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&&&--The solubility of synthetic low-temperature silver sulfide (a~anthite) in solutions of 

sodium polysulflde of different concentrations, different ratios of sulfur to sulfide, and different 

acidity was detirmined. The solubility of acanthite increases with rising g (total S in sulfide and 

polysullide species/total sulfide) with rising temperature, and with decreasing pH if 9 is constant. 

For solutions saturated in sulfur, however, addition of acid causes the breakdown of polysulfide 

to hydrosulfide and sulfur and lowers the 3; the decrease of g lessens the solubility more than the 

lowering of pH raises it. 

Using the activities of polysulfide ions calculated by CLOKE (1963) it is possible to deduce 

three complexes of silver ion, Ag(S,)z-3, Ags,Sd-3, and Ag(HS)S~-2, and to calculate the observed 

solubilities closely. The equilibrium constant for the reaction Ag,S + 4SaW2 = 2Ag(S,),-3 -t Spa 

is estimated as 2.14 x 10-s, and that for the reaction Ag,S + 2SsF2 + 2SdT2 = 2AgS,S,-3 + SV2 

is estimated as 1.74 x 10Wg. The constant for Ag$ t- H +I -I- HW + 2Sde2 = 2Ag(HS)S,2 is 

estimated as 2.95 x lo*. Probably other complexes also exist. 

The solubility data of H~LJTE and BECXERT (1935) can also be largely explained on the basis 

of the analogous complexes, CU(S&~ and CuS,S, 3. The equilibrium constant for the reaction 

2cns + s,-2 + 3s4-2 = 2Cu(S&-3 + s- 2 is estimated as 5.00 x 10e2 and for 2CuS t 3Sdm2 + 

S,2 = ~C!US,S,~ + W2 as 3.63 x lo-‘. No data are available to estimate a eonstan+ for 

Cu(HS)S,2. 

Application of this study to ore deposition depends on somewhat uncertain extrapolations to 

higher temperatures and pressures. It is tentatively concluded that solubility increases with 

temperature at constant density, and increases with pressure at constant temperature. Thus, 

drop of temperature and pressure should cause deposition. 

A critical consideration is the size of the stability field of polysulfides at elevated temperature 

and pressure. Data relevant to this question are uncertain; to illustrate the possible application 

of the present study it is assumed that an appreciable stability field exists under magmatic and 

hydrothermal conditions. A decrease in size of this stability field with changing temperature 

and pressure conditions could lead to ore deposition, as well as to deposition of bar&e, alunite, 

and other sulfates. 

If eq~lilibri~ is maintained, either an increase or a decrease of pH would cause dispropor- 

tionation of polysulfides and deposition of the dissolved sulfides. An increase of pH might be 

caused by reaction with limestone or by argillization of silicate rocks. A geologically feasible 

way of adding acid to the polysulfide solution is more difficult to visualiie. Perhaps an initial 

separation of acid gases such as HCl and later recombination with the ore solution is possible. 

This should give a sulfide body containing native sulfur; the rarity of this type of ore suggests 

that this means of deposition is uncommon. 

Either oxidation or reduction of the polysurtide solution would lead to deposition of sulfides. 

Oxidation might be brought about by reaction with hematite or magnetite to form pyrite and 

sulfate ion. The effectiveness of these reactions is limited by the small percentage of these 

minerals in most rocks. Reduction might be caused by reaction with organic material in black 

shales, or possibly with reducing gases present in volcanism. 

Reaction with ferrous minerals, such as biotite, hornblende, or siderite, should also cause ore 

* Published lmder the auspices of the Committee on Experimental GeoIogy and Geophysics 

and the Division of Geological Sciences at Harvard University. 
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formation by removing sulfur from the polysulf?de solution to form pyrit,e. Pyritization of wall 
rocks would thus appear as a cause, not a result, of ore deposition. 

Until better chemical knowledge exists, it is difficult to know how polysulfide solutions may 
originate. In this paper it is assumed that an appreciable st,ability field exists under the conditions 
in which ore solutions evolve from magmas. 

FOR many years the mechanism of transport of most heavy metal sulfides which form 
vein deposits has remained a mystery. Because of the addition of water to the wall 
rocks to form alteration minerals adjacent to veins and the addition of sulfur and 
chalcophile elements such as copper, zinc, iron, lead etc., to the veins themselves, it 
seems evident that water, sulfur, and chalcophile metals must be present in the ore- 
carrying medium. A major stumbling block, however, is that the chalcophile metal 
sulfides are insoluble in water and only arsenic, antimony, bismuth, mercury, and 
tin are known to form soluble sulfide complex ions of sufficient stability in aqueous 
solutions to dissolve large amounts of metal sulfide. Other complexes are known, 
e.g. Pb(HS),O, and Au&l, but these seem less likely to be effective for ore transport 
because of the relatively small amount of metal that can be carried. Apparently 
either sulfide ion is essentially absent if the metal is present largely as uncomplexed 
free cation, or chalcophile cations are absent if sulfide ion is present. BARTON (1957, 

1959) has discussed this problem in more detail and concludes that probably 
chalcophile cations and sulfide ions are present only in trace amounts (e.g. Zn Q at 
lo-@’ m Pb+2 at 10-11’7 m, and S-2 at 10-10’7 
abunda&, e.g. 10-3’6 

m). Sulfate may be somewhat more 
m (BARTON, 1957). If both sulfide and sulfate were nearly 

absent the sulfur might be present principally in some intermediate valence state. 
Presumably the chalcophile elements would have to be present mostly as one or more 
complex ions. 

This situation leaves several possibilities. If we assume dominantly aqueous 
solutions in which all sulfur species are in equilibrium, this imposes certain restrictions 
on the sulfur-containing ions that can co-exist (VALENSI, 1951; GARRELS and NAESER, 

1958). The dominant species changes with variation of Eh and pH. The region on 
an Eh-pH diagram which seems most reasonable for most sulfide-bearing, hydro- 
thermal ore deposits lies close to the line, Eh (volts) = 0.22 & 0.04 - 0.059 pH 
(BARTON, 1957, 1959; NATARAJAN, 1958), and near the neutral point. In this region 
at 25°C the principal sulfur species are H,S, HS-l, S,d2, Sg-2, Sg-2, S203-2, and S0,-2. 
BARNES and KULLERUD (1961) have concluded that slightly alkaline and somewhat 
more reducing conditions are necessary to explain the formation of pyrite-pyrrhotite- 
magnetite deposits. This is in keeping with the Eh-pH diagrams by NATARAJAN 

and GARRELS ( GARRELS, 1960) showing relations in the Cu-Fe-S-O-H system. These 
diagrams indicate that chalcopyrite can also exist stably with pyrite, pyrrhotite, and 
magnetite. At room temperature practically no polysulfide can be present at 
equilibrium with this assemblage. The mineral pair bornite-pyrite, chalcocite- 
pyrite, and covellite-pyrite, however, are stable only at appreciably higher Eh where 
polysulfides are more important. By assuming the presence of HS-1 any appreciable 
transport of chalcophile elements must be accomplished by some complex which is 
more stable in this region than the metal sulfide. At room temperature* for many 

* Data are lacking at higher t’emprrittures. 
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metals, complexes with H,S, HS-l, and SO,-2 do not seem to meet this requirement. 
With the possible exception of copper and silver ions the known complexes of thio- 
sulfate with common chalcophile cations (Fe +2, Fe+3, Cufl, CU+~, Agfl, Zn+2, Pb+2) 

are likewise not stable enough (BJERRUM, SCHWARZENBACH, and SILL&N, 1958). 
Possibly they may be effective at higher temperatures. At room temperature copper 
and silver thiosulfate complexes would contain a few hundredths of a mg of metal 
per liter at pH 7 in solutions O-1 M in HS-l and 1 .O M in S20,-2. 

H~~LTJE and BECKERT (1935) measured the solubility of CuS in aqueous sodium 
and potassium polysulfides and found that solutions 0.64 molar and somewhat under- 
saturated in sulfur dissolved, respectively, 270 and 325 mg Cu/l. at 25°C. By 
projecting their data to saturation in S and to 75’C solubilities of 0.9 and 1.6 g 
G/l. are estimated. 

The solubility of CuS calculated at saturation in S in 0.64 M Na,S, solutions at 
25°C from the constants derived in this paper is 0.357 g Cu/l. Even though the 
experimental conditions were greatly different from natural environments, these 
solubilities seem geologically significant. 

In view of these considerations and solubility data for CuS it seemed worthwhile 
to investigate the solubility of other sulfides in polysulfide solutions. Silver sulfide 
was chosen for the first investigation. 

TERMINOLOGY 

The use of such terms or symbols as “monosulfide”, “polysulfide”, g, 2, parenthesis, square 

brackets and others is the same as used in the first paper of this series (CLOKE, 1963). For the 

reader’s convenience a few definitions are repeated here: m, molality of a substance: mono- 

sulfide, t#ho sum 5{[H2Sz] + [H8z-1] i- [SX-2]}; (N), the activity of the substance N in moles/ 
x=1 

liter; [N], the concentration of the substance N in moles/liter; polysulfide, as a noun: the sum, 

:(x - 1)([SzV2] + [HSz-l] + [H,S,]), as an adjective : containing or composed of one or more 
x=2 
polysulfide species; x, the number of atoms of sulfur in a sulfide or polysulfide species; 3, the 
ratio of t#he sum of monosulfide plus polysulfide to monosulfide, i.e. 

&W&I + [H%-ll tm W21) 

z~KH2%l f WV11 -t [%-21) 

EXPERIMENTAL METHOD 

The work was performed by first making up Na,S solutions of known strength, adding 
weighed amounts of flowers of sulfur and an excess of acanthite * . The mixture was then stirred 
under a nitrogen atmosphere with a teflon-coated magnetic bar in a tightly stoppered flask or 
jar for several hours. In some cases H,S was bubbled through the solution. A few determinations 
were made by adding AgNO, solution to the polysulfide to approach equilibrium from the 
supersaturated side. Some of the runs were made in polyethylene flasks and others in Pyrex. 
No differences were found on this account, and no frosting of the Pyrex was seen. 

After filtration under a nitrogen atmosphere through a sintered glass filter the solution was 
tested for Tyndall effect. Then a large aliquot (100 or 200 ml) was transferred to a water solution 

* Acanthite is the low temperature or G( form of Ag2S; the high temperature or B-form 
is argentite. 



1302 PAUL L. CL~KE 

containing excess NaOH and the polysuhlde oxidized to sulfate by H,O,. This caused the 

reprecipitation of acanthite. The acanthite thus obtained was weighed in a sintered glass filter 

crucible (testing the filtrate and washings for Tyndall effect). Then the acanthite was dissolved in 

hot concentrated HNO,, the solution neutralized with NH,OH and barely acidified with HNO,. 

This solution was analysed by potentiometric titration with standard KI using a polished silver 

billet electrode coupled through a NaNO, salt bridge (capillary junction with vary slow flow) to a 

saturated calomel electrode. The KI solution was made by weighing KI crystals and making 

up to volume; its titer was checked against standard AgNO,. The titration blank corresponded 

to about 0.05 mg Ag/l. The precipitated AgI was then weighed in some of the early runs. All 

three analyses agreed. 

Smaller aliquots wem always taken for determination of thiosulfate. For those cases which 

could not be easily calculated from the initial amounts of ingredients, aliquots were taken for 

analysis of total S and monosulfide. 

Analyses for thiosulfate, total S, monosulfide etc., were carried out as described in the first 

paper of this series (CLOKE, 1963). Na,S solution was also prepared as previously described. 

The acanthite was prepared by dissolving about 60 g of silver nitrate in a liter of water 

treated for 2 hr by nitrogen and slowly adding H,S from a commercial tank. The precipitate 

was washed by 4 1. of nitrogen-treated distilled water. 

Heating was accomplished by means of the heat from the stirrer motor, or by a combined hot 

plate and stirrer. 

PREVIOUS WORK 

Much of the earlier work relating to the present investigation has been discussed by the author 

in the first paper of this series (CLOKE, 1963). In this section only the studies relating directly 

to the solubility of acanthite or covellite will be considered. 

C~ogp: (1963) chose the free energy of formation of acanthite as -9.30 kcal/mole and of 

sulfide ion as 21.42 kcal/mole. LATIMER (1952) lists the free energy of formation of silver ion as 

18.430 kcal/mole. From these values the solubility product of silver sulfide was calculated as 

295 x 10qo. This differs from LATIMER’S value principally because he used a different free 

energy of formation for sulfide ion. 

TREADWELL and HEPENSTRICK (1949) measured the solubility of silver sulfide in NaHS 

solutions saturated H&l. The measurement was done calorimetrically after precipitation with 

sucrose to form a brown silver sol. After doing this at different pH’s they deduced the following 

constants: 

Reaction Constant 

Ag+l + H,S = AgSH + H+’ 

AgSH = AgS-’ I- H+r 

b%SHW+l) 
(Ag+lNHzS) 

= 1.76 x lo9 

(AgS-i)(H+i) 

(AgSH) 

= 5.25 x 10-6 

From these constants a free energy of formation of AgS-i can be deduced and a free energy and an 

equilibrium constant of the reaction Ag,S + 5-z = 2AgSi calculated. This constant, (AgS-1)2/ 

(S-s), is O-275. Since this implies rather high solubilities of acanthite in alkaline sulfide solutions, 

where actually the solubility is very low, it appears that an error has been made. The data can be 

explained by the following constants: 

Reaction Constant 

Ag+’ + H,S = AgSH + H+l 
(AgSH)(H+l) 
(Ag+)(HZs) = 1.7 c 0.2 x 109 

Ag+i + 2H,S = Ag(SH),l + 2H+i 
(Ag(SH),1)(H+1)2 

(Ag+1)(HzS)2 
= I.0 f 0.4 X 104. 
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OL’SHANSKII et al. { 1959) have studied the solubility of AgsS at temperatures from 25” to 160” 
in aqueous solutions containing NaCl and saturated with H,S at 25°C. They found solubilities at 
25”C, an order of magnitude lower than those reported by TEEADWELL and HEPENSTRICK (1949). 
OL’S~~A.ESKII et al. used N&l or HCl to keep the ionic strength constant while TEEADWEIL and 
HEPENSTRICK used N&IO, or HClO,. It thus seems likely that the latter may actually have 
determined the amount of silver-hy~osu~de-perchlorate complexes and that OL’SHANEII et QZ. 
obtained the concentrations of silver-hydrosu~do (or silver-hydrosu~de~chloride?) complexes. 
In this paper the cons&nts just presented are considered t,o be incorrect. because of in~orpo~tion 
of perchlorate into the complexes. 
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Fig. 1. Solubility of covellite in O-64 M NazS, solutions at 25°C. Experimental 
points from H~LTJE and BECKERT (1935). Solid line calculated. 

The data of OL’SHANSKII et al. show that the solubility of AgsS increases with temperature, 
apparently more rapidly than the increase of solubility of CuS in polysulfide solutions with 
temperature (HBLTJE and BECKERT, 1935) or of acanthite in polysulfide solutions (reported 
here). 

H~~LTJE and BECXERT (1935) measured the solubility of CuS in 064 M sodium and potassium 
polysuhlde solutions at 25°C and various $7~. Figure 1 shows the measured values in Ne,S, 
solutions and a line giving the solubilities calculated as described in a later section. In addition 
they measured the solubility in sodium polysulfide with a g of 3 at 50” and 75°C (Fig. 2) and at 
different concentrations (Fig. 3). 

Previous discussions of the role of polysulfldes in ore-carrying solutions have been published 
by CLOKE (1958 and 1961). The conclusions presented there are revised in this paper. 

EXPERIMENTAL RESULTS 

The measured solubilities are compiIed in Table 1 and represented graphically 
in Figs. 4, 5, 6, and ‘7: In Fig. 4 the solubility in mg of Ag contained in one liter of 
solution is plotted against 5. The lines show the solubilities as calculated from the 
constants derived in the following section. 



1304 PAUL L. CLOKE 

150 

$ 
s 100 I- 
\ 

I: 
J50 

I r; / __ _~. 
i 

. . -. 

0 50 100 

Temp. ‘C 

Fig. 2. Solubility of covellite in 0.64 M Na,S8 solution with changing 
temperature (after H~~LTJE and BECPERT, 3.935). 
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Fig. 3. Solubility of covollite in Na&$ solutions of different concentrations at 25°C. 
Experimental points from H~~LTJE and BECKERT (1935). Solid line calculated. 

Figure 5 shows the measured solubility data plotted against [Na+r] for 
different values of 8. 

three 

Figure 6 shows the change of solubihty with temperature for solutions 1-O M in Na+r 
and at two g values. The lines are dashed between 3O*C and 90°C because solub~l~ties 
were not measured at intermediate temperatures. Since HGLTJE and BECKERT ( 1935) 
found a nearly linear increase for the solubility of CuS with temperature, it seems 
likely that the dashed lines indicated are not greatly in error. 

The experimental data for solutions 1.0 M in Na+l are also plotted in Fig. 7 
against the measured pH. All solid lines are calculated. The dashed line at the left 
extending from pH 690 to pH 7.72 represents solutions saturated in both H,S and 
S ; the points near pH 6.90 indicate the solubility of acanthite when [Na+l] = O-1 
and the points near pH 7.67 the solubility when [Nai-l] = 1-O. 
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Moles Nail/l. $ 

Table 1. Measured solubilities 

PC Hr PH mg Ag/l. 

Moles 

ssos-s/1. 

1.000 4.9 31*0 50 

1.000 4.9 30.5 47 

1.000 4.5 30.5 90 

1.000 4.0 30.0 8 

1 .ooo 4.0 30.0 16 

1.000 4.0 30.0 l6 

l*OOO 4.1 30.0 46 

1,000 4.0 30.5 94 

I.000 3.5 32.8 94 

L 900 3.0 30.0 52 

l*OOO 3.0 30.0 91 

1.000 2.0 31.5 24 

x~ooo* 2.9 30.0 16 

1.000* 1.3 30.0 87 

1.000* 1.3 28.0 21 

1.000 5.0 88.0 22 

1.000 4.0 89.0 40 

0.600 4.9 35.0 40 

0.600 4.0 34.8 40 

0,600 3.0 345 51 

0,600 2-5 335 14% 
0.200 4.9 32.0 9% 
0.200 4.9 32.0 104 
0.200 4.0 32.5 48 

0.260 4.0 33.5 119 
6.200 3.0 32.0 50 
0.100* 1.03 25.0 21 

0.100* 1.01 29.5 21 

11.34 
11.00 
11.75 
12.28 
12.37 

12.20 
1250 
12.88 
12*55 
12.86 

8.40 
7.65 
7.69 

10.33 
11.80 
12.35 
12.50 

1050 
1153 
11.59 
12.05 
6.8% 
6.92 

90.5 0.004 
88-2 0.023 
55-5 0.011 
21.0 0.007 
18.8 0.007 
20-5 0.007 
24.0 0.008 
22.6 0.009 

7.9 0.015 
3.00 0.010 
2.96 O*Oll 
0.02 0.023 

75.0 0.607 
38.0 0.004 
37.9 0.002 

208.5 0.033 
53-2 0.045 
45.0 0.006 
11.2 0.006 

1.4 0.010 
0.7 0.00% 
4.8 0*005 
6.3 0.004 
1.87 0~006 
2.10 0.00% 
0.35 0.006 
0.6 0.001 
1.0 O*OOl 

* II& added. 

The results obtained suggest that the amount of acanthite that can be dissolved 
by polysulfide solutions may be of considerable geologic interest. To obtain a clearer 
understanding of the means of solution it is desirable to derive the forms of the 
complex ions present and their stability constants. To do this the data presenhed 
in the first paper of this series (CLOKE, 1963) have been used. 

The only silver complexes formerly reco,tized in sulfide solutions are those responsible for 
the solnbilities observed by TREADWELL and HEPENSTRICK (1949) and by OL’SIIANSKII et a+?. 
(1959). The former apparently include perchlorate ion, and thus were not present in the ex- 
periments described here. Tho latter are negligible in comparison with the polysulfide complexes. 

Po2?/eulfLde compEexes 

Because no complexes with HS1, SF, or OH-’ appear to be strong enough to account for the 
observed solubilities, it appears that one or more complexes with polysulfidc ions must be present. 
No other anions are present in sufficient amounts or have stable enough complexes with A&r to 
account for the observations. To deduce which complexes are present, however, it is necessary to 
make a few simplifying assumptions. 
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Fig. 7. SoIubilit8y of aeanthite in solutions 1.0 M in h’a+r as a function of pH and 

97. All solid lines are calculated. Figures on the graph refer to 8. 

First of all it appears from Fig. 4 that increasing S content at constant concentration 
(i.e. increasing 9) causes a marked increase of solubility starting at about g = 3. Since disulfide 
and trisulfide ion concentrations would be expected to decrease as $j increases above 3, it seems 
probable that neither of these ions is significantly involved in the solution process. 

Sill?er polysulfide complexes 

The procedure followed next was largely a trial and error method. Thus a complex, such as 
AgSj-*, was assumed to account for the entire amount of dissolved Ag at some measured point. 
The stability constant was then derived, and the amount of the complex which would be present 
at all other experimental points uas calculated from the stability constant. Other complexes of 
the same form, such as AgS,-I, were then assumed to make up the difference between the observed 
and calculated amounts until the best fit was obtained. If the fit was poor, then that particular 
form of complex was rejected. It became apparent from this procedure that a large percentage 
of the increase in solubility along the hydrolysis curve between $ = 4 and g = 5 is due to the 
very marked decrease in the activity of sulfide ion. 

A more direct path to the final result is to note that argentous ion often has a co-ordination 
number of 2 in complexes, as well as in acanthite (EWALD and HE~~MA.NN, 1931). It is, therefore, 
logical to try complexes with one argentous ion and two polysulfide ions. Because of the marked 
effect of decreasing sulfide ion activity with increasing 3 it was found that, in general, complexes 
with tetrasulflde ion give a better fit to the experimental data than do complexes with penta- 
sulfide ion. The complex, Ag(S4)s-3, thus seems to be a logical choice. Testing of this complex 
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against the experimental data gives a good fit except at high 8. The discrepancy there ca,n be 

largely corrected by assuming the presence of the AgS4S5-3 complex also. 
At lower pH’s the agreement of the measured solubility and that calculated using only these 

two complexes becomes progressively worse. This discrepancy can be corrected by assuming that 

one of the polysulfide ions is displaced by HS-’ at lower pH’s. Either Ag(HS)S4-2 or Ag(HS)Sja2 
can be used to give satisfactory agreement with all the experimental points. Probably the ion, 
Ag(EIS)S4-2, is more important since it would be produced by displacement of either tetras~~~de 
ion from Ag(S,)2-3 or of pentasu~de ion from AgS,SGe3. Moreover, Ag(S,)Z-3 always dominates in 
amounts over AgS4S5U3, which also suggests that [Ag(HS)S4-2] is larger. For the calculation of the 

curves in Fig. 7, Ag(HS)S,Z, Ag(S,),3, and AgS4S,-3 were used; the results are presented in 
Table 2. If Ag(HS)S;” is used instead, the calculated solubilities differ at most by three or 

four mg/l, 
Table. 2. Calculated solubilities of acanthito 

1.0 4.9 11.12 3.81 4.12 6.07 62.0 

1.0 4.5 11.69 3.95 4.56 5.86 44.8 

1.0 4.5 11.00 3.91 4.43 5.37 49.2 

1.0 4.5 IO.00 3.86 4.23 4.80 55.2 

1.0 4.5 9.69 3.84 4.15 4.66 57.8 

1.0 4.0 12.33 4.34 5.33 5.73 18.8 

I*0 4.0 11.00 4.05 4.76 4.98 35.6 

I.0 4.0 IO.00 3.93 4.40 4.56 46.2 
1.0 4-o 9.27 3.90 4.21 4.30 50.4 

1-o 3-o 12-80 4.98 6.32 582 4.2 

1.0 3.0 12.00 4.66 5.81 5.23 8.8 

I.0 3.0 11.00 4.35 5.23 4.78 17.9 

1.0 3.0 10.00 4.15 4.76 4.36 28.4 

1.0 3.0 9.40 4.09 4.54 4.16 32.4 
1.0 3.0 8.78 4.05 4.36 3.96 35.5 
I.0 2.0 12.98 5.71 7.23 6.09 0.8 
I.0 2.0 12.00 5.20 6.53 5.25 2.5 

I.0 2.0 11.00 4.81 5.84 4.74 6.1 

1.0 2-o 10.00 4.54 5.29 4‘34 11.4 

1.0 2.0 9.00 4.41 4.88 4.01 15.4 
I.0 2-o 8.29 4.38 4.69 3.80 16.6 
1.0 1.3 7.72 5.03 5.33 3.87 3.7 
0.6 4.9 11.02 4.11 4.42 6.27 30.0 
0.6 4.0 12.20 4.62 5.60 5.93 9.4 
0.6 3.0 12.66 5.25 6.55 6.02 2.2 
0.6 2.5 12.78 5.57 6.99 6.12 1.0 
0.2 4-9 lO+Gl 4.74 5.05 6.69 6.3 
0‘2 4.0 Il.78 5.11 5.96 6.39 2.7 
0.2 3.0 12.33 5.76 6.98 644 0.6 

27.6 
10.0 
13.5 
214 
25.8 

1.7 
6.3 

14.5 
22.4 
0.2 

0.6 
2.1 

6.3 
IO.6 
15.8 

-- 

0.1 
0.5 

1.9 
4.7 
7.4 
1.7 

13.6 
0.9 
0.1 
- 

2.9 

0.3 
-- 

0-2 
o-3 
1.0 
3.9 
5.3 
0.4 
2.5 
6-6 

12.2 

0.4 
1.4 
4.3 

10.6 
16.7 
26.8 

0.2 
1.4 
4.4 

11-o 
23.6 
38.1 

32.6 
0.1 

0.3 
0.2 

0.2 
- 

0.1 
0.1 

89.8 

ri5.1 

63.7 
80.5 
88.9 

20.9 
44.4 
67.3 
8*5.0 

4.8 

10.8 
24.3 
45.3 
59.6 

78.1 
1.0 

4.0 
11.0 
24.3 
43.7 
62.1 

38.0 
43.7 
IO.6 
2.5 
I.2 

9.2 
3.1 
il.7 

Activity coeficients for polysulJide complex ions 

The ions S-S-S-S-Ag-S-S-S-S, etc., were assumed to be zigzag chains. By taking into 
account the (probable) tetrahedral bond angles and lengths in the polysulfide chains and from 
S to Ag to S, the chain lengths were estimated. The radius of silver was taken as equal to I.35 A 
as given by GREEN ( 1959) for Ag+’ in Ag,O. The length of the polysulfide ions was estimated as 
in the first paper of this series. These lengths were then taken as aO’s in the ~bye-H~ckel 
theory, and approximate activity coefficients calculated on this basis. These activity coefficients 
were used in compiling Table 2. If the ions are bent at the silver atom instead of being “straight” 
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the a,,‘~ would be about half as large. The langt’hs chosen are 22 8, for Ag(S,);3, 24 A for AgB,S,“. 

and 15 A for Ag(HS)She2. 

The equilibrium constants were then estimated as : 

K,, = 2.14 x 10-s; Ag,S + 4s4-2 = BAg(S,),-” + s-” 

K,, = 1.74 x 1O-g; ,JIg,s + S-2 $m 28,-2 = 2AgS,S,-3 + s-2 

K IIS, = 2*95 x 104; xg,s - H l + HS-l +m 2S4-2 = 2Ag(HS)S4-2 

Popper polysulfde complexes 

The great similarity of the solubility curves for acanthit.e and covollite suggests a similarity 

in the type of complex. Accordingly, the complex Cu(S4)2-3 was tested against t,he data given by 

H~LTJE and BECKERT (1935) for the solubility of CuS in sodium polysulfide solutions. Onto 

again the agreement is good except for high 8, and this can be largely corrected by assuming the 

presrnce of CnSJS:,3 as is shown in Fig. 1 and by t*hc data listed in Table 3. No data arc 

Table 3. Calculated solnbilities of covellite 

[Xai] 

Negat,ive log of mg/l. Total 
- dissolved GIL 

((‘u(s4)2-3) (c”s4ss.i-3) c:u(84)2-” C”uS4Sj53 m.dl. 

2.56 3.0 3.30 4.27 132.5 12.6 145.1 

1.28 4.9 3.43 2.94 94.7 262.0 356.7 

I.28 4.5 3.28 3.23 133.7 133.5 267.2 

1.28 4.0 3.34 3.81 116.0 35.3 151.3 

1.28 3.0 3.75 4.63 45.0 5.3 50.3 

1.28 2.5 4.02 5.00 24.0 2.3 26.3 

1.28 2.0 4.40 5.46 10.0 0.X 10.8 
1.28 1.5 4.99 6.15 2.6 0.2 2.X 
1.0 3.0 3.92 4.76 30.2 3.9 34.1 

1.0 1.3 5.01 4.29 2.4 11.3 13.7 

0.6 3.0 4.26 5.01 13.3 2.1 15.4 

0.2 3.0 4.93 5.49 3.9 0.6 4.5 

available for lower pH, and consequent,ly the stability const.ant for Cu(HS)S,-2 cannot br 

estimated. 

If the activity coefficients for these complex ions are estimated as in t)he last 
section, the equilibrium constants are : 

zcus + s,-2 + 35,-z = 2Cu(S,),-3 + s-2; K,, = 500 x 10-~ 

2cus + 3s,-2 + E&-2 = 2cus,s,-3 + s-2 : K,, = 3.63 x lo-’ 

These were used to compile Table 3. 
Several complexes between polysulfides and cupric ion were tested, but none 

gave satisfactory agreement with the data. The only cuprous-polysulfide complexes 
t,hat gave reasonable agreement are t’hose listed above. 

Calculations at other concentrations 

The constants derived above can also be used t.o ost’imate the solubilit,ies of acanthite and 

covellite at other concentrations by making estimates of the act,ivity coefficients. Some of the 

results are shown in Tables 1, 2, and 3 and in Figs. 3 and 4. The agreement for acanthite is 
good at [Nafl] = 0.6 but less satisfactory at [Na+‘] = 0.2. For covellite the agreement is good 
at ENa+‘] = 0.26 but poor at [Na+l] = 2.56; this is probably due to the use of the Debye-Htickel 
equation for estimating activit,y coefficients in a range of ionic strengths far higher than that in 

9 



which it is uuuaHy v&d. This ecption, however, supplies Lhe only means of estimftting tAc> 
itctirity coefficients. 

QEor,ocr~c SIGNIFICANCE 
Ganeral 

The significance of these results for geologic processes is difficult to assess. First 
of all the temperature and pressure used for the experiments are greatly different> 
from those existing during hydrothermal deposition. Second, these are not true 
eq~lilibrium studies because of the fact that the pol~sulfides have not dispropor- 
tionated to sulfate and hydrosul~de as should be tzhe case for equilibrium. Equilibrium 
might be achieved at higher t#emperatures, however. Third, if true equilibrium 
conditions did prevail in these experiments, appreciable amounts of polysulfide ions 
would be present in only one small area of the Eh-pH diagram for sulfur, namely 
close to pH = 8.0 and Eh == --0.285V for solutions 1 M in Na+l. The lack of data 
on the heat capacities and compressibilities of sulfur-bearing anions does not permit 
a final evaluation of the change in size of this area with temperature and pressure. 
Fourth, a study of copper sulfides shows that chalcocite is converted to covellite 
by reaction with polysulfides if 9 is greater than 1.02. Since primary chalcocite 
occurs in some hydrothermal deposits, this implies that the g was never very high. 
If so, no app~ciable Cu or Ag could have been dissolved in polysulfide solutions. 
The ji at which ehalcocite converts to digenite, or digenite to covellite, at higher 
temperatures is not known ; this 9 may be markedly higher than at room temperature. 
This is considered in more detail in a subsequent section of this paper where it is 
concluded that the experiments on the solubility of covellite and acanthite may have 
considerable importance in explaining the formation and localization of ore deposits. 

Effect of temperature and pressure on solubility 

Figure 6 shows that increasing temperature at constant total pressure increases the 
solubi~ty of a~anthite. H~~LTJE and BECKERT (1935) found approximately the same 
percentage increase of so1ubiIity for covellite. To project the solubilities to higher 
temperatures and pressures it is assumed that the density of the solution is a more 
significant variable than either pressure or temperature independently. Certainly 
this is true for the (unhydrated) dissociation constants of water, KCI, HCl, and KOH 
(FRANK, 1956) ; for the dielectric constant of water (FRANK, 1956) ; and for the 
solubility of quartz in water (KENNEDY, 1950). Since the density of water is approx- 
imately constant up to 100°C at 1 atm pressure, the curves of Figs. 2 and 6 give 
approximately the change in solubility along a constant density or constant specific 
volume path (isochor). In keeping with this and with KENNEDY’S (1950) results for 
quartz it is postulated that the solubility increases with temperature along all 
isochors. The theoretica discussion of V%T~~~~~~~~~ (‘t958) on the solubility of 
solids, especially quartz in water, lends support to this postulate. 

To estimate the differences of solubility between isochors at the same temperature 
it is noted that solutions wit,h a very large specific volume are more like gases than 
those with small specific volumes. Since solids are generally less soluble in gases than 
in liquids, it is presumed that an increase of specific volume at constant temperature 
causes a decrease of solubility. This again is analogous to the situation in the 
quartz-water system (KENNEDY, 1950). 



At sufficiently high temperatures large complexes may be expected to become 
unstable because of excessive thermal motion. This breakdown would undoubtedly 
change the relations deduced above to a large extent. It is at present impossible to 
predict the temperature at which breakdown begins. The hydrogen polysulfides 
are unstable at room temperature, suggesting that the long chains are unstable. 
However, recent work by BARNES (1060) has shown an increase of stability of H,S, 
molecules at higher temperatures. Polysulfide chains in the alkali polysulfides and 
in aqueous solutions have much greater stability than the hydrogen polysulfides at 
room t,emperature. ?rlere length of a chain does not mean that a compound will break 
don-n at high temperatures, as is evidenced by the fact that the lower members of the 
normal saturated hydrocarbons persist to temperatures of 1000°C or more. Lacking 
other information it is assumed here that polysulfides are st’able in aqueous solution 
at hydrothermal and low magmatic t~emperat~urc~s. 

Attainment of equilibriun~ 

VALENSI ( 1951) and GARSELS and XAESER ( 1958) have recently presented the 
equilibrium diagram for sulfur species at 25’C and 1 atm. Examination of this 
diagram quickly reveals that the polysulfide ions do not appear as principal species. 
They do, however, assume appreciable concentrations close to the alkaline termination 
of the native sulfur field as shown in Fig. 8. Figure 8 shows the lines along which 
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Fig. 8. Contours of S5-” activky superimposed on the Eh-pH stability diagraln 
of sulfur. Total dissolved S = 0.1 mole/l. Sumbors refer t)o act’ivity of S,-2. 

pentasulfide ion has activities of lo-” and lo-” in the equilibrium Eh-pH diagram of 
sulfur for solutions 0.1 M in Nail (assuming activity coefficients of 1-O and that no 
other ions are present). Calculated activities for other sulfur species are given by 
GARRELS and NAESER (1958). It is noteworthy that the Eh and pH ranges in which 
npj)reriable amounts of polysulfides cau clxist in trlle equilibrium correspond t)o 



those suggested by BARTON (1957, 1959) for the ore-carrying solution. The concen- 
tration of polysulfides in the region of ore transport suggested by BARNES and 
KULLERUD (1961) is insignificant at room temperature. 

Figure 9 shows the calculated molarities of two silver containing complexes with 
changing Eh and pH in solutions containing 0.1 mole of S/l. At any given point 
the total solubility of acanthite is the sum of the concentrations of all the complexes 
in solution. The concentration of the Ag(HS)S,-2 complex is at a maximum of 
cn 1W5.0 near the alkaline tip of the elemental sulfur field ; its molarity decreases 

-2C 

30 

-35 

65 

Fig. 9. Contours of t)hc: molarities of various silver containing complaxcs supc-r- 

imposed on the stability diagram of sulfur. Total dissolved S = 0.1 m&/l. 

away from this point as shown by the contours on Fig. 9. The Ag(S,),-3 and AgS&3 
comlpexes likewise have maxima near the alkaline tip of the elemental sulfur field. 
The maximum concentrations of both are about 10-6,5. The decrease of molarity 
of Ag(S,)2-3 away from this point is indicated by the 10~~ contour on Fig. 9. The 
decrease of molarity of AgS,S,p3 is similar. 

The contours representing the sum of these concentrations closely approximate 
those of Ag(HS)S,-2 alone. Any increase in the stability of polysulfides relative to 
H,S, HS-‘, and SO,-2 or of silver polysulfide complexes relative to silver sulfide 
will give a higher solubility “peak” around the alkaline tip of the native sulfur field. 

The calculated solubilities imply that the most favorable conditions for transport 
of Ag lie close to the “peak”. GARRELS (1960) considers that an activity less than 
lo-* mole/l. is insignificant geologically. KRAUSKOPF (1951) considered a concen- 
tration of 1O-7 gm/l. significant but later, as cited by CZAMANSKE (1959), amended 
this to 10-j gm/l. as a more realistic minimum. For Ag 10P5 gmll. would be IO-’ 
mole!l. Thus, all of the contours shown in Fig. 9 may have geologic significance. 

OaRYzLo (1935) attempted to measure the solubilitp of gold in polysulfide 
solutions at 3OOY’. The aolutjions which he recovc~cl were colorless, indicating that 
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the polysulfide disproportionated to other species. This is indeed what should have 

happened since his solutions were strongly alkaline. From his results it may be 
inferred that the sulfur species are more likely to be in thermodynamic equilibrium 
at high temperature than at 25°C. 

T&lo 4. Fwc% energies of complexes 

(‘omplex AF”, kcal/molc 

Ag(f&)s-3 22.45 _ ().a 

sg s,s,-” 22.88 i 0.5 
Ag(HS)S,-” 10.09 $1 0.5 
Cu(S&” 13.41 $ 3.0 
Cl1 ss,s,--s 14.40 + 0.5 

- 

Eh-pH diagram ,for sulfur at high pressure ad temperature 

The data which are available for calculating the Eh-pH diagram for S species at 
higher temperatures and pressures are not entirely satisfactory. At the present time, 
because of the lack of more precise data, it is necessary to assume that volume 
changesare negligible so that [a(AP’)/W], = A V = 0 and that AH” in the van’t Hoff 
equation, (a log, K/aT),, = AH”jRT2 is independent of temperature. In these 
equations AH” is the standard enthalpy of reaction, AF” the standard free energy, 
AV the change of volume, R the gas constant, T the absolute temperature, (a/aP), 
the part.ial derivative with respect to pressure at constant temperature, and (a/aT), 
the partial derivitive with respect to temperature at constant pressure. By making 
these assumptions, an approximate Eh-pH diagram can be calculated for higher 
temperatures. The data for polysulfides are somewhat less certain than for the other 
ions. The only enthalpy data which seem reasonably good are those given by 
MARONNY (1959). As mentioned in the first paper of this series (CLOKE, 1963) 

MARONNY assumes, probably erroneously, that S,-2 does not exist’. and obtains some- 
what different free energy values than in the present work. 

The Eh-pH diagram calculated for 200°C using MARONNY’S data shows that the 
polysulfides are not more stable relative t’o SO,-2 and HS-1 than at room temperature. 
Nevertheless, there is enough uncertainty in the data to allow an interpretation in 
which a small but significant polpsulfide field is present. 

Conversion of chalcocite to digenite and covellitr 

.A separate set of experiments has shown that S can be added to precipitated 
chalcocite to form digenite at a 5 of about 1.01. and the digenite can in turn be 
converted to covellite at a IJ of about 1.01. At higher g’s only covellite is stable. 
At these very low ij’s practically no Cu or -Ig would be in solution. The presence of 
both chalcocite and covellite in hypogene deposits would seem to require that the 
3 of any polysulfides present should be low. Thus if polysulfide solutions are to act 
as arc carriers it would appear that 9 should be high in order to dissolve enough Cu, 
but low in order to deposit chalcocite. 

This contradiction may not be insurmountable, however. Xs covellite is heated 
it tends to lose S to become digenite or chalcocite. ROSEBOOM and KCLLERUD ( 1958) 

have found that covellite loses S to become digenite at 507°C in the presence of 
sulfur va,por and a S-rich liquid. Thus above this temperature even a polpsulfidc 
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solution saturated in sulfur would not have a 9 high enough to convert chalcocite 
to covellite. Presumably at lower temperatures the conversion point lies somewhere 
between saturation (high 4) and practically no S (very low 9); in this intermediate 
range of temperatures it seems likely that the solubilities of Cu and Ag would be high. 

Deposition from polysdfide solutions 

On the basis of the preceding results and arguments the hypothesis that chal- 
cophile elements can be transported by aqueous solutions containing polysulfides 
seems reasonable. If so, it is interesting to consider various possible mechanisms for 
deposition from these solutions. 

From the preceding discussion concerning the formation of silver-polysulfide 
complexes there emerge two important factors affecting solubility at constant 
temperature. The first is that reactions with acid, elemental sulfur, or polysulfide 
ions reduce the activity of sulfide ion. This reduction of sulfide ion causes more of 
the metal sulfide to dissolve. This factor applies to any chalcophile cation including 
those that may not form complexes with polysulfide ions. Reduction of sulfide ion 
activity makes it easier for complexes to form, and thus indirectly permits greater 
solubility. The second factor is that the higher are the contents of tetrasulfide and 
pentasulfide ions the greater are the amounts of silver-polysulfide complexes and the 
greater the solubility. If other anions (such as chloride) which form complexes with 
metal ions are present these would simply increase the solubility. Thus the second 
factor in essence requires merely that there be a suflicient amount of some complexing 
anion. In this paper only the case in which the cation (e.g. Ag+l, or CutI) forms 
complexes with polysulfide will be discussed; consideration of elements such as 
mercury, which seem to form complexes with sulfide but not with polysulfides 
(DICKSON and TUNELL, 1955), or those which form neither sulfide nor polysulfide 
complexes (iron?) will be omitted. 

The two principal factors just discussed may be used to clarify several ways in 
which silver sulfide might be deposited from a polysulfide solution: 

(a) Deposition by change of pH, Examination of Fig. 7 shows that if the pH is 
increased at a constant 9 the solubility of acanthite decreases. This increase could 
be brought about by adding alkali, as demonstrated by the precipitation of acanthite 
during the experimental work. In nature an increase of pH might be caused by 
reaction with the wall rocks, as exemplified by the alteration of orthoclase to sericite 
or kaolinite (cf. HEMLEY, 1959) or reaction with limestone. The OH-l reacts with 
HS-l to produce S2 and H,O. This increase of S2 represses the formation of the 
polysulfide complexes. The S2 also reacts with the higher polysulfide ions (hexa- 
sulfide and pentasulfide) and decreases their concentrations to produce more S,-2; 
this reduces the solubility further. Thus increase of pH at constant IJ causes marked 
precipitation of acanthite. If the pH is raised by admixture of alkaline ground water 
with the polysulfide solution, there may be appreciable effects from dilution. 

The discussion of the last’ paragraph presumes that the polysulfides may exist 
metastably after the increase of pH. Experimentally this is found to be true at room 
temperature, but this situation may not exist at the elevated temperatures of hydro- 
thermal solutions. If metastable conditions did not persist, an increase of pH would 
lead t,o a disproportionation of p~lpsulfides to S-2 and S0,-2. In t’his cast t,h(l 
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concentrations of S,-2 and E&-2 are greatly diminished, that of S-z augmented, and the 
solubi~ty greatly lessened. If no SO,-2 were present originally, Ba+2 would be very 
soluble in the polysulfide solution and production of the SO*-2 would deposit bar&e. 
Alunite and other hypogene sulfates could originate similarly. 

Decrease of pH can also cause deposition of acanthite. If the solution is initially 
saturated in sulfur, addition of acid will bring about the dispropo~ionation of 
polysulfides to form sulfur and KS-I thereby reducing the amounts of Saw2 and S,-2. 
This will tend to precipitate acanthite. At the sa,me time, however, Sp2 reacts to 
form HS-1 and this tends to dissolve acanthite. l?or pH values greater than nine 
these two opposing tendencies nearly cancel each other as is evidenced in Fig. 7 by 
the nearly constant solvability along the line labeled “saturated in sulfur” for pH’s 
between nine and eleven. If the pH is below nine the former tendency is dominant, 
and addition of acid causes deposition. This is shown by the strong dependence of 
solubility on pH along the “saturated in sulfur” line at pH’s less than nine. Again 
there may be some secondary effects from dilution. 

Addition of acid to a solution unsaturated in sulfur would increase the solubility 
along a constant g curve, then decrease it after the sulfur saturation curve was 
reached. For example, along the Cj = 2.0 curve shown in Fig. 7 the solubility of 
acanthite would increase from 2 or 3 mg of Agjl. at pH 13 to about 58 mg of Ag/l. 
at pH 8.25. At this pH further addition of acid causes a reduction of g and a drop 
of solubility along the “saturated in sulfur” line. The discussion in this and the 
preceding paragraph also assumes the persistence of polysulfides in a metastable 
state. Drastic modification would be required if only stable states could persist. 

A suitable source of acid is hard to visualize. Acid gases are known in volcanic 
emanations. Since the hydrothermal fluid presumably is also derived from igneous 
activity, it would seem that, if acids ever are added, the hydrothermal fluid should 
at some time become separated from acid gases and later recombined with them. 
Perhaps this could come about by solution of the acid gases in groundwater and later 
mixing of the ore fluid and the groundwater. Presumably this would occur only near 
surface and in silieeous or highly altered socks which are not attacked by acids. 
The rarity of native sulfur in hydrothermal sulfide deposits may reflect a rarity of 
addition of acid to ore solutions. Possibly other circumstances may lead t,o a 
combination of acids with t.he ore fluid (e.g. feldspathization of clay minerals). 

(b) ~e~o~~t~o?z by o~~~t~o~ or ~e~~ct~o~‘. Deposition of acanthite is readily pro- 
duced by oxidizing both the polysulfide and sulfide ions to other species. This effect 
is observed in the experimenta,l work during the oxidation by hydrogen peroxide. 
In nature both the hematite-magnetite and the hematite-pyrite boundaries on an 
Eh-pH diagram fall slightIy above the region where polysul~des reach their maximum 
stable concentrations. Thus, hematite and other ferric compounds may act as 
oxidizing agents and cause the deposition of acanthite. 

The reaction of hematite with sulfide ions (GRIFFITH and MORCOM, 1945 ; PEARSON 
and ROBIXSON, 1928 ; FOSTER, 1959) apparently produces Fe& and hydroxide as 
initial products according to the rea&ion 

Fe,O, + 3W + 3H,O = Fe,& + BOH-L 

Magnetite also reacts with E?. Fe,S, tends to break down spontaneously to 



FeS, + FeS. The loss of S-2 from the solution caused by the reaction of a polysulfide 
solution with hematite would cause the breakdown of the polysulfide and the deposition 
of any dissolved acanthite or covellite. The S released by this breakdown should 
react’ with more hematite and the pyrrhotite to form more pyrite and some oxygen 
containing anion of S such as S203-2, SO,-“, or SO,- 2. In any case it seems likely that 
pH would increase and thus make sulfur more soluble because of its dispropor- 
tionation to polysulfide and thiosulfate (ARNTSON, DICKSON, and TUNELL, 1960). 
The polysulfide should then react with the hematite; the net effect is the same in 
either case, namely destruct,ion of polysulfide, depositiol~ of covellite and acanthite. 
and increase of pH with its attendant results. It would seem, therefore, that red 
beds should be mineralized by this process. Most rocks, however, contain insufficient 
hematite or magnetite t’o be very effective in oxidizing a large volume of polpsulfide 
solution. 

It is interesting that reduction will also cause the precipitation of acanthite. In 
this case the polysulfides are decreased in amount by reduction to S2 and the S-” 
concentration in solution is increased by the same process. Thus, the solubility of 
acanthite or covellite is strongly repressed. Reduction might be caused by hydrogen: 
methane, or carbon monoxide in volcanic gases or by organic matter contained in 
sediments (e.g. black shales), 

(c} ~epo~~~~or~ by $~ac~ion with iron ~~~era~~. The effect of ferric compounds in 
the wall rocks in oxidizing the polysulfides has already been mentioned. The 
pyritization of either ferrous or ferric minerals in the wall rocks is also of interest. 
This pyritization may be visualized in two or three steps. Even though these steps 
are probably not the actual ones followed, the net result will be the same. If a ferric 
mineral is involved, the first step is the reduction to a ferrous state. This will involve 
the oxidation of some of the polysulfide and deposition of dissolved sulfides. The 
remaining steps can be considered in terms of ferrous compounds. 

The details of the next step will depend strongly on the type of mineral present, 
e.g. oxide or silicate. It is instructive to consider a silicate case; for ill~~st,ration the 
iron component of biotite is chosen. If the proper conditions are present this should 
alter to FeS and muscovite according to the reaot,ion, 

3KFe3(AlSi,0,,)(OH)z _t 9HS-l 
1:1x hiotite 

= KA12(A1Si,0,,)(OH)2 $ 9FeS C 2K.i 1 + 6Si0, + 1 lOH-1 + FE,0 
muscovitr 

The final step then consists of reaction of the FeS with polysulfide to form pyrite, e.g. 

FeS + S,-2 = FeS, + S,-2 

Other reactions for the second step can be chosen to correspond with the stability 
fields of various alteration products, such as kaolinite or montmorillonite. All these 
reactions produce a large amount of OH-l. As mentioned above the resultant 
increase of pH tends to decrease solubility of acanthite and to cause dispro- 
portionation of polysulfide. The increase of 9 caused by step two is more than offset 
by the other effects. 

The silica produced during the pyritization is probably largely dissolved and 
carried away along with the K *l to make room for the sulfur atoms of t*he pyrite. 
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It may contribute to silicification of the rock, however. The biotite in some instances 
is completely replaced by pyrite. In this case an additional “step” is simultaneously 
involved, namely, the replacement of the muscovite by pyrite. 

This argument suggests that pyritization of wall rocks is not merely an accom- 
paniment of hydrothermal deposition, but is actually a cause for the formation and 
localization of sulfide ore bodies. 

(d) Deposition by dilution. Figures 2 and 5 show the solubility of covellite and 
acanthite as the concentration is increased at a constant 8. Since the curves are 
concave upward, it follows that dilution by a factor of two, for example, will decrease 
the solubility to a little less than half its former value. Since there is now twice as 
much solution, the amount dissolved is only slightly decreased. 

(e) Deposition by drop of temperature or pressure. In view of the discussion in a 
previous section and of the experimental results presented in Fig. 3 for the effect of 
temperature alone it seems reasonable that a drop of either temperature or pressure 
would result in a marked deposition of acanthite or covellite. It is implicit here that 
the size of the stability region of polysulfides is not affected by temperature or 
pressure. If this is not the case, then changing conditions may either decrease the 
solubility by causing disproportionation of the polysulfides, or increase it by ex- 
panding the stable region of polysulfides. Presumably at a high enough temperature 
the polysulfides are thermally unstable. If so, a drop in temperature from this 
unstable range to a stable range would be expected to give rise to an increased 
solubility of silver sulfide, followed by a decrease in solubility with a further drop in 
temperature (at constant density). 

ORIGIN AND DESTRUCTION OF POLYSULFIDE SOLUTIONS IN NATURE 

This section is of necessity rather highly speculative. It is intended merely to 
show that reasonable geologic processes could lead to transport of metal sulfides by 
polysulfide solutions, and that geologic observations do not conflict with the suggested 
processes. 

Since the high temperature relations of S are not well known, it is very difficult 
to postulate how polysulfide solutions might originate in nature. Because of the 
lack of definite information regarding the thermal stability of polysulfides it is here 
assumed that the aqueous solutions emanating from a crystallizing magma contain 
polysulfides and dissolved metals. This “ore” solution then moves upward and by 
one or more of the mechanisms outlined previously deposits the metals. Finally, as 
room temperature is approached the stability region of polysulfides decreases, and 
the polysulfides disproportionate to HS-1 and S0,-2. Most of the mechanisms for 
deposition involve directly or indirectly the destruction of polysulfides. This may 
explain the lack, to my knowledge, of any observation of polysulfides in fluid 
inclusions although bot’h H,S and Soap2 have been found (SMITH, 1953). 

SUMMARY 

In conclusion it has been shown that acanthite is appreciably soluble in sodium 
polysulfide solutions at room temperature. H~~LTJE and BECKERT ( 1935) have 
shown that similar relations are true for the solubility of covellite. Use of data 
presented previously (CLOKE, 1963) made possible the calculation of the solubilities of 

10 
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acanthite and covellite in aqueous solutions having a wide range of pH and S content. 
The ~i~fioance of these results for the transport and deposition of sulfide ores 

was considered in some detail. Although large uncertainties are introduced by the 
lack of data at higher temperatures, it is possible that polysulfides may exist in 
the hydrothermal solution. On the assumption that polysulfides are present in the 
solutions emanating from crystal~zillg magmas various means of depositing 
the ohalcophile elements from them were considered. Although no proof can be 
presented that these must be the solutions from which sulfide ore bodies formed, the 
results are geologically reasonable, lead to a simple explanation of barite and alunite 
formation, and suggest that pyritization of iron minerals and wall rock alteration 
may be causes of ore deposition. Favorable host rocks include any silicate rock 
capable of hydrothermal alteration, limestone, any iron-bearing rock, and black 
shales. Except for red beds, which are rarely mineralized, these correspond well 
with observed host rocks. 
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