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Experimental data on the effects of operating conditions such as pH, particle diameter, concentration of
limestone, presence of dissolved iron ions, and species of sparged gases on the neutralization rates of acid waters
containing metal ions by limestone have been obtained and investigated from thermodynamic and kinetic points of
view. The concentrations of dissolved ions in the solution at a given pH and the rates of dissolution are explained
respectively by an equilibrium model and a model based on an instantaneous reversible reaction of calcite and
hydrogen ion. This rate model shows good agreement with the experimental data.

Introduction

Neutralization of acid waters containing iron ions
has been practiced using inexpensive lime. However,
the cost of treatment by lime is now significant in-
asmuch as its price has recently increased. Attention
has therefore been paid to the use of limestone, which
is less expensive than lime. Important aspects of the
use of limestone are its lower reactivity and the
inhibition of the process by precipitates on limestone
in the presence of large quantities of sulfate (when
neutralizing sulfuric acid) and/or metal ions.

To develop a kinetic model for the estimation of the
dissolution rate of limestone, some experimental and
theoretical studies have been reported. Uchida et
al'V measured the rate of dissolution of pulverized
limestone into acid solutions and showed that the
data obtained were explained by a model in which a
diffusion process involving hydrogen ion and dis-
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solved calcium carbonate was assumed to be a rate-
controlling step. Barton and Vatanatham!' showed
that the dissolution of limestone was described by a
shrinking-particle model and that the rate of neutrali-
zation of sulfuric acid by limestone was controlled by
hydrogen ion diffusion in the pH range of 2 to 6.
Rochelle et al.*'? reported a model which was con-
structed by assuming instantaneous equilibria in the
boundary layer around a CaCO,; particle for all
diffusing species except CO,. Volpicelli e al.'* mea-
sured the neutralization rate of acid waters containing
aluminum ions by limestone and showed that the
limestone dissolution rate was limited by the diffusion
at the solid-liquid interface, and that the precipitation
of aluminum hydroxide and the CO, desorption were
also rate-determining steps. Volpicelli er al.'® also
measured the dissolution rate of limestone into a
waste water containing sulfuric acid from a sugar
plant, and showed that to achieve adequate neutrali-
zation rate it was necessary to have a surface area
above a certain value that seemed to be about
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400-450m ™! in the solution. In recent work with
lime, Jenke et a/.% studied the neutralization of acidic
waste waters containing various base metals and
analyzed the process by computer simulation.

The purpose of this work is to simulate the disso-
lution rate of limestone over a wide range of pH
values from the initial state to equilibrium. Two
experimental methods, the pH-stat method and the
pH-drift method, are employed to obtained data on
the neutralization rate of acid waters containing iron
ions by limestone. Experimental variables are the pH,
the particle diameter, the concentration of limestone,
the presence of dissolved iron ions, and the kinds of
sparged gases.

1. Experimental

A schematic diagram of the apparatus used in this
study is shown in Fig. 1. The dissolution of limestone
was carried out in a stirred tank with a gas sparger
located at the bottom. During the experiments, a gas
was bubbled into the liquid in the tank. The main part
of the tank consisted of a Pyrex glass bottle of 142 mm
diameter and 293 mm height, equipped with 8 baffles
of 10mm width. Two 8-blade impellers of 70 mm
diameter were used for mixing the gas and the liquid
at a constant speed of 6.5s ', The gases to be sparged
were supplied from cylinders of N,, O,, and CO, and
mixed in a gas mixer to the desired concentration. The
rate of sparged gas was 2.0 x 107°> m?/s, and the liquid
volume was 1.5x 107*m?® The temperature of the
liquid in the strirred tank was maintained at
298 + 1 K.

An acid water containing given concentrations of
sulfate and iron ions was prepared in the stirred tank.
When a given amount of limestone with prescribed
particle diameter was put into that solution, an
experimental run was begun.

Two experimental methods, the pH-stat method
and the pH-drift method, were employed. In the
former, the rate of dissolution was measured by the
titration of sulfuric acid solution. During the tit-
ration, the rate of addition of acid was continuously
adjusted to maintain the pH of slurry at the desired
constant value throughout. In the latter method, the
pH of the slurry increased gradually according to the
dissolution of limestone and the pH was continuously
monitored. The rate of neutralization was determined
by the pH change with time or the change in total
calcium in the solution. In both methods, samples
were taken from the tank by a transfer pipet and
analyzed as follows. The concentrations of total
calcium and iron ions were determined by an atomic
absorption spectrophotometer. The ferrous ions were
determined by the phenanthroline method. For the
concentration of carbon dioxide in the gas phase,
samples were drawn by a microsyringe and injected
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1: O, or CO, cylinder

2: N, cylinder 7: Bubble-agitated vessel

3: Orifice 8: Constant-temperature bath
4: Manometer 9: pH meter

5. Flow meter 10: pH stat

6: Gas mixer 11: Recorder

Fig. 1. Experimental apparatus

Table 1. Limestone composition (weight %)

Ignition loss  SiO, AlLO; Fe,0; CaO MgO Total

43.30 0.26 0.24 0.16 5496 051 9943

into a gas chromatograph. The composition of lime-
stone used in this study is shown in Table 1.

2. Equilibrium

In the bulk liquid phase, it is assumed that all
components are in equilibrium with one another, and
that dissolved CO, is also in equilibrium with the gas.
However, these components are not in equilibrium
with solid phase and dissolution of limestone con-
tinues to saturation. At saturation these components
are in equilibrium with solid phase and their con-
centrations can be calculated from the solubility
products.

The concentrations of each ion and ion pair are
calculated from chemical equilibrium constants and
initial conditions. These equilibrium constants are
cited from the literature.®®

It is necessary to estimate the activity coefficients of
ions for the calculation of equilibrium concentrations.
The extended Debye-Hiickel equation used to cal-
culate them is given as follows”": ;

=-— 1

where 7 is an ionic strength defined by:

1=(1/2)Y C;z? (2)

The activity coefficients of molecules (ion pairs) are
given by Eq. (3)*:

logy=0.0761 (3)

The concentration of each species can be calculated
by an iteration method from the chemical equilibria
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and some constraints (mass balance, pH, Pc,).
3. Kinetics

It has been reported by some investigators!-'!
that the limestone dissolution rate is limited by the
diffusion at the solid-liquid interface. The rate-
controlling species has been considered to be hy-
drogen ion. However, their models can be applied to
the middle range of pH (about 3-5).

Uchida er al'V simulated the neutralization of
sulfuric acid with limestone, assuming that the follow-
ing reaction (Eq. (4)) is instantaneous and irreversible
(Fig. 2) and that all other reactions are in equilibrium.

CaCOs()+H* - Product (CaHCO;) 4
The rate of dissolution was expressed as:
[H']

Rd=Ks|l1+——"—"——
S( *[CaC0, 1.,

>[CaC03]sal (5)
where the diffusion coefficients of all species are
assumed to be equal. The model of Uchida et al.
explains the dissolution rate well in the pH range of
about 3 to 5. However, Eq. (5) is not applicable to the
condition near equilibrium with the solid CaCOs;.
Therefore, Eq. (5) may be modified as follows.

The reaction expressed by Eq. (4) is assumed to be
an instantaneous, reversible reaction and to be
second-order with respect to the forward reaction and
first-order with respect to the reverse reaction.

The rate of this reaction is given by’

Ra= s (1 ' ECacéfJ:ﬁ)(CBZof;EIjm]cm +)/K>
X ([CaCO;],,,—[CaCO;]) (6)
where
_ [CaHCO, 1] ™
[H¥][CaCO,]

If it is assumed that the diffusivities of all com-
ponents are equal and K> 1 (when CaCO; may be an
ion pair, K=2.5x 10®), then Eq. (7) is simplified to:

[H']

Rd=Ks{14—r 4
s( [CaCO,1...

)([CaCO3]5at —[CaCO;))
(8)

The total amount of calcium at equilibrium with
solid CaCOj, and that in the bulk solution at the given
pH are employed as the values of [CaCO;],, and
[CaCO,]. Since the amount of calcium, [CaCOs],,,,
varied with that of sulfate even at constant pH, the
initial amount of sulfate is used in this calculation.
The initial pH was adjusted by the total amount of
sulfates.

Although the difference between Eq. (5) and Eq. (8)
is not significant below pH of about 4, it becomes
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Fig. 2. Concentration profiles of key components around
solid-liquid interface (instantaneous irreversible reaction)
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Fig. 3. Effects of CO, or Fe** on dissolution rate of
limestone (pH-stat)

important above pH of about 5.

4. Results and Discussion

The experimental results by means of the pH-stat
method are shown in Fig. 3. The difference in disso-
lution rate with and without iron ions is not signi-
ficant in that method, because the concentration of
iron ions in the solution is definitely determined by
the pH value. Therefore, the dissolution rate is affect-
ed just at the pH where iron hydroxide precipitates.

The partial pressure of CO, influences the disso-
lution rate to a lesser extent in the lower pH range. In
this range almost all dissolved CO, exists in the form
of H,CO, and the dissolution rate is considered to be
controlled by the hydrogen ion transfer. However, in
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the range of higher pH the dissolved CO, is converted
to HCOj5 and the solubility of CO, in molecular plus
ionic forms is very high compared with that at lower
pH. In addition to hydrogen ion transfer controlling,
the effect of the other components resulting from
dissolved CO, on the dissolution rate seems to be
significant. This effect on limestone solubility can be
seen from the equilibrium calculation. Toprac and
Rochelle!® and Chan and Rochelle? have reported
that the effect of partial pressure of CO, on the
dissolution rate varies between pH 4 and 5. In this
work, that result is also observed, as shown in Fig. 3.

The effect of pH on the dissolution rate at the initial
stage is shown in Fig. 4. The effect on dissolution of
limestone concentration in the slurry is very impor-
tant since the rate per unit surface in the slurry may be
almost constant irrespective of limestone diameter
and concentration in the range of these experimental
conditions. It is assumed here that the limestone
particles are spherical and that the calculated surface
area per unit volume of solution ranges from about 20
to 160m ™!,

The solid line in Fig. 4 shows the calculated values
according to Eq. (8). Uchida et al.'" employed the
saturated concentration of CaCOj at Pi,—0 in pure
water as [CaCO,],,,. In the present work, [CaCO,],,, is
calculated from the initial condition as mentioned
above. In the low pH range under about 4, this choice
is not so important because the dissolution rate is
hydrogen ion diffusion controlling. However, in the
high pH range (about 6) up to saturation, the value of
[CaCO,] is important for the dissolution rate.

In Fig. 4, the solid line is calculated assuming that
the dissolution rate constant Ks is 2.7x 1073 m/s,
although this value is greater than that given by
Harriot’s correlation.* This may be considered due to
the fact that the diffusivity of hydrogen ion is much
greater than that of any other species and the effect of
Pco, on the saturated concentration of CaCO;. It is
seen from Fig. 4 that Eq. (8) may represent the
dissolution rate behavior well despite the model
equation’s simplicity.

The experimental results obtained by the pH-drift
method are shown in Fig. 5. As in the pH stat method,
the dissolution rate is greatly affected by the limestone
concentration in the slurry.

Figure 6 shows a comparison of the concentration
profiles of components from the equilibrium calcu-
lation with the experimental results. Concentration of
calcium in Fig. 6 shows the total calcium, including
such forms as Ca?* and CaSO,, under the condition
of no iron ion and N, sparged. The concentration of
ferrous ions is suddenly lowered at about pH 6, be-
cause of oxidation of ferrous ion by the sparged O,
gas. The rate of ferrous ion to ferric ion by oxygen
has been reported by Higuchi et al.> as follows:
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~d[Fe?*]

I =Kr[Fe?"][O,(aq)][OH]*** (9)

where
Kr=3.1x 103m2'33/(mo]2’33-s) (10)

The rate of oxidizing Fe?* to Fe** is shown in Table
2. Table 2 shows that appreciable oxidation of Fe?*
to Fe** takes place at about pH 6.

Conclusion

(1) The dissolution rate of CaCOj; for the neutrali-
zation of acid water is affected by pH, particle
concentration, particle diameter, and partial pressure
of CO,.

(2) Only at the pH where metal ion precipitates does
the dissolved metal ion (iron) affect the dissolution
rate.

(3) A modified form of the model of Uchida ez a/. well
correlates the dissolution rate up to the neutral range
(pH 3 to 7).

(4) The behavior of ions in the solution is explained
by the equilibrium model.

Nomenclature
A, B = constants depending upon type of solvents

and temperature in Eq. (1)
a = parameter corresponding to size of ion

in Eq. (1)
[C] = concentration of species i [mol/m?]
D = diffusivity - [m?/s]
d, = mean diameter of solid particles [pm]
I = ionic strengh [mol/m?]
K = equilibrium constant [m3/mol]
Ks = dissolution rate constant [m/s]
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Table 2. Rate of oxidization of Fe** to Fe? *

pH 5 6 7

—d[Fe?]/dt

mol/(e® 4] 0.073 48 100

Kr = reaction rate constant in

Eq. (9) [m**/(mol**+s)]
Peo, = partial pressure of carbon dioxide [Pa]
Rd = rate of dissolution of limestone [mol/(m?:s)]
z - = charge of ion
y = activity coefficient

Literature Cited

1) Barton, P. and T. Vatanatham: Environ. Sci. Tech., 10, 262
(1976), 13, 1420 (1979).

2) Chan, P. K. and G. T. Rochelle: 4CS Symp. Ser., 188, 75
(1982).

3) Chan, C.-H. and G. T. Rochelle: AICKE J., 28, 261 (1982).

4) Harriot, P.: AICKE J., 8, 93 (1962).

5) Higuchi, B., Y. Kawaguchi, Z. Asai and Y. Kondo: Denki
Kagaku, 46, 648 (1978).

6) Jenke, D. R., G. K. Pargenkopf and F. E. Dlebold: Environ.
Sci. Tech., 17, 217 (1983).

7) Olander, D. R.: AIChE J., 6, 233 (1960).

8) Sillen, L. G. and A. E. Martell: “*Stability Constants,”” Chem.
Soc., Bulington House, 1964, 1971.

9) Stumm, W. and J. J. Morgan: “Aquatic Chemistry,” John
Wiley, 1981.

10) Toprac, A.J. and G. T. Rochelle: Environ. Prog., 1, 52 (1982).

11y Uchida, S., C. Y. Wen and W. J. McMichael: J.Ch.1.Ch.
Engrs., 5, 111 (1974).

12) Volpicelli, G., V. Caprio, L. Santoro and P. Ciambelli:
Chem. Eng. J., 21, 29 (1981).

13) Volpicelli, G., V. Caprio and L. Santoro: Environ. Tech. Lett.,
3, 97 (1982).

257





