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The activity of the hydrogen ion (H") is estimated in sulfuric acid aqueous
solutions of concentrations 0.25 to 2.0 mol-L™" at temperatures 298 to 373 K (25
to 100°C). This is done by following an existing “‘extended Debye-Hiickel’’ equation,
which was originally developed only for the case of pure H,SO, solutions at ambient
temperature. The same equation is applied for the evaluation of the activity of H*
in mixed metal sulfate solutions, particularly for the aqueous system H,SO,;-ZnSO,-
FeSO,-Fe,(SO,);. The estimation of the activity of H* by this method requires the
knowledge of the molality of free H* ions and the true ionic strength (in molal
scale). Consequently, an algorithm is advanced for the calculation of species con-
centrations in such mixed solutions. Estimated pH values agree very well with

experimentally measured ones.

Introduction

The importance of the hydrogen ion activity (a4+) in many
hydrochemical systems of industrial interest is very well-known.
Particularly in hydrometallurgy, the activity of H* is a key
parameter that may determine equilibria in precipitation re-
actions (Demopoulos et al., 1987), or dissolution rates of cer-
tain compounds (Majima and Awakura, 1981). This becomes
more apparent in moderately to highly acidic solutions where
the value of the activity of H*, the so-called effective con-
centration of H*, differs significantly from its analytical con-
centration,

Unfortunately, the experimental determination of the activ-
ity of H* by means of a pH-meter and two suitable electrodes
is too difficult—if not impossible—in concentrated hot acid
solutions. The glass electrode which is commonly used for pH
measurements does not give steady and reproducible potential
readings when it is immersed in such solutions. The presence
of any solid particles or any immiscible organic droplets may
give rise to other unexpected errors. Strictly speaking, even
when a stable pH measurement is achieved, the obtained pH
value is a relative indicator of acidity (or alkalinity) and does
not necessarily coincide with the real values of —log [H*] or
—log ay- (Bates, 1973).

The present work was initiated for the treatment of data of
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zing ferrite dissolution in industrial H,SO, solutions containing
relatively high concentrations of ZnSO, and Fe,(SO,); (Filip-
pou and Demopoulos, 1992). The negative effect of the two
latter electrolytes on the kinetics of zinc ferrite dissolution
could not be related to any mass-transfer mechanism. It was
presumed that those electrolytes decrease the rate of zinc ferrite
dissolution by lowering the driving force of the reaction, the
activity of H*. It was therefore necessary to prove this in a
quantitative manner by first estimating the activity of H* in
sulfuric acid solutions and, then, by relating the rate of the
reaction to this value. Asis shown in the following paragraphs,
the determination of species distribution in relatively concen-
trated H,SO,-ZnSO,-FeSO,-Fe,(SO,), solutions had also to be
undertaken for the ultimate estimation of the hydrogen ion
activity in these mixed sulfate solutions.

Activity of H*
Activity of H* in pure H,S0, solutions

The experimental measurement of single-ion activities in
electrolyte solutions is by principle impossible (Bockris and
Reddy, 1970). Nevertheless, single-ion activities can in chloride
solutions be estimated by a formulation which assumes that
the anion (Cl17) is not hydrated (Bates et al., 1970; Jansz, 1983).
Similarly, Das (1988) tacitly assumed that the sulfate (SO27)
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and the bi-sulfate (HSO; ) ions are not hydrated to come with
the following ‘‘extended Debye-Huckel”* type of equation for
the activity coefficient of the hydrogen ion (yy-) in sulfuric
acid solutions:

AV,

————2 _— +0.047851],, + scale effect,
1+5.66BI,

log yy- = (1)

where A and B are the temperature dependent Debye-Huckel
coefficients (Bockris and Reddy, 1970), and 7, the true ionic
strength of the solution on molal basis. If n is the total number
of ionic species in the solution, and m; is the molality (mols
per kg of solvent) of the species i with ionic charge z;, then
»=1/2 L1 mz?.

The “‘scale effect’’ in Eq. 1 is a simple function that Das
used to convert the activity coefficient of H* from mole frac-
tion scale to molal scale. It can be calculated as:

0.018 Z m,
=1

le effect = ~log| 1+————=1—|,
scale effec og 1-0.0184my+

@

where A is the hydration number of the hydrogen ion. Das
accepted the value A=4, that is, the proton is surrounded by
four water molecules in the form H* -4H,0.

From Eqgs. 1 and 2, it becomes obvious that in order to
estimate the activity of H* in H,SO, solutions, one needs the
values of my- and I,,. The latter values can be obtained only
by considering species equilibria and determining the distri-
bution of species, that is, by performing speciation [another
term which is also used to describe the determination of species
distribution in aqueous solutions is chemical modeling (Bassett
and Melchior, 1990)] for the solution in question.

The dissociation of H,SO, in an aqueous environment takes
place in two consecutive steps:

K,
H,S0, = H" +HSO;, (R1)

Kz
HSO, =& H"'+S0?%. (R2)

Hence, the species that exist in a pure solution of sulfuric acid
are: H,SOS, H*, HSO,; and SO;". Awakura et al. (1990) re-
cently calculated from activity data the equilibrium constant
K, to be in the order of 1 to 10 at ambient temperature. How-
ever, most of the experimental and theoretical work of the
past, which has been compiled by IUPAC (Perrin, 1982), has
shown this constant to be much higher, in the order of 10°.
For this reason, many researchers—including Das—have as-
sumed that the first dissociation of H,SO, to H* and HSO,
is complete for any kind of thermodynamic analysis concerning
sulfuric acid solutions.

In fact, Das, in order to derive Eq. 1, used data for the
degree of second dissociation of H,SO, at 298 K which had
originated from a study of Pitzer et al. (1977). The data and
the ion-ion interaction theoretical approach of Pitzer and his
co-workers were also used by Dickson et al. (1990) in their
extensive investigation of the dissociation constant of the bi-
sulfate ion for temperatures as high as 523 K. The work of
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Dickson and his coworkers resulted in a series of equations
which include:

log K3=p, +p,/T+p; In T+p,T+psT*, (3)

4 I, E,

log K,=log K‘z’—ﬁws 7+fz(p7T+ps/T) +Ds (7> ,
@
1, 2In (1+1.2vV1,
fro oI 20412y ; 3)
1+ 1.241, 1.2

fr=1-(1+ 2V, exp( —2V/1,,}, 6

T-543
10

+ P15/ (T=253)+ p,s/(588 — T) + p,5 /(588 — T)?

+ D1/ (588 — T)* + P/ (588 — T)* + pp/ (588~ T)°.  (7)
All the ps in the above equations are parameters that were
determined experimentally by Dickson and his coworkers (Ta-
ble 1).

Equation 3 gives the value of the thermodynamic equilibrium
constant for step R2:

fi=po+puT+puT +puT +pu CXP{

Q3+ Aen2-
K== ®

Ayso;

which, as known, is a function of T only. The combination
of the rest of the equations gives the value of the mass equi-
librium constant of Step R2. That is, the molality quotient:

My« msog—

K= ®

Myso;

Equations 3-7 give X, within an error of +£0.04 log units.
When compared to some similar equations developed by Mar-
shall and Jones (1966), Eqgs. 3-7 may look quite complicated.
However, Marshall and Jones, while working on the solubility
of calcium sulfate, jgnored the presence of the neutral aqueous
species CaSO? which exists in significant quantities at high
temperatures. Therefore, it was considered more appropriate
to use Dickson’s formulas.

In order to determine the amount of each individual species
(H*, HSO; and SO37) in a pure sulfuric acid solution at a
given [H,S0O,] and temperature, one can make a first guess of
their concentration values in molar and molal basis. For in-
stance, at first, it might be assumed that the bisulfate ion
dissociates completely. Then, one can find an estimate of I,
and from Egs. 3-7 get the value of K,. For reasons of con-
venience, one may evaluate the corresponding mass stability
constant of the bisulfate ion (HSO;) on molar basis 8, as:

/K,

o=
p=0.001 > cM,
i=1

(10

where p is the solution density in kg/L ™!, ¢, the concentration
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Table 1. p Parameters of Dickson et al. (1990)

Parameter Value
D 562.7097
D2 —-13,273.75
D —102.5154
Ds 0.2477538
Ds —1.117033x 10°*
Ds —57.07583
D —1.144759%x 107}
Ds 46.72816
Do 2.499849
Do 0.413070
D —1.04397x107°
D 2.64092 % 1076
Dis —9.96723% 107"
DPia 5.98066
Dis 1.39987 % 1072
Dis 18.4374
D —554.596
Dus 7,684.77
Dis — 54,091
Do 154,381

of the species i in mol-L ™' (molarity), and M, the molecular
weight of the same species in g-mol~'. (It can be easily shown
that for any aqueous equilibrium, the mass equilibrium con-
stant expressed in terms of molarities (8) and the one expressed
in terms of molalities (K) have the same value (but not the
same units) only at infinite dilution. That particular value is
the thermodynamic stability constant and is indicated as 3°,
or K%)

After the evaluation of §8,, a system of three equations with
three unknowns is set up:

_ [HS0;)
= Hr S0 ()
[SO3 o= [SOZ "] + [HSO; ], (12)
0=[H+]——[HSO[]—2[SO§_]. (13)

The three unknowns in the system are the species concentra-
tions [H*], [SO271, and [HSO,]. Equation 12 represents the
sulfate mass balance, while with Eq. 13 the condition of so-
lution electroneutrality is fulfilled. Hydroxide (OH "} ions have
not been taken into account in the above system, since their

concentration is negligible in very acidic solutions.
By solving the above system, new estimates of the concen-

tration of the species and the true ionic strength are obtained.
With a new value for [,,, a new 8, can be calculated and the
procedure can be repeated in an iterative mode until I, is
evaluated within satisfactory small error such as 1072, A simple
computer program was written to facilitate those repetitive
calculations.

In this manner, the values of my-+ and I,, were estimated for
sulfuric acid solutions of various sulfate concentrations.
Through Eqs. 2 and 1, the activity coefficient of H* was also
evaluated and, finally, its activity ay- was calculated as:

(14

ap+ = yu+My-+.
The results which are shown on Table 2, compare quite well
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Table 2. Activity of H* in Aqueous Solutions of 0.25 to 2.0
mol-L~! H,SO, at 298 K

(H,S0,) log ay+ as
mol-L"~! log ay-+ by Das (1988)
0.25 —0.66 —
0.50 -0.37 -0.34
0.75 -0.20 —
1.00 ~0.06 0.01
1.25 0.04 —
1.50 0.14 -
1.75 0.22 0.41
2.00 0.29 0.57

with those of Das, at least for ionic strength less than 1.5
mol-kg~'. Nonetheless, at ionic strengths greater than 1.5
mol-kg ', a significant deviation appears between the activity
values given by Das and those of the present work even though
the values of the activity coefficient still compare very well.
The reason for this is the fact that Das got the value of n.
directly from bisulfate dissociation data tabulated by Pitzer et
al. (1977), while in the present study this was done by using
Egs. 3-7 and solving the system of Egs. 11-13. Pitzer’s data
could have been used in this work as well for =298 K and
there would not be any difference with Das’ results. This ap-
proach, however, is impossible at temperatures higher than
298 K because such data do not exist. For this reason, it was
absolutely necessary to resort to Eqs. 3-7 and 11-13.

Activity of H* in mixed metal sulfate solutions

Since Eq. 1 has a generic form, it can be assumed that with
that equation and known values of my;. and I, it is possible
to calculate ay- even in the case of mixed metal sulfate solu-
tions. However, in order to obtain the necessary values of
my- and [, a nonlinear system with many more unknowns
than that of Eqgs. 11-13 will have to be solved. In the case of
an aqueous solution containing ZnSO,, FeSO,, Fe,(SO,); and
H,S0O,, which is of particular interest to zinc hydrometallurgy
and is analyzed as a case study here, a system of 27 equations
with 27 unknowns has to be set up and solved. These 27 un-
knowns are all the possible simple or complexed ions that exist
in this aqueous system (Table 3), with the exception of H,0.
This system can become even bigger if solid-liquid equilibria
are taken into account. Such equilibria that could have been
incorporated in the present speciation calculations have been
left out, because at the high acidities of interest (pH generally
less than 2.0), practically no solid phase precipitates.

Collection of Thermodynamic Data. To evaluate the dis-
tribution of species in an aqueous system at temperatures higher
than 298 K, a complete set of thermodynamic data is required
for every single species that may exist in that specific system.

For the particular system which has been under considera-
tion, most of the necessary thermodynamic data were collected
from the computer database of F* A * C* T (Bale et al., 1991)
and were checked against the latest compilation of the U.S.
National Bureau of Standards (Wagman et al., 1982). For a
number of these species, more careful examination of the ther-
modynamic data was done by performing cross-examination
with some other publications. Moreover, missing values of
enthalpies (AH) and entropies (S) had to be estimated for many
compounds by resorting to some other sources of information.
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Table 3. Species and Thermodynamic Data for the Aqueous System ZnSO,-FeSO,-Fe,(S0,);-H,S0,*

C,=Q+10 *xBT+10°x CT 2

-1 -1
AG?. 298 K AH(; 298 K Sg‘;s K J-K_-mol
Species kJ-mol ™! kJ-mol™’ J-K~'-mol™! Q@ ® e Ref.

H* 0 0 0 0
OH"™ —157.29 —230.12 -10.88 506.38 —1,181.34 —246.02 o0
H,0 —237.18 ~285.85 69.96 75.44 (:*)
SO;~ —744.63 -909.18 20.08 874.6 —1,759.7 —519.98 ( ')
HSO, —756.01 —887.01 131.8 —547.29 1,342.16 266.78 )
Zinc Species
Zn** —147.06 —153.97 —112.1 2.77 ~39.14 34.6 o)
ZnOH* —330.1 [~357] [5] *"
Zn(OH)} —522.73 —~133.47 -133.5 —251.04 0]
Zn(OH); ~694.22 [-844] [107] )
Zn(OH):™ - 858.52 [-1,078] [—218] )
ZnS0§ -904.9 —1,047.3 5.02 )
Iron(11) Species
Fe?* —~78.9 —89.12 —137.65 —1.08 1.21 39.97 )
FeOH"* 2774 —324.68 —29.29 —29.79 270.61 26.64 "
Fe(OH)} —441.0 —540.5 29.1 )
Fe(OH); -615.05 -783.82 29.9 ¢
Fe(OH):™ ~769.86 ~1,009.74 24.5 )
FeSOY —823.43 —998.3 -117.6 o)
FeHSO, —838.92 —937.69 137.57 *
Iron(III) Species
Fe’* —-4.6 —48.5 -315.9 79.09 —219.35 15.4 ¢
FeOH** —229.41 —290.8 —142.0 19.4 —21.22 294 )
Fe(OH); —446.4 —543.80 -29.29 *
Fe(OH)‘} —660.0 —~795.73 75.4 ®
Fe(OH), —830.0 —-1,050.4 25.5 )
Fe,(OH);* —466.97 —611.38 —355.64 124.68 -619.0 14.0 *
FeSO; —772.8 —931.78 -129.7 37.7 317.0 -1.0 ¢
Fe(SO,), —1,524.65 —1,828.39 —43.07 ¢
Fey(S0,)5 —-2,243.0 —2,825.04 —571.53 @
FeHSO?* —768.38 —894.29 —18.68 *

*Values in square brackets have been computed for the first time in this work.

**Bale et al. (1991).
"Wagman et al. (1982).
*Papangelakis and Demopoulos (1990).
These estimated values are given along with the ones taken 0 AH’ /1 1 o
from compilations in Table 3. In B7=— R \T°T, +1n 87, 1s)

Zinc Species. The only zinc aqueous compounds for which
complete thermodynamic data exist are: Zn®**, Zn(OH)S,
and ZnSOY. The values of the standard heat of formation
(AH? 153%), and absolute entropy (S%s ) for other zinc-hydroxyl
complexes were obtained by analyzing some information pro-
vided by Reichle et al. (1975). These authors have examined
the equilibria between zinc-hydroxyl ions [ZnOH*, Zn(OH)?,
Zn(OH);, and Zn(OH);"], and have estimated equilibrium
constants for temperatures ranging from 285.5 to 348 K. They,
however, have declined to list values of AHY,e x and Sy ¢
because of some uncertainties in their experimental work re-
garding solid-liquid equilibria.

Having, though, no other alternative source of such infor-
mation, the heat of formation of the zinc-hydroxyl complexes
was evaluated from plots of In 8° vs. (1/T), with values of 8°
taken from the work of Reichle and his co-workers. For short
ranges of temperature such as 298-373 K, the standard enthalpy
of reaction, AH’, can be taken approximately constant and
then Van’t Hoff’s differential equation can be integrated to
give (Denbigh, 1981):
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= thermodynamic equilibrium constant at temperature 7
7, = same constant at temperature 7,,=298 K
= universal gas constant (8.31434 J.mol™'-K™")

Thus, a plot of In 8° vs. (1/7) for a given equilibrium should
result in a straight line with a slope of (— AH*/R). For example,
for the reaction

Zn** +OH = ZnOH*

from a plot In 8% vs. (1/T) (Figure 1), it is estimated that
g =3,270 K
R

which gives
AHT =AH’=27 kJ-mol ',
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regr. coeff. = -0.9981 k N

\‘
w

3.3
1/THO K™

Figure 1. Characteristic Van’t Hoff plot for the formation
reaction of ZnOH*.

Subsequently, the standard heat of formation of ZnOH" was
calculated as:

AHS 1 [ZnOH "] = AHY + AH} 1 [Zn** 1 + AH} - [OH "]
= ~357 kJ-mol ™.

In a similar way, the heats of formation of the remaining zinc-
hydroxyl complexes, that is, Zn(OH), , and Zn(OH);™, were
estimated.

Because the formation processes for ions in solutions are
defined in terms of oxidation-reduction processes, the standard
entropy for the same zinc-hydroxyl ions was evaluated ac-
cordingly (Wagman et al., 1982):

_AH) - AG)r

St T

+ >, 8- (g) SY{H,, 1 atm).  (16)

The subscript e in the sum of the above equation indicates the
elements from which the same species is formed.

Beyond these species already known to exist in zinc sulfate
solutions, Fedorov et al. (1973) in a potentiometric study of
ZnSO,-LiClO, aqueous solutions have speculated over the ex-
istence of a number of zinc sulfato-complexes of the type
Zn(SO,)2"* with m = 2, ..., 5. On the other hand, Burkov
and his co-workers (1978) have discussed the possible existence
of poly-nuclear zinc-hydroxyl complexes such as Zn,OH>*.
Such poly-sulfato and poly-nuclear zinc complexes have not
been considered in the present work since their existence has
not been confirmed by any other investigator through different
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experimental techniques. Finally, zinc oxy-anions and hy-
droxy-anions of the type ZnO;~ and HZnO; were also ignored
because they are thermodynamically equivalent to Zn(OH)?~
and Zn(OH); , respectively.

Iron(II) Species. The necessary information about these
species was taken from the thermodynamic database of
Fx AxCx*T (Bale et al., 1991) and the U.S. N.B.S. (National
Bureau of Standards) compilation (Wagman et al., 1982).

It is worth mentioning at this point that Tremaine and
LeBlanc (1980), while examining the solubility of magnetite at
high temperatures (up to 573 K), derived certain thermody-
namic values for Fe’* and its hydroxy complexes. These values
are slightly different from those listed in Table 3. However,
the values of enthalpies, entropies, and so on, given by these
authors were computed after assuming that the free energy of
formation of Fe** is equal to — 16.7 kJ-mol~', which is not
considered to be consistent with the Fx A*C*T or N.B.S.
data (Papangelakis and Demopoulos, 1990). For this reason,
Tremaine and LeBlanc’s data were not used.

Iron (IIT) Species. The thermodynamic values for the
Fe(IIl) species are the same with those collected in a previous
study on the chemistry of the oxidative dissolution of arse-
nopyrite (Papangelakis and Demopoulos, 1990).

In addition to these species, the possible existence of a neutral
compound of the type FeSO,HSO] was ignored. The possible
existence of this species was put forth by Lister and Rivington
(1955) to accommodate their colorimetric study of ferric sulfate
solutions. But, even the more recent studies on the structure
of ferric sulfate complexes like that carried out by Magini
(1979) fail to prove the existence of this complex. Magini, from
his side, has speculated over the possible formation of com-
plexes like Fe(SO,)}"?" with n=3. For these last ferric poly-
sulfato complexes there do not exist any thermodynamic data.

Thermodynamic Equilibrium Constants at Elevated Tem-
peratures, Any equilibrium (reaction) can be written in the
general form:

17

with »; being the stoichiometric coefficient of the species N,
(negative for the reactants). (In this work, all reactions are
written in the direction of complex formation from its primary
components (see Table 4).) Of course, the thermodynamic
equilibrium constant at any temperature is obtained from the
value of the standard free energy of reaction AGY as:

AGY
B‘%—exp(— RT)'

Consequently, the value of AGY can be computed at tem-
peratures higher than 298 K only when the standard entropy
change of the reaction is known at 7,=298 K (AS”TO) together
with the heat capacity functions for all reactants and products.
Should this be the case, then:

(18)

AGH=AGY, — (T- Ty)ASY,
gr AC,(T)
T

Ty

T
+S ACATYdT-T ar (19)
Ty
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where
AC,(T) =D, »Cpi(T) (20)

i=1

and C,;(7) is the heat capacity function of the reactant or
product i (Table 3).

Alternatively, if for some species participating in one equi-
librium the function C,(T) is unknown, a close approximate
of the value of 8% can be obtained directly by ‘‘Helgeson’s
extrapolation’’ (Helgeson, 1967). By this method, a very good
approximate of 87 can be estimated at temperatures as high
as 423 K (Jackson and Helgeson, 1985) provided that the stand-
ard enthalpy of reaction is also known at T,=298 K (AHY):

AST,
RT

In = [To—o,{l-exp[exp(02+03T)

PPN 1 AHY,
‘T RT"

In this last equation, all §s are constants which have the fol-
lowing values: #,=218.3 K; §,= —12.741; 6;=0.01875 K~ ;
6,= —7.84x107% and 6;=219 K.

Mass Stability Constants. Aqueous equilibria in relatively
concentrated solutions cannot be described adequately with
the use of thermodynamic equilibrium constants. The ther-
modynamic equilibrium constant 8°, which is defined as a
product of activities, may be far different from the mass equi-
librium constant 3 that is defined as a product of molar con-
centrations. To get the value of 3 at ionic strength considerably
higher than zero, a simple equation similar to Eq. 1 can be
used as has been proposed by Vasil’ev (1962):

AAPNI
log B;=log 8%+ 22228 4 bl
g Br=log A 1+ 1.6V,

@n

(22)

where Az?=T, »z7, I, the ionic strength on molar basis (I,=
1/2 L%, ¢z}, and b is an arbitrary constant.

The constant b, which is different for every equilibrium, can
be determined by plotting the quantity:

g=log (@ —‘——AAZZ\/Z
% 1+ 1.6VI.

against 7. (Figure 2). This has been done for almost all the
equilibria in the system analyzed in this work, and estimated
values of b are listed in Table 4. The necessary values of 8 at
different I, for the estimation of the parameter b were taken
from the tables of Smith and Martell (1976) and Martell and
Smith (1982). Only in one case another source was used; 3
values were taken from Liddell and Bautista (1981) for the
reaction of FeHSO, formation.

However, for some of the equilibria, values of 8 vs. I. are
not available and, therefore, plots like those on Figure 2 could
not be made. The mass stability constant of these equilibria
was taken as equal to the thermodynamic one. Moreover,
Vasil’ev’s equation was not used for two other equilibria. For
the dissociation of HSO, , Eqs. 3~7 were used. Also, for the
equilibrium:
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//9‘é
0.6/ /
7
0.451
*
0.3~
% regr. coeff. = 0.9810
0.15L
0/’\ 1 L -
0 1 2 3
-1
I, (mol 1)

Figure 2. Characteristic Vasil’ev plot for the determi-
nation of the b parameter for the FeSO,; com-
plex formation.

b is estimated by linear regression equal to 0.216 +0.030.

Zn** +S0% = ZnS0!

the data 8 vs. I. do not fit well Vasil’ev’s equation. For this
equilibrium, Davies’ modified form of the Debye-Huckel equa-
tion was used:

log K;=log K3+ AAZ (——i—l—”’—— 0.21,,,)

23
T (23)

That last equation has been originally used by Nair and Nan-
collas (1958) to determine the thermodynamic stability constant
of ZnSOY by extrapolating from high ionic strength to I,,=0.
Here, it is used for the opposite purpose. The mass stability
constant on molal basis K was converted to the one on molar
basis 8 by an equation similar to Eq. 10.

Numerical Solution. As already mentioned, the determi-
nation of species’ concentrations in a sulfate solution of Zn,
Fe(Il) and Fe(Ill) requires solving a system of 27 equations
with 27 unknowns. The equations of this system include the
22 equilibrium constants which are listed in Table 4. In addition
to these 22 equations, another 5 equations have to be consid-
ered to complete the system. These include:

(i) The sulfate mass-balance:

0=[SO% )i ~ [SOi "} - [HSO; ] ~ [ZnSOf] - [FeSOf]
— [FeHSO/'] - [FeSO,] - 2[Fe(SO.); 1 - 3(Fe,(SO.)3]

—[FeHSOI*]; (24)

Vol. 41, No. 1 AIChE Journal



Table 4. Equilibria in the Aqueous System ZnS0,-FeSO,-Fe,(S0,);-H,S0,, the Mass Equilibrium Constants on Molar Basis (8)
and the Parameter b of Eq. 22

Equilibrium B b
H*+OH =H,0 B‘zﬁl,-v:r}F]Tloﬁ 0.219
H* +50%" = HSO; B o ")
Zn** +OH™ =ZnOH* 53=[Z—[nzz-’:—]oi-g—;]~,—] ~0.087
Zn** +20H" = Zn(OH)} Bs =[7lnzz—'1%})§? ~0.163
Zn** +30H " = Zn(OH); Bs ﬂ%% 0.403
Zn** +40H "~ = Zn(OH);~ 36=£§%é;_}]—, 1.113
Zn®* 4507 =ZnS0O} Bv=[—2r[lzzf‘l—s[§§ir] ¢
Fe?* + OH™ =FeOH* Bs= FF%;’:’-;E;{]:T 0.587
Fe?* +20H ™ = Fe(OH)] 59:[%?;%{?{)2? )
Fe?* + 30H" = Fe(OH); o= % )
Fe’* +40H™ = Fe(QH)" By 2[1%5_(])[?% )
Fe?* +S02- = FeSO! Bi= [F—e[z}ie]%)élﬂ 0.274
Fe* + H* + SO;~ =FeHSO; 6”2% 0.145
Fe’* + OH™ =FeOH" Bu= [F[—:’é%f% 0.277
Fe'* +20H" = Fe(OH); 5= B%%%?% 0.652
Fe'* +30H" = Fe(OH)] Bis= {F%?(]%{f)%? 1.049
Fe** + 40H ™ = Fe(OH); 1= ﬁ%%%%‘ 1.249
2Fe’* +20H™ = Fe,(OH)}* Bis= %ﬁ%&% 0.492
Fe’* +S03™ =FeSO; Bw% 0.216
Fe’* + 2802 = Fe(S0,); Bp= IFL?%% ~0.100
2Fe** + 350%™ = Fey(SO,)} - :[—F[:T?](ZSTSOé)—E—}? O
Fe'* +H” + SO} = FeHSOL* by = —LESHSOL] ~0.247

TIFSTIHS0% ]

*The mass equilibrium constant on molar basis, 8, of these reactions has been evaluated differently (see text).
"Due to lack of sufficient data, for these equilibria it has been assumed that 8= g8°
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(i1) The zinc mass-balance:

0=[Zn**},,— [Zn**] - [ZnOH*] - [Zn(OH)3]

— [Zn(OH); ] - [Zn(OH); "1 - [ZnSOf];  (25)
(iii) The ferrous mass-balance:
0=[Fe’*), — [Fe’*] - [FeOH *] - [Fe(OH)3]
— [Fe(OH); ] - [Fe(OH); "] — [FeSOj] — [FeHSO,'];  (26)

(iv) The ferric mass-balance:

0=[Fe’ "), — [Fe’*] - [FeOH*"} ~ [Fe(OH); ] - [Fe(OH)3]
— [Fe(OH); 1 - 2[Fe;(OH)}*] — [FeSO; ] - [Fe(SOy); ]

—2[Fex(SO,)3] - [FeHSOZ*];  (27)

(v) The electroneutrality principle:

0=[H"]-[OH ]-2[S02"] - [HSO,; 1+ 2[Zn**] + [ZnOH"]
—[Zn(OH); ] - 2[Zn(OH); "] + 2[Fe** 1+ [FeOH "}
— [Fe(OH); |1 — 2{Fe(OH)2"] + [FeHSO, ] + 3[Fe**]
+ 2[FeOH?*] + [Fe(OH); ] - [Fe(OH); ] + 4[Fe,(OH)3 ']
+[FeSO; 1 — [Fe(SO,); ]+ 2[FeHSOZ'1.  (28)
By using the expressions for the mass stability constants
which are given on the second column of Table 4, the con-
centrations of all species in Eqs. 24-28 can be defined in terms
of the concentration of five key components, namely [H*],
[SO2-1, [Zn%*], [Fe**] and [Fe**]. Consequently, Eqs. 24-28
can be rewritten in terms of the concentrations of these com-
ponents forming a system of five equations that define five
functions. The whole problem is reduced to finding the roots
of this 5x 5 system:
Fy=[SO{ ]io— [SOi™]1 - Bo[H*}[SO; 1- B:[Zn**][SOZ ]
— Bi,[Fe**1[SO3™] - B1s[Fe’ " J[H* 1[SO; "1 - Bis[Fe’ *1[SO; ]
— 2B5[Fe’*1[SO; 1P - 3B, [Fe’ F[SOi T

— BulFe™*|[H'][SO}]=0, (29)
2+ 2+
Fy=1Zn* ) — [Z0*"]1- 8,8, [[ZII; +]] - BB, [[7;;1 +]2]
2+ 7z 2+
B3, [[i‘ﬂ]} B8 [[T:Tr]‘ B,{Za* ]SO 1=0, (30)
F 2+ F 2+
Fy=[Fe?*|,o — [Fe*"] - 56,, [[;]] — 62 [[He +]3
Fe?+ | [Fe) o
~ BBl %ﬁ%—ﬁnﬁw [[T{T]A—Buu%z 15077
— B[ IH* IS0 =0, (1)
F 3+ F 3+
F,=[Fe*" o, — [FE*] - 818, [[I§+]] ~B1s6% [[H€+]2]
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[Fe3+] B . [Fe3+]
[H+]3 Bl76w [H+]4
~ B1olFe** J[SO% "] - BulFe  1[SOF ™ — 28y [Fe'* [SOF )’

—Bu[Fe’ 1[H']{SO;"1=0, (32)

[Fe3+]2
H'P

_6]633./ —26186%4)

By

Fs=[H ]_[H*]

—2[SO3 "1~ BoH 1[SO; 1 +2(Zn*"]

Zn2+
+B:8, [T}I;T]]—Bsﬁi

[Fe*]

+2[Fe* 1+ BsB., ’m‘ B0,

[Zn?*]
H'T
[Fe?*]
HT

(Zn**]
H')

F 2+
—261,63[[-}%

[Fe'*]
[H']
[Fe3 *] . [Fe“] [Fe“]z
[CHEATTT H'P
+ Bis[Fe**1[SO}~ ] — BalFe**1[SOF ]
+28,[Fe* 1[H (SO "1 =0.

— 2848,

+B[Fe? T JH1[SOL 1+ 3[Fe’* 1 + 28,48,

+Bys3% +48,8%

(33)

This system of Eqs. 29-33 is a nonlinear one and it can be
solved only by a numerical iterative method. In this case, the
F functions are treated as residuals, the absolute values of
which have to be minimized and set as close to zero as possible.
Lee and Tavlarides (1985), for example, used the Secant it-
erative method to minimize the respective Fs for the deter-
mination of species distribution in the system Fe,(SO,),-H,SO,.
Another method is the Newton-Raphson one, which is gen-
erally much faster than the Secant method. Both these meth-
ods, though, may not coverage to a solution set or, as
mathematicians would say, to a solution vector (Press et al.,
1989). They also require a ‘‘good first guess’’ of the solution
vector. To ensure convergence and to avoid negative roots,
the method used here is the Newton-Raphson one as modified
by I and Nancollas (1972).

The computational method that is presented in Figure 3
consists of two loops—one nested into the other. (The source
code of the computer program has been written for the Mi-
crosoft Fortran (Microsoft Corporation, 1989), which is com-
patible—with only a few extensions——to the standard Fortran
77. This computer program is available from the authors upon
request.) In brief, it has as follows.

(i) Initial Guesses. First guesses for the values of the key
components’ concentrations are obtained by assuming com-
plete dissociation of the electrolytes. In other words, the initial
guesses can be:

[H * ](0) = Z[HZSO4] free

3
= 2([80371101 - [Zn2+]lol - [Fe2+]tm —5 [Fe3+]lol)’

[SOZ" 1" =[SO% " Liows
[Zn2+](0) = [Zl’l2 * ]mu
[Fe* ]9 = [Fe** J,o1,

[Fe’ +](0) = [Fe3 ot
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Read Input
Conc’'ns & T

A 4

Guess Species
Concn’s and /

¥
For given /1 & T
compute 8's;
Solve system &
find concn’s
% of all species

1= new /

A

Compute new /

Final
Print-Out

Figure 3. Conceptual flowchart of the computational
procedure.

The initial value of the ionic strength on molar basis, I, is
computed accordingly. Also, the value of i must be computed
at this point. One way to estimate Iy for moderately concen-
trated solutions is by taking the solution density equal to 1
kg/L~

Alternatively, the value of p for pure binary solutions such
as H,S0,-H,0, ZnSo,-H,0, and so on, can be found in hand-
books (Washburn, 1928), but density data do not exist for all
kinds of solutions compositions and temperatures. Here, the
density of a mixed sulfate solution was estimated by a simple
linear function that was derived by regression of tabulated
binary-solution data (Washburn, 1928; Lide, 1991, 1992):

o=1.15382-5.5x 107*T+6.6748 X 10 *[H,SO4srec
+0.181436[Zn** |y + 0.158354[Fe’ * 100
+0.396312[Fe’ "1, in kg-L™".

This simple equation gives a very good estimate for binary
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solutions and temperatures less than 373 K (error in p less than
1%). For more complex solutions this equation may introduce
a slightly higher error, but still such an estimate is far better
than assuming p equal to 1 kg-L~'. For example, with the
above empirical equation, it is estimated that a solution of
{Zn**},,, 0.66 mol-L™' and [SO3 ., 0.95 mol-L~" at 298 K
has p=1.135 kg-L~'. The density of the same solution can be
estimated by applying ‘‘Young’s Rule’’ (Teng and Lenzi, 1975)
to existing binary solution data (Washburn, 1928). With the
second method p is estimated equal to 1.137 kg-L ™' (less than
1% difference).

(i) System Solution. For given ionic strengths (/) and
temperature 7, mass equilibrium constants 3can be computed
as described in the section discussing mass stability constants.
To get new values of the five key components, first the partial
derivatives of the F residuals with respect to the key compo-
nents’ concentrations are computed:

dF,
3H*]

HO

Then, the following system is solved by matrix inversion for
the unknown corrections 6{H*1, 8[SO271, 6[Zn>*], 6[Fe**], and
5[Fe**]:

dF, dF, aF,
6[H+] 3[504-] a[F63+] 6[H+] F
- -
F,  OF, 3F, 8[S0i"1 _F,
GH7 a0 U awer] || dznll=|
N X . 6{F62+] .
. . : 3+ _F5
oF,  dF; oF, 5[Fe*]
| OlH"] 3[S0%"] d[Fe’*]
(34)

In a “‘pure’’ Newton-Raphson iterative procedure, the values
of [H*], for example, are updated as:

H)P=[H"19+5H")

If, however, the corresponding relative correction off: =
S[H*)/[H*]® is less than — 1, then the new value of [H'],
[H*]?, will be negative. To avoid negative roots for the system
of Eqgs. 29-33, I and Nancollas (1972) suggested the use of an
exponential root updating formula like:

() =[H")%exp o)

Another pitfall lies in the above equation. If of}’ <<0, then
[H*}=0 and fatal computational errors may occur because
the value of [H*] appears in the denominator of many fractions
in Egs. 29-33. To avoid this problem as well as the previous
one of negative roots, the root updating function was selected
to be:

[H* 19 4+8[H*] when ofl> -1

H*"19/3 G

"= {

otherwise.
Certainly, this root updating scheme is slower than the ex-
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ponential method, but it eliminates the possibility of *‘divide-
by-zero’’ problems. As for the values of the concentrations of
the rest of the key components, these are indeed updated by
1 and Nancollas’ exponential formula, since they do not appear
at the denominator of any fraction in Eqs. 29-33.

(iii) End of Iterations. After the concentrations of the key
components are updated, a check is performed to see whether
it is worth continuing the search for a solution. If the sum:

5
T(x).:z |F,|
Jj=1

is smaller than an acceptable error level there is no need to
repeat the procedure. If not, the F functions must be re-eval-
uated along with their partial derivatives using the solution set
which has been obtained after the first iteration (solution vec-
tor'”). Then, matrix inversion (Eq. 34) is repeated and Eq. 35
is used to get a new set of values (solution vector®) for con-
centrations of the key components. The procedure has to be
repeated again and again until T is sufficiently small (< 107¢,
in this work). When this is true, then, by using the definitions
of the mass stability constants (Table 4), the concentrations
of the rest of the species can be evaluated.

(iv) lonic Strength Correction. When a complete set of
concentration values has been obtained, the updated value(s)
of I can be calculated and compared to what it had been
assumed in the previous cycle. This procedure defines a second
loop that is external to (ii) and (iii). If the absolute difference
between the present and the previous values of s is not big
(<1073, in this work), the speciation computational effort is
over. In an opposite situation, the updated Is (I, and 1) become
the current ionic strength values and the whole procedure from
step (ii) is repeated. The whole computational effort is over
only when the ionic strength values are within the acceptable
predefined error level.

At the end of the speciation calculations, the necessary values
of my- are I, known. The calculation of the activity coefficient
of H* and, ultimately, the calculation of the hydrogen activity
can be easily made with Eqs. 1-2 and Eq. 14.

Results from such calculations are presented in Table 5.
Speciation diagrams that were produced complementary to
those calculations are also presented in Figures 4-6. It is worth
noting here that in these figures the pH (that is the computed
value of —log ay-) lies well within the acidic region. Metal
ions are known to hydrolyze strongly to solid hydroxides even
at moderately acidic or neutral pH, but solid-liquid equilibria
have not been taken into account in the present calculations.

Experimental Evidence

In the introduction section, it was mentioned that what one
measures as pH with a pH-meter is an indicator of relative
acidity rather than the exact value of —log ay.. However, a
pH-meter or a potential measuring device in general remains
today the most convenient way for studying the thermody-
namics (equilibria, activities, and so on) of aqueous electro-
lytes. For this reason, pH measurements were taken with several
aqueous sulfate solutions.

The pH-meter which was used was a Fisher Accumet 825MP
with digital display and automatic temperature compensation
probe. Attached to this pH-meter there was a combination
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Table 5. Calculated Values of oy,

Solution Composition (mol-L™") ay-

SO} ) [Zn**) [Fe™*)o [Fe'*l, 298K 323K 373K
0.25 0 0 0 0.220 0.208 0.195
0.50 0 0 0 0.424 0.404 0.382
1.00 0 0 0 0.863 0.831 0.791
1.50 0 0 0 1.367 1.325 1.268
2.00 0 0 0 1.959 1.907 1.834
0.50 0.25 0 0 0.159 0.132 0.087
1.00 0.50 0 0 0.311 0.267 0.195
2.00 1.00 0 0 0.677 0.614 0.514
0.50 0 0.25 0 0.102 0.067 0.027
0.50 0 0 0.25 0.073 0.056 0.022
1.00 0.50 0.10 0 0.198 0.154 0.088
2.00 1.00 0.25 0 0.336 0270 0.174
3.00 2.00 0.50 0 0.099 0.057 0.017
1.00 0.50 0 0.10 0.185 0.147 0.076
2.00 1.00 0 0.25 0.305 0.245 0.130
3.00 2.00 0 0.50 0.070 0.047 0.018
3.00 2.00 0.10 0.50 0.031 0.019 0.009

Similar solutions are often encountered in zinc electrolytic piants.

glass/calomel electrode (Fisher Accu-pHast). According to the
manufacturer, this electrode has an overall accuracy of +£0.05
pH-units from 0 to 95°C at pH=4.

Beakers containing solutions of unknown pH were immersed

into a water bath together with ones containing standard
(buffer) solutions. The temperature of the bath was maintained

% mol Zn
100 r

—— Zn<2+>, 298 K
—+~ ZnS04<0>, 298 K

<2+>, 373 K
80 Zn 3

""" ZnS04<0>, 373 K

- i o & 0 o ¢ "+
o o
A &

——
-
b — .

40 |

20 -

Figure 4. Zinc sulfate speciation diagram at 298 and 373
K.

The total zinc concentration is 0.5 mol-L ™' and the value of pH

(—log @y+) has been adjusted by varying the total sulfate con-
centration,
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Figure 5. Ferrous sulfate speciation diagram at 298 (a) and 373 K (b).

The total ferrous concentration is 0.5 mol-L ™}, and the value of pH (—log ay+) has been adjusted by varying the total sulfate concentration.

(a) 298 K (b) 373 K
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Figure 6. Ferric sulfate speciation diagram at 298 (a) and 373 K (b).

The total ferric concentration is 0.5 mol-L ™', and the value of pH (—log ay-+) has been adjusted by varying the total sulfate concentration.

AIChE Journal January 1995 Vol. 41, No. 1 181



Table 6. Fisher Buffer Solutions Used for Calibration of the

pH-Meter”
Buffer pH at 298 K Basic Components
1.00 HCI, KCI
2.00 HCI, KCl1
4.00 K-H-phthalate
7.00 KH,PO,, NaOH

*The exact composition of these solutions is not obtainable (proprietary data),
but the manufacturer acknowledges that they are rather dilute solutions (*‘their
total molarity is 0.05’).

constant at 298 K (=« 1 K) with a temperature circulator. Cal-
ibration of the pH-meter was performed between measure-
ments using the buffer solutions, which in fact, were Fisher
certified ones of relatively low ionic strength (Table 6). Each
measurement was taken only when 20 min had passed since
the immersion of the electrode into the unknown or buffer
solution. This waiting time was deemed necessary so as to have
a stable reading at the pH-meter.

In Table 7 several pH measurements have been listed and
are compared to the ones predicted by the computational pro-
cedure described in the section on numerical solution. In most
of these solutions, excellent agreement exists between measured
pH values and computed ones (as —log ay-). Small discrep-
ancies can be attributed to experimental errors such as the
accuracy of the electrode. The only solutions for which the
differences between measured and computed pH might not be
considered negligible are the ones which contain solely ZnSO,.
The predicted pH values for the ZnSQ, solutions is higher by
0.5 pH units than the measured ones because the hydrolysis
of Zn** to solid zinc hydroxide has not been taken into account.

The reader may also notice that in the last table, there have
not been included any pH measurements at ionic strengths
higher than 0.25 mol-L ', In fact, such measurements were
attempted, but the results were not reliable. The electrode was
not providing stable readings (it was ““drifting’’), and there
was a severe problem of proper calibration. Unfortunately,
the known standard solutions, like the Fisher buffers used here,
are not suitable for calibration when the solution to be meas-
ured has high ionic strength and pH much lower than 1.

1t is worth mentioning at this point the speciation work of
Mihaylov and Distin (1993) for the aqueous system Ga,(SO,);-
H,S0,. These authors have also used Egs. 1-2 to get the activ-
ity of H*, and their predictions were confirmed by an excel-

lent agreement between measured and computed pH (as
—log ay+) values.

Lastly, the values of ay- were used to get the order of the
zinc ferrite dissolution in sulfuric acid (Filippou and Dem-
opoulos, 1992a). It has been found that indeed the zinc fer-
rite dissolution rate is proportional to (ay-)>*. The 0.54
order of the ferrite dissolution reaction has been explained also
theoretically (Filippou and Demopoulos, 1993) and this is an-
other confirmation—indirect, though—of the validity of the
present approach for the estimation of ay+ in aqueous sulfate
systems.

Comparison to Previous Work

Hydrogen ion activities have never been estimated before in
mixed metal sulfate aqueous solutions. Therefore, this dis-
cussion has to be restricted to speciation calculations and dia-
grams produced by other investigators in the past.

For the case of ZnSO, solutions, it seems that there do not
exist many speciation diagrams. In one of the few relevant
publications, Long and Angino (1977) have constructed spe-
ciation diagrams for Zn and other base metals in freshwater,
seawater and brine at room temperature. These authors have
determined that the most dominant Zn species at low pH is
Zn** when the total metal concentration is in the range of 10
ppm. This finding seems to be in contrast to the speciation
diagram of Figure 4, but it can be explained by the fact that
Long and Angino included in their speciation some other spe-
cies as well: C17, CO3~ and HCOj . Certainly the presence of

these negatively charged species alters the zinc ion distribution.
More recently, Larsen and Linkson (1993) constructed po-

tential-pH (‘‘Pourbaix’’) diagrams for the system Zn-SO,-H,0
at temperatures as high as 473 K. Their work confirms that at
pH generally less than 3, Zn®" is the most dominant species.
Nevertheless, these authors ignored the neutral species ZnSO$
and their estimated thermodynamic values for the Zn-OH spe-
cies differ significantly from the ones given in Table 3.
Many more speciation diagrams have been published for the
iron species. In the case of ferrous sulfate solutions, Davison
(1979) has examined the accuracy of the stability constants of
FeOH* and FeSO} at 298 K. His revised values for these sta-
bility constants are 1-1.5 orders of magnitude higher than the
ones computed by the thermodynamic data of Table 3. Davison
did not consider some other species which are listed in Table

Table 7. Measured vs. Computed pH (—log ay ) Values for Various Solutions at 298 K

Solution Composition (mol-L™7) pH I computed
SO Lot [Z52* )00 [Fe** )i [Fe** ]t Comp. Meas. I, mol-L™! I, mol-kg!
0.010 0 0 0 1.87 1.88 0.021 0.021
0.100 0 0 0 1.01 0.98 0.145 0.146
0.250 0 0 0 0.66 0.70 0.325 0.330
0.050 0.025 0 0 1.62 1.59 0.099 0.100
0.050 04.050 0 [¢] 5.88 5.34 0.118 0.119
0.100 0.100 0 0 5.84 5.22 0.216 0.219
0.050 0 0.025 0 1.67 1.60 0.126 0.127
0.063 0 0 0.025 1.60 1.57 0.078 0.078
0.050 0.013 0.013 0 1.65 1.61 0.112 0.113
0.056 0.013 0 0.013 1.62 1.59 0.088 0.089
0.056 0 0.013 0.013 1.64 1.59 0.101 0.102
0.054 0.008 0.008 0.008 1.61 1.60 0.100 0.101
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3, but he came to the conclusion that the most dominant ferrouns
species in natural waters which contain some sulfate ions is
the Fe?* at pH values around 7. Nonetheless, despite the dif-
ferences between Davison and the work presented here, the
findings of this author can be confirmed also by the present
speciation diagrams (Figure 5).

Tremaine and LeBlanc (1980) have also produced speciation
diagrams of Fe?* species. They have shown that in the absence
of sulfate ions, Fe’* dominates at pH generally lower than 6
and temperatures as high as 573 K. This is certainly not in
disagreement with the results of the present work.

Speciation of ferric aqueous compounds may well be the
most widely examined case to date. Many of the speciation
diagrams that have been constructed do not seem to agree with
each other. Differences in databases used and individual de-
cisions as how to take into account ionic strength effects are
believed to be the most frequent source of these variations
(May and Murray, 1991). For example, Dousma et al. (1979)
and Pouillon and Doyle (1987) have apparently used a *‘nom-
inal’’ (or “‘formal’’) ionic strength, that is, an ionic strength
value corresponding to complete electrolyte dissociation for
their speciation calculations in the ferric sulfate aqueous sys-
tem. This is obviously incorrect since the stability constants
depend on the value of the true ionic strength of the solution,
I, or I.. The true solution ionic strength cannot really be a
fixed quantity when the pH varies.

The above remark applies also in the case of ferrous-ferric
speciation diagrams produced by Liddell and Bautista (1981)
and by Senanayake and Muir (1988). Only in speciation dia-
grams for ferric sulfate solutions produced by Lee and Tav-
larides (1985) and by Wu and Yu (1991) the ionic strength
effect has been really taken into account. The approach of
these authors to the speciation problem is almost the same as
the one used here and, not surprisingly, their results are almost
identical to those in Figure 6.

Conclusion

In this publication, an attempt to evaluate hydrogen ion
activities through speciation in plain or mixed-metal sulfate
aqueous solutions was described. First, with the aid of an
existing extended Debye-Huckel type of equation, the value
of the hydrogen ion activity coefficient was computed at tem-
peratures ranging from 298 to 373 K and total sulfate con-
centration up to 2.0 mol-L~".

Then, the same equation was also used for mixed metal
sulfate solutions. In particular, hydrogen ion activities were
estimated for the mixed aqueous system ZnSO,-FeSO,-
Fe,(SO,),-H,S0,. In order to evaluate the molality of hydrogen
ion and the true solution ionic strength, it was necessary to
undertake speciation work from which speciation diagrams
were constructed. To this end, a comprehensive algorithm was

built which accounts for 7 and T effects on stability constants.
The results of the computational effort were confirmed by

several pH measurements and by an extensive review of pre-
viously published speciation work. It was found that there
exists a very good agreement between computed and measured
pH values at ambient temperature. Finally, most of the pre-
viously published speciation work for similar systems provides
an additional affirmation of the validity of the present work.
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Notation

activity

coefficient of C, polynominal, J-mol™'.K'
Vasil’ev’s constant (Eq. 22)

coefficient of C, polynomial, 10* J-mol™'-K~?
molar concentration, mol-L™!

coefficient of C, polynomial, 10° J-K-mol ™'
heat capacity, J-mol™}-K~!

Dickson’s auxiliary functions (Egs. 3-7)
residual functions (Eqs. 24-28 or 29-33)
free energy, J-mol~' or kJ-mol™!

enthalpy, J-mol™' or kJ - mol~"

ionic strength, mol-L~! or mol -kg™'
equilibrium constant on molal basis

molal concentration, mol-kg ™!

Dickson’s parameters (Egs. 3-7 and Table 1)
auxiliary function for the estimation of b
universal gas constant, 8.31434 J.mol~'-K™'
entropy, J-mol ".K™!

temperature, K

ionic charge

N'\]V)%Q'ESNNTQ%\-@QGn DD a

L L O I

Greek letters

B = equilibrium constant on molar basis
y = activity coefficient

& = correction (Eq. 34)

A = change

6 = Helgeson’s parameters (Eq. 21)

T = sum of residual functions F

Subscripts and superscripts

on molar scale

formation

species indicator

residual function indicator
on molal scale

total number of species
total

at temperature 7
standard

o~N2 xFTwawn

| | T R I

Other symbol
(1=

concentration, mol-L ™'
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