Thermodynamics of Aqueous Solutions
Containing Volatile Weak Electrolytes

A thermodynamic framework has been established to calculate equilib-
rium vapor-liquid compositions for dilute aqueous solutions of one or
more volatile weak electrolytes: ammonia, carbon dioxide, hydrogen sulfide,
sulfur dioxide, and hydrogen cyanide, in the temperature range 0° to 100°C
and for liquid-phase concentrations from 10— to 1 or 2 molal.

Binary electrolyte-water parameters are obtained from reduction of
experimental data for single-solute solutions. Additional parameters required
for multi-solute systems are estimated from correlations. These parameters,
coupled with chemical equilibria, are used to predict multicomponent
vapor-liquid equilibria. At a fixed temperature, either liquid-phase or
vapor-phase compositions may be calculated if the composition of the other
phase is known. Although the framework has no adjustable parameters for
multisolute systems, predicted and observed equilibria are in good agree-
ment for two ternary systems: ammonia-hydrogen sulfide-water and am-
monia-carbon dioxide-water.
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Stringent limits on allowable emissions of aqueous
pollutants are now commonly observed. Since many in-
dustrial wastewaters contain volatile solutes such as
ammonia and hydrogen sulfide, attention must be given
to vapor-liquid equilibria of volatile weak electrolytes in
aqueous solutions. Upon searching the literature, the de-
signer of pollution abatement equipment finds only
severely limited information. In contrast to extensive theo-
retical and experimental work reported for strong-electro-
lyte aqueous solutions, little attention has been given to
aqueous weak-electrolyte systems.

Literature data for single-solute systems are mostly old,
and in general, they are limited to a minimum concentra-
tion of 10~! molal and to a temperature range of 10° to
50°C. Only a few multisolute systems have been studied,
notably by Van Krevelen et al. (1949), who studied the
NHs-COg-HgO, NHs-st-Hzo, and NH3'COz‘st-H20

systems. Van Krevelen’s experimental work pertains only
to ammonia-rich systems and does not include very dilute
solutions. His theoretical studies also apply only to
ammonia-rich systems; they are limited by simplifying
assumptions to restricted ranges of ammonia/acid ratios
and, for some cases, require experimental information
which is not available.

The purpose of this work is to establish a molecular
thermodynamic framework for calculating equilibrium
vapor-liquid compositions of dilute solutions containing
one or more volatile weak electrolytes as commonly en-
countered in chemical industry. The electrolytes examined
are ammonia, carbon dioxide, hydrogen sulfide, sulfur di-
oxide, and hydrogen cyanide for the temperature range
0° to 100°C and for liquid-phase concentrations covering
four orders of magnitude, from 10~ to 1 or 2 molal (moles
per 1000 g of water).

CONCLUSIONS AND SIGNIFICANCE

A molecular thermodynamic framework has been con-
structed for calculation of vapor-liquid equilibria in aque-
ous solutions containing one or more weak electrolytes.
This framework gives satisfactory results in the tempera-
ture range 0° to 100°C for multisolute systems with total
solute concentration less than 2 molal and ionic strength
not more than 0.5 molal.

The framework is so constructed that the equilibrium
compositions of multisolute systems can be predicted
using only binary parameters; no ternary (or higher)
parameters are required.

Binary parameters are presented for aqueous solutions
of ammonia, carbon dioxide, hydrogen sulfide, sulfur di-
oxide, and hydrogen cyanide. For a multisolute calcula-
tion, it is necessary to solve simultaneously a set of equa-
tions reflecting material balances, charge balances, chem-
ical equilibria, and phase equilibria. An efficient computer
program for this purpose has been established.

The principal significance of this work is that it pro-
vides a convenient, thermodynamically consistent method
for calculation of multisolute vapor-liquid equilibria in
dilute aqueous solutions of volatile weak electrolytes.

Molecular thermodynamics provides a useful approach
toward obtaining phase-equilibrium relations in a system
containing one or more weak electrolytes.
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The system we wish to describe is representéd by Figure
1. At a given temperature and pressure, the weak electro-
lyte and water equilibrate between the vapor phase V and
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Fig. 1. Vapor-liquid equilibrium in a single-solute system.

the liquid phase L. Since industrial interest is primarily in
the stripping of weak electrolytes from aqueous streams,
the temperature and the liquid-phase composition are
usually known; the vapor-phase mole fraction y and total
pressure P are to be calculated.

The weak electrolyte in the liquid phase exists in two
forms: molecular and ionic. A chemical equilibrium be-
tween these two forms is described by dissociation equi-
librium constant K; and at high dilution, vapor-liquid
equilibrium is characterized by Henry’s constant H. Vapor-
phase dissociation of the electrolyte is appreciable only at
very high temperatures and is therefore neglected.

A thermodynamic analysis of this system may be based
on two descriptions: a macroscopic (bulk) basis and a
microscopic (molecular) basis.

The macroscopic basis describes the system only in
terms of bulk properties; any molecular process, such as
dissociation, is neglected. Deviations from ideality are de-
scribed by a gross, or stoichiometric, activity coefficient
without any discussion of its molecular significance. The
bulk property that characterizes the liquid phase is the
total, or stoichiometric, electrolyte concentration. This
concentration is that reported by standard quantitative-
analysis techniques and is the sum of the molecular and
ionic concentrations. In the subsequent discussion, this
macroscopic description is denoted by the subscript A.

The second description, the microscopic, deals with the
solution on a molecular level. The properties that charac-
terize the liquid phase are the concentrations of the molec-
ular solutes and those of the ions. This description, which
recognizes dissociation in the liquid phase, is denoted by
the subscript a.

It would be advantageous to describe the system in
terms of the bulk (stoichiometric) concentration which is
available from chemical analysis. However, to interpret and
correlate the data it is necessary to use molecular and
ionic concentrations. A well-constructed thermodynamic
framework must be able to describe the system on either
the macroscopic or the microscopic basis.
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SINGLE SOLUTE SYSTEMS

Thermodynamic analysis of aqueous weak-electrolyte
phase equilibria is based on four principles. (Although the
following equations are written for univalent electrolytes,
similar equations may be written for other electrolyte

es.
typTheZ first principle is an overall mass balance in the
liquid phase:

m4=m¢+-;—(m++m_) (1)

where m, is the stoichiometric concentration of the weak
electrolyte, m, is the molecular concentration of the weak
electrolyte, and m, and m_ are the concentrations of the
cation and anion, respectively.
The second principle is a charge balance in the liquid
phase
m, =m- (2)

Those concentrations of H* and OH~ ions which result
from the dissociation of water are neglected since the ion
concentrations resulting from solute dissociation are of
much greater magnitude.

The third principle is the chemical equilibrium between
the undissociated and dissociated forms of the weak elec-
trolyte

G4+0-

Gq

where K is the dissociation equilibrium constant and a4,
a_, a, represent the activity of the cation, anion, and
molecular (hydrated)t form of the weak electrolyte.

K= (8)

The fourth principle is the equilibrium between the
vapor and liquid phases. The chemical potential of the
electrolyte must be the same in both phases:

Ha' = po (4)
To use Equation (4), we must relate the activities in

Equation (3) to concentrations. Therefore, the equilibrium
constant K for a 1:1 electrolyte is rewritten

m,.m- :;2
K=" .7

(5)
mg Ya
where y. is the mean ionic activity coefficient and 1y, is
the activity coefficient of the molecular form of the weak
electrolyte.
The mean ionic activity coefficient is defined by

v =\Vyir— (8)

Both activity coefficients are normalized in the manner
customary for dilute solutions:

’y:—)l
as > m—0 (7)
Yo—> 1 i

where i stands for all solute species.

+ When the molecular solute enters solution, some of it is hydrated by

water, for example,
NHs + H:0 & NH.OH

Few data, however, are available for this hydration of weak electrolytes.
In thermodynamic descriptions, a convention is used as suggested by
Lewis et al. (1961). The standard states of the molecular and hydrated
forms are defined such that the above reaction occurs with no change
in Gibbs free energy.

Thus
Axgtlon- GygtPon-
axE%a.0 Oxm,00
By convention, a0 = 1 for dilute aqueous solution. The molecular

and hydrated forms of the solute are then thermodynamically equivalent.
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TaBLE 1. EFFECT oF TEMPERATURE ON DissociaTiIoN CONsSTANTS OF WEAK ELECTROLYTES IN WATER

InK=Ci14 Co/T + CsInT 4 C4T
K = moles/kg of water

T =°K
Electrolyte Ci Cs
NHj; 191.97 —8,451.61
COq 2,767.92 —80,063.5
HsS —45.453 —5,322.37
SO, 1,958.84 —50,481.0
HCN —6,034.04 150,387.0

The dissociation equilibrium constant defined in Equa-
tion (5) has units of molality, or moles of solute per kilo-
gram of water.

The dissociation equilibrium constants of the weak elec-

_trolytes were obtained from the literaturet for the data

ranges indicated in Table 1. These data were fit to a
semi-empirical equation derived in Appendix A:

ImK=C; 4+ Co/T+C3InT + C,T (8)

where the parameters C,, Cs, C;, C4 are shown in Table 1.
Extrapolations based on this equation are approximately
valid for the range 0° to 100°C.

Assuming for the moment that y+2/y, = 1 in Equation
(5), Equations (1), (2), and (5) give

_ 2(m,)?
T K+ 2ma + VK + 4muK

Equation (9) gives the molecular electrolyte concentra-
tion as a function of the stoichiometric (total) electrolyte
concentration,

For use in Equation (4), the vapor-phase chemical
p%tential can be related to the vapor-phase mole fraction
y by

Mg

(9)

(pa” — #a®) = RT In yopoP (10)

where ¢ is the fugacity coefficient and the superscript *
denotes the vapor-phase standard state chosen to be the
pure ideal gas at system temperature and one atmosphere.
The pressure P in Equation (10) must be written in units
of atmospheres.

For the liquid phase we write

(pa® — #4%) = RT In myy, (11)

where u,° is the chemical potential of a at the conditions
implied in Equation (7), that is, a hypothetical ideal
dilute solution of a at system temperature and pressure
and at unit molality. To achieve consistency with standard
nomenclature used in electrolyte theory, we introduce two
standard state activities, defined by

A = exp (%) (12)
A® = exp (%) (13)

where )\ has units of (molality) ! or (kg of water)
{moles) —1, and A;* has units of (atm) —1,

+ NHs—Bates and Pinching (1949), Quist and Marshall (1968); Fisher
and Barnes (1972).

CO2—Clark (1966), Landolt-Bomstein (1960).

H:S—Clark (1966), Ellis and Milestone (1967).

SOsz—Johnstone and Leppla (1934).

HCN--]zatt et al. (1962).
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Range of
experimental

C3 Cy data, °K
—31.4335 0.0152123 273-398
—478.653 0.714984 273-338
11.952 —0.07000 278-363
—344.331 0.563442 273-323
1,061.49 —1.80964 283-323

Combination of Equations (4), (10), (11), (12), and
(13) gives the equation of phase equilibrium:

yaanP = MayaHy (14)

where Henry’s constant H, is given by

YabaP NS

Mq Vi

H, = lim

Mme->0

Henry’s constant is a function of temperature but is inde-
pendent of composition; it is characteristic of the interac-
tion of a given solute and solvent.

The weak electrolyte solution may be viewed from a
macroscopic or microscopic basis. Thus the equation of
phase equilibrium may be written either in terms of the
microscopic view as in Equation (14) or in terms of
the macroscopic view:

YapaP = maysHy (15)
Since there is negligible dissociation in the vapor phase
#4” = ug” (16)
or
Aa® = A0" (17)
and
yA¢AP = yad’ap (18)

We must now define the liquid-phase standard state for
the stoichiometric species A. Since y, approaches zero at
infinite dilution for any dissociating species, it is not possi-
ble to specify a standard state for A without taking dis-
sociation into consideration. The liquid-phase standard
state for the stoichiometric A is defined such that

#4° = po® (19)

Hy=H, (20)

An operational description of the stoichiometric standard
state is a hypothetic ideal dilute aqueous solution of un-
dissociated A at system temperature and pressure and at
unit molality m,.

Combining Equations (14), (15), (18), and (20) gives

or

MaYa
ma

va = (21)

Using Equation (9) for the evaluation of m,, we can
relate the stoichiometric activity coefficient ys to the
molecular activity coefficient v,:

_ 2Maye
AT K+ 2ma + VK T 4maK

An exact expression for ys is given later in Equation
(22a).

(22)
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The stoichiometric activity coefficient y, depends on
two quantities. The first is the molecular activity coefficient
va which describes the nonideality of the solution arising
from interactions between dissolved species, ionic and
molecular. The second is a function of the stoichiometric
concentration; it arises from the dissociation of the weak
electrolyte.

Since an electrolyte at infinite dilution tends to dissoci-
ate completely, as the stoichiometric concentration my
approaches zero, so does the stoichiometric activity co-
efficient ys. Therefore, it is impossible to normalize the
stoichiometric activity coefficient. As a result, a theoretical
framework for the description of weak electrolyte solutions
must be based on the normalized y, The activity coeffi-
cient y4 can only be predicted in terms of y,, as given by
Equation (22).

To complete the thermodynamic analysis it is necessary
also to consider the solvent. The equation of phase equi-
librium for water is

éu(l — ya)P = yu (1 — x4) Pi° (28)

where subscript w refers to water. The vapor-phase
fugacity coefficient is given by ¢, and the pure-water
saturation pressure is given by P,S. As discussed in detail
elsewhere (Edwards, 1974), for the dilute solutions of
interest here, the activity coefficient y,, is approximately
unity. Since we are concerned with the dilute range, 1 —
x4 =~ 1. The fugacity coefficient ¢,, is set equal to unity
since at the low total pressures of the experimental data
considered here, the vapor phase behaves ideally. As a
result Equation (23) simplifies to

(1—ya)P =P, (24)

VAPOR PHASE FUGACITY

The fugacity of the molecular electrolyte in the vapor
phase is

fav = yad’aP (25)

For the conditions of interest, the total pressure is either
very low or, if it is not, the vapor phase mole fraction of
electrolyte y, is near unity. We therefore use the Lewis

fugacity rule
$a = Ppurea (T, P) (26)

Coupling the Lewis fugacity rule with the virial equation
of state (truncated after the second-term) we find that

B.P
RT

where B, is the second virial coefficient of the weak elec-
trolyte at system temperature. Values of B, were obtained
from the compilation of Dymond and Smith (1969). At
temperatures higher than those considered here, when the
vapor pressure of water becomes large, the Lewis rule
may no longer provide a good assumption,

$o = exp (27)

LIQUID PHASE FUGACITY

The fugacity of the weak electrolyte in the liquid phase

is
faL = Mgy H, (28)
The activity coefficient v, is obtained from an expression

for the Gibbs energy of the liquid phase as shown in
Appendix B:

az2\I
Iy = — X2 V2 .
ny; RY/i + 2k§u Bixmy (29)

where w stands for water, « is the Debye-Hiickel propor-
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tionality factort, z; is the ionic charge of species ¢, I is the
ionic strength of the solution defined by

I 5—;- 2 22 my (30)

and By is the specific interaction parameter for species i
and k in units of kg of water/mole.

The first term in Equation (29) is the Debye-Hiickel
term of classical electrolyte theory.

The second term of Equation (29) describes short range
(van der Waals) interactions between solute species.
These interactions may be divided into three classes: (1)
molecule-molecule; (2) molecule-ion; and (3) ion-ion.

Coulombic forces between like-charged ions do not
allow the ions to approach each other closely enough for
short-range van der Waals forces to become appreciable.
We therefore adopt the Brénsted specific interaction as-
sumption that for ions i and j of like charge, 8;; = 0.

For a single weak electrolyte in aqueous solution, the
concentration of the ions is so small that Equation (29)
simplifies to

Invs = 2 BeatMa (31)

For sulfur dioxide, the strongest electrolyte of interest
here, the molecule-ion term becomes significant only near
the highest concentration considered in this work, 1 molal.

Henry’s constant is a weak function of pressure as ex-
pressed by

Va” (P - PS)
RT

where PS is the saturation pressure of the solvent at the
system temperature, H®® is Henry’s constant evaluated
at that saturation’ pressure, and ©,® is the partial molar
volume of the solute at infinite dilution (Krichevsky and
Kasarnovsky, 1935).

The correlation of Lyckman et al. (1965) was used to
estimate v,* at 25°C for NH3, CO,, H,S, SO;, and HCN:
30.0, 37.6, 34.0, 45.5, and 72.8 (cm3) (g-mole) ! re-
spectively, An alternate method is given by Brelvi and
O’Connell (1972). For our purposes, D,* is taken inde-
pendent of temperature. At the modest pressures consid-
ered here, calculated results are not sensitive to o,*.

InH® = In HP 4 (32)

DATA REDUCTION

Combining Equations (14), (31), and (82) and noting
that P >> P,S, we may write the equation of phase equi-
librium

P To®P
1n[y“¢’ ]— ;T =InH + 28em,  (33)

my

where it is understood that H stands for HP®>, For a given
weak electrolyte in water, all the variables of the left-hand
side may be calculated as discussed above. Plotting that
group versus m, for each jsothermal set of data gives a
straight line with intercept In B and slope 28,,. Figure
2 shows an example of data reduction for the ammonia-
water system.

Vapor-liquid equilibrium data were taken from the lit-
eraturett and reduced by a computer program NATLOG

+ A Debye-Hiickel parameter Ay is tabulated as a function of tem-
perature in Appendix 4 of Lewis et al. (1961); a = 2.303 A,,

t+ NHs—Sherwood (1925), Clifford and Hunter (1933), Morgan and
Maass (1931).

CO2—Houghton et al. (1957).

H:S—Clarke and Glew (1971); Wright and Maass (1932).

$02-—-Sherwood (1925), Morgan and Maass (1931).

HCN-Siegle (1973).
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TaBLE 2. EFFECT OF TEMPERATURE ON HENRY's CONSTANTS OF WEAK ELECTROLYTES IN WATER

ImH=D;+ Dy/T+ DsInT 4 D4T

H = kg-atm/mole

T =°K
Electrolyte Dy Dy

NH; 160.559 —8,621.06
CO. 1,082.37 —34,417.2
H,S —403.658 7,056.07
SO, 1,135.63 —32,143.3
HCN 7,805.09 —212,343

| | | | I i J | |

-3.2 -

-3.3

-34 InH=-3.447
350 B=0.0136 ]

-45 —
| ] N N U IR N |
o 1 2 3 4 5 6 7 8 9
Molality, mg

DATA REDUCTION FOR AMMONIA-WATER

Fig. 2. Data reduction for ammonia-water.

given elsewhere (Edwards, 1974).
Henry’s constants were fit to the semiempirical equation

InH=D,+ Dy/T + DsIn T + D,T (34)

where H has units of kg-atm/mole. The parameters and
their temperature range are given in Table 2. Figure 3
shows Henry’s constants for five weak electrolytes in water.

Although B, is a weak function of temperature, the
accuracy of the experimental data does not allow a satis-
factory description of the temperature dependence. The
fugacity of the liquid phase is primarily a function of m,
and H, the specific interaction coefficient Bo, provides
only a small correction.

Table 3 gives specific interaction coefficients obtained
from experimental data at 20°C.

We may now relax one of the assumptions made in
deriving Equation (9). We can rederive Equation (9)
assuming only that y.2 = 1:
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Range of

D; Dy Va]idity, °K
—25.6767 0.035388 273-373
—182.28 0.25159 273-373
74.6928 —0.14529 273-373
—198.14 0.33836 273-373
—1,319.22 2.08347 283-343

TABLE 3. MOLECULE-MOLECULE SPECIFIC INTERACTION
PARAMETER FOR SINGLE SOLUTES

Solute kg water/mole
NH; 0.017
CO, 0.010
HpS 0.005
SO, —0.277
HCN —0.018

Henry's Constant, kg-atm/mole
o
T

Range of avaiiable data
————— Extrapoiated

1 1 | { | 1 Il Il 1 1 1
273 283 293 303 313 323 333 343 353 363 373

Temperature, °K

Fig. 3. Henry's constant in water.

_ 2(my)?
"= Koa + 2ma + V(K ya)? + 4maK7a
_ 2ma ya
47 Ky + 2ma + +/(Kya)® + 4maK 74
Moreover, the assumption that y+? = 1 may also be
tr}il:;xed. For dilute solutions, Debye-Hiickel theory states
Inys = — %t}-\/%@ (35)

Using Equations (9), (81), and (35), m, can be found
from
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TABLE 4. VaPoR-LiQuip EQuiLisriA For SOg-H30 aT 10°C

ma mg A
1.0 X 103 4.56 x 10—5 4.56 X 10—2
1.0 X 102 2.50 x 10—3 2.50 x 101
1.0 x 101 5.88 x 10—2 6.09 X 10-1
7.0 X 10—t 5.38 x 101 1.02
2(my)?

mg

= 2 4muK
K—ZL+2mA+.\/(KYG2)+ Az‘)’a
y=? Y=

ot

(9a)
Similarly, y4 [Equation (22)] becomes
o = 2mava
Tk Lo+ 2ma vV (x ;:‘; )2+ 4m“§"“
(22a)

This y= correction to Equations (9) and (22) becomes
appreciable only for solutions of moderate ionic strength,
for example, solutions of sulfur dioxide at higher concentra-
tions.

CALCULATIONS FOR SINGLE-SOLUTE SYSTEMS

To calculate liquid-vapor equilibria for a binary system
at fixed temperature, the following sequence is used:

1. Find m, as a function of m, from Equation (9), using
the dissociation equilibrium constant K as determined by
Equation (8).

2. Calculate y, using Equation (31).

3. Evaluate y using Equations (1), (30), and (35).

4, Calculate m, using Equation (9a).

5. Iterate on steps 2, 3, 4 until values converge. Two
iterations are usually sufficient.

6. Calculate v, from Equation (22a).

7. Evaluate yo¢.P as a function of m, from Equation
(15), using the Henry’s constant H determined by Equa-
tion (34).

8. Calculate P from P = P,S + y,P.

9. Find ¢, at the pressure P from Equation (27).

10. Calculate y,P as a function of m, using Equation
(83).

11. Iterate on steps 7, 8, 9, and 10 until convergence on
yoP is achieved.

This sequence of calculations was made for all the
solutes of interest in the range 0° to 100°C and 10~ to 1
molal by the computer program WEKELEC given else-
where (Edwards, 1974). Table 4 gives results for sulfur
dioxide-water at 10° with B,, evaluated at that tempera-
ture.

The total (stoichiometric) concentration m, approaches
the molecular concentration m, at higher concentrations.
At lower concentrations, however, an increasingly larger
fraction of the solute is in ionic, rather than molecular,
form. The effect of dissociation is also evident in the differ-
ence in behavior of stoichiometric y4 and molecular y,. As
the solution becomes more dilute, v, becomes a very small
fraction of unity.

Figure 4 illustrates the importance of considering weak-
electrolyte dissociation in vapor-liquid equilibrium calcula-
tions. The broken curve gives results calculated with the
erroneous assumption that sulfur dioxide is a nonelectrolyte
in an ideal dilute solution. The solid curve gives calculated
results taking dissociation into account. Both curves are
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Ya da ysosP (atm)

1.00 1.00 1.90 x 10-5

1.00 1.00 1.04 x 103

1.04 1.00 2.53 x 10—2

1.33 0.99 2.98 x 10-!
100 T T T T T T T T

Extrapolation Neglecting
Dissociation and Letting

Y= AN
/L
/
e
/

Q
N
T

Extrapotation From
Thermodynamic

Analysis With —
Dissociation

Q
T

Partial Pressure, atm

|0'4’— ]

© Compiled by Sherwood (1925)
A Morgan efa/. (1931) -

1073 102 o7 109
Stoichiometric Concentration, molality

Fig. 4. Solubility of sulfur dioxide in water at 10°C.

calculated with the same Henry’s constant, given by Equa-
tion (34) with parameters shown in Table 2. At high con-
centrations the agreement between the curves is fair, but
it becomes increasingly worse at lower concentrations.

MULTISOLUTE SYSTEM

Although vapor-liquid equilibria are of importance for
a single weak electrolyte in aqueous solution, primary in-
dustrial interest is in systems containing more than one
solute. A general thermodynamic analysis for a multisolute
system is given below.

When a single weak electrolyte is placed into solution,
the only chemical reaction occurring is that of ionic dis-
sociation. For very dilute concentrations this effect is ap-
preciable. At more moderate concentrations, however, only
a relatively small fraction of the weak electrolyte is in
ionic form,

As an example, when ammonia is placed in solution as
a single solute, the dissociation reaction is
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NH; + H,O22NH,* + OH~ (36)
Similarly, for hydrogen sulfide, the reaction is
H,S«H* + HS™ (37)

The great majority of each electrolyte exists in the solution
in molecular, rather than ionic, form. (The pH of the
hydrogen sulfide solution is such that the second dissocia-
tion to the sulfide ion is negligible.)

However, if ammonia and hydrogen sulfide are both
present in the solution, the relative concentrations of the
molecular and ionic forms of the electrolyte change dras-
tically. In addition to Equations (36) and (37), we must
also consider

NH; + HgS('iNHﬂ + HS~
(38)
NH; + HS- #2 NH,* + §=

Since these acid-base reactions occur much more readily
than the simple dissociation reactions, the jonic concentra-
tions are greatly increased even at moderate concentra-
tions. Depending on the concentration of the weak acid
and weak base in solution, the fraction of weak electro-
lyte in molecular form may be greatly reduced. Since it
is the molecular species which is in equilibrium with the
vapor phase, the partial pressure of the weak electrolyte
in the vapor phase may also be greatly reduced.

For each electrolyte, the equation of phase equilibrium
is given by Equation (14). The standard states for species
a in the liquid and vapor phases in the multisolute system
are the same as those in the single-solute system. Thus,
the value of H, is identical for both single and multisolute
cases.

To calculate the composition of a vapor phase in equi-
librium with a liquid phase of known stoichiometric con-
centrations, it is necessary to determine m, and vy,. Due to
chemical reactions between the two electrolytes [Equation
(38)], a simple relation among the stoichiometric and
molecular values of m and y does not exist, in contrast to
the single-solute case [Equations (9) and (22)].

Equation (29) gives y;. In the single-solute case the
only species whose concentration is of significant magni-
tude is the molecular species. In multisolute systems, how-
ever, the ionic concentrations are of sufficient magnitude
that molecule-ion and ion-ion interactions must also be
considered. Since the specific interaction parameters for
these interactions are not available in the literature and
since they cannot be obtained from reduction of single-
solute systems, they must be estimated.

THERMODYNAMIC ANALYSIS FOR MULTISOLUTE
SYSTEMS

The four general principles used in the analysis of
single-solute systems are used as before: dissociation equi-
libria, mass balances, solution electroneutrality, and vapor-
liquid equilibria. However, the dissociation equilibrium for
water, neglected in the single-solute case, is now required
to relate the acid and base concentrations to each other.

To illustrate, consider the equations needed to describe
the NH3-H,S-H,0 system. In this system, seven molecular
species (in addition to water) are present in solution: NHj
(molecular), HyS (molecular), NH,*, HS—, S=, H+,
OH~. Thus we have 14 unknowns (m; and y; for each of
these species) and in solving for them we must write 14
independent equations. These equations are

Dissociation equilibria:

I K; = Jumet Gou” where a; = myy;
GNHg
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Ous— Gg+
(I1) Ky= 5 "H
GHoS
ag= ag+
(1) Ky=———o
aus—

(IV) Kw =ayg+t aQox-—

Mass balances:

(V) Total NH; = myus + mym,+

(VI) Total H,S = my,s + mus— + ms=
Electroneutrality:

(VII) mypg+ + mu+ = mps— + 2ms= + mon-—

Activity coefficients for each of seven species:

_ —a Ziz \/f
(VIII-XIV) Iny; = 1—+\7— +2 ’zﬂ Bikmy,

The above equations are written for the case where the
liquid-phase stoichiometric concentrations are known and
the vapor-phase composition is desired. If, however, the
opposite is true, then Equations (V) and (VI) are re-
placed by

(Va)

(VIa)  yupsdussP = MmuysynssHuss

YnngdnuzP = MmypgynusHing

Although not explicitly listed, the acid-base reaction is
inherent in the given equations through the interaction
of H* and OH~ ion in the water dissociation equation.

To evaluate the activity coefficients, a method of esti-
mating Bi, must be selected. Fortunately, the equilibrium
calculations are not sensitive to this estimation method be-
cause the important parameters are H and K, not 8;.

Molecule-molecule interaction parameters between like
species are listed in Table 3. For the interaction param-
eters for unlike molecular species, we use the mixing rule

1
Bz = 7 (B11 + Beo) (39)

In estimating the molecule-ion (salting out) and ion-ion
specific interaction parameters, we use a procedure de-
scribed by Bromley (1972) in his work on strong electro-
Iytes.

In examining @'s for ion-ion interactions, Bromley ob-
served that, to a good approximation,

Bio =By + B (40)

where B, - is the interaction parameter of the particular
cation-anion pair and 8. and S_ are characteristic of the
specific ions. Bromley has taken the experimentally deter-
mined B, - values of a number of strong electrolytes and
found the best common values of 8. (or 8_) for a num-
ber of ions. To accomplish this separation, 8y + is set equal
to 0.1 as a base value.

Bromley assumes that the factors that influence 8, also
determine the entropy of the ion in solution. When 8.
or 8-} is plotted versus 289, a straight line results; here
z; is the charge of the ion and S is the partial molar
entropy of the ion in an infinitely dilute solution as tabu-
lated by Latimer (1952). Due to insufficient data,
SONmacoo— was assumed equal to S%cuzco0-.

To obtain values for 8+ and 8- for the ions of interest,

the appropriate values of 2,5, were interpolated on Brom-

ley’s plot. The estimated values of ion-ion s are given in
Table 5.
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We assume that the molecular-ion interaction parameter
can also be separated into two parts

Bm-ionic = Bmolecule 1+ Bion

Thus, if plots of Bm; versus z80 for each particular
molecular species are made, a correlation between the
two quantities should be observed since the gn contribu-
tion of the given molecular species should be constant for
every molecule-ion interaction. Molecular-ionic interaction
(salting out) parameters are presented for Hy,S in salt
solutions by McLauchlan (1903) and for the other weak
electrolytes by Long and McDevit (1952). Again inter-
polation of zS{® for the ions of interest on the appropriate
plots was performed, with values of molecular-ion param-
eters shown in Table 6.

Due to lack of data for hydrogen cyanide, the molecu-
lar-ion parameters for that system are set equal to zero.

The 14 equations describing the system NHj-H,S-H;0
are nonlinear. To solve the equations simultaneously, an
iterative method must be used. The method chosen for
this work is the multidimensional Newton-Raphson itera-
tion, In this method, an initial estimate of the individual
species concentration is made, the activity coefficients are

(41)

TABLE 5. EsTIMATED IoN-ION SPECIFIC INTERACTION

PARAMETERS
8 =8+ 4+ B-
B+orp-t
Ion (kg of water/mole)
NHyt —0.12
HCOs~ 0.25
CO;3= —0.12
HS- 0.20
Ss= 0.05
HSO3~— 0.24
SO3= —0.05
CN-— 0.30
NH;COO- 0.33
Ht 0.10
OH- 0.15

} Specific interaction parameters between ions of like sign are as-
sumed to be zero.

TABLE 6. ESTIMATED MOLECULE-ION (SALTING-OUT)
SPECIFIC INTERACTION PARAMETERS

Bm-ton Bm-ion
(kg of (kg of
Molecule-ion ~ water/mole) Molecule-ion water/mole)
NH3-HCO3— —0.031 CO2-OH~ 0.039
NH3-CO3= 0.068 HeS-NH4+ 0.082
NH3-HS— —0.015 HeS-HCO3— —0.037
NH;3-8= 0.032 HzS-CO3= 0.077
NH;3-HSO3~ —0.038 HyS-HSO3— —0.045
NH;3-S0O3= 0.044 HS-S05= 0.051
NH3-CN— 0.043 H2S-CN— —0.049
NH3-NH2COO— —0.028 HyS-NH.COO— —0.032
NHs-H+ 0.015 HoS-H+ 0.017
NH3-OH- 0.021 H,S-OH~ 0.023
CO2-NH, + 0.0 SOs-NH,4 —0.05
CO2-HS— 0.0 SO9-HCO3— —0.86
COp-§= 0.053 §02-CO3= 0.94
CO2-HSO3— —0.03 SO,-HS— —0.58
CO03-S03= 0.068 S0q-§= 0.28
CO2-CN— —0.036 SO2-CN— —1.06
CO2-NH:COO— 0.017 S02-NHCOO— —0.79
COg-H+ 0.033 SOg-H+ 0.0
SOe-OH— 0.08
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Fig. 5. Vapor-liquid equilibria at 20°C for ammonia-hydrogen
sulfide-water containing excess ammonia.
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Fig. 6. Partial pressure of hydrogen sulfide at 20°C for ammonia-
hydrogen sulfide-water containing excess hydrogen sulfide.

calculated, and an iteration is made on those values until
convergence is achieved. Once m; and y; have been deter-
mined, Equation (14) is used to calculate the partial pres-
sure of the weak electrolytes in the vapor phase.

CALCULATED MULTISOLUTE EQUILIBRIA

Calculations were performed utilizing a computer pro-
gram, WAVES, given elsewhere (Edwards, 1974). Re-
sults for the NH3-H2S-HO system at 20°C are shown in
Figures 5 and 6,

As the H,S/NHj ratio in the aqueous phase increases,
the partial pressure of NH3 becomes less than that corre-
sponding to the single-solute case. This is due to the acid-
base reaction reducing the amount of molecular NH; in
equilibrium with the vapor phase, even though the total
concentration of NHj is constant. As the HyS/NHj ratio
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exceeds unity, the plot of partial pressure of HyS changes
slope and approaches an asymptote. The amount of H,S
converted by the acid-base reaction to the ionic form is a
smaller and smaller fraction of the total amount of H,S.
At high ratios, then, the partial pressure of HoS in the
multisolute systems approaches that in the single-solute
system.

The theoretical framework described above allows pre-
diction of the behavior of systems with HsS/NHg = 1.
This region cannot be treated using Van Krevelen’s
equation,

To-show the accuracy of the multisolute calculation,
predicted values for vapor-liquid equilibria of the NHj-
H,S-H,0 system are compared with experimental values
at three temperatures in Table 7. In view of the com-
plexity of the system, agreement is satisfactory.

Calculations were also performed for the system NHj-
CO,-H,0. These calculations included consideration of the
carbamate equilibrium

NH,COO~ + H,0 = NH; + HCO;~ (42)
The equilibrium constant is estimated by (Faurholt, 1925)

InK = —122 — 1998 (-;- - 0.00341)) (48)

Predicted and observed vapor-liquid equilibria are
shown at 20°C in Figure 7 and at 90°C in Table 8. The
results are satisfactory. The agreement at 90°C is remark-
able considering the extrapolation of parameters necessary
for this calculation.

LIMITATIONS OF THEORY

Three considerations limit the region of concentration
for which the framework presented here is valid.

TABLE 7. VAPOR-L1QUID EQUILIBRIA FOR THE
NH;-HS-Ho0 SysTEM

Solute and Partial pressure, torr

concentration 20°C 40°C 60°C
NHj3 (0.3 molal) 1.15 2.8 6.2
HsS (0.185 molal) 44 15.7 49.9
Observed HpSt 42 13.3 39.6
NH; (0.585 molal) 3.00 7.3 15.9
HsS (0.285 molal) 3.66 13.2 42.7
Observed HoSt 3.0 12.7 35.5

$ Van Krevelen et al. (1949).

TABLE 8. VAPOR-L1Quip EQUiLIBRIA AT 90°C FOR THE
NH;3-CO2-H20 SystEM

Total concentration, Partial pressure of NHs,
molal torr
NH3 CO2 Observedt Calculated
1.09 0.005 193 157
0.635 0.036 103 84
1.26 0.115 192 157
1.44 0.165 203 172
0.38 0.051 51 45
1.65 0.265 214 179
1.70 0.33 205 172
1.43 0.365 152 128
1.20 0.32 128 106

t Badger and Wilson (1947).
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Fig. 7. Vapor-liquid equilibria ot 20°C for ammonia—carbon dioxide-
water containing excess ammonia.

1. The assumption that the activity of the water is unity.
Examination of data for strong and nonelectrolyte solutions
shows that the weak electrolyte concentration necessary to
decrease the activity of water to 0.95 is between 1.5 molal
and 2.3 molal.

2. The concentration at which three-body (and higher)
interactions become important. The interaction parameters
Bix reflect only two-body interactions. Assuming 10 nearest
neighbors in the solution, a molecular concentration of
more than 2 molal is required before three-body inter-
actions become appreciable.

3. The concentration range for which Equation (29) is
valid. Although the activity coefficients of the ionic species
do not appear explicitly in the equation of equilibrium,
Equation (14), they do influence the concentrations of the
molecular species through the dissociation equilibria. Our
experience suggests that satisfactory agreement is achieved
between calculated and experimental values for ionic
strengths up to 0.5 molal.

Thus the upper limits of concentration for which the
model is valid is approximately 2 molal molecular concen-
tration and an ionic strength of 0.5 molal. Since the solu-
tion approaches ideality for dilute solutions, there is no
lower concentration limit.

The accuracy of the extrapolations for K and H deter-
mine the limits on temperature.

CONCLUSION

In this work a thermodynamic framework has been pre-
sented for the calculation of vapor-liquid equilibria for
weak electrolytes in aqueous solution, Parameters for the
multisolute case are obtained from binary data and from
approximations based on correlations. One advantage of
this framework over that of Van Krevelen is the absence
of limits for the relative amounts of two (or more) weak
electrolytes. In contrast to previous work, for which the
accuracy became worse for more dilute concentrations,
the theory presented here should be more accurate in that
range than at higher concentrations.

The multisolute equations are so arranged that either
the vapor or the liquid phase composition may be calcu-
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lated if the other phase composition is known.

Upon request to the authors, computer programs are
available for calculation of vapor-liquid equilibria of aque-
ous solutions containing one or more of the following
weak electrolytes: ammonia, carbon dioxide, hydrogen sul-
fide, sulfur dioxide, and hydrogen cyanide.
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NOTATION

a = activity = f/f°

f = fugacity, atm

m = concentration, molality, moles per kilogram of

water

n = number of moles

v = partial molar volume

xs = liquid-phase mole fraction = n; 2 n;

x4 = liquid-phase mole fraction = na/(ns + ny)
y = vapor-phase mole fraction = na/(n4 + Ny)
z = charge number

Ai; = Margules interaction parameter

B = second virial coefficient

B = Debye-Hiickel parameter

Cp = heat capacity

Ci, Cy, C;, C4 = parameters for Equation (8)

Dy, Dy, D3, D, = parameters for Equation (34)

= Gibbs energy

enthalpy

Henry’s constant = A%/A* (kg-atm/mole)

1
ionic strength = 5 2 mz?
i

dissociation equilibrium constant (molality)
molecular weight of solvent

pressure, atm

gas constant

partial molar entropy

temperature

<

I

N RNER O~ EDQ

Greek Letters

Debye-Hiickel proportionality factor

specific interaction parameter, kg water/mole
molal activity coefficient

molal standard state activity

chemical potential

vapor-phase fugacity coefficient
mole-fraction activity coefficient
mole-fraction standard-state activity

> MBS E >R WA
I VI T T T e T 1

Superscript

liquid phase

standard state

saturation

vapor phase

liquid-phase standard state
vapor-phase standard state
infinite dilution
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TR T L A

| w
H
o
“
a
=
2

molecular
molecule
solvent
water

I
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anion
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APPENDIX A. TEMPERATURE DEPENDENCE OF
THERMODYNAMIC EQUILIBRIUM CONSTANTS

The van't Hoff equation describes the dependence of the
dissociation constant on temperature

dlnK _ AHp

=— Al
daT RT? (AL)

where AHR is the enthalpy of dissociation at temperature T.
We define
ACp = Cpjgng — CPmotecutar electrolyte

A second-order Taylor expansion for AHR is
AHRT = AHR?2% 4 ACp298 (T — 298)

dAaCp298

g—_—

T —298)2 (A2
IT ( )2 (A2)
The expansion is based on 298°K since enthalpies of disso-
ciation can be calculated at this temperature from the NBS
tables (Wagman et al., 1968).
Equation (A2) is substituted into Equation (Al) and, fol-
lowing integration, yields

298
InK=Cy + Co//T + Ca'(—-—T——lnl/T)

+C4’(T/2+2981nl/T—- ) (A3)

(298)2
2T
where
Cy’ = integration constant
Cy = —AH2%/R
Cy’ = ACp?%8/R
o —11{ dAdc;,zss

Gathering common terms in Equation (A3) gives Equation
(8) in the text where

Ci=C¢

(298)2Cy
Cy=Cy + Cg (298) — —m—r
Cs = C3’ — Cy4 (298)
Cy=Cy/2

Constants for this equation are given in Table 1.
A similar derivation holds for Equation (34).
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APPENDIX B. AN EXPRESSION FOR THE GIBBS ENERGY
OF A SOLUTION CONTAINING ELECTROLYTES

The Gibbs energy of a solution containing one or more
electrolytes can be expressed by an equation similar to that
proposed by Guggenheim (1959).

For a dissolved electrolyte 4, the chemical potential is given
by

pi=RTInyimiA® = RT In 'y x; As® (B1)
where
n, M,
2= : = o™ (B2)
no 2 n 1+ M 2 m;
i£0 i540

and x; is the mole fraction of i, m; is the molality of i, M; is
the molecular weight of i (kg/mole), and subscript O repre-
sents the solvent species.

The standard state activities are denoted by A and A
These standard states are specified by

vi—1
as 2 m;— 0 (B3)
i—>1 40

For dilute solutions
In m; 38 = In Mo m; A
and therefore
Af = &i-o- (B4)
M,

The total Gibbs energy of the solution, expressed in mole
fractions, is

G ngp®
—_— £ niln Af 4 nr x;Inx;
RT ~ RT EE, T Z,: ‘
+ electrical terms (B5)
+ nrz 2 Ajj xi xj
1540 j50
where
#0® = chemical potential of a mole of pure solvent at
system temperature and pressure
A## = mole fraction standard state activity
Aij = Margules parameter characterizing the i-j interac-
tion
n; = number of moles of species i
nr = ng + 2 n;
150

The first three terms of Equation (B5) represent the Gibbs
energy of the ideal dilute solution. The first term gives the
standard state contribution of the solvent and the second the
standard state contributions of all solute species. The third
term represents the ideal entropy of mixing of the solution.

The observed Gibbs energy of the electrolyte solution differs
from the ideal value due to specific interactions between the
components of the solution. These interactions are of two
origins: long range (Coulombic) forces and short range (Van
der Waals) forces. The terms describing these nonidealities
constitute the excess Gibbs energy.

The fourth term represents the contribution of electrostatic
interaction between charged ions. This term is based on the
Debye-Hiickel theory for very dilute solutions of electrolytes.

The fifth term is essentially empirical; a Margules-type term
has been chosen to describe the short-range interactions be-
tween the components of the solution. It represents the con-
tributions of interactions between molecular species, between
molecules and ionic species (salting-out terms), and those
short-range interactions between ion pairs not accounted for
by Debye-Hiickel theory.

Equations (B2), (B4), and (B5) are combined and the
approximation In (1 4 8) = & — % 82 (for § << 1) is used
to obtain
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G 1ouo
—_——— nj [Inm® — 1 D.H.
T = AT +,§, j [In mjh; 1+

+ 2 znimj[MoAu—-l—Mo] (B8)
i£0 j5£0 2

The Debye-Hiickel term can now be used in its familiar form.
Thus

2
DH. = - —aVIt(BayD) pIEETS (BT)
i
where

3 1
1(6)=§[1n(1+6)—8+—2-62]

Taking the partial derivative with respect to the number of
moles species i, we obtain the activity coefficient

G/RT
ln-n=i(__/_.)__lnm‘-li0
an;
(B8)
—_ zi2 f
_ —a \/—+2Zﬁijmj

T 1+BaT 350

where 8;; = Mo(Ai; — 0.5).
For all practical purposes the product Ba is unity when I is
expressed in units of molality.
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Wall Mass Transfer in Laminar Pulsatile

Flow in a Tube

Wall mass transfer was measured in fully developed pulsating laminar

RUTTON D. PATEL

flow in a tube using the diffusion-controlled electrode technique. The aver-
age Reynolds number, pulsating frequency and amplitude, and length of
the mass transfer surface were the independent variables studied. The
results are given in the form of the amplitude ratio and phase angle
of the pulsating wall transfer rate. At lower frequencies the amplitude and
phase were found to be correlated by the variable ws> Gz~2/3 in accordance
with theory. At higher frequencies an empirical correlation with the variable
wg® Gz~1/3(L/D)'/? was found, While this may show some deficiency in the
usual theoretical model, it is also possible that other causes such as non-
development of the flow are responsible. Time-averaged transfer rates were
found to be only slightly different from the corresponding steady flow
transfer rates in the range of variables investigated.
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Mass or heat transfer in pulsatile flow is of importance
in many areas. Examples are pulsed operation of extrac-
tion columns and heat exchangers, transport in the cardio-
vascular system, etc. When the velocity of a fluid flowing
past a surface transferring mass has superimposed on it a
time-varying component, then the mass transfer rate is also
found to vary with time around some mean value. This
mean or time averaged value is often, but not always,
found to be greater than that for the corresponding steady
flow. Such effects are of obvious interest since they offer
the possibility of improving the performance of process

Correspondence concerning this paper should be addressed to R. D.
Patel. J. J. McFeeley is with Polaroid Corporation, Cambridge, Massa-
chusetts.
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equipment. Another question of interest is the relation
between the fluctuating transfer rate (or equivalently, the
mass transfer coefficient) and the fluctuating velocity.
More specifically, we wish to know how rapidly the trans-
fer rate varies upon the inception of a velocity perturba-
tion, and how the magnitude of the fluctuation in mass
transfer rate depends on the magnitude of the velocity
fluctuation. These questions are answered if the phase
difference and the amplitude ratio of the fluctuating trans-
fer rate to the fluctuating velocity field are known.

There has been extensive work in this area, both theo-
retical and experimental, dealing with questions such as
local fluctuating transfer rates, time-averaged transfer
rates, etc. in various geometries, such as pulsed extraction
columns, flow in tubes, flow past plates, etc. Conflicting
results have been reported. Some authors find the time-
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