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We have made atomic absorption measurements leading to the solubility of zinc hydroxide 
at 12.5,25.0,50.0, and 75.0 "C from p H  = 6.7 to pH = 13.8. Results have been used for evalua- 
tion of the solubility product and stepwise constants for association of ZnZ+(aq) with OH-(aq) 
to form solute species of type Zn(OH),Z-'(aq) with i = 1 4 .  Evidence is presented to support the 
reliability of the various equilibrium constants. Uncertainties in derived enthalpies are assessed. 

RANDY A. REICME, KEITH G. MCCURDY et LOREN G. HEPLER. Can. J. Chem. 53,3841 (1975). 
On a fait des mesures d'absorption atomique conduisant A la solubilitk de I'hydroxyde de zinc 

A 12.5, 25.0, 50.0 et 75.0 "C, B des p H  = 6.7 B 13.8. On a utilisk les rksultats pour evaluer le 
produit de solubilitk et les constantes successives pour I'association de ZnZ+(aq) avec OH-(aq) 
pour former des espkces solutks du type Zn(OH),2-'(aq) avec i = 1 4 .  On prksente des donnkes 
pour supporter la fiabilitk de diverses constantes d'kquilibre. On ktablit les incertitudes dans les 
enthalpies qui en dbivent. 

[Traduit par le journal] 

Introduction 
It is well established that zinc hydroxide is 

slightly soluble in water, becoming more soluble 
as the p H  is either lowered or raised. There are, 
however, substantial differences between solubili- 
ties at 25 "C reported by various investigators 
and we know of no solubility measurements that 
have covered a substantial range of temperature. 
As a result of these limitations on the available 
solubility data there are related uncertainties in 
the ' equilibrium constants for association of 
zn2+(aq) with OH-(aq) and in the solubility 
product of zinc hydroxide. We have therefore 
measured (by atomic absorption spectrophotom- 
etry) the solubility of zinc hydroxide at 12.5,25.0, 
50.0, and 75.0 "C from p H  = 6.7 to p H  = 13.8. 
Results have been used for evaluation of the 
solubility product and stepwise equilibrium con- 
stants for association of Zn2+(aq) with OH-(aq). 

Experimental 
Zinc hydroxide was first precipitated from aqueous 

zinc sulfate solution by NH3(aq), washed thoroughly to 
remove all sulfate, and then dissolved in a small excess of 
NH3(aq) as described by Dietrich and Jbhnston (1). The 
resulting solution was then transferred to a polyethylene 
container (to avoid contamination of the product with 
silica) and placed in a vacuum oven maintained at 60 'C; 
crystals of zinc hydroxide were soon formed. This pro- 
cedure leads to the orthorhombic form of Zn(OH),(c), 
sometimes called the E phase. 

Solubility determinations began by adding zinc hy- 
droxide and either HCl(aq) or NaOH(aq) to polyethylene 
test tubes with care taken to exclude COz. The stoppered 
test tubes (containing Nz) were then shaken gently in 
constant temperature baths controlled to within +0.l0 
at 12.5 and 75 "C and to within f 0.05" at 25 and 50 "C. 
Additional HCl(aq) or NaOH(aq) was added to many of 
the tubes after they had been in the baths for a few days. 
Samples of solution in contact with solid zinc hydroxide 
were removed periodically for analysis. It was found that 
the concentration of zinc in these solutions usually ap- 
proached constancy in about 10 days. Solutions were then 
allowed to stand (without agitation) in the baths for 3 days, 
which permitted zinc hydroxide to settle, thus facilitating 
removal of supernatant liquid for analysis. 

Zinc analyses were done with a Model 500 Jarrell Ash 
Atomic Absorption Spectrophotometer. Six standard 
solutions for calibration were prepared by weight, 
ranging from 0.01533 to 7.05 x m zinc sulfate. 
Further solutions for calibration were prepared by dilu- 
tion of some of the original standard solutions, with final 
concentrations down to 1.41 x m. 

The p H  of each solution (at the temperature of solu- 
bility measurement) was measured immediately after the 
supernatant liquid was removed for analysis for zinc. A 
Radiometer (Model 26) p H  Meter with Corning multipur- 
pose glass electrode and saturated KC1 calomel reference 
electrode was used for these measurements. The system 
was calibrated with standard buffers described by Bower 
and Bates (2). 

The first solubility measurements were made at 50 "C. 
The same solid samples were then successively equili- 
brated at 25 and 12.5 "C. A new set of samples was made 
up and equilibrated at 75 "C. Subsequent measurements 
were made by equilibrating separately prepared samples 
at each temperature. Uncertainties in our experimental 
solubilities (Table 1) are - 5%. 
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TABLE 1. Solubility* of zinc hydroxide 

13.80 327 13.19 178 12.50 261 12.22 1029 
13.71 216 12.97 67.3 12.24 88.7 11.95 319 
13.51 91.8 12.77 28.3 11.99 33.7 11.68 104 
13.34 45.1 12.52 11.2 11.76 14.8 11.35 29.1 
13.18 25.2 12.29 5.74 11.55 8.03 11.14 12.6 
12.85 6.12 11.05 0.54 11.25 2.92 10.85 5.27 
12.21 1.68 10.84 0.46 10.99 2.14 10.54 3.06 
11.51 0.50 10.14 0.31 10.75 1.38 10.22 2.14 
11.50 0.31 9.43 0.38 10.25 0.92 10.01 2.06 
11.10 0.24 9.18 0.54 10.02 0.84 ) 9.71 1.84 
9.83 0.23 8.97 0.61 9.55 0.76 9.54 1.76 
9.49 0.23 8.91 0.92 9.08 0.87 8.93 1.68 
9.27 0.31 8.72 0.84 8.77 0.99 8.55 1.84 
9.14 0.38 8.67 1.22 8.52 1.15 8.38 2.06 
8.99 0.46 8.41 1.30 8.27 1.45 8.08 2.06 
8.55 1.33 7.90 4.74 8.04 1.84 7.89 1.99 
7.96 13.2 7.63 17.2 7.82 2.43 7.65 2.37 
7.70 48.3 7.44 32.1 7.54 4.97 7.18 7.22 
7.32 265 7.31 49.7 7.26 10.7 6.94 13.1 
7.22 415 7.00 204 7.05 19.6 
7.06 844 6.75 53.4 

*S represents the solubility expressed in mol of zinc per kg of water. 

Results and Calculations 
Results of our solubility determinations are 

summarized in Table 1, where S represents the 
total molality of dissolved zinc. Earlier investi- 
gations have been cited by Silltn and Martell (3, 
4) and Schindler (5). Our results at 25 "C 
generally agree with those of earlier investigators, 
although there are significant differences, partic- 
ularly near the high and low ends of the p H  
range. There are no earlier solubility data avail- 
able for higher temperatures to compare with our 
results. 

We begin by interpreting our solubility results 
in terms of Zn(OH),(c) in equilibrium with 
saturated solution that can contain species that 
we represent by Znz+(aq), Zn(OH)+(aq), 
Zn(OH),(aq), Zn(OH), - (aq), and Zn(OH),'- 
(aq). It is convenient to relate these species to one 
another and to our solubility data by way of the 
following equilibria and corresponding equilib- 
rium constants : 

[5al Zn(OH),(c) =$ Zn2 + (aq) + 20H-(aq) 

The square brackets above 'should' indicate 
thermodynamic activities of the enclosed species, 
but we have used molalities instead, which means 
that the equilibrium constants we have evaluated 
might better be called equilibrium quotients. 
Consequences of the approximation a z m are 
discussed later in this paper. 

The total solubility Scan  be represented as the 
sum of molalities of all zinc-containing solute 
species 

Zn(0H)~(c) =S Zn(OH)+(aq) Substitution of [Ib], [2b], [3b], [4b], and [5b] in 
+ OH-(aq) [6] leads to 

Kl = [Zn(OH)+][OH-] Ks K1 + K2 [71 s =++ - 
Zn(OH),(c) + Zn(OH)2(aq) [OH-] [OH-] 
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TABLE 2. Equilibrium constants derived from solubilities 

t ("C) K,,(x loL7) K, (x  loL1) K2(x lo6) K3(x lo3) K4(x lo2) 

12.5 1.42 1.13 1.66 1.12 5.70 
25.0 1.74 2.54 2.62 1.32 6.47 
50.0 2.34 7.70 7.02 2.56 7.92 
75.0 3.16 20.2 15.0 2.74 8.99 

Now there are several ways to proceed with 
evaluation of the various equilibrium constants 
in [7]. One way is to begin with consideration of 
our solubilities at relatively low p H  where 
Zn2+(aq) and Zn(OH)+(aq) are likely to be the 
only important solute species so that we need use 
only the first two terms on the right hand side of 
[7]. We thus obtain 

that is suitable for graphical evaluation of K,, 
and K,. Using pK, = 14.44, 14.00, 13.28, and 
12.71 from Olofsson and Hepler (6) for t = 12.5, 
25.0, 50.0, and 75.0 "C to obtain [OH-] values 
from our p H  values (Table l), we have con- 
structed graphs of S[OH-] us. l/[OH-] and 
derived the values of K,, and Kl that are listed in 
Table 2. 

Next we have limited our attention to solu- 
bilities at high p H  where only Zn(0H)-(aq) and 
Zn(OH),'-(aq) are likely to be important solute 
species. Taking only the last two terms on the 
right hand side of [7], we obtain 

and from graphs of S/[OHP] us. [OH-] we find 
the values of K3 and K4 that are listed in Table 2. 

Now we solve [7] for K2 in terms of S, [OH-], 
and various K values already obtained by way of 
[8] and [9]. Because Zn(OH),(aq) is relatively 
most important at the minimum in solubility, we 
use the minimum solubility at each temperature 
with the corresponding p H  and other equilibrium 
constants (Table 2) to obtain the K2 values that 
are listed in Table 2. 

I t  should be recognized that the evaluation 
procedure we have used effectively concentrates 
most of the uncertainties in all of our work in the 
reported values of K2 rather than the other K 
values. 

We have used K values in Table 2 to calculate 
the fraction f of Zn(I1) that exists as Zn2+(aq), 
Zn(OH)+(aq), Zn(OHI2(aq), Zn(OH),-(aq), and 
Zn(OH),'-(aq) as pHis varied. Results for 25 "C 

FIG. 1. Graph of fraction f of Zn(I1) existing as 
Zn2+(aq), Zn(0H)-(aq), Zn(OH),(aq), Zn(OH),-, and 
Zn(OH)42-(aq) over a range of p H  at 25 "C. 

are displayed in Fig. 1. Ranges of satisfactory 
validity of [8] and [9] can be deduced from Fig. 
1, or by using data in Table 1 for making ap- 
propriate graphs of S/[OH-] us. l/[OH-] and 
[OH-]. 

Another approach has been to use all of our 
solubility-pH data at each temperature for com- 
puter calculations leading to overall 'best' fits of 
[7] and hence the desired K values. Different 
weighting procedures lead to slightly different K 
values, but all of the K values obtained in this 
way are in good agreement with those already 
listed in Table 2. For some further calculations 
and comparisons with results of earlier investi- 
gators, we will take the values listed in Table 2 to 
be the best ones that can be derived from our 
solubilities in combination with our neglect of 
activity coefficients. 

Whether our K values do or do not have the 
significance we ascribe to them, use of these K 
values in [7] does lead to calculated solubilities 
that agree well with the experimental values in 
Table 1 over the whole range of temperature and 
pH. In this sense, our K values have uncertainties 
of a few percent. 

Our measurements and calculations have led 
to K,, = 1.74 x 10-I7 at 25°C. Because this 
K,, was evaluated from our solubilities in solu- 
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tions of relatively low pH, all of which were quite 
dilute, it is appropriate to take this value to be 
nearly equal to the thermodynamic solubility 
product in spite of our neglect of activity coeffi- 
cients. This value can be compared with results 
of previous investigators as follows. 

Reported solubility products at or near 25 "C 
range from 10-l3 to lo-". Here we consider 
only a few of what appear to be the best of these 
earlier investigations. Fulton and Swinehart (7) 
have found Ksp = 0.7 x 10-17. Schindler et al. 
(8) have reported Ksp = 3.39 x 10-17. Davies 
and Staveley (9) have reported Ksp. = 3.80 x 
10-I 7. Each of these thermodynamic (activity 
coefficients have been considered) solubility pro- 
ducts applies to the orthorhombic (E) modifica- 
tion of zinc hydroxide and can therefore be com- 
pared with our value. Our assessment of all of 
these investigations leads us to suggest that 
Ksp = 3.5 x 10-l7 is the 'best' value. The dis- 
crepancy between this 'best' value and our result 
corresponds to a difference of 0.4 kcal mol-' in 
AGO for [5a]. 

Application of d In Ksp/dT = A H O / R ~ '  to our 
results leads to AH' = 2.5 kcal mol-' for the 
reaction represented by [5a]. We know of no 
published Ksp values at several temperatures that 
permit calculation of a AH0 value to compare 
with our result above, but calorimetric measure- 
ments have led to AH: values listed in ref. 10 
that correspond to AH' = 7.02 kcal mol-' for 
[5a]. More recently, Davies and Stavely (9) have 
made new calorimetric measurements that lead 
to AH0 = 7.92 kcal mol- ' for this same reaction. 
It is nearly certain that this last AH0 is the best 
one available for this reaction. 

The difference between our AH0 and the 
calorimetric value (10) is much larger than can be 
accounted for on the basis of statistical analysis 
of 'reasonable' uncertainties in the various ex- 
perimental results. It seems to us most likely that 
the source of the discrepancy lies in the interpre- 
tation of our solubilities in terms of [la], [2a], 
[3a], [4a], and [5a] and/or the assumption that 
the solid phase remains pure Zn(OH),(c,&) at 
temperatures above 25 "C. 

SillCn and Martell (3, 4) have reviewed some 
evidence for dinuclear species in the Zn2+-OH- 
system and much evidence for a variety of di- 
and polynuclear species in other M2+-OH- sys- 
tems. Experience with other systems (3, 4) sug- 
gests that neglect of small concentrations of these 
species would lead to only small errors in our 

Ksp values, but to substantially greater errors in 
the AH0 obtained by differentiation and thence 
magnification of all experimental and interpre- 
tive errors. 

The work of Schindler et al. (8) has shown that 
Zn(OH),(c,&) is unstable with respect to ZnO(c) 
and H,O(liq) and also with respect to Zn(OH),- 
(amorph), with further evidence that conversion 
between the various forms of Zn(OH), and ZnO 
is often slow. Since these conversions might be 
expected to proceed faster at higher tempera- 
tures, it is possible that the solid phase in ap- 
parent equilibrium with our saturated solutions 
above 25 "C was some phase other than Zn(OH), 
(c,E) or was a mixture of phases, which might 
also account for the error in our calculated AH0 
for [5a]. 

We have represented formation of Zn(OH)+ 
(aq) by [la] and have obtained K, = 2.54 x 
10-l1 at 25 "C for this reaction. By combining 
our K, with our Ksp we also obtain the equilib- 
rium constant for the reaction 

[lo] Zn2 + ( a d  + OH-(aq) + Zn(0H) + (aq) 

that we report as p, = 1.46 x lo6. Further com- 
bination of this p, with K, leads to the equi- 
librium constant for the 'hydrolysis' or 'acid 
ionization' reaction that we represent by 

and Kh = 1.46 x lo-'. Because all of these 
values are based on solubilities in very dilute 
solutions, all are close to the thermodynamic 
constants in spite of our neglect of activity coeffi- 
cients. 

Sillin and Martell (3, 4) have reviewed many 
earlier investigations that have led to a wide 
range to lo3 times our values) of values for 
K,, p,, or Kh. We call particular attention to the 
K, = 1.10 x reported by Perrin (1 1) and 
the p, = 2.04 x lo6 reported by Gubeli and 
Ste-Marie (1 2) for 1.0 M NaClO, solution as the 
'best' previous values for comparison with our 
results. It is seen that our Kh value is about 10 
times that of Perrin (11) while our value is 
nearly the same as that of Gubeli and Ste-Marie 
(12). 

Perrin's (1 1) Kh values at several temperatures 
from 15 to 42 "C have led him to AH0 = 13.4 
kcal mol- ' (quoted as probably correct to within 
about 1 kcal mol-l) for [ll]. Combination of 
our AH0 = 2.5 kcal mol-' for [5a] with our 
AH0 = 8.9 kcal mol-' for [la] (obtained from 
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d In Kl/dT) and AH' = 13.3 kcal mol-' for 
ionization of water (6) leads to AH' = 19.7 kcal 
mol-I for [l 11. Or we can combine our AH' for 
[la] with AH' from Davies and Staveley (9) and 
AH0 of ionization of water (6) to obtain AH0 = 
14.3 kcal mol-I for [l 11. The former value is in 
poor agreement with Perrin (1 l), while the latter 
value is in good agreement with his results. 

Formation constants for zn(0H)z-'(aq) spe- 
cies as in 

calculated from PI = Ki/Ks, are as follows for 
25 "C:  P, = 1.51 x 1011, P, = 7.59 x 1013, and 
P4 = 3.72 x 1015. 

It is possible to calculate AH0 values for re- 
actions represented by [2b], [3b], and [4b] and 
thence for reactions of type [12] (i = 2-4) by 
way of d In KIdT, but we decline to list the values 
so obtained. We have already discussed reasons 
for lack of confidence in related AH0 values for 
[la], [5a], [lo], and [ll]. Similar uncertainties 
apply to reactions of type [12] (i = 2-4). For 
these latter reactions and [2a], [3a], and [4a] 
there is also the increasingly significant error in- 

I 

I troduced by our neglect of activity coefficients. 

Conclusions 
The experimental work and subsequent cal- 

culations described here show that it is possible 
to use atomic absorption spectrophotometry to 
obtain reliable solubilities of sparingly soluble 
substances and then to derive reliable equilibrium 
constants (solubility products and stability 
constants) from these solubilities. Unfortunately, 

it also appears that the combination of experi- 
mental and interpretive uncertainties is sufficient- 
ly great that it is not possible to obtain entirely 
reliable enthalpies and entropies of reaction by 
way of d In K/dT in this way. 

We are grateful to the Alberta Department of the En- 
vironment for support of this research, and to the STEP 
program for support of some preliminary investigations 
that partly led to  the work described here. 
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