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A newly observed band in the uv absorption spectra of highly alkaline sulfide solutions is attributed to the formation of the 
S2- ion. This band with a maximum at 40.6 kK and a molar absorptivity of 9100 was used to determine upper limits for the 
second dissociation constant of hydrogen sulfide for temperatures up to 250'. In conjunction with previously reported 
values for the H- acidity function, a value of 17.1 f 0.2 for pKa, at room temperature was derived. 

Introduction 
The present experiments began as an attempt to 

determine the effect of temperature on K,,, the second 
dissociation constant of H2S, by utilizing a method out- 
lined by Ellis and Milestone.' By taking advantage of 
the strong absorption band of the SH- ion at 43.6 kK 
they had obtained values for K,, up to 90". With pre- 
liminary spectroscopic results, however, employing an 
improved technique to exclude oxygen from the solu- 
tions, it was impossible to reproduce their findings. 
The results given below show that the value for pKa, is 
much larger than reported previously. In the light of 
the present experiments, this discrepancy has to be 
attributed to the easy oxidation of alkaline sulfide 
solutions due to the incomplete exclusion of oxygen from 
the experimental solutions. In previous investigations 
the loss of SH- by oxidation during manipulation has 
been confused with formation of the S2- ion a t  an OH- 
concentration up to 1 N ,  leading to an apparent pKa, 
value of about 14 at room temperature. 

ascribed the appearance of an 
absorption band at 27.5 kK in strongly alkaline sulfide 
solutions to the formation of S2- ions. No such band, 
however, could be detected in solutions prepared under 
strict exclusion of oxygen, whereas a similar absorption 
band appears regularly in solutions prepared from 
yellowish, slightly oxidized Na2S. 9Hz0 or in alkaline 
sulfide solutions in contact with air. On addition of 
small portions of sulfur this band increases in propor- 
tion to the amount of zerovalent svlfur present. The 
absorbance at 27.5 kK in strongly alkaline sulfide solu- 
tions, therefore, is attributed to the presence of poly- 
sulfides. 

During the present work an absorption band a t  about 
40.0 kK was detected in highly alkaline sulfide solutions 
and ascribed to the S2- ion. This band, probably 
representing the first direct evidence of the existence of 
the S2- ion in aqueous solutions, allowed the deter- 
mination of a series of experimental dissociation con- 
stants for highly concentrated hydroxide solutions 
which were used to estimate upper limits for the thermo- 
dynamic dissociation constant Ka, of H2S from room 
temperature up to 250'. 

Experimental Section 

Blandamer, et 

Materials.-water was purified by double distillation from 
alkaline permanganate and Wood's Metala under nitrogen. 

(1) A. J. Ellis and N. B. Milestone, Geochim. Cosmochim. Acta, 81, 615 
(1987). 

(2) M. J. Blandamer, J. M. Gross, and M. C. R. Symons, Tyans. Fayoday 
Soc., 60,494 (1964). 

(3) W. A. Patrick and H. B. Wagner, Anal.  Chem., a l ,  752  (1949). 

Solutions were prepared by dissolving reagent grade LiC1, NaCl, 
KC1, CaC12, NaBr, LiOH, NaOH, and KOH and NazSe9Hz0, 
recrystallized in an NZ atmosphere, in water, or by bubbling HzS 
from a tank in sufficiently alkaline solutions. All solutions were 
prepared and handled under purified nitrogen mainly by use of 
Schlenk-tube techniques. 

C1- and Br- concentrations were determined in neutral solu- 
tions by the Mohr method, OH- concentrations with HC1 and 
phenolphthalein as indicators, and sulfide concentrations with 
iodine-thiosulfate in acidic solution. 

Spectra.-The spectrophotometer used was the Zeiss PM QII 
with the monochromator M4 QIII. Spectra at room tempera- 
ture were determined by use of commercial 0.2-cm stoppered 
quartz cells and a thin layer cell with a path length of 2.0 X 
cm. This cell consisted of two quartz disks of 1.9-cm diameter 
and 0.6-cm thickness. One of the disks was provided with a 
shallow, circular depression obtained by covering the disk partly 
with paraffin and etching with half-concentrated hydrofluoric 
acid. After putting 1 drop of the solution to be investigated 
onto the depression, it was covered with the other plane disk. 
The combined disks were placed in a thermostated cell holder and 
pressed together by means of a screw nipple. The path length 
of the cell was determined by comparison of the absorbances of a 
series of solutions of KMnO4 and K I  obtained in the thin layer 
cell with those of the same solutions diluted 1000 times in 0.2-cm 
commercial cells. The measurements were reproducible within 
f 2 O j , ;  the path length of the cell used in the present investi- 
gation was thus found to be (2.02 f 0.04) X lo-* cm. 

Spectra a t  elevated temperatures were determined by use of a 
cell with a path length of 0.14 cm as previously de~cribed.~ All 
spectra were corrected for the background absorption of the cell 
and the solvent by subtracting the absorption of the cells filled 
with water or one of the sulfide-free solutions at  the respective 
temperatures, 

In the case of the high-temperature spectra, all solutions were 
remeasured at room temperature after each heating cycle to 
check for irreversible changes within the solutions due to  oxida- 
tion by air or reaction with the cell materials. For all measure- 
ments reported here, the spectra before and after heating were 
identical within experimental error. 

Because of the strong overlapping absorption of the OH- ion 
in highly concentrated sodium hydroxide solutions, accurate 
determinations of the absorbances of the sulfide species by use of 
the 0.2-cm cells and the 0.14 cm high temperature block were re- 
stricted to intermediate sodium hydroxide concentrations. 
Nevertheless, values of pK.' (Ke' is the experimental equilibrium 
constant) obtained with these cells were within k0 .2  unit of those 
of the thin layer cell employing solutions about 1000 times more 
concentrated in sulfide. 

Qualitative thin layer absorption spectra of NazS .9Ha0 and 
NazS.5HaO were obtained by placing 1 drop of the compounds 
molten under a protective layer of paraffin between two plain 
quartz plates and allowing i t  to crystallize. In the case of 
NazS.9HzO the plates had to be cooled to prevent the formation 
of NaaS.5HaO crystals from the melt a t  temperatures above 50'. 
The compounds were prepared as described by Bedlivy and 
Preisinger.6 

(4) W. Giggenbach, J .  Sci .  Instuum., in press. 
(5)  D. Bedlivy and A. Preisinger, Z. KYistaZZogr., Kristallgeometvie, 

Kvistollphys., KvistaZlchem., 121, 131 (1985). 



1334 Inorganic Chemistry, Vol. 10, No. 7 ,  1971 

9000- 
8000. 
7000. 

W. GIGGENBACH 

V' [kKI 40 45 50 

Results and Discussion 
The strong band a t  43.6 kK in the uv absorption 

spectrum of slightly alkaline aqueous sulfide solutions 
has been ascribed to the SH- ion. On increasing the 
pH of the solution by the addition of alkali hydroxide 
this band moves toward higher wave numbers without 
any significant change in either the shape or the molar 
absorptivity of the absorption maximum (Figure 1). 
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Figure 1.-Spectra of 0.434 M solutions of H2S as a function 
of the sodium hydroxide concentration in moles per liter a t  24" 
(d  = 2.0 x 10-4cm). 

This gradual blue shift with increasing solute concen- 
tration is typical6 for charge transfer to solvent bands 
(ctts). It has been demonstrated for the iodide ion7 
for a wide variety of solutes and has been attributed to a 
gradual change in the structure of the solvent depending 
on the structure-making and -breaking properties of the 
cosolute.8 In the case of the SH- ion addition of LiCl, 
NaC1, or CaCl2 up to saturation causes shifts which are 
directly proportional to the chloride concentration with 
an increase in vmaX of 176 cm-'/mol of C1- added and 
almost independent of the nature of the cation (Figure 
2 ) .  The increase of vmax for SH- with 95 cm-l/mol of 
OH- is approximately half that for C1-. 

In addition to the normally observed gradual change 
in the position of the ctts bands of solutions of a series 
of anions when the cosolute concentration is increased, 
another pattern of behavior can be distinguished.8 In 
this second case a decrease of the absorption typical for 

(6) M. Smith and M. C. R. Symons, Tvans. Favaday Soc., 64,338 (1958). 
(7) D Meyerstein and A. Treinin, J Phys. Chem , 66, 446 (1962). 
(8) M J. Blatidamer and %I. F. Fox, Chem. Rev., TO,  59 (1970). 
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Figure 2.-Position of the absorption maximum vmax for the 
SH- ion as a function of the cosolute concentration. The value 
for KF  was taken from ref 2 .  

the ion in the pure solvent, accompanied by an increase 
in the intensity of a new band, is ascribed to the possi- 
bility of the ion being involved in specific complex for- 
mation with a solute molecule or ion or the formation 
of an entirely new species. For the SH- ion in strongly 
alkaline solutions both patterns are observed, as a new 
band a t  about 40.0 kK emerges as a shoulder on the 
SH- band a t  concentrations of OH- above 6 M .  The 
appearance of this new band in strongly alkaline solu- 
tions and its reversible dependence on the alkali hy- 
droxide concentration strongly suggested the formation 
of the S2- ion, but possibilities of the band being due to 
the formation of complexes or ion pairs involving the 
SH- or S2- ion have also to be considered. 

It was assumed that any ion pair formed in highly 
concentrated solutions was likely to be preserved in the 
crystalline state. Therefore, in an attempt to deter- 
mine the nature of the sulfur species present in com- 
pounds crystallizing from alkaline sulfide solutions, thin 
layer absorption spectra of Na2S - 9Ht0 and Na2S. 5H20 

E 

were measured. As seen in Figure 3 the spectrum of 
the nonahydrate shows one strong band a t  a wave 
number close to that for SH- in a 5 M hydroxide solu- 
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tion at  44.2 kK. This similarity of the absorption 
spectra was taken to indicate either that a complex 
present in Na2S. 9Hz0 has a spectrum similar to that of 
the SH- ion or, more likely, that Na2Se9H20 contains 
the SH- ion in an environment resembling closely 
that in 5 M NaOH solution. The crystal structure of 
Na2S. 9Hz0 as recently determined5 with 12 oxygen 
atoms surrounding the sulfur atom a t  a distance from 
3.24 to 3.49 does not preclude the formulation of this 
compound as NaSH . NaOH 8H20 as suggested by its 
absorption spectrum and does not indicate any ion- 
pair formation. On the other hand, the thin layer ab- 
sorption spectrum of Na2S + 5H20 (Figure 3b) consists 
of an ill-defined broad band with a maximum around 
41.0 kK. The crystal structure of this compound5 
shows a sulfur atom surrounded by five oxygen atoms 
with one sodium atom incorporated in the coordination 
octahedron and in direct contact with the sulfur atom. 
The similarity of the spectra of the pentahydrate and of 
strongly alkaline sulfide solutions, therefore, would 
suggest the formation of a Na+,S2- contact ion pair in 
sulfide solutions containing sodium hydroxide in con- 
centrations above 5 M ,  the concentration a t  which the 
pentahydrate is formed. The possibility of the forma- 
tion of an ion pair involving SH- can be excluded be- 
cause there is no indication of the presence of such a 
species in highly concentrated NaC1, LiC1, and CaClz 
solutions. If the “free” sulfide ion or an ion pair in- 
volving S2- is formed, the stabilization of such a species 
must be attributed to the influence of the adjacent 
solvent region, as a doubly negative atomic ion, like 
S2-, with its negative ionization potentialg is physically 
unstable and could not exist in the gaseous phase.10 

Because of the limited solubility of any alkali salt 
in solutions of sufficiently high alkalinity, the cation 
concentration can only be varied within a small range. 
However, no significant change in the absorption spec- 
tra due to the addition of LiC1, NaC1, KC1, or NaBr 
could be observed. On addition of NaBr to a 9.5 M 
NaOH solution (thus increasing the Na+ concentra- 
tion to 12.1 M ) ,  even a slight decrease in A40 was ob- 
served instead of an increase which would be expected 
if the absorption band a t  40.0 kK was largely due to 
ion-pair formation. As in the case of the HS- ion, 
changes in the cosolute concentrations other than 
hydroxide apparently do not lead to drastic changes in 
the absorption or in the concentration of the species 
causing the absorptions a t  43.6 and 40.0 kK, respec- 
tively. It was, therefore, concluded that the absorp- 
tion at 40.0 kK was due to  a S2- ion surrounded by 
water and cosolvent molecules, without the formation 
of a specific complex. Any changes in the position of 
the ctts absorption of S2- due to variations in the co- 
Solute concentration probably remained undetected 
because of the closeness of the SH- and S2- bands. 

Analysis of Data.-As Figure 1 shows, there is no sig- 
nificant difference in the SH- absorption in 5 M NaOH 
compared with that for a less alkaline solution, This 
already Shows that pKa, of Hi3 has to be higher by at 
least 2 units than the previously reported value of 14 
which would require about 87% of the total sulfur to be 
present as S2- a t  this OH- Concentration. It is not 
possible, even in saturated NaOH solutions, to force 

(9) 
(10) H. S. W. Massey, Discuss. Faraday Soc., l P , 2 4  (1952). 

H. 0. Pritchard, Chem. Rev., 6 2 ,  529 (1953). 

the equilibrium 

HS- + OH- I_ Sa- + H20 (1) 

so far to the right that virtually all of the sulfur is pres- 
ent in the form of S2- ions. Consequently, the molar 
absorptivity E of the S2- species cannot be calculated 
directly from the relationship 

€52- = Ato/csl-d (2 1 
A40 is the absorbance a t  40.0 kK, c the S2- concentra- 
tion in moles per liter, and d the path length in centi- 
meters. Therefore, an extrapolation method as de- 
vised by Stearns and Whelandll for weak organic acids 
was used to estimate ESZ- from the data available. 
This method assumes that a t  high, experimentally 
unobtaihable OH- concentrations all the sulfur is 
present as S2-. The application of this method is 
complicated by the facts that the solvent (water) con- 
centration and activity are not constant in the range 
of OH- concentrations considered, that there is pres- 
ently no way of estimating the ratio of activity coeffi- 
cients for [S2-]/ [SH-] [OH-] in solutions of extremely 
high ionic strength, and that the absorption of the 
SH- ion extending to 40.0 kK overlaps the S2- absorp- 
tion. Therefore, the following modified procedure was 
adopted. 

The equilibrium expression for reaction 1 is 

(3) 

The first term represents a modified experimental con- 
centration quotient, and the second term, the activity 
coefficient ratio of the ionic reactants. As the ratio of 
the ionic activity coefficients Y* for the divalent S2- 
ion, YSZ-/YSH-YOH-, can be expected to be less sensitive 
to changes in the ionic strength of the solution, the 
experimental concentration quotient [S2-] [HzO]/ 
[SH-] [OH-] was modified by including the activity of 
water A, as represented by [HzO]yH,o with [HzO J being 
the analytical concentration of water in moles per liter 
and YH,O the activity coefficient of water as calculated 
from the osmotic coefficients given by Robinson and 
StokeslZ for concentrated NaOH solutions. From eq 
3 and 4 as given by Stearns and Wheland, eq 5 is de- 

rived, where CT is the total sulfur concentration in moles 
per liter. This equation represents a relationship, linear 
for constant Ke‘, between l/eeo’ and A,/ [OH-], with 
E~O‘ the apparent molar absorptivity for incomplete 
dissociation of SH-. Large variations in K,‘ with 
A,/ [OH-] have to be expected, but if K,‘ approaches 
some constant value a t  high OH- concentrations (see 
below), eq 5 is still applicable. Then the intercept of a 
line obtained by plotting c&/A40 = l/e’ against A,/ 
[OH-] is equal to l /eao. In order to eliminate the 
effect of the SH- absorption a t  40 kK, an iterative 
procedure was used. With a preliminary value for 
e40 obtained by use of the uncorrected absorbances at 

(11) R. S. Stearns and G. W. Wheland, J .  Amer. Chem. SOC., 69, 2025 

(12) R. A. Robinson and R. H. Stokes, Trans. Faraday Soc., 46, 612 
(1947). 

(1949). 
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Figure 4.-Evaluation of es2- by use of (a) the uncorrected values 
and (b) the corrected values for A40. 

40 kK (Figure 4a), the concentrations of S2- and thus 
that of SH- together with its absorbance a t  40 kK were 
calculated. With the corrected absorption a t  40 kK 
a new value for €40 was obtained. After two iterations 
a constant value of ESZ- 8900 was obtained. In correct- 
ing the absorption a t  40 kK for the SH- absorption, the 
shift of the SH- band with increasing [OH-] was taken 
into account. The curvature of the lines in Figure 4 is 
due to the change of K,’ with A,/ [OH-]. 

With the value of €40 the complete absorption spec- 
trum for the species formed in highly alkaline sulfide 
solutions can be constructed. As shown in Figure 3d it 
consists of a rather broad band with a maximum a t  
40.6 kK, a molar absorptivity of 9100, and an oscillator 
strength off = (4.32 X 1 0 - g ) ~ m a x A ~ l / ,  = 0.23. This 
f value is typical for ctts transitions as reviewed by 
Blandamer and The difference between this 

,value and that for the SH- ion of 0.16 probably reflects 
the difference in size between the two ions, as a rough 
correlation exists between oscillator strength and radius 
for a series of simple ions4 

Determination of K,,.-As shown in Figure 1, the 
lowest hydroxide concentration a t  which the absorbance 
of the S2- ion could be determined with sufficient reli- 
ability is about 8.0 M .  This concentration is by far too 
high to permit any evaluation of Yk, the ratio of activ- 
ity coefficients y~Z-/ys~-yOH-. In order to obtain 
some estimate or an upper limit for the thermodynamic 
dissociation constant K,, a correlation was sought per- 
mitting the extrapolation of the experimental values 
measured a t  high ionic strength to low ionic strength. 
Figure 5 where K,’ is plotted against [OH-] shows that 
K,‘ appears to approach some constant value Ke” at 
high OH- concentrations. On the other hand, a t  low 
OH- concentrations K,’ is expected to approach K,, 
the thermodynamic equilibrium constant, with Y* 
becoming unity. A relationship describing the smooth 
transition of K,’ between the two extreme situations as 
represented by K, and K,” was obtained by assuming 
K ,  and K,” to contribute to K,‘ in varying ratios de- 
pending on the hydroxide concentration as given by 
[OH-]/A,. These relative contributions to K,’ from 
K,“ were taken to be directly and those from K ,  to be 
inversely proportional to ( [OH-]/A,)/( [OH-]1/,/ 
A,,/,), with [OH-]l/, and Awl/, representing the al- 
kalinity and water activity a t  which these relative con- 
tributions from K ,  and K,” to K,’ are equal. Putting 
([OH-]/A,)/( [OH-]1/,/AWI/,) = b the following rela- 
tionship is obtained 

(6) Ka’(l + b2)  = Ke“b2 + K,  

:p 1.4 

101 
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Figure 5.-The experimental equilibrium constant K,‘ as a 
function of the sodium hydroxide concentration in moles per 
liter. Circles represent experimental values, and the three solid 
lines represent values calculated by use of eq 6 and values for 
pK, of 1.1, 1.3, and 1.5. 

To obtain K ,  a preliminary value for Ke” was taken 
from Figure 5 together with preliminary values for 
[OH-Il/, and A,,,, a t  the inflection point of the S- 
shaped “titration” curve. The value of K, thus ob- 
tained was used to recompute K,” and [OH-]1/,/ 
A+/, and the procedure was repeated until a consistent 
set of figures with Ke” = 0.97 f 0.02 and [OH-]I/,/ 
Awl/, = 0.45 resulted. The solid lines in Figure 6 are 

2.0. 

1.0. 

L 

.5 0 

.2 a 

.I 0 

05 
30 32 

Figure B.--Values for K ,  and K,, as a function of 1/T. 

drawn by use of these values and eq 6 and values for 
pK, of 1.1, 1.3, and 1.5 corresponding to values of K ,  
of about 0.08, 0.05, and 0.03. 

The hydrolysis constant Kh is equal to  cH,0/Ke and 
related to the conventional dissociation constant K,, 
for the reaction 

SH- Sz- + H +  (7) 

by 
Kaz Kw/Kh = K ~ K ~ / C E I ~ O  ( 8 )  

where K, is the ion product of water. With a value of 
0.96 X for K,“ a t  24”, K,, is calculated to 8.7 X 

or pK,, = 17.1 It 0.2 a t  24”. Because of the 
uncertainty in the physical significance of eq 6 the 
value of 17.1 for pK,, can probably only be considered 
a lower limit for pK,, as the possibility that pK,, is 
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larger cannot be ruled out. This value, however, is 
already much higher than most of those previously re- 
ported (around 14, with the exception of a value for 
pKa, of 15.3 a t  25" determined by Dickson13 from cinna- 
bar solubility data). 

Temperature Dependence of Ka2. -As above, evalua- 
tion of data obtained for sulfide solutions a t  higher tem- 
peratures suffers from the introduction of assumptions 
required to overcome the lack of activity data a t  high 
ionic strengths. Nevertheless, the experimental re- 
sults may indicate the limits within which the ther- 
modynamic values of Ka, may be expected. 

The temperature dependence of K,, was investigated 
in two ways. In order to obtain some estimate of K,, 
at temperatures up to 270" measurements on a series of 
SH- solutions of varying OH- concentrations were 
carried out. These measurements, however, were 
limited to solutions up to 1 M in [OH-] because of the 
rapid attack on the window material (alumina) by 
more highly concentrated solutions. Also, a t  higher 
NaOH concentrations the broadening of the OH- ab- 
sorption begins to cover the SH- absorption at ele- 
vated temperatures. Assuming that any changes in 
the SH- or S2- concentrations exceeding 10% in 1 M 
OH- solutions would not remain undetected, the ex- 
perimental results indicate that pK,, of H2S is, a t  all 
temperatures investigated, higher by a t  least 1.2 units 
than pK, a t  the corresponding temperature. That 
means that pKa, is >13.5 a t  100" and >12.5 a t  200". 
No changes in the absorption spectra attributable to the 
formation of S2- ions were observed at temperatures up 
to 270" and OH- concentrations up to 1 M .  

In another series of experiments highly concentrated 
NaOH solutions were investigated a t  temperatures be- 
tween 10 and 75". Again the measurements were 
limited to intermediate concentrations as in solutions 
containing more than 15 M OH- the overlapping uv 
absorption of the OH- ion made the accurate deter- 
mination of As%- and ASH- impossible. At low OH- 
concentrations the small amounts of S2- formed led to 
great errors in estimating its concentration. There- 
fore, measurements were restricted to NaOH concentra- 
tions between 12 and 14 M .  

Figure 6 shows the values of Ke measured in a 14 M 
NaOH solution to decrease with increasing tempera- 
ture. The thermodynamic data corresponding to this 
decrease with AHe of about -5.9 kcal/mol and a change 
in entropy ASe of about -21 cal/mol deg are in agree- 
ment with the exothermic nature expected for the 
"neutralization" reaction as described by eq 1, whereas 
the negative entropy change may reflect an increased 
degree of order around the sulfide ion. The thermody- 
namic data were calculated by assuming the ratio of 
activity coefficients Y* = Ke'/K, as determined at 
24' to remain unchanged for temperatures up to 75". 
By use of eq 8 the second dissociation constant for 
H2S a t  various temperatures may be calculated. It is 
seen to increase from about 0.6 X a t  14" to 4.0 X 

a t  70' corresponding to AH, of +6.5 kcal/mol 
and a rather high negative entropy change of -55 
cal/mol deg. These values are comparable to those14 
for similar equilibria, as, e.g., the bicarbonate-carbonate 
equilibrium (AH"  = 3.6 kcal/mol, AS" = -35.16 cal/ 

(13) F. W. Dickson, Bull. Volcanol., 24, 605 (1966). 
(14) H. C .  Helgeson, Amer .  J. Sci., 267, 729 (1969). 
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Figure 7.-Values for the H- acidity function as a function of 
[OH-]. Circles represent H- values calculated from the ex- 
perimental ionization ratios [Sz-] /[SH-] by assuming pK,, = 
17.1. 

deg mol) or the equilibrium H~AS(OH)~- a H +  + 
HAs(OH)s2- (AH" = 5.12 kcal/mol, AS" = -66.9 
cal/deg mol). 

Correlation between the Measured Ionization Ratios 
[S2-]/[SH-] and the H- Acidity Function.-The H- 
acidity function is a measure of the proton-abstracting 
power of strongly alkaline solutions. H- is defined16 

H- = PKa + log { LB-1 / [BHl)  (9) 

with K, representing the conventional acid dissociation 
constant of BH. Equation 9 assumes the ratio of 
activity coefficients Y B - / Y ~ H  for the acid BH and the 
conjugate base B- to be unity.l6 Only very few mea- 
surements of H- values for aqueous alkali hydroxide 
solutions have been made for OH- concentrations ex- 
ceeding 8 M .  Schwarzenbach and Sulzberger17 first 
reported H- scales for concentrated NaOH and KOH 
solutions determined by use of indigo derivatives as 
indicators dissolved in an organic solvent immiscible 
with the alkaline aqueous phase. Another set of H- 
values is reported by Yagil,18 who used derivatives of 
indole soluble in the aqueous phase as indicators. As 
shown in Figure 7, up to 10 M NaOH, both scales agree 
well with one another but start to deviate a t  higher 
NaOH concentrations, with the values by Yagil being 
considerably lower and almost linearly proportional 
to [OH-]. 

From the definition of H- (eq 9) it can be seen that 
pK, = H- for B- = BH. In the system S2--SH- 
this point is reached in a 15 M NaOH solution. If i t  
is assumed that the acidity function concept is also 
valid for the S2--SH- equilibrium, pKa, values of 17.1 
and 17.7 are derived depending on the H- scale used 
(Figure 7). It should be pointed out, however, that 
the H- scale presented by Schwarzenbach and Sulzber- 
ger may differ largely from the aqueous scale as the 
water activities and the ratios of the activity coefficients 
for B--BH in the immiscible organic phase are likely to 
be very different from those in the aqueous phase. 
Therefore, the first value (based on the H- values of 
Yagil) is preferred. It coincides exactly with the 
value obtained for pKa, obtained by the extrapolation of 
Ke' to low NaOH concentrations by use of eq 6. 

by 

(15) L. P. Hammett and A. J. Deyrup, J. Amev. Chem. Sac., 54, 2721 
(1932). 

(16) K. N. Bascombe and R. P. Bell, Discuss. Favaday. Soc., 24, 158 
(1957). 

(17) G. Schwarzenbach and  R. Sulzberger, Helu. Chim. Acta ,  27, 348 
(1948). 

(18) G. Yagil, J. Phys .  Chem., 71, 1034 (1967). 
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By accepting a value of 17.1 for pKa, of HzS the gest that the H- acidity function, after all,19 is largely 
ionization ratio [S2-]/[SH-] as determined in the independent of the class of indicators used and thus is 
present work may be used to derive additional values generally applicable to highly concentrated alkali hy- 
for H-. As shown in Figure 7 they are within *0.1 droxidesolutions. 
unit of those given by Yagi1 and thus support the ap- 
proximately linear dependence of H- on [OH-] for 
[OH-] > 8 M .  This result is surprising considering 
the large difference in the “indicators” used and may 
only be a chance coincidence. However, it could SUg- 
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Mossbauer resonance studies as a function of pressure 011 iron as a dilute substitutional impurity in MnSz have revealed a 
high-spin to  low-spin transition which initiates near 40 kbars and is complete by about 120 kbars. MnSz has the cubic 
structure of pyrites (FeS,). The iron in FeSs is low spin a t  all pressures. Since FeSz has a smaller lattice parameter than 
MnS2, the difference in spin states a t  1 atm and the transition from iron in MnSz are qualitatively consistent with theory. 

The effect of pressure to 165 kbars has been measured 
on the spin state of 57Fe, presumably as a substitutional 
impurity in MnS2, using Mossbauer resonance. The 
high-pressure Mossbauer apparatus has been described 
elsewhere.2 The pressures are accurate at  least to 
*lo$&. It took 6-36 hr to accumulate sufficient 
counts at  each pressure. Consecutive spectra taken 
a t  a given pressure showed no differences, so that no 
time-dependent phenomenon is involved. The MnS2 
was prepared by a hydrothermal m e t h ~ d . ~  The iron, 
enriched to 90% in j7Fe, was incorporated by adding 
the appropriate amount of 57Fe solution to the man- 
ganese sulfate solution before precipitation by the 
polysulfide. MnSz has the pyrite structure with a 
lattice constant a = 6.102 It becomes antiferro- 
magnetic a t  47.93°K.5 Most of the data were obtained 
on a sample containing 2% 57Fe. (Three different 
high-pressure runs were made a t  this concentration.) 
One high-pressure run was also made on a sample con- 
taining 0.5% 57Fe, and an atmospheric pressure spec- 
trum was obtained on a sample containing traces of 
5 7 C ~ .  The atmospheric pressure values of the isomer 
shift and quadrupole splitting appear in Table I. At 1 
atm the samples were predominantly high spin. The 
samples containing 2% j7Fe exhibited about 10% low 
spin, as indicated by the relative areas under the curves 
obtained by fitting the data with Lorentzian peaks. 
The samples with lower concentrations of iron showed 
slightly less low spin (5-6% for the sample containing 
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traces of 57C0). It should be noted that the isomer 
shift for the high-spin iron is somewhat lower than that 
for the normal ferrous iron (-1.3 mm sec) but com- 
parable to that for ferrous iron in FeS5 and similar 
compounds. 

The primary effect of pressure was the conversion of 
Fe(I1) from the high-spin to. the low-spin state. A 
change in the amount of high spin first becomes mea- 
surable a t  about 40 kbars, and by 120-130 kbars the 
conversion is complete. * Typical spectra appear in 
Figure 1. Figure 2 shows conversion as a function of 
pressure. While i t  was more difficult to get a quantita- 
tive fit for the 0.5y0 sample under pressure, the pres- 
sure-induced conversion clearly initiates near 35-40 
kbars and was again complete a t  120-130 kbars; ;.e., 
the behavior under pressure was essentially identical 
with that of the 2y0 sample. The spin conversion was 
quite reversible with only a modest hysteresis, almost 
certainly due t o  residual strain in the sample. There 
was a modest decrease in isomer shift with increasing 
pressure for both spin states and an increase in quad- 
rupole splitting, especially for the high-spin component. 
These effects are similar to our observations on a wide 
variety of compounds6 and will not be discussed here. 

In an earlier paper7 Mossbauer resonance studies a t  
high pressure were made on FeS2 in the pyrite structure. 
The 1-atm lattice parameter is 5.504 A, and this mate- 
rial is low spin a t  1 atm. The initial isomer shift 
(relative to iron metal) and the quadrupole splitting 
are 0.30 and 0.61 mm/sec, respectively, and these 
values are reasonably close to the 1-atm values for the 
low-spin component in MnS2, especially when one con- 
siders the problems in accurately characterizing a 10% 
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