

(12) 

1n wh1eh r1 1$ the partial pressure due to n1 moles of t he 

1th c~nstituent. I<..quation (12) may be rearranged into the 



t'orm. 

Va n1R: , 
P1 

and then differentiating with res ect to n1 at constant 

temperature and pressure gives 

(JV\ -\1-
\ c)/YJA) T, f v/\· P .. ,: (15) 

/I II 
It all the preaaure change is due to the 1th constituent, 

P 1n equation (11) may be replaced by P1 • Then combini~ 

(ll) and (lS) giv a RT 
or upon rearranging 

JµA = R T cAF:. 
On 1nte ~rat1on this gives 

~;. :::. fa.A ·* ~ R i ~ r=>~-, (14) 

1n which,.tilie the integration constant. For real gases P1 
may be replaced by F1, the fugac1ty of the ~ith q constituent . 

Tnls mod1f1cat1on would chan e the value of the in egration 

constant: 

(15) 

Then since the fugao1ty is proportional to the activity , the 

exprees1on could be written: 

.)fa "- :; ~ ,..· 0 -+ R ; ~ ()" · 
in which A1 represents the activity of the component 1

' 1'(:G) 

which can be a substance other than a gas . Combining with 



equation (7) and (16) gives 

Then upon rearrangement/ 

Dividing through by RT gives 

~ Y;. JJ-~· o -

R, 
For the general reaction 

Y, A -t V~ B -t - - -~ Y3 C -+ ~ D-+ 
the equilibrium constant K 1s defined by the expression 

/I V1 A V4 

24 

(17) 

{/( C. ;( {A D L VA· 
a/· .,._ a f3 vi = z ti.,; = k . cis > 

Equation (l) expressed in lo garithmic form is 

Combining equations (17) and {19) gives 

( y,, .. )J.,~ 0 -:::: ~ k_ 
RT 

which upon rearrangement gives 

Combining equation (7) and (20) gives 

(19) 

(20) 

(21) 
This equnt1on makes possibb the calculation of the equ11-

' ibrium constant of a reaction 1f the standnrd free energy 
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change acoc;,mpany1ng the reaction is known. 

Psr1ya t1on 9.!, Egue. tion Bela tinp: the Standard Electro• 
motive Force !A\;! the Standard Free Energy Chan~e . The term 

A, called the work function, 1s defined by 

A = E ... TS, (22) 

ln which E ia t he internal energy, T tm temp erature, a.nd S 

the entropy of the system. 

Consider a change at constant time from en initial $tate, in-

dicated by subscript 1, to the final etate, indicated by i., 

Aa • A1 ~Ee• E1 • T (Sa• S1) 

(23) 

By de1'1n1 t1on, 

(24) 

where Qrev. 1s the heat taken up when the change is carried 

out reversibly. 

Combining equations (23) and (24) gives 

Aocord1ng to the first law of thermodynaan1ca 

Ll E = Qrev. - Wrev. > 

{25) 

(26) 

1n which Wrev . is t11e tote.l reversible work obtainable in the 

given change. 

Combining equations (25) and (26) gives 

(27) 
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Combining equationa (1) nd (8) gi ves 

F = E - TS + PV · 

Combining equ£t1ons (22) and (28) gives 

~ F = A + PV· 

(28) 

(29) 

For a process taking pace at constant pressure the equation 

can be wr1 tten 

(30) 

and it the process is carried out at constant temperature, also, 

the equation trucea the form 

The term 

- 6 FPT = wrev. - P AV • 

- P A V represents the r versible work, other rev. 
th.an pressure volume work. This quantit7 1s r efer red to aa 

the net work, and is represented by W ; v. 

. I 
- A FPT = W rev. (31) 

In general, the work done , regardless of its form, is 

equal to ti-1E. pro duet of g eneralized force, frequently re-
J. 

ferred to as the intensity factor, and a generalized dis• 

placement, fr ~uently referred to as the onpac1tz factor. 

The net wor', or the work other than pres ure volum work, 

of a revers1bl galvanic cell t constant temperature and 

pressure is equal to the electromotive force of the cell 

times the quantity of electricity that passes throu h the 

cell, or mathemnt1cally: 

l rev.= n'=f-e (32) 
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in hich e is the electromotive force of the oell, n tho num• 
I ber of Faraday~, -=, th Fo.redf:l.y, and VJ rev. 1s the ·ork other 

than pressure volume work. 'I'he potential ( is the generalized 

force or 1ntens1t, factor , and the quantity of electricity 

passing through the cell, nf, 1a the generalized displacement 

or capacity factor, 

If€ is expreaaed in int. volts, and if 1a expressed in 

1nt • . ooulomba, the work done, W rev., ,111 have the dimen-

sions of int. volt-coulombs or int. joules. 

Combining equations (31) and (32) g1vea 

(33) 

This e uation makes possible the oalculat1on of the stan-

dard free energy change accompanying the cell reaction if the 

standard electromotive force of the cell is known. 

Derivation 9J: Equation Relnting the Measured Electro -

motive Force §nd the Standard Electromotive Force . Combining 

equations (16) and (7) gives 

Therefore, 

(34) 

Considerin~ the general chemical reaction 

'(A+lB-+---::: ~c-+ ~ o+ __ _ 
and referrinft to equations (18) ·and (19) one can write 



~ ~ 
L \( O A /J k /J ~ t1c X a D_ , 
L:_ Yi fa'Y1 v1.A =. ~ =. ,,t:,rt C( / 11 t. a ;:1 

Combining thi expres ion ud equation (34) gives 

a Y; /1 V''+ 
f1f= L1F0

f RT.h c.X f/\.D • 

tf :i< a~ 
Combining ~ouations (33) and (35) and ro rranging 

A Y1 A ~ 
~(A,;,,. q TJ • 

A) a:1 

gives 
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(35)' 

terms 

(36) 

Tnls equation makes possible tho calculation of the 

stand ard electro~ot1ve force or a reaction tak1ng place 1n 

a galvanic oell . if tho measured electromotiv force is 

known. 

Jmrivetion S2f.. f~uat1on Eelat1n~ ..th,Q. Free r..nergz Change 

.Q! !. fles.ction and the Free Energz 2£ Formntion .Qf. ~ ~-

stanoes Involved in~ ~eaction. Equation (6), which h s 

been previously derived, gives the relationship between the 

free energy change of a chemical reaction and the free energy 

of rormation of the substances involved. This e uation could 

· be expressed in the form 

/j Fe~)= £ ll~p~) (57) 

DISCUSSION OF CELLS OF THE FIRST TYPE 

The f'1rst cell selc,cted for study was n cell or the 

type 

P'l',H• (P atm,)) HCl (X mol,) HCl (X mol.) I HeS (P atm.) ,Ms,..i 



which had been previously employed by Noyes and Freed,l 

Kimura ,2 and Kap·ust1naky ~d Makolkin, ,3 'ihe chemical re-

e.et1on t&k1ng place 1n this cell is 

The symbol M aa used here represents eny metal. 

This particular cell 1s e..n 1dee.l one experimentally 

tor three reasons: First, the cell reaction is 1ndepen• 

dent of pressure because the same number of moles of gas 

appear on beth side& of the e qua ti on. Second, the electro• 

motive force of' the cell 1s 1ndependen t of the concentra-

tion of hydrochloric oc1d because the ooneentration of the 

acid solu:t1on 1.s the san1e in both hnlf•eells. Th1rd, using 

the s~.me concentration of hyd.roehlorie ao1d solution in both 

half-cells preoludea any possibility of a liquid junction 

potential between the two half-eella. 

OALCULATIONS FOR CILLS OP THE li' IltST TYPE 

§l(NJ:dl.u•d .Electromt!ve fo,roe. "lbe relationship between 

the stf.Uldarci elect:-omotive force and the measured eleetro-

motlve .force of th1e cell is given by equation ~36) 

1No;yes and Freed, .1..• .&n.• Chem. §oc., 42., 4"15 (1920). 
2 . . . o. nm .:ur. af Science H!P2rts TohOft• ll!ll2.• Un1v., li 1,, 77 (1955 J. 



c-= [' o_ RT 1-... ~,~ X Au-A) 
/)'\, f~,. "K A~s) 

which was previously derived on page 25. The 

30 · 

activities of 

the pure solids. metal and metal sulfide• are taken as un1t7 

by convention. The equation then reduces to 

{ _ [ 0 _ a _,h _Dh.s 
- /YJ1 f~'J (38) 

To calculate tho etandaPd electromotive force from the 

measured electromotive force it is now necessary to know 

the fugac1t1es 0£ hydrogen and hydrogen sulfide gases under 

the cond1t1ons of the experiment, Using the critical tem• 

perature and pressure values listed 1n Int6rnat1on9l Cr1t1oal 

Tables ,4 for these gases and the temperature (298.1° K) and 

pressure (650 nnn.) at h1ch the experiment was carried out, 

one can calculate the reduced temperature and pressure. These 

values used, together with generalized fugacity curves, show 

the activity coerr1c1ents or both gases to be very nearly 

unity. The ratio of the fugac1t1ea, as calculated by the 

above method, la close enough to unity to make any ~orrec-

tion due to slight d1rferenees in fugac1ty less than exper-

imental error. If the ~atio f(H 8s). 1s unity, the term 
. f(H•) 

tt_ ln .Ll.!LdU, 1n equation (38) become zero, and the standard 
n7 rnr.r~ 
electromotive force is equ l to the measured eleotromot1ve 

force of the cell. 

P• 848. 
4 :tnt,rna.t1onal C;r1 t1cal Tables, vol. III, (1928)., 
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Standard Electrode fotent1al. The standard electro-

motive force of a cell 1s e ual to the algebraic sum of th~ 

atandard electrode potentials or the two electrodes. Then, 

a1nce the standard electrode potential of the hyq.rogen elec-

trode (the electrode used ae a refer nee electrode 1n this 

particular cell) 1s equal to &ero by definition, the stan• 

de.rd electromotive force of the cell is equal to the stan-

dard electro de potential of the electrode M, MS, H8 S. 

§J:,andard Et!!. Epersz .QL Forma t1on. The • tandard elec-

tromot1 vo force of a chemical re £ction taking place in a cell 

1s related to the free energy change of th reaction by 

equation (33): 

Usin g this equation and the onlcul ted standard electromot i ve 

force, one oan calculate the atandard tree energy change or 
the reaction. ~e rree energy .ohange of the reaction 1s re-

lated to the free energy of formation of them tal sulfide by 

the express1(>nl 

A p• (reaet1o?) = A.Fo (H111S) + ti po (M) • tlFo (KS) - A po (Ha) • 

The free energy of hydrogen gas and of the free metal are 

taken as zero by convention. The equation th en reduces to 

t.1 po (MS) = AF• (HeS) - b F•ireaction) · • 

~e rree energy change of the reaction is calculated from 

etanda.rd el ctromotive force data, and the £re~ energy of 

rormation of hydrogen sulfide ia known accurately and listed 
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in the oh&rn1ce.l literature.5 Having these two values it is 

possible to calculate the free energy of formation of the 

metal sulfide from the above equation. 

Solub111tI Produot Constant. The very slightly soluble 

metal sulfides d1saolve in water to give a saturated solu• 

tion, according to the equat1onz 

• 
Th free energy change of this reaction 1s given by the 

expression: 

~ F"(reaction) •AF 0 cw++) +d ·cs=1b.FO fMS) • 

The rree energy of formation or the MS can be calculated as 

was ehown under the section on standard free energy or for-

mation. The free energies of formation of the metal ion and 

the sulfide ion are reliably listed in tables.a These values, 

when eubst1tuted into the above equation, make possible the 

calculation of the froo energy change of the reaction. The 

equilibriwn constant of the reaction is related to the free 

energy change of the reaction by equation (21) 

~ F0 = - RT ln K • 
1th the free energy change of the reaction known, the 

equ111br1w:n constant oan be calculated. This equil1br1u.m 
' 

constant 1s the thermodynamic solubility product constant 

5 . u , W, ». Latimer, Oxidation Potentials, Prentice• 
µall Corporation, New York, 307 (1938). 

6 Latimer, SR,• .ill•, PP• 305•307. 
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baaed on the activities o~ the 1ons. 

DISCUSSION OF CELLS OF THE 3hCOND TYPE 

'l'h second cell selected for study was a cell of the 

type 
U, MS/ s• (a=var 1abl e) // Normal calomel. 

The chemical reaction tnk1ng pl oe in the M, MS SR(a=v riable) 

hetl!'=cell is 

+ s::: = MS + 2e , 

in which M represents any metal and e represents an electron. 

This particular type of cell was prev~ously studied by 

Jellinek and Czerw1nsk1 7 as well aa a number of other 1n-

veat1gatore. 

Th11 .second typ cell ls not as desirable as a cell of 
' 

the first type because this cell involves the use of a aalt-

bridge, which does not leave the cell entirely free or liquid 

junction potential . nother disadvantage of the second type 

cell, as 1a obviously seen below un,der the section on calcula-

tions, is that the calculation of the standard electromotive 

rorce from the measured electromotive force of the eell 1s 

.much more complica. ted. For these reasons results obtained 

from cells of the f1rst type should be ~eighted higher than •~~ 

those of oelle of the second type; however, the calo ulat1one 

on the second type cell involve no unrensone.'ble assumptions 

?K. Jellinek ond J. Ozerw1nsk1, a• ]2.hY&ik, Qb.sm•, 
io2, 438 (1936). 

( 
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and should produce a fairly good check on the first type 

cell• 
CACLULATIONS ON CELLS OF THE SECOND TYPE 

standard Ueotromotive Foree. The relationship between 

the standard electromotive force and the measured electro• 

motive force of this type cell is given by equation (36)i 

{ = l, + ,Rt ln __ A __ (U_,..S-2 __ 
n'=f A(M+) X A(s=) 

Then uince the activities of the pure solids, metal and metal 

suli 1de, are unity by convention, the eq\lat1on reduces to 

{:_ =c + .B%. ln A(s•) • 
n1-

In order to calculate the standard electromotive force from 

the meaeured electromotive force, one must know the activity 

of t he sulfide ion. 

The evlfide ion in this second ty'pe cell was provided 

by sodium sulfide solutions or varying concentrations. De-

terminations on silver sulfide were made in aodium sulfide 

solutions of the t'ollowing concentra tions expressed in molee 

per liter: 0.1, o.os, 0.01, and o.oos. At eoncentrat1ona 

lower than 0.006 molar the observed electromotive force of 

the cell was very erratic, probably due to the large internal . 
resistance of the cell. Solutions of higher concentrat1ons 

were not used because th6y fall outside the limit of appli-
" cation or the Debye-Huckel theory, · which will be applied in 

a number ot' subsequent calculat1ons. 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 J s= 
electrode wou1d not p rs1st in sodium eulfide solutions more 

concentrated than 0.01 molar. ~he lack or atab111ty of the 

Hg, HgS f S::; electrode in concentrated sodium sulfide solu-

t1ona is probably due to tho fact .that these solutions are 

very stron gly basic because ot the hydrolysis of the &ulfide 

ion. This hydrolyais will be discussed 1n more detail below. 

Determinations were made -on mercuric sulfide in the 

following approximate concentration ot aodium 1Ulf1 de aolu• 
tion: 0.01, 0.0075, 0.0050, and 0.0025 mol s per liter. 

When the salt, sodium aul..fide, is diss~lved 1n water, 

hydrolysis takes place according to the reaotionsa 

(F1ret Hydrolysis) Na,.S+ B8 o =Na++ OH·+ Na++ as• 
(Second b7drolysis) HS•+ H8 0 = liaS + Olr" 

· (Total hydrolys .1s) Na8 S + 2Ha0· : 2Na + + 20Er- + H8 S 

The equilibrium constants of these reactions, which are 

the hydrolysis constants, can be written: 
-

(-F~rat hydrolysis) ~ 1 = Aor x An:s-
s= 

(Secon d hydrolysis) Kha-=:: AH,.S X Aoa· 
Aas-

(Total hydrolysis) Kg= Aon-• x AH8s 
A3= 

where Kh 1 , Kb8 , and Kn represent the firet, seoond, and total 

hydrolysls constant.s respectively, and A repres nts the 
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activity of the vorioue subscripted ions and moleculee. Any 

substance that appears unchanged on both sides of the h7drol7• 

sis reaction has been omitted :from the above h7drolysie ex-

prees1ons, and the s.cti v1 ty of the y;•a ter term is ta.ken as 

unity in accordance with the chosen standard state. 

It has already been stated that 1t is neces,ary to know 

the exact activity of the sulfide ion in the cell in order 
to convert measured electromotive force to standard electro-

motive force. If the hydroxide and b1sulf1de ion activities 

of the sodium sulfide solution could be obtained, it would 

then be possible to calculate the activity of the sult1de !on 

by substit uting theae activity values and the known value of 

the first hydrolysis constant, Kh1 , 8 into the expression given 

above .for the first hydrolysis. This procedure waa the one 

followed in calculatin g the sulfide ion activity. 'Ihe hydrox• 

ide and b1sulf1de ion e.ct1v1t1es of' the sodium sulfide solu• 

t!on were calculated from data obtained from two separate 

titration~ and by use of the Debye-Huekel theory. 

The sodium sulfide solutions wet-e not made up to an 

exact mols.lity because the sodium sulfide crystals {Naas• 9Ba0) 

were very hygroscopic and could not be weighed exactly. If 

sodium sulfide is made to undergo e. complete hydrolysis by 

the add1 t1on of hydrogen ions• there w 111 be two hydroxide 

8Lat1zner, SW.• Sil• 1 P• 65. 
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1ona toFmod for every molecule of sodium sulfide hydroly;ed. 

The h7drox1de ion concentr.ction of the completely hydro~yzed 

eodiwn sulfide solution was determined by the following 

neutralization titration: A definite amount of sodium . sul-

f id& solution was measured out 1n n pipette an d tra.nsferr d 

to a beaker. An excess, bu t meas ured runount of sulfuric 

acid, was added to this sol ution from a burette. The sol u tion 

was boiled carefully for t1ve minutes to expel any hydrogen 

sulfide gne in the solution. Then phenolphthalein we.a added 

ae an indicator, an d th e acid back titrated with standard 

nod1uni hydroxide solu t1on" 'l'h1s t1 tra tion gave the concen• 

tration of the hydroxide ion when the sodium sulfide was com-

pletely hydrolized and the concent~at1on of th e sodium aul• 

1'1t1e solution, which 1s half' as much as the hydroxide ion if 

the salt is hydrol1%ed completely. 

There is only a very minute amount of sulfide ion in the 

sodium sulfide solution. However, this small amount of aul• 

tide ion is in equilibrium with the b1sulf1de ion and 1f th1a 

sulfide 1s removed from the scene of action, more biaulfide 

will change into sulfide until finally ell the b1eulfide will 

be chan ged over. 

The b1aul.f1de ion concentration was determined by an 

ox1dat1on•reduct1on titration on the sulfide ion. A definite 

amount of sodium sulfide solution was measured out in a pipette 

and transferred to a beaker. An exoess, but measured amQdnt of 

I 
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approx~tely one per cent solution of celo1um hypochor1te 

was added from a pipette. The mixture was made cid and an 

excess of potassium iodide was added. Thie solution was 

back titrated with standard sodium th1osulf te solution; no 

indicator was needed. A blank determination was then made. 

The chemistry involved 1n this determination will be 1llu• 

s tra ted by the reac t1ons : 

s• + 4 001· ... so.=+ 4 01· 

001• + 21- + 2B+ ➔ la+ 01- + HaO 

2S8 0a= +Ia-+ 56 08 = + 2I• • 

This titration makes poasibl the ·ealcul at1on of the 

b1sulf1de ion ooncentr tion. 

Recalling the equations for the hydrolysis of sodium 

sulfide, ono can see that the hydroxide ion concentration 

from the first hJdrolysis is equal to the biaulfide ion 

concentration, which 1a equal to the amount of sodium sul• 

fide that will -u.n~ergo just the primary hydrolysis. 1Ihere 
-..·.-; 

1s, however, a certain amount of the sodium sulfide that will 

undergo complete or total hydrolysis. This amount can be 

calculated by subtracting the amount that will undergo just 

the primary hydrolysis trom the total amount present. Now, 

a1nce each mole of sodium sult1de that hydrolizes completely 

will give two moles of hydroxide ion, the hydroxide ion 

concentration formed from the complete h7drolys1s can be 
I 

calculated. The total hydroxide ion concentration of the 
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aolu tion can no be calculD .ted by adding the hydroxide ion 

ooncentr t1on obte.lned from the first hydrolysis to that 

obtained from the complete h7drolysia. 

Through reasonin g of this kind the total hydroxide ion 

concentration of the solution was calculated. ·1th the 

hydroxide and b1eulf1de ion concentrations kno11n, it now 

becomes necessary to kno the act1vity coefficient of th&se 

ions in order to calculate their activities. (The ratio of 

the activity of a substance to 1 ts eonoentra .t1on 1s the ae• 

t1vity coefficient). The Debye-HUckel limiting law equation 

was emoloyed to calculate the aot1v1ty coetf1c1ent of these 

ions. 'Ihe limitin g lJtJ.w equation is 9 

l-" y = A-z-+ -z- v;z-
✓-d t It d~~ 

where Y± is the mean activity coefficient,, • 1s a known con-

stant, equal to o.509 for water as solvent at 25° C,p,1s the 
0 

ionic strength, a 1s the mean distance of closest approach 

of the ions in the solution and Bis a constant involving 

universal constants together with the dielectric constant 

and the temperature. Bis equal to o.33 x 1oe in water aa a 
0 

aolvent at 25° C, and by taking an sver~ ge value of a aa 

9 s. Glaeatone, 11 Thermodynamics For Chemists/ D. Van 
ostra d co.~ New York, 1947, P• 418. 



3 x 10-•, 10 the product :a is approximately unit7. '?he 

limiting law equation for water as a solvent at 25° ma7 be 

written 
1..-.Y±=Az~z-v;;:. 
✓- d I -+ ia:.-
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The ionic a tre .. · th,A must now be known 1n order to calculate 

the mean 1on1c activity coefficient of the ion$. 'lbe ionic 

strength is half the sum of the terms obtained by multiply• 

1ng the molal1ty of each ion present 1n the solution by the 

aqu re of its valence. 11s1nee all the concentrations of the 

various 1ons in solution are known from the two t1trat1ons 

discussed above, the 1on1c atren th · can b calculnted. Then, 

by the use of this 1on1c strength value and by the use of 
. 

kn.o constants, the limiting law eouation can be em.ployed 

to calculate the activity coefficients or tho ion. 

The product of the activity coefficient and the eon-

eentr Uon of the hydroxide ion 1s equal to the activity of 

the hydro~ide ion, and the product of the activity coet-

f1cient and the ooncentrat1on of the bisulfide ion lsequal 

to the activity ot' the b1aulf1de ion. The equilibrium ex-

pression for the ,f1rst hydrolya1s of sodium sulfide is 
R'ti = Aoir x Aas· • 

J. As= 

lOI!21d. 

11~ P • 420. 
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Using th1$ expression and the calculated activities of 

hydrox1de and biaulfide 1ons, and by th0 known hydrolysis 

conste.nt, 12 the act1v1 ty of the su1f1de ion may be calculated • 
• 

The appropriate form of equ~tion t36) for this particu-

lar hnlf-cell reaction is 

f = e, + l!£ ln A ( s=) • 
n 

'O'a-ing th.1o equation and the calculated sulfide ion acti it,-, 
1 t is poasible to convert measured electro:mo ti ,ro force to 

standard electromot1v~ roroe,-

atandard §eetrode Potential . As hAs al:ready 'been 

stated., the ste.ndnrd electromotive force of a eell 1s equal 

to the al5ebra1c sum of the atandard electrode potentials of 

the two electrodea. Then, a1nc& the eleet .v.omotive force ot 

the hs.lt;-ce .ll reae t1on, 

s~ + M .. MS+ 2e, 

was the only electromotive farce considered 1n the conver-

sion of .mee.eured electromotive force to standard electro-

motive force, the s.tnndard electrode potential of the eleci-

trode m,, MS J s= -is equal to the standa:rd electro:mot1vi, force 

ealf.mlati;)d above. 

Standard n-ee in:ergy st Fotma t1on. lfhe free energy of 

forms. tion of the metal sulf 1de oan b• caloula. ted trom the 

12 · 
Latimer, -2:Q.• cit., P• 65. 
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tree energy change of . the cell reaction, and the free energy 

change of the cell reaction can be calculated from the stan~ 

dard electromotive force by the same general procedure as . 

was employed in . ma.king similar calc ulations on a oell ot the 

first type. 

Solub1i1tz Product Constant. & calculation of the 

solubility prod~ct consta n t of the metal sulfide from its 

tree energy of formation is ident1eal with that used for a 

cell of the first type. 

DISCUSSION OF CELLS OF THE THIRD TYPB 

The third cell selected for study was a cell of the 

type 
Ag, A&aS ls= I s= I MS,M • 

'l'he chemic l reaction taking place in the cell 1a 

2AS(s} + e(s) =¥cs>+ Ag•s<s> , 
here M, .as used he1 .. ., represe nt s any metal. This th1rd type 

oell is an origi n l coll, an has not been reported 1n the 

chemical 11 terature as bein g used to determine the f'ree 

energy of formation of any metal sulfide. 

This particular type cell is theoretically desirable 

because all th e subs t ancea involved 1n the cell reaction are 
~ 

pu re solids. Al.o, t he concentra ion of the sul f ide ion in 
,I 

eneh h alf-cell 1s the Brune d ~~orcby eliminates o.ny chance 

of 11q ,i i d junction potent i al. 



OALCULATIO:S ON CELLS OF TUE THIRD TYPE 

Sttl}ldnrd m,aetpomotlve Force. The relation between 

the standard electromotive force and the mens ~red electro-

motive force of a oell 1s giv n by equation (36) a 

[ af, 0 .. J!! ln A()I) X A(AgaS) 
n =t {Ag ) 8 X A(MS) 
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'llle activity of the pure solids are taken as unity by con-

vention, Then , since all the substances involved in the 

cell reaction are pure solids, the term RT ln A(v) x A(Ag.s) -n7- A( e)sa x A(:MS) 
equal to zero and the measu1•ed electromotive force be~omea 

equ_al to the st ndard electromotive force, or 

[ = co • 
Standard Ji!lect:rode Potential• The standard electro-

motive force of a cell 1s equal to the al gebraic sum of the 

standard electrode potentials of the two electrodes. The 

1tandard electr~otive force of the cell can be calculated, 

as a,hown above, and the standard electrode potential of the 

electrode Ag, As.s/ s= can be obtained from calculations 

made for a cell of the second type. The standard electrode 

potential of the electrode M, KS j s= could be calculated by 

tak1n _ the algebraic difference of these two potentials. 

Standard Free Energy .2f. Formation . The free energy of 

formation ~r the metal sulfide can be calculoted from the 

tree energy change accompanyin the cell reaot1on, and the 

free energy change of the cell reaction can be calculated 
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from the standard electromotive toroe by the same general 
method used to calcula te these values in eellt of the first 

two types. However, the free energy o~ fornts.t1on of silver 

sulfide must be known in order to make these oaloulm t1omh 

'l'he free energy of formation of silver sulfide could be de• 

·, term1ned by one of the first two type oells discussed above. 

Solu.J?1l.1tJ: P£pduot Oon@ta9t. The solubility product 

constant of the .metal sulfide can be calculated from its 

free energy or formation b,- the 1dent1oal method used to 

calculate this value in eells ot the ftrst two types. 



CHAPTER IV 
SOLUBILITY FROM SOLUBILITY PRODUCT CONSTANT DATA 

From a practical point of view~ it is of interest to 

the chemist to know the solubility 1n water or the slightly 

eoluble metal sulfides, An attempt will be made 1n th1s 

chapter to point out tbe d1f£1cult1es involved in calcula-

ting the amount of dissolved metal sulfide from the solu-

b111ty product conata.nt and to suggest methods of improving 

this oalculntion. 

Consider a slightly soluble substance of the type AB 

which dissolves in water, accordin g to the reaction 

AB~ A+++ a=t , 
whose solub1l1 ty product constant expreaaion is 

K = AA++ x Aa• • 

The usual method of calculati ng the aolub111ty is to take 

the square root of the solubility product constant. The 

solubility ia equal to the square root or the solubility 

product constant in this case because for each molecule of 

AB that dissolves there w111 be one cation, ++, and one 

anion. B•, rormed and the aolub111ty product constant 1a 

the product of these two ions. 

The above method of calculatin g solubility from sol-

ubility product constant data cannot be applied to a 

slightly soluble OOl1'1pound such ·as mercuric sulfide, which 
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dissolves in water, according to the reaction 

·Hgs .t Hg++ • s= 
because both the mercuric and sulfide ions w111 be hydrolyzed 

by wa.ttar• The hydrolysis will deer ase the amount of mercuric 

and sulfide ions, and as a result more mercuric sulfide will 

dissolve. At equilibrium, the concentr tion of the m•rcur-1o 

and sulfide ions in olut1on will not be tb.e same, and as a 

result the solub111tyw1ll .!l!ll,_ be equal to the square root of 

the solubility product constant. 

In order to calculate the solubility from the solubility 

product co stant , the hydrolysis of this salt must be taken 

into account . If a special case is considered in which the 

solution is distinctly aeid, the hydrolysis of the mercuric 

~ ion will be negligible, but the hydrolysis of the sulfide ion 
will be appreciable. The sulfide ion hydrolyzes according to 

the reac t1ons J 

(First h7drolys1s) s= + H•O •as-+ oH-
(Second hydrolysis) as-+ H.o = n.s + on 
(Total hydrolysis) Er+ 2R8 0 = 20H• + HaS 

The hydrolysis constant for the first hydrolysis, lC:t,.1 , ia 

defined by 
-

Kh1 • Ans- x Aor • 
As= 

the hydrolysis constant for the second hydrolysis, Kha• 18 

defined by 
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, , 

Kha = . AR,aS x . Aor 
AHS"' 

, 
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and the. hydrolysis constant for the total hydrolysis, . KH, la 

defined by 

KH = Aoa""• X ABaS, 
As= . 

ln wh1oh A is the activity of the various subscripted ions. 

'£he water terms have been omitted from these exp1 1esa1ons be-

oa:u.se the activity of the water 1a taken as unity by eonven• 

tion. The product of the tw,o constante lCh1 and Kha ls an .. 

other constant KH, as shown b7 the following equation: 

. Kb:1 Kh• =-Ass· x Aoa• As:.s .x: AoH-: • AOH""2 x Anas = K:a • c39 ) 
As= Ans- As~ 

Solvi .ng the expression :for the sulfide 1on a.c ti vi ty gi ves 
- 2 

As== AQH", X AHsS • (40) ·., fir -
Recalling the eolub111ty product constant expression for 

merc uric sulfide, 

Ks.,.= AHg++ X As=, 
and , so1v1n g this e:.q,rassion .. for the :me1•curic: 1.on ac ti vi t1 

gives 

AHg++ = Ks.p. • 
s/' 

The activity of' the mercuric ion 1s $qual to the solu'b1l1ty 7 
of' mercuric ~'--1lfide because :for e,toh moleQule of' mercur1e 

sulfide that dissolves one ~ercur1c ion go«us into oolution. 

Now, comb1n1ng equationo (40) and (41) g1ves 
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Ang++= solub111ty or HgS = Ks.P. Kn • (42) 
·AoB'.-• x AB1 s . 

By definition~ 

,. 
in which Kw is the dissociation consta nt for water. Solving 
tor the activity of the hydroxide ion g1vea 

Aoa• :• !!_ • 
Jta+ 

Then oornb~ning this e;,tp;res&ion with equation (42) gives 
, ' . . 

~Hg++• solubility of figs= ls.11. AH+ !<Jt • 
· · . if;• AJ1,,s 

(43) 

Hydrogen, sulfi .de 41ssoc1a tes. in water a.olu tion accord• 

1ng to ~$ z-eactto.n:u 

Hao;!! H+ + HS•· 

us- -~ a++ s• 
(2) 

(1) 

and the 1oniza t1on cons tan ta of the$&: reao ti one o.re 
- -

K1 = A:a:+ :x Ans-a 
AHaS ·. 

K11 = AH x AEf= • 
Ans· 

The .relationship between Rh1 • K1, and Kw is gtven by the 

. equation& 

!L. • Aa+ x _Aoa= • Ass· x Aon- = Rh-. , 
.Kt, Aa+ :it As• As• 

.. ABs-
or 

(44) 



The rela t1oneh1p between I\J'l•• Ki and Kw. il'l given by the 

equat1ont 

= An+ X Aon-- A»,s X AoH- = 
Alf': X Ans- Aas-

AII._S 
(45) 

Comparing e~uat1ons (39), (44) and (45) one can write the 

following equ tion, 

Kg_ ::: Kw• • 
i11 ~1. 

(46) 

Solving thia expression for Kw end combining with equation • 
43 gi ves 

The equation makes possible calcula t1ons d: the solub111 ty of 

a slightly soluble metal 8Ul.f1de o,f the mercuric sulfide 

type at any given pH end p rtial pressure ot hydrogen sul• 

fide from the solub1l1t:v product constant of the metal sul-
fide and 'the two diasoo1at1on constants of hydrogen sulfide. 

'l'he equs.t1on 1a developed on the assumption that the cation 

does not hydrolyze ,an d therefor& is applicabl e only to acid 

solution,. 

Consider another slightly soluble subetance of the type 

A8 B which dissolves in water ~ accordin3 to the reaction 

AaB it 2A+ + s• 1 

and whose solubility product constant ~xpression is 
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The usual method of calculating the solubility of the sub-

stance, A~B, is ae follows: Let X equal the amount of B= 

that is 1n solution; then the a.mount of ,1+ in solu t1on is 

equal to 2x. Sub tituting X into the eolubilit7 product 

constant expression gives 

• Ks .P. = (2X) X a U ,3 • 

The solubility o~ the aubsts.noe A11B is equal to the amount 

of B== going into solution, l:ll d therefore equal to x • 
The solubility would be given b~ 

3 

~=~ If-
The above method of calculating solubility from solu• 

b111ty- product constant data cannot be applied to 8lightly 

soluble compounds such as silver sulfide , 'fbich dissolves 

in a ter, acco:r·d1ng to tho re~1c tion 

.~g,.s ~ 2Ag+ + s= 
because of the hydrolysis of the cntion and anion. 

In order to calculate the solubility of silver sulfide 

.from the aolubil1 ty product constant,. a special case will 

be considered 1n which the solution 1s distinctly acid. In 
acid solution t ·1e hydroltr.1s of the a1lver ion will be 

negligible, but the hydroljsi of the sulfide ion will be 

ppreciable. 

Recalling the solubility product constant expression 

for silver sul.f1de, solv .1ng it for the activity of the 

. . 
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silver ion, and combinin~ this expression with equation (40) 

gives 

• 

By definition, 

• 
Solving for ~~e activity of hydroxide ion ~1ve 

AoH- == Kw 
Aff+ 

• 

Combining th1.s expression with equation (48) gives 

Yt'' AH'ak~ 
l(,,w-' A~h~ 

Recalling equation (46) and combining 1t with equation 

(49) gives 

(46) 

(49) 

Then, since for every molecule of silver ulf1de that d1a~ 

solves two silver ions go into solution, th solubility of 

silver sulfide is giv n by the expression: 

aol•bility,. AAt -= J_ y k,.f-AH•-, 
J -;) k,,.: t<,.: :1 A lh '3 

The equation makes possible cnlculation of the solub111ty 

of slightly soluble metal .aulf1de of the s1l ver sul.t'ide 

type. In order to carry out the calculation, the solution 

must be acid, at a spec1f1e pH, and at a particular partial 

pressure or hy-drogtJJJj11JHMN'S OFFICE 
Church of jts11s Christ of Latltr-day Saints 

47 Bast So111b Ttmpl, $1. 
SA.iT LA.KB Cll'.'Y, UTAH 



CHAPTER V 

EJCPERM.llTAL TECHNIQUE~ 

APPARATUS 
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The·eleotromot1ve force or the various oells was measured 

with a Leeds and Northrup type K-2 potentiometer . A mirror 

type Leeds and Northrup (2620-C) galvanometer was used. The 

combination or potentiometer end galvanometer was sensitive 

to a potential of one microvolt. An Eppley standard cell, 

calibrated by- the u. fh Bureau of Standard• on March 15, 1949, 

was used as a primary standard. The cells beinr.: studied were 

maintained at constant temperature by immersion in a watar 

bath. The bs. th was heated w1 th an eleo trio heater which was 

controlled by a mercury filled regulator. The temperature 0£ 

the water bath was controlle.d to within five•hundredtha of 

a degree centigrade, A meroury•1n--glaes thermometer gradu -

ated in tenths of a degree wae used to measure temperature. 

The thermometer was calibrated by the National Bureau of 

Standard, Karch 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 readings. An additional hole was bored and 

f 1 t ted w1 th a gas outlet tube when eel ls of the f1rs t type 

1nvo1' , ing hydrogen sulfide gas were under observation .. '!'he 

beakex-s were airtight except for a small interval of t1m~ 
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during which readi ng s were mode; 1t was then necessary to 

have the bridge hole open 1n order to insert the bridge. A 

cell of the first ty pe is shown in figure!. '.Ihe bridge 

for cells of the f1rs t and third typ e s was made from cap1l• 

le .ry gl ss tubing. This bridge was rh1.eed and filled ·w1 th 

these.me concentra.tion of solutlon aa that in the cells be-

fore inse1tt1n g into the half-cells. For cells of the f1rst 

type the bridge was never left in place longer than twenty 

seconds w1 thout being removed, washed, and re.filled. For 

cells of the aecond type the bridge was a salt bridge 

att~ched to the normal calomel electrode. (See figure II). 

REAGENTS 

The hydrogen for th& hydrogen electrodes used was com-

m$reial hydrogen. It was purified before entering the cell 

by bubbling through a purifying train consisting of two 

bottle$ of alkaline pyrogallic ao1d, two bottles containing 

concent~ated sulfuric acid aaturoted with potasa1um diehro-

mate, two bottlea of distilled water, and one bottle of acid 

of the arune concentration as contained in the cells. 

The hydrogen sulfide for the M, MS, HaS electrode was 

commercial hydrogen sulfide, 99.9 per cent pure. Thie gae 

was further purified by passin g through a pur1fJ1ng train 

consisting or two bottl es of saturated barium hydroxide 

solution, two bottles of distilled water• one bottle of 

aold of the same concentrntion as that contained 1n the cells. 
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The sodium sulfide solu tlons used 1n cells of the second 

snd tb.1:r-d tyPcs were p!'epared from NsaS •9R110 ery ,itals con• 

.forming to the spec1:t'1eations of the Amei"ican Ch~!mdeal 

Societ,y Committee on Guaranteed Reagen.ta. The ,nax!mum 

runount of 1mplwitiss are aJl'l.lilOnium compound$ 0.002 per 'cent 

and sulf.1 te and th1osuli'a te 0.10 per eent. 

PRPrf~\RATIOll OF ELECTRODES 

l!:vdrozen. The h;rarogen ele9trode:s were prepm.red by 

electroplating an even . eoat ot platinum blaok onto clean 

platinwn metal strips. These eloetrodea were $tored in teat 

tu.bes o.t distilled wate-r until they were ·needed. Th.e measure• 

ment of one hydrog~n electrode against an.other showed whether 

the electrodes were prepared oo:rree tly-. 

Silver sult\<l ~h The silver., silver sulfide electrod•s 

were prepared by e1Eietrople .t1ng silver on clean pl.e.t1nwn: 

wires from a four per cent solution of silver nitrate, then 

.f orm1ri..g a cea ting of silver sulfide on the out$1de Of the 

silver by electrolysis of a solution of sodium sulfide for 

a short t1me-. l\1ectrodee tha.t produced the 'be.st i-e·sults 

were obt~1ned by electroplating the silver on the platinum 

w1:ro ns haav1ly as 1>ossible and plating the sulfide from a 
, 

one mol:ar ~olution of sodium eulf 1de for twent-y - t'ive seconds 

using il.bou t three hundredth ampe,re of current. .E;leetrodes 

u.sed wt thout previously be1.ng coated w1 th n silver _·sulf1de 

coating wei-e much slower reaching equilibrium than those 
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~aving a preliminary ooating of silver sult1de . 

Mercurz Sulf!Qt• The mercury -merc u~1e sulfide elec-

trodes for cells of the second and third types 1n which no 

gas is involved were prepared as follows: A small dish wae 
tilled 1th re•d1st1lled mercury and placed inside a 

Berzelius beaker . Contact was made by means of platinum 

wire fused 1n t he end of a glass tube partially filled with 

· me:r•cmry lnt.o which t he lends from the potentiometer could 

be dipped . This platinum wire was eomplet.ely immersed in 

the mercury ot ' the dish . The beaker was partly filled with 

one hundredth molar sodium sulfide solution~ and a coating 

o!' me1•ouric sulf 1de was elee tropla ted on top of the mercury. 

The sodium sulfide solution was siphoned off and the beaker 

filled about two thirds full with sodium sulf'1d& solution of 

the desired molal1ty. The electrode in, comin g to equ1l1br1wn 

changes the concentration of the sulfide ion in the solution . 

'!'his changed solution was removed by a1phon1ng o.nd re•placed 

by fresh sodium sulfide solution of the ea.me desired molal1 ty . 

This procedure ot filling the half - cell with a aolut1on of 

sodium sulf 1de at a sp ec1i'1o conoentro. t i on, allowing the 

electrode to reach eq i;111br1um. , then ret1111ne the half-cell 

with moro .·solution of the originnl concentration was repeated 

until the electrode was in equ111br1am with the solution at 

the o:r1gtnal speciti~d concentration . 
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The mercury--mereurio sulfide electrodes for cells of 

the first type were prepared by placin g mercury filled 

dishes directly below the usual electrode hous1ng. (See 

Eigures a). Contact wos made by a platinum wire fused in 

the end of a glass tube which we.a partially filled with 

mercury. This platinum wire was immersed completely 1n 
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th e mercury of the dish. The hydrogen sulfide gas was 

forced through the electrode housing so that the electrode 

was alternately covered by hydrochloric acid and hydrogen 

sulfide gas. l black coating of mercuric sulfide was formed 

on the surtaoe of the electrode ·very quickly. 

~ Sulf,3.dt• A lee.d, len.d s lfide electrode was pre-
pared by electroplatin g l ead metal on a clean platinum wire 

from a four per cent solution of lead nitrate, then forming 

a coatin g of lead sulfide on the outside of the metal by 

the electrolysie or sodium sulfide solution. 

Nickel Sulfide. Nickel metal waa electroplated on a 

pls.t1num wire from it concentrated solution or n1ckeloua 

nitrate. A la1er of nickel sulfide was formed on the out• 

s1de of this electrode by the electrolysis of sodium sul• 

fide solution. 

Cobalt Sulfide. Cobalt metal was electropl ted on a 

platinum wire from a concentrated solution of cobalt nitrate. 

A eot\t1ng o.f cobalt s nlfide w s formed by the electrolysis 

of sodium sulfide solution. 
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B1amuth Sulfide. A b1smuth•b1amuth sultide electrode 

was prepared by electroplatin g bismuth metal on a platinum 

wire from an acid solution of bismuth n1trate, . and then 

i'orming a sulfide coatin g b7 electrolysis of sod1Ul11 sult'ide 

solut1o .n. 

A second type or bismuth-bismuth sulfide electrode was 

prepared b-y dippin g a clean latinum wire in molten bismuth 

metal, removing e.ny bismuth oxide that might have formed on 

the electrode by dippin 1t in concentrated hydroc hl or ic . acid 

aol u tfon, and then forming a sulfide coati ng by electrolysis 

or sodium sulfide solution. 

Ce.dm1um Suli'ide. Cadmium metal was electroplated from 

an QC1d sol ution of cadmiwn chloride. A cadmium sulfide 

coatin g was formed by the electrolysis of sodium sulfide 

sol ution, 

Tin Sult1:df• Long crystals of metallic tin were plated 

on a platinum wire from an acid solution of stannous chloride. 

A layer of sulfide was then · coated by electrolysis ot eodium 

sulfide solution. 

READI.O TECHNIQUES 

Ctlls 2!, the F1ret Tzpe, Three identical cell• were 

studied on each run. Tho hydrogen el ctrodes were usually 

pl~tinized the night before a run wa~ to be made. The metal• 

metal suU'1de electrodes, with tho exception of the mercury-

mercuric sulfide electrodes. were prepared about one-half 
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hour before they •ore to be placed in tt1e cells. Both the 

h7drogen o.nd the metal-metal sulfide · electrodes were ~toNd 

in test tubes of d1st1lled water until needed. The mercury--

merc uric su lfide electrodes were p~epnred immediately before 

use, as described above. (See aect1on on Preparation of 

Electrodes). 

The half•cells were filled half full with hydrochloric 

acid aolu tion and plnced in the temperature ba. th. Bridges 

made of small bore glass tubing e.nd filled with the same 

concentration of acid as used in the cells were used to 

eonneet each half•cell w1th each other balf•cell• Thia 

e.rrengem~mt · allowed the acid in each half•cell to siphon 

to the same level. 'l'll.1s was done to prevent siphoning ot 
solution through the eontaot bridge during readings, which 

would contaminate the electrodes. 

After all the half•cells reached the same level the 
siphon bridges were removed, stoppers placed in the holea, 

and the hydrogen and. hydrogen sulfide gases started. The 

gases were allowed to f .lo throuah the ay-stem r or one-half' 

hour before the electrodes were placed in the cells. 

After the electrode had been in th cells for about 

three hours with the gaae flowi.n g , readin gs were taken be• 

tween hy ogen electrodes, and then between metal-metal 

sulfide electrodes~ If all these readings were zero, - all 

electrodes were assumed to have reached Equilibrium and 
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readings wer taken between the hydrogen and the metal-metal 

suli'ide electrode • Th o re dings were made as rapidly as 

possible to minimize the poas1b111 ty of cont m1nat1.ng the 

hydrogen electro des by diffusion of hydrogen sulfide as. 

Readin .1a on the same cell w re taken at least twenty minutes 

a p rt to allo the cell to reac h equilibrium again before 

reading. 

· Cells ,2.t ~ Second ~• Durin g each run measurements 

were ma eon duplicate cells at four different conoentretions 
of so 1um sul.t'i e olution. The sodium sulride solutions • 

were made up least t'orty;-'eight hours before they were 

used in a run. This llows tho solution to reach a hydroly-

sis equilibrium. 

'lhe halt-cells are filled with the various sodium sul-

fide solutions and placed in the constant teroperature bnth. 

The metal-metal s u lf1c1e eleo trodes, hich were prepared as 

desr1bod above, ere laced 1n the cello. The eleotrodea 

were allo~e~ to attain equilibrium with the desired solution 

by using the aiphonin g procedure previously discueaed. 

Tho electodea ave 1n eq u111br1uni w1 th the desired solu-

tion after about one-half hour and the voltage is e.sured 

usin g a normal calomel as a reference electrodfh The cells 

are allowed to rest tor at l €ast thirty minutes between 

ree.d.1.nga. 

After all readings are taken, the vo.rlous sodium sulfide 
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solutions are analyzed as described in chapter III. 

gel'.ki of !!l! Jh1rd l:Il?f.• Ten cell$ were measured during 

each run. 31lver-s11ver eul£1de electrodes were used as 

reference electrodes against othe~ metal•metal sulfide 

electrodes in these rtma. The preparat1on of these elec• 

trodes was described above. 

The cells filled with sodium sulfide solution And 

!'1 tted. with · eleo trodes are placed 1n the constant t•:mper• 

nture bath. Both electrodes are allowed to come to equil• 

1br1um by the procedu1~e described previously. Readings &re 

made no oftener than once every half hour to g1ve the cells 

a chance to regain their equilibrium. 



C~P'l1ER VI 

EXPBRIMEN~• AL RESULTS 

CELLS OF THE 1'' lR ST TYPE 

SILVER SULF IDE 

J;\ectromot1ye Foree Measureroent•• Tho electromotive 
force of the cell 

Pf, Ha j HOl (x mol) \ IICl (x mol) ) H,aS I Aeas. Ag 

as measured at 25° C is -0.0362 intern t1onal volts. Dupli-

cate determinations agreed within .t. 0.0001 international 

volte. The measured standard electrode potential of the 

electrode bg, Ag•ST R0S is 0.0362 international volts since 

the standard electrode potential of the hydrogen electrode 

is zero by definition. 

· Standgrd ~ Energy g,t Formation. The free energy 

chang$ of the reaction 

Ag_s +Ha• 2Ag0 + HaS 

was calculated from the standard electromotive force using 

equation (33), and round to be l,6VO cal/mole. 

'l'he free energy of fornation of silver sulfide at 25° C 

was calculated from the appropriate form of equation (37), 

and found to be -9,4 30 cal/mole. 

'al Latimer value tor the free energy ot formation of 

hydrogen sulfide was used in this c lculation, 

1ri . M. Latimor, '' Oxidation Potent! ls, 11 Prentice-Hall 
Inc., Ne York , 1938, P • 307. 
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Solub1l1 tz f;cO$$UC t C2ns tan t. The reac t1on taldng piace 

when slightly soluble silver sulfide dissolves 1n water is 

Ag.s ~ 2Ag+ + s= • 

The tre,e &ne:Pgy chan ge ot the reaction was ealcula ted .from 

the appropriate form of eauution (37). Latim er 'a2 vnlu s 

for the free •nergy of torms.t1on of the silver and sulfide 

ions we~e ueed 1n this calculation. The solubility product 

eonetsnt YJaa calc ulated to be 6.6 X 10·•• by t he use of 

equation (21) • 

MERCURY STJLFIDE 

E4eetromot1ve Force Meas~rements. The electromotive 

force ot: the C$ll 

PT,.B8 / HCl(x mol) l liCl(x mol) } HaS l HgS,Hg · 

•• measured at 25° C ia •0.0511nternat1o nQl volts. In 

duplicate determinations the maximum deviation was+ 0.001 -
international volts. The experimental standard electrode 

potential of the electrode Hg, Hg$ u.s ia _-.051 international 

volta a1nce the standard: eleotrod& potential of the hydrog en 

electrode 1s zero. 

free Energy of t2rmatig9:. The free energy of the cell 

reaction HgS +Ha= R8 S + Hg, as calculated from the stan-

dard electromotive force usin g equation (3~) is 2348 oal/mole. 

The standard free energy or formation of mercuric sulfide was 
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oaloulated using the appropriate form of equation (37), and 

found to be •10,220 cal/mole,. Latimer < s3 value for the 

free energy or ror~10.lion or hydrogen ultiae was used in this 

calculation. 
§ol ubili t;, P;rogue t Constant. The equation for the dis• 

solving or slightly soluble mercuric eult1de 11 

HgS =Hg+++ s= • 
The free energy change of this reaction was oale u1ated from 

equ t1on (37), using the experimental tree energy of for.ma• 

t1on of mercuric e~lfide and Ls.timer I a4 value for the free 

energy of formation of the mercuric and sulfide 1ona. The 

solubility product constant of mercuric sulfide was round to 

be 1.7 X 10-e•, using the free energy value of the reaction 

calculated above and equation (21). 

LEAD SULFIDE 

Deter- nations were made on lead sulfide at different 

concentrations of acid and 1t was .found that the cell re-

action w a not independent of the concentration 0£ the acid 

1n the c-ell- Th ref ore no reliable results were obtained. 

CELLS OF THE SECOND TYPE 

SILVER SULFIDE 
Jia:ectro;ot1ve F9re9 M a9urententa. , The electromotive 
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force of the cell 

Ag,Ag,aS / s= /{ normal c lomel 

was measured and the potential o:f the normal calomel elec• 

trode algebraically subtracted from the total potential to 

give the potential of the Ag,AsaS / s= hal:f-cell. Th1s 

measured electrode potential w a converted to the standard 

electrode potential by using the appropr1a te form or equa-

tion (36) 
0 

[=[+Zl:tlnAs= • n-=r 
The details of ealeul" ting the ac ti vi ty of the sulf 1de ion 

were discussed in chapter XII. The stands.rd electrode po• 

tential was calculated to be o.715 1nterne.t1onal volts. 

Duplicate determinations ive reaulte that agree within one 

in the third place. 

Free E;nersz of Form.a t1on. The free energy change ot 
the reaction was calculated us1n equation (33). The free 

energy of .formation of silver sulfide was then calculated 

from the appropriate form of equation (37), and wae round 
to be •9,456 oal/mole. The tree energy of formation or the 

sulfide 1on used in thia calculation was 23,420 cal/mole 

which 1s the value reported by Latimer.5 

Sg;l.ub1,1tz ;eroduct Constant. The tree energy o:r the 

reaction 
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.ag.s = 2.Ag+ + s= 
was calculated from t he , measured rre ,e energy of formation 

o:f silver sul:fide and La timer a6 values tor the .free energy 

of formation or the silver and sulfide ions. The solubility 

product was calculated from this free energy value by use 

or equation (21). 
MERCURY SULJtIDE 

The electromotive force of the cell Hg,Hgs ls=!~nnal calomel 
was measured, an:1 the potential of the Bg, RgS l s• half • ce l l 

oaloulated by subtracting tho potential. of the normal calomel. 

This measured potential was converted to standard potential by 

the use of the appropr1a te form of equation (36 ) • 

t =Co+ llI ln As= • 
, n"f 

The ealoulation or the sulfide ion activity was described in 

chap t er III . The standard electrode potential was found to be 

o.733 international volts. Duplicate determinations checked 

w1th1n one 1n the third place , 

l£.!.t. Energy 9L Form!tion. ttb.e standard tr•ee energy cha -nge 

of tb.e -half • cell reaction was calculated .from the atanderd 

electrode potential and from using equation (33) . The free 

energy ot formation of mercuric sulfide w s calculated from 

the free energy of the reaction and La timer J a 7 val.ue for the 

6Ib1d. 
7Dzid. 
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tree energy or formation of the sulfide. The free energy ot 

torm ntion of mercuric sulfide at 25° C was calc ulated to be 

-10 1 400 cal/mole. 

Solubil1 ;tz Product Oops tani• The free energy change or 
the re action 

HgS = Hg++ ♦ s• 
was calculated from the free energy of formation of mercurio 
sulfide and from the free energy of form.at1on of the sulfide 

and mereur1e ion as l1ated 1n tables. 8 The solubility pro• 

duct constant was calculated fr om this standard free energy 

change by the use of equation (;21). '!'he calculated value or 
the solub111 t;y tor mercuric sulfide 1.s 2.4 X 10·••. 

BISMUTH SULFIDE 

No rel1o.ble reau1ts were obtained for bismuth sulfide 

usin g this type cell. A possible explanation for this 

failure would be that the bismuth electrodes were reacting 

chemically with the strongly basic sodium sulfide solution. 

CELLS OF 'l'HE THIRD TYPE 

Merc;y.p tulf1de. The eell 

Hg;Hgs J s= I s= I Ag.s,Ag 

was st udied 1n an ettort to obtain an add1t1onal eheck on 

the tree energy of formation of mercuric aulf1de asauming 

that the free energy of formation of silver sul..fide waa 
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known. No reliable results were obtained, however, because 

of the e:r~atic nature of the electromotive force reading, 

The lack or a constant potential could have been · e to the 

small differential in voltage that must exist between the 

two electrodes. 
Other Me:tal Su:).fides . A number of other metal sulfides 

such as nickel sulfide, cobalt sulfide,: o.admium aulfide, 

and tin sulfide were tried in cells of this third type, but 

no reliable results were obtained, A possible explanation 

would be that the met ls were reacting with the basic sodium 

sulfide solution. 
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CHAPTER VII 

SUM.MARY 

Values for the standard free energy of formation and the 

eolub111ty product constants of silver and merc ury sulfides 

were determined from electromotive torce measu~ements on 
ga1van1c cells o~ the typea 

(1) Pfft,Ha} RCl(x mol) I HCl(x mol) / IlaS I MS, M 

(2) M,MS l s= (a=variable) l{ normal ce.lomel 

The weighted.mean valu~s .for those thermodynamic con .etants a.re, 

A F 0
AgaS25° • - - - ... - - •9,540 cal/mole 

Ks. P.Ag.s250 - .. - - ... - - 6.6 X 10-•• 

ll p0Hgs250 - - - .. ... - - •10 1 310 cal/mole 

lts.P•HgSa5° -- - ... - -... S.l X 1o•e• 

The generally accepted values wh1ch are quoted in most 

textbooks of chemistry at the present time are those reported 

by Lat1mer 1 in his book Qa.1dat4on fotent1at§• Latimer lists 

•9 1 500 cal/mole tor the etandQrd free energy or formation of 

ail ver aultide and -a,aoo cal/mole for the standard free 

energy of formation of merc uric sulfide. The value obtained 

1n this .study for the free energy of formation of silver sul-

fide !net-eases the accuracy of the fi gure quoted in Latimer'• 

l tt '' '• • Latimer, Ox1dat1on Potentials, Prentice-
Hall Incorpor t1on, New York, 1938, p, 305. 



69 

tables by e.t least one significant figure. The valu e obtained 

in th.is study for the free energy oft' ormat1on of mercuric 

sulfide makes a correction of 11 500 cal./mole in the estimate 

made by ~tinter. 
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