6). Only a postulation of behavior can
be made for this region of flow. It may
be that the rate of increase in holdup
exceeds the rate of increase in area and
surface renewal resulting in an over-all
increase in H, due to a greater effec-
tive depth of penetration required.
This hypothesis is based on the obser-
vation of columns in this zone of opera-
tion where the gas tends to channel
and bubble and where large masses of
liquid flow in a laminar regime.

The change in the relative contribu-
tions of the gas and liquid phases to
mass transfer kinetics is highly depend-
ent on the variation of interfacial area
with gas flow at constant liquid flow
at rates below loading. The increase in
H, with gas flow is moderated by the
rate of increase of interfacial area in
the preloading zone. This phenomenon
is causative of the slope inversion of
the plot of H., vs. G generally en-
countered in systems where the gas

phase provides a major portion of the '

resistance to mass transfer.

NOTATION

a = area, sq. ft./cu. ft.

a, = interfacial area

A = wetted area

Br = thickness of liquid film, ft.

D = diffusivity, sq. ft./hr.

G = gas phase flow rate, Ib./(hr.)
(sq. ft.)

G. = gas phase flow rate, Ib.
moles/(hr.) (sq. ft.)

H = height of transfer unit, ft.

k = transfer rate, 1b. moles/(hr.)

(sq. ft.) (mole fraction driv-
ing force)

ke = liquid phase mass transfer
coefficient

L = liquor flow rate, Ib./(hr.) (sq.
ft.)

Lo = liquor flow rate, Ib. moles/
(hr.) (sq. ft.)

m = slope of equilibrium curve
y*/x

7 = unirrigated packing charac-

terization factor

Ns, = Schmidt number, dimension-
less

Nz, = Reynolds number, dimension-
less

P;y = log means partial pressure of
inerts, atm.

z = length of surface, ft.

p = density, 1b./cu. ft.

T = linear rate of liquid flow,
Ib./(hr.) (ft. of wetted per-
imeter)

Subscripts

i == interfacial

G = gas phase

L == liquid phase

oG = overall based on gas phase
compositions or equivalent

13 = total physical dry

w = wetted
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Vapor-Liquid Equilibrium in Ammonia

Complex Systems

C. H. MUENDEL, H. B. LINFORD, and W. A. SELKE

The vapor-liquid equilibrium in ammonia complex systems has been studied with a view
toward design methods for separational and leaching processes. It is felt that the previously
reported equilibrium constants for these systems are subject to considerable question with
regard to the method used to measure the activity of the free ligand, or coordinating species.
It is shown how this difficulty can be surmounted by the use of ammonia vapor pressure
measurements and fugacities. A method of correlating complex equilibrium data from measure-
ments of over-afl metal concentration and free metal ion concentration is proposed. Vapor liquid
equilibrium measurements have been made on the systems copper hydroxide, ammonia, water,
nitrogen and nickel hydroxide, ammonia, water, nitrogen at 40° ond 60°C. under 1 atm. total
pressure with a continuously recirculating batch contactor. The correlation method is illustrated

with the data of these measurements.

It has long been known that aqueous

C. H. Muendel is with E, I, du Pont de
Nemours & Company, Newport, Delaware; W, A.
Selke is with Peter J. Schweitzer Ibivision,
Kimberly-Clark Corporation, Lee, Massachusetts,
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complex systems with volatile ligands,
or complexing groups such as ammo-
nia, involve equilibrium not only within
the liquid phase but also between the

A.1.Ch.E. Journal

Columbia University, New York, New York

solution and the vapor over it. When
an excess of an insoluble compound of
the complexed metal ion is present,
equilibria in three phases are involved.
Systems of this type are becoming in-
creasingly important in the metallurgi-
cal industry. In order to study the be-
havior of such systems and develop

Page 133



methods for measuring and correlating
their equilibria, measurements were
made with copper and nickel ammo-
nium hydroxide. The chemical species
present were:

Vapor NH,, H:O, N,

Liquid M (NH,).(H0)"y..,
NH.OH, NH*,, OH", H’, H;0

Solid M(OH},

It should be noted that the expression
M (NH,).(H,0)y..*" refers to a com-
plete series of species with the value
of x ranging from zero for the simple
hydrate to N. The maximum coordina-
tion number for copper is five (I, 2);
that for nickel may be four or six (I).
It is also apparent that the stability of
complexes of this type in aqueous solu-
tion involves ligand exchange, that is
ammonia for water and vice versa,
rather than true compound formation
from the constituent groups.

NH,,

LITERATURE REVIEW

In 1904 Lance (3) patented an am-
monia leaching process for oxide ores.
He found that distillation of the re-
sulting solution caused successive pre-
cipitation of the metals present. Sev-
eral related processes for extracting
metals have been developed since that
time. Of this work the most important
are the Forward process (4, 5) for ex-
tracting nickel and the Nicaro process
(6, 7) for extracting nickel and cobalt.
In both cases the published data in-
volve combinations of effects so that
they cannot be readily generalized.

A large amount of work has been
done on the determination of coordina-
tion numbers and dissociation con-
stants for complexes such as those
under discussion (8 through 14).
These measurements were generally
restricted to 18° to 30°C. and low
solution concentrations. The most Sys-
tematic and complete study of the
ammonia complexes was carried out
by Bjerrum (I). In his early measure-
ments Bjerrum used ammonia pressure
over the solution and Henrys Law
constants for pure agqueous ammonia to
determine the free ammonia concen-
tration in copper ammonium nitrate
solutions. From these data plus total
analyses for copper and ammonia he
was able to calculate the five succes-
sive dissociation constants for the
complex. In his later work with other
metals he utilized the glass electrode
to determine the free ammonia con-
centration.

THEORY

For purposes of data generalization,
it is convenient to consider chemical
equilibrium in the solution as the key
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effect. Complex ion equilibrium is
normally treated in terms of the law of
mass action; that is for individual li-
gand substitution

M(A)@—l(B)N—(:-x) + A=
M(A):(B)s.. + B

aAM e B)y_x AB

k, =

AMA) gy (B) y_(z—1) QA

and for over-all ligand substitution
MB)y +xA=M(A).(B)y. + xB

@
K A%z By_z OB
y = —

z
amm) yaa

Obviously k, k. k, . . . k, = K,. Applica-
tion of the mass action law requires
data and methods by which the ac-
tivity of each constituent of the reac-
tion may be calculated or approxi-
mated.

Determination of the Activity of NH:
in the Liquid Phase

Most of the ammonia complex equi-
librium constants reported to date are
not strictly thermodynamic constants
for reactions such as M(H.O)y" +
NH,=M(H.0),, (NH;)** + H.0,
since they are calculated with the ana-
lytical concentration of ammonia used
as the free ammonia activity. The use
of concentrations for activities is justi-
fied if the solution is sufficiently dilute;
however considerable uncertainty ex-
ists about the state of ammonia in
aqueous solution. If the ammonia is
assumed to consist of two species, am-
monia and ammonium hydroxide, some
means would have to be found to dis-
tinguish between them in order to cal-
culate constants for an equation as
written above. Previous measurements
(15) of the ratio ammonia/ammonium
hydroxide are very limited.

Since a direct method of analysis for
the ammonia concentration is not avail-
able and calculation from other meas-
urements is rendered very difficult by
the nonideality of the solution, the use
of liquid-phase concentration and ac-
tivity coefficients is not feasible here.
It is thus proposed to evaluate the
ammonia activity as

fury

o
NHg

aNHg =

= f'NH:, = (f/P)pTPyNH3
(1)

The standard state for ammonia is
taken as a solution having fsm, = 1
atm. This standard state was chosen
because it required no additional data
and assumptions. The standard free-
energy change calculated from

M(NH,),.(H:O) y-¢c-y + NHy ==
a, a,

M(NH,)..(H.O)x.. + H,O
as a,
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— AG® = RTIn 2% — RTIn &%
@.a, af:
= RTInk, (2)

would be numerically different from
that calculated from the classical equi-
librium constants because of the differ-
ent standard state. The soundness of
the vapor-phase approach is evident
when one realizes that the only as-
sumptions involved are the use of the
generalized fugacity-coefficient charts
and the Lewis and Randall rule which
can both be checked for any particular
set of conditions by pure gas-phase
measurements.

The Determination of the Water Activity
in the Liquid Phase

In the past the activity of the water
in complex systems has been generally
disregarded, either because complex
equilibria, such as those under investi-
gation here, were considered to involve
formation rather than ligand exchange
reactions, or because the activity of
water was thought to be constant. Bjer-
rum (1) calculated equilibrium con-
stants taking the activity of water equal
to one, and then applied a correction
derived from vapor pressure lowering
and freezing point depression data to
his results.

For reasons similar to those outlined
in the previous section it is proposed
that water be treated in the same way
as ammonia; that is the equilibrium
constant would be calculated by means
of the fugacity of water found from
the partial pressure of water over the
solution. The standard state for water
is defined as a solution having fao =
1 atm.

Colculation of the Individual
Equilibrium Constants

In addition to the activity of the
free ammonia and water the calcula-
tion of mass action equilibrium con-
stants requires two further pieces of
information: a measure of the total
metal concentration in the solution and
a measure of the degree of complex
formation. The exact definition of the
latter depends on the measurement
techniques applicable to the particular
chemical system. It, in turn, defines
the method used to calculate the equi-
librium constants. For example the
concentration of bound ligand may be
taken as a measure of the degree of
complex formation. In circumstances
where this is a measurable quantity it
would be used, and corresponding cal-
culational techniques would be ap-
plied. Alternatively the concentration
of free metal ion, that is pure hydrate,
could also be used.
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Various methods for calculating com-
plex equilibrium constants have been
devised (1, 16 through 19), and two
comparative studies. of these methods
have been made (19 and 20). The
constants found from one set of data
have been shown to differ somewhat
between methods of calculation be-
cause of different weighting of the in-
dividual data points.

For the case at hand the following
method has been developed. The total
concentration of a metal in the solu-
tion is given by

C— § [M(NH,).(H:0) -]

Substituting for the terms within the
summation, using the individual equi-
librium constants, and collecting terms
one finds

C = [M(H:0)»] +
2 K. [M(HZO)N] 'yM(Hgo)Nszﬂg

&
@=l YM(NHp) g (He O N o f Hp0

When one divides through by the con-
centration of pure hydrate

N

arwon =R

YMHO
( )| ®
YM(NH2) p(HoO) y g

This expression assumes only the valid-
ity of the mass action law. Knowing
the value of total metal concentration
and pure hydrate concentration as a
function of the ammonia-water fugac-
ity ratio for N points at a given tem-
perature one can proceed to calculate
numerical values of K, by the solution
of simultaneous equations.

MEASUREMENTS

Vapor-liquid equilibrium measurements
were made with a continuously recircu-
lating batch contactor. By this method a
relatively large volume of vapor was cy-
cled through the liquid until the system
reached steady state. This method was
chosen because it affords large gas sam-
ples than can be easily separated from the
solution and a reasonable certainty of
achieving true equilibrium.

The equipment consisted of a 1-liter
equilibrium vessel, two 9-liter gas sample
bottles connected in scries, a circulating
pump that squeezes fluids through flexible
tubing, connecting lines, and facilities for
controlling the amount of ammonia in the
system. The entire unit was maintained at
constant temperature in an air bath. Clear
solution, saturated with the metal hydrox-
ide under 1 atm. of ammonia pressure,
was placed in the equilibrium vessel and
nitrogen cycled through it. An absorber
was used to remove ammonia from the
system until solid hydroxide was precipi-
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Fig. 1. Vapor-liquid equilibrium for the systems copper hy-
droxide, ammonia, water, nitrogen and nickel hydroxide, am-
monia, water, nitrogen.
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tated in the vessel and the desired over-
all ammonia concentration had been
reached. The absorber was then removed
and the system allowed to cycle at con-
stant temperature and pressure until solu-
tion conductivity measurements and ex-
perience gained by runs made for various
elapsed times indicated no further changes
in solution concentration. The gas sample
bottles were then closed off and the solu-
tion drawn from the vessel at constant
pressure. pH readings of the solution were
made at this time via an in-line cell fitted
with a glass electrode at operating tem-
perature.

The gas samples were analyzed by ab-
sorption in standard sulfuric acid and back
titration with sodium hydroxide. Total
ammonia in the liquid samples was deter-
mined by Kjeldah] distillation into stand-
ard sulfuric acid and titration. Total cop-
per and nickel were determined by elec-
trodeposition. The solids present in the
equilibrium system were shown to be the
unamminated hydroxides of the respective
metals by direct analysis.

RESULTS

The measured equilibrium values for
the systems copper hydroxide, ammo-
nia, water, nitrogen and nickel hydrox-
ide, ammonia, water, nitrogen at 40°
and 60°C. and 1 atm. total pressure
are shown in Figures 1 and 2.*

The experimental data were corre-
lated by means of Equation (3). It
can be shown that the Lewis and
Randall rule applies to the vapor phase

-at the conditions of the experiments

(21). Since the fugacity coefficient
f/P equals unity at these conditions to
the accuracy of the experimental data,
the ratio fsm/fuo was simply found
from the partial pressures of ammonia
and water, Of these the former was
directly measured; the latter was cal-
culated from the vapor pressure of
water and the mole fraction of water
in the solution. Activity- coefficient
data for the systems studied is not
available; however it has been shown
(21) that the activity-coefficient ratio
yu/yus, may reasonably be taken as
unity at the conditions of the measure-
ments. The free metal ion concentra-
tion could not be measured directly and
was therefore approximated via the pH
and the solubility products of the solid
hydroxides as follows: The hydroxyl
ion activity of an equilibrium solution
was taken as being equal to that of a
potassium hydroxide solution at the
same temperature and pH reading.
Thus by calibrating the pH meter with
potassium hydroxide solutions of known
concentrations and using the activity
coefficient data of Harned and Cook

#* Tables of the measured and derived eguilib-
rium values have been deposited as document
6527 with the American Documentation Institute,
Photoduplication Service, Library of Congress,
Washington 25, D. C., and may be obtained for
$1.25 for photoprints or for 35-mm. microfilm.
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Fig. 2. pH of equilibrium sclutions for the systems copper hydroxide,
ammonia, water, nitrogen and nickel hydroxide, ammonia, water, nitrogen.

(22) for this system one can calculate
the hydroxyl ion activity in the equi-
librium solutions. The known solubility
product constants for copper and nickel
hydroxide were then corrected to the
equilibrium temperatures and used to
calculate the free metal ion activity in
the solutions. These values were in
turn converted to concentrations by
means of activity coefficients calculated
from the Debye-Hiickel equation.

Substitution of the derived equilib-
rium values into Equation (3) yielded
an equation of the form ¢ = 1 + bK,
+ b°K, + b’K, — for each data point.
Southwell's relaxation method, as de-
scribed by Hartree (23), was adapted
for fitting values of K. to the experi-
mental data. By systematic variation
of K's it was possible to demonstrate
that a certain set of positive values
produced a minimum remainder. The
criterion of best fit is identical to that
used in the method of least squares. It
was found that the experimental data
could usually be fitted by two con-
stants, one of which is dominant. In
other words over the concentration
range of the measurements one com-
plex form is present in much larger
quantity than the others. Hence, to
the experimental precision, the re-
maining K’s may be taken as equal to
zero over this range. The values of K,
obtained are as follows:

Cu (NHS)T (Hzo ) 5~z++
40°C.
K, =452 x 10*

K,=02 x 10"

K, K, K, << K,
60°C.

K= 0774 x 10"

K, =028 x 10"

Ka, Kz, K1 << K4

Ni(NH,),(H.0),_*
40°C.

KG << K5
K, = 0279 x 10™
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K= 056 X 10"
Ka, Kﬁ, K1 << K4

60°C.
K, << Ks
K; = 0.0085 X 10*
K, = 0.100 x 10*
K., K., K, << K,

DISCUSSION

Direct comparison of the measured
values with data obtained by others is
not possible, since all the previous
work involved either different chemical
systems or different physical condi-
tions.

The curves shown in Figures 1 and
2 are in general agreement with what
is known at present about the physical

chemistry of the systems. Since it is
not possible to measure the concentra-
tions of the individual species present,
the curves are based on gross or over-
all concentrations. While this type of
information is usually satisfactory, in
fact frequently desirable for process
design, its physical interpretation is
rendered difficult by the fact that the
plotted functions are the resultants of
many simultaneous effects. Thus the
curves of Figure 1 show the expected
steady increase of metal solubility with
increased ammonia pressure. However
the exact curvature of the lines is de-
termined by the magnitude of the suc-
cessive complex formation constants
and the basis used for solution concen-
tration. In a concentrated ammonia
solution there is considerable doubt as
to what constitutes a satisfactory basis,
since both water and ammonia prob-
ably act as solvent. From a theo-
retical standpoint the mole fraction
copper/ (water + ammonia) would be
most reasonable; however this is at
present unmeasurable because of the
uncertainty regarding the state of am-
monia. The fact that all the curves
readily extrapolate to zero metal con-
centration at zero ammonia pressure
on an arithmetic scale is taken as an
indication of the accuracy of the ex-
perimental data. As shown by the
curves of Figure 1 both complexes are
less stable at higher temperatures. This
fact is in agreement with the negative
heats of reaction found by other
workers.

It was observed that.the relation be-
tween the ammonia pressure over the
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Fig. 3. K for copper and nickel ammonium hydroxide.
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solutions and the total ammonia in
the solutions was the same for both
metal systems, in fact very close to
that for the ammonia-water system. As
is also apparent from Figure 2 the pH
of the solutions is essentially inde-
pendent of whether copper or nickel
is the metal ion present. Generally
speaking in concentrated solutions of
copper and nickel ammonium hydrox-
ide the metals play a lesser role in the
over-all properties than their concen-
trations would lead one to expect.
The calculated equilibrium con-
stants have been converted to the
standard states used by Bjerrum to al-
low comparison with his values, as
shown in Table 1. Since the five co-
ordinated complex forms dominated
over the range of the measurements in
both cases, it is felt that the values of
K, are more accurately determined
than those of K,. The values for K; are
shown in Figure 3. In both cases they
have been extrapolated for comparison
with Bjerrum’s corresponding value.
An exact check is not to be expected
because differences exist in the chemi-
cal constituents of the systems and the
methods used to measure the activity
of the free ligands. However the fact
that the measured equilibrium values
could be very closely correlated by the
K, and K, constants constitutes an in-
dependent check on the previous theo-
ries about coordination numbers in the
copper and nickel ammonium hydrox-
ide systems. Copper was known to be
five coordinated with the fifth ligand
less easily replaced, while nickel was
known to be six coordinated with the
fifth and sixth ligands less easily re-
placed. The fact that the four and five
coordinated forms dominate in con-
centrated solutions and that the data
are thus readily correlated by K, and
K, is therefore very reasonable for
both the copper and nickel systems.
The experimental and calculation
techniques that have been illustrated
are readily applicable to process design
of complex systems involving volatile
ligands. The requirements for such
design are as follows: 1. A limited
number of vapor-liquid equilibrium
measurements. In contrast to earlier
methods this treatment of these data
does not require that the number of
measurements be equal to, or in excess
of, the coordination number so long as
the equilibrium curve is determined
to the desired accuracy over the range
of interest. The coordination number
need not be known. 2. If moderate
temperature variations are involved, a
calorimetric measurement of the heat
of reaction will allow the extension of
the correlation from 1. When one uses
these data plus such short cuts as the
independence on metal identity of the
gross system properties, an equilibrium
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TaBrE 1. EquiLiBRiuMm CONsTANTS ¥OR COPPER
AND NickEL AMMONIuM HYDROXIDE

Bjerrum (1) This Work
18°C. 30°C. 40°C. 60°C.
Cu Kix 10-1* 122 1.07 0.0095 0.0038
Cu Ks x 102 3.6 - 0.101 0.0036
Ni  Ks x 107 - 2.95 26 1.4
Ni  Ks x 10-7 - 12,6 6.2 0.039

network can be quickly developed with
a minimum of experimental work.

CONCLUSIONS

It has been shown how vapor pres-
sure measurements can be used to de-
termine free ligand activities in am-
monia complex systems. This method
surmounts the question of distinguish-
ing between the ammonia and ammo-
nium hydroxide species.

A method has been developed for
the correlation of complex equilibrium
data by means of the free ligand vapor
pressures, the over-all metal concen-
tration, and the free metal ion concen-
tration. This method can be used with
less than N data points and does not
require a knowledge of N for the com-
plex in question. The only requirement
is a sufficient number of data points
to determine the equilibrium curve to
the desired accuracy.

Equilibrium measurements have been
made with the copper and nickel am-
monium hydroxide systems and the re-
sulting data used to demonstrate the
above correlation method.

NOTATION

Chemical Symbols

M = metal ion

A = ligand

B = ligand

Mathematical Symbols

a = activity

Cy = total concentration of a
metal ion = M 4+ MA +
MA. + etc., (moles/kg. of
water)

C’y = total concentration of a
metal ion = M 4+ MA +
MA, + etc., {g.moles/kg. of
solution)

C’sm; = total concentration of am-
monia = NH. + NH,OH +
NH, + xM(NH,)., (g.moles
/kg. of solution)

f = fugacity of a component in
solution, (atm.)

f = fugacity of a component in
the vapor, (atm.)

f/P = fugacity coeflicient

AG® = standard free energy change
at T, (cal./mole)

k. = individual equilibrium con-

stant based on activities,
that is for the reaction
M(NH,),, (H,0) y-en™ +
NH, = M(NH,).(H.O)s."
+ H,O

A.1.Ch.E. Journal

Rmt S
l

K, = gver-all equilibrium constant

based on activities, that is

for the reaction

M (H,0)," + sNH, =

M(NHs)z(Hzo)N-z + tzo

maximum coordination num-

ber °

= partial pressure,

mm. Hg)

= total pressure, (atm.)

gas constant, (cal./°K.)

= absolute temperature, (°K.)

= ammonia coordination num-

ber in the liquid phase

mole fraction in the vapor

= stoichiometric activity coef-
ficient

2
Il

(atm. or

o
I
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