MINERAL SCALE
FORMATION AND
INHIBITION

Edited by

Zahid Amjad



Mineral Scale Formation
and Inhibition



About the Editor

Zahid Amjad received his M.Sc. in Chemistry (1967) from Punjab University,
Lahore, Pakistan, and a Ph.D. in Physical Chemistry from Glasgow University,
Glasgow, Scotland. Dr. Amjad was Lecturer at the Insitute of Chemistry of
Punjab University, and was Assistant Research Professor at the State University
of New York at Buffalo (1977-1979) when he joined the Calgon Corporation.
He is currently Research and Development Fellow in the Advanced Technology
Group of The B.F. Goodrich Company in Brecksville, Ohio, where he has
served since 1982. His areas of research include the development and
applications of water soluble/swellable polymers, the adsorption of
polyelectrolytes at a solid-liquid interface, and the control and removal of
foulants from water purification apparatus—particularly from membrane-based
processes. Dr. Amjad has authored or co-authored over 80 technical
publications and is holder of 26 patents. He recently edited the book Reverse
Osmosis: Membrane Technology, Water Chemistry, and Industrial Applications.
He has been inducted into the National Hall of Corporate Inventors and is listed
in American Men and Women of Sciences, Who’s Who in Technology, and Who'’s
Who of American Inventors. He is a member of several professional
organizations.



Mineral Scale Formation
and Inhibition

Edited by

Zahid Amjad

The B.F. Goodrich Company
Brecksville, Ohio

Springer Science+Business Media, LLC



Library of Congress Cataloging-in-Publication Data

Mineral scale formation and inhibition / edited by Zahid Amjad.
p. cm.

"Proceedings of an American Chemical Society symposium on mineral
scale formation and inhibition, held August 21-26, 1994, in
Washington, D.C."--T.p. verso.

Includes bibliographical references and index.

1. Crystallization--Congresses. 2. Incrustations--Congresses.
3. Descating--Congresses. I. Amjad, Zahid.

QD548.M56 1986

548" .5--dc20 85-45221
CIP

Proceedings of an American Chemical Society symposium on Mineral Scale Formation and Inhibition,
held August 21-26, 1994, in Washington, D.C.

ISBN 978-1-4899-1402-6 ISBN 978-1-4899-1400-2 (eBook)
DOI 10.1007/978-1-4899-1400-2

© Springer Science+Business Media New York 1995
Originally published by Plenum Press, New York in 1995
Softcover reprint of the hardcover 1st edition 1995

10987654321
All rights reserved
No part of this book may be reproduced, stored in a retrieval system, or transmitted in any form or by any

means, electronic, mechanical, photocopying, microfilming, recording, or otherwise, without written
permission from the Publisher



To George H. Nancollas, for his many contributions to the field of
crystal growth, dissolution, and inhibition, and for introducing this
challenging field to so many of us

and also

to Rukhsana and Naureen, my devoted family, with much love.



PREFACE

This book documents the proceedings of the symposium, “Mineral Scale Formation
and Inhibition,” held at the American Chemical Society Annual Meeting August 21 to 26,
1994, in Washington, D.C. The symposium, sponsored by the Division of Colloid and
Surface Chemistry, was held in honor of Professor George H. Nancollas for his pioneering
work in the field of crystal growth from solution. A total of 30 papers were presented by a
wide spectrum of scientists. This book also includes papers that were not presented but were
in the symi)osium program.

The separation of a solid by crystallization is one of the oldest and perhaps the most
frequently used operations in chemistry. Because of its widespread applicability, in recent
years there has been considerable interest exhibited by academic and industrial scientists in
understanding the mechanisms of crystallization of sparingly soluble salts. The salt systems
of great interest in industrial water treatment area (i.e., cooling and boiler) include carbon-
ates, sulfates, phosphates, and phosphonates of alkaline earth metals. Although not as
common as calcium carbonate and calcium sulfate, barium and strontium sulfates have long
plagued oil field and gas production operations. The build-up of these sparingly soluble salts
on equipment surfaces results in lower heat transfer efficiency, increased corrosion rates,
increased pumping costs, etc. In the laundry application, insoluble calcium carbonate tends
to accumulate on washed fabrics and washing equipment parts, resulting in undesirable
fabric-encrustation or scaling.

In reverse osmosis (RO), the precipitation of the scale forming salts as the feed is
desalted is one of the major causes of RO membrane fouling. Scaling of the membranes by
calcium carbonate, calcium sulfate, or barium sulfate can lead to loss in production, poor
product water quality, premature membrane replacement, and unscheduled downtime.

The crystallization of sparingly soluble salts is also of primary importance in
biological systems. Tartar, or dental calculus, primarily consists of salts of calcium, phos-
phate, and carbonate. Calcium oxalates are the main components of pathological deposits in
the urinary tract. The medical community is seeing renewed interest in the regulation of these
species.

The precipitation of scale forming salts is commonly controlled by the addition of
an inhibitor to the feed water. Recently, inhibitor selection has become problematic because
of the large number of inhibitors available. Proper selection of the inhibitor may be
accomplished more easily if the effects of the scalant crystal-inhibitor interactions are
understood for a given water chemistry. Another challenge facing scientists, especially from
the industrial application perspective, is the development of new inhibitors that offer superior
performance, especially under extremely stressed conditions (i.e., high pH, high tempera-
ture, high hardness, etc.). One key issue in operating systems for optimum performance is
the appropriate predictive model to project the required inhibitor dosage. In many cases
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underdosing or overdosing of the inhibitor can lead to unexpected scaling, resulting in higher
operating costs. In view of these challenges, understanding the mechanisms of scale
formation and inhibition is of paramount importance.

This book provides an introduction to the type and severity of scaling problems in
both industrial and biological systems. The target audience academic and industrial scientists
and engineers who may encounter the deposition of mineral scales on heat exchanger or RO
membranes, and as tartar build-up on teeth or stones in biological systems, or who may apply
chemicals to inhibit scaling. A wide range of expertise and experiences has been brought
together to yield the first book on mineral scales in such a variety of applications. The first
thirteen chapters of this book concentrate on scaling problems encountered in industrial
systems particularly water purification, cooling water, and boiler water treatment systems.
The next ten chapters examine the relationship of certain scales in biological systems. The
final chapters address the solution chemistries of the interaction between scale forming salts
and inhibitors in complex systems and predictive modeling of those systems. This book
provides the reader with the latest developments in the area of crystal growth, dissolution,
and inhibition. It is hoped that this book will stimulate interest in the development of new
inhibitors to control scaling problems in such fields as industrial water treatment (i.e., cooling
or boiler water), water purification (i.e., membrane separations or thermal distillation),
medical and dental applications (i.e., bone growth or dissolution of renal stones or dental
calculus), or the specialized analytical techniques needed for the progress of these disci-
plines.
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CONSTANT COMPOSITION KINETICS
STUDIES OF THE SIMULTANEOUS CRYSTAL
GROWTH OF SOME ALKALINE EARTH
CARBONATES AND PHOSPHATES

George H. Nancollas and Anita Zieba

Chemistry Department
Natural Science Complex, State University of New York at Buffalo
Buffalo, New York 14260

ABSTRACT

Precipitation processes in aqueous systems frequently involve concomitant crystal
growth, dissolution, and phase transformations. The elucidation of the overall mechanisms must
therefore take into account more than a single reaction step. In order to limit complications due to
phase transformations driven by changes in supersaturation, it is desirable to investigate these
processes at constant thermodynamic driving force. This is the basis of the constant composition
method that employs multiple ion specific electrodes in order to control the addition of titrants
containing the precipitating ions to compensate for the changes induced by crystal growth. In this
paper, the dual constant composition method is discussed by the presentation of two examples, the
phase transformation of calcium phosphates and the simultaneous crystal growth of strontium and
calcium carbonates from their mixed supersaturated solutions. In the former system, ion specific
hydrogen and calcium electrodes were used to control titrants for the growth of octacalcium
phosphate and the simultaneous dissolution of dicalcium phosphate dihydrate, respectively. For
the carbonate studies, hydrogen ion and calcium ion electrodes were used to control titrants for
strontium carbonate and calcium carbonate crystal growth, respectively. In this case, the crystal
growth of both minerals is surface controlled, following rate laws parabolic relative supersatura-
tions. It is interesting, however, that the addition of strontium ion during calcium carbonate
crystallization induces the formation of a less thermodynamically stable polymorph, aragonite,
with additional lattice incorporation of the foreign ion.

INTRODUCTION

The alkaline earth phosphates and carbonates are of importance in biological and
industrial applications ranging from water treatment to studies of hard tissues such as bones and
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teeth.23 It is now generally agreed that a number of calcium phosphate phases may be involved
in these reactions such as dicalcium phosphate dihydrate (DCPD, CaHPQ,#2H,0), octacal-
cium phosphate (OCP, Ca,H(PO,);92.5H,0) and hydroxyapatite (HAP, Cas(OH)(PO,);).* In
neutral and acidic solutions, DCPD has been found to be the first crystalline phase to precipitate
in vitro but in vivo, there is some disagreement as to whether this phase is involved in the
formation of early hard tissues such as embryonic chick and bovine bones and developing
dentin.>$ In terms of a simple Ostwald Rule of Stages’ precipitation of calcium phosphate
would be expected to be sequential, in the order DCPD>OCP>HAP. It has been shown that this
is the order of the rate constants for crystal growth but since DCPD grows so rapidly as
compared with the thermodynamically most stable HAP, it may be difficult to detect HAP by
analyzing the products of precipitation reactions in aqueous solution. However, since it is clear
that these more acidic phases may be integrally involved in the precipitation reactions, there is
considerable interest in investigating the development of more basic calcium phosphate phases
in suspensions of DCPD crystallites. The present paper will discuss the application of the dual
constant composition method to investigate the simultaneous dissolution or growth of DCPD
and growth of OCP in solutions seeded with these phases.

The crystallization and dissolution of alkaline earth carbonates are important not only
in fields such as oceanography and sedimentology but also, more recently, through the use of
coral and modified coral surfaces as bone substitute materials. The system that has been most
studied, the precipitation of calcium carbonate polymorphs, also has wide applications in
reactions that take place in natural water systems in which less stable polymorphs of calcium
carbonate may persist for long periods. When other alkaline earths are present in the calcium
carbonate solutions, the formation of mixtures of precipitates occurs. Unfortunately, however,
studies in mixed alkaline earth carbonate solutions have been limited to free-drift measure-
ments in which the concentrations of the precipitating ions decrease during the reaction. Since
the influence of the second alkaline earth ion may be strongly dependent upon the thermody-
namic driving force, these studies are not able to elucidate the mechanisms of possible
concomitant precipitations involving more than one sparingly soluble salt. Thus a study of
calcium carbonate precipitation in the presence of strontium ion at pH values sufficiently high
to favor co-precipitation, resulted in the formation of aragonite.® Moreover, it appeared that the
incorporation of small amounts of strontium ion into a limited number of non-lattice sites in the
calcium carbonate surface was influenced by the absolute strontium ion concentration in the
solution as well as the presence of a another alkaline earth, barium ion, in the solution phase.’
It was clear that answers to the questions posed by the results of these studies could only be
obtained by measuring the simultaneous crystal growth of calcium carbonate and other alkaline
earth salts in these mixed solution phases. In the present paper, the application of the dual
constant composition, DCC, method to the simultaneous growth of mixtures of calcium
carbonate and strontium carbonate is discussed. The results of crystal growth experiments at
sustained supersaturations with respect to both salts point to the ability of both calcium
carbonate and strontium carbonate phases to nucleate the strontium and calcium salts, respec-
tively, in solutions supersaturated with respect to both phases.

THE SIMULTANEOUS GROWTH OF CALCIUM AND STRONTIUM
CARBONATES - A DUAL CONSTANT COMPOSITION STUDY

Titrants Composition for DCC Experiments

The DCC method can readily be used to study the simultaneous growth of two crystals
without a common ion, by adopting two electrodes, each sensitive to only one of the
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reactions. In such a relatively simple case two independent sets of titrant solutions can be
used. The addition of one set of titrants would be controlled by an A ion specific electrode,
yielding rates of reactions, in which A ions participate. Similarly, the use of a second set of
titrants, controlled by B ion specific electrode would provide rate data for reactions involving
B ions. In order to keep the composition of the reaction supersaturated solution constant,
titrants designated for the growing crystals must contain lattice ions of each crystalline
material together with background electrolytes so as to compensate for the dilution and ionic
strength effects. The method could be extended to more complex systems, in which common
ions are involved in both reactions, provided that the stoichiometry of the precipitating salts
is well established. The simultaneous growth of calcium and strontium carbonates from
solutions supersaturated with respect to both salts, presented in this paper, is a typical
example of the latter system.

In the DCC experiments, titrants, designed for strontium carbonate crystal growth,
were controlled by means of a glass electrode, while calcium carbonate growth titrants were
controlled using a calcium electrode.!? In the DCC method, both electrodes, coupled with a
common reference electrode, were maintained at constant electromotive force (EMF) by
means of computerized stepper motor-controlled titrant systems. For the growth of strontium
carbonate, two titrant solutions were prepared: one containing both alkaline earth chlorides
together with sodium chloride, and the other, sodium hydroxide and sodium bicarbonate.
The compositions of titrant solutions were calculated so as to compensate for both dilution
effects and the consumption of lattice ions due to crystal growth from equations 1-5:

(M'CL), = 2(M"Cl),, + Cot (1)
(NaCl), = 2(NaCl) - 2 Ceqr, @
(M"CLy), = 2(M"CL),, 3)
(NaHCO,), = 2(NaHCO5)y + Cepp, @
(NaOH), = 2(NaOH),, + Cer )

In these equations, M’ = Sr, M"”=Ca. Subscripts t and ws represent titrant and reaction
working solutions, respectively. C. is the effective concentration of growing phase repre-
sented by the added titrant. The calcium electrode monitored calcium carbonate crystal
growth and controlled the second set of titrants with M’ = Ca, and M” = Sr. Sodium chloride
was added to the working solution so as to maintain constant ionic strength (0.10 mol 1),
while sodium hydroxide was used to bring the pH to the required value, 8.50 + 0.005.

Following the introduction of the seed crystals to the supersaturated solution,
calcium, strontium and carbonate ions are consumed due to the growth of both carbonate
phases. The changes in concentration of CO;% ions result from the growth of both salts. The
induced pH change, which is sensed by a glass electrode, is compensated by the addition of
two titrant solutions (calculated from Egs. (1)-(5) with M’ = Sr, M" = Ca). Following this
addition, the working solution will contain the preset concentration of carbonate ions,
together with an excess, +¢, of strontium ions (these titrants are added as if only SrCO; was
precipitating) and a depletion, -¢, of calcium ions. Changes in calcium ion concentrations
are caused by calcium carbonate growth. When the absolute value of the Ca electrode
potential exceeds the preset value, the two titrant solutions (calculated from Egs. (1)-(5) with
M' = Ca, M" = Sr) controlled by this electrode are added to working solution to restore the
concentration of calcium ions to the preset value. This addition also momentarily raises
carbonate ion concentration to a +& excess. The concentration of strontium ions approaches
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the initial value at a rate dependent upon the relative rates of strontium and calcium carbonate
crystal growth. It follows that the carbonate ion depletion due to calcium and strontium
carbonate crystals growth is compensated for twice: first by the addition of titrants controlled
by the glass electrode, and second, by the addition of the titrants controlled by the calcium
electrode. Thus, the subsequent addition of the strontium carbonate titrants will be delayed,
thus compensating for the former double addition. This cycle is repeated throughout the
experiments.

The exclusive growth of strontium or calcium carbonates, with or without the second
cation, was studied using the CC method, which employed one set of two titrant solutions
described by equations 1-5 (M’ = Sr and M"” = Ca for SrCOj; crystal growth, and M’ = Ca,
and M"” = Sr for CaCOj crystal growth). These were controlled by a pH glass electrode.

Determination of the Growth Rate Using DCC Kinetic Data

The rate of the crystal growth, J, is usually expressed in terms of overgrowth of the
crystal, as a function of time

J=d(n-n,)/dt, (6)

where n, is the number of moles of seed used to initiate the growth reaction (n, = 0 for
spontaneous precipitation) and n is the number of moles of crystal at time t. In CC and DCC
experiments, an overgrowth of the crystals can be readily calculated from the titrants addition
data using equation 7

(n-n,) = CeitV, (M
where V is volume of the titrant added at time t. Thus, the overall reaction rate is given by
J=(dV/dt) Cegp, ®)

or by
J=(dV/dt) Cer Al ©)]

In equations 8 and 9 dV/dt is the slope of the titrant volume-time curve recorded
during the reaction and the rate of the crystal growth is normalized to the total surface area
of the growing crystal. This is usually estimated using equation 10

A=A, (m/my)”? (10)

where m, and m are the masses of crystal present initially and at time t, respectively. A, is
the initial surface area of the crystals, calculated from the specific surface area, SSA, using
equation 11

A, =SSA m,. (11)

The mechanism of crystal growth is usually explored by using experimental rate data
at different thermodynamic driving forces to confront the theoretical models. As a first step,
the rate of crystallization of many sparingly soluble salts may be interpreted using an
empirical kinetic equation of the form of equation 12:

J=ks K2 o", (12)
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in which, for the alkaline earth carbonates,
1+ 0= {[M*] [COT]} /K, (13)

Here, K, is the conditional solubility product under the experimental ionic strength
conditions, k is the effective rate constant, s a function of the number of active growth sites
on the crystal surfaces, and n is the effective order of the crystal growth reaction.

Alkaline Earth Carbonates Kinetics

It is interesting to compare various alkaline earth carbonates, since they are of
fundamental importance in diverse areas such as limnology, sedimentology and oceanogra-
phy.® The kinetics of calcium carbonate crystal growth and dissolution, especially its most
stable polymorph, calcite, is well documented in the literature.!!>1314 In contrast, other
alkaline earth carbonates, including strontium carbonate, have been almost totally ignored.

For the Constant Composition, CC, growth of strontium carbonate crystals typical
titrants addition plots as a function of time are shown in Figure 1. They indicate a greater
rate of addition immediately following the introduction of seed crystals. This frequently
observed phenomenon, also documented in crystal growth studies of other mineral phases,
could be attributed to a reduction in active growth sites on the seed crystals due to a rapid
high energy site mineralization.* In support of this hypothesis, it was found that the extent
of the initial surge increased with seed concentration.!® The use of seed, harvested at the end
of a growth experiment (pregrown seed), as new initiating surfaces for crystal growth,
markedly reduced the initial surge (Figure 1), again suggesting that changes in surface
characteristics are important. It is worth noting (Figure 2) that calcite growth takes place
without the initial rapid stage observed in the case of strontium carbonate. The influence of
calcium ions on the rates of strontium carbonate crystal growth, and of strontium ions on
calcium carbonate growth, also studied by the use of CC method, is shown in Figure 2. In
these experiments, the concentrations of the additive ions were selected so as to achieve
solutions undersaturated with respect to the additive carbonate salt. It can be seen that
calcium ions markedly reduce the rate of strontium carbonate crystal growth as well as the
initial surge. It is significant that, in contrast, the rate of calcite growth remains almost
unchanged in the presence of strontium ions. The former results suggest the adsorption of
calcium ions at high energy sites on the strontium carbonate seed crystals. Although
undetectable analytically, evidence for calcium ion adsorption by strontium carbonate was

25+

Figure 1. Crystallization of strontium
carbonate at ¢ = 0.25, (pH = 8.50, temp.
= 25 °C); supersaturated solutions seed-
ed with regular (closed squares) and pre-
grown (open squares) strontium
carbonate crystals. Plots of volume of
titrant added, as a function of time. Lines r r ' — . T . ,
refer to the linear regression of these 0 25 50 75 100 125 150 175 200
plots after the initial surges. Time / min.

Vol./mL
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Figure 2. Crystallization of strontium
carbonate at = 0.75 (pH = 8.50, temp. =
25°C) in the absence (closed squares)
and presence of different amounts of cal-
cium ions ((closed triangles) 6.5x10™
mol I, (closed diamonds) 3.5x10" mol
1!, (closed inverted triangles) 0.5x10
mol I'!) and crystallization of calcium
carbonate at o = 1.20 (pH = 8.50, temp.
= 25°C) in the absence (open triangle)
and presence (open circle ) of 0.5x10™
mol I strontiom ions. Plots of volume of

Titrant Volume / mL

T T T T e s 1o e e added titrant, as a function of time. Lines
0 % 0 refer to the linear regression of these
Time / min. plots after the initial surges.

obtained from measurements of zeta potential. The values were markedly more positive in
the presence of calcium ions than in the pure suspensions of SrCOs, clearly indicating uptake
of calcium ions.

A logarithmic rate plot of equation 13, for strontium carbonate crystal growth at
supersaturations, o, ranging from 0.25 to 1.70 is presented in Figure 3. The slope of this
linear plot (with correlation coefficient, R = 0.99) corresponds to a value of n =2.0 £ 0.3
suggesting a surface controlled spiral growth mechanism. It is interesting to note that the
results of both CC'? and free drift'? kinetic studies of calcite crystal growth, have also shown
a rate law second order in relative supersaturation.

DCC experiments of the simultaneous crystal growth of both alkaline earth carbon-
ates confirmed the abilities of strontium and calcium carbonates to nucleate calcium and
strontium carbonates, respectively. It can be seen from plots of titrant volume as a function
of time in Figure 4, that following the addition of SrCO; seed crystals to solutions
supersaturated with respect to both strontium and calcium carbonates, the nucleation of
calcium carbonate is initiated immediately and both alkaline earth carbonates undergo crystal
growth. Strontium carbonate can be also nucleated at calcite surfaces immediately upon
adding these seed crystals to the mixed supersaturated solutions (Figure 4). The kinetics of
the simultaneous strontium and calcium carbonate mineralization obtained from all DCC
experiments are in agreement with the CC data. The rate of strontium carbonate crystal
growth observed in DCC experiments is considerably less than that calculated for the same
supersaturation in pure strontium carbonate solutions (Figure 3). This again reflects the

Figure 3. Logarithmic plot of constant com-
position strontium carbonate crystal growth
rates (pH = 8.50, temp. = 25°C) against relative
supersaturation o, from pure supersaturated so-
4 lutions (closed squares) and in the presence of

added calcium ions at undersaturation (closed
A diamonds) or supersaturation (closed triangles)

levels with respect to calcite. The plot also pre-
-51 sents data for calcium carbonate growth at ¢ =
1.20 (pH = 8.50, temp. = 25°C), from pure
supersaturated solutions (four-point star) and
with added strontium ions at undersaturation
-0.5 0.0 0.5 1.0 (open square) or supersaturation (open circle )

Log o levels with respect to SrCO;.

Log J
om
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40

v

354 ('/,/

Figure 4. Crystallization of strontium/ 30+ {/'; /‘)*‘
calcium carbonates (pH = 8.50, temp. = 254 o v/v; P

25°C) in DCC experiments at Gg.co, =
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inhibitory effect of calcium ions on SrCO; growth. The rate of calcium carbonate crystal
growth observed in DCC experiments is only little influenced by the presence of strontium
ions (Figure 3).

Physico-chemical analysis of the solid phases grown in DCC experiments provided
additional information about the simultaneous growth of strontium and calcium carbonates.
Typical X-ray diffraction spectra for the solid phases grown in DCC experiments show peaks
characteristic for strontium carbonate, calcite (calcite peaks are present only when calcite is
introduced as seed) and aragonite. The observed small shift of all aragonite peaks towards
lower 20 angle, compared to that of pure aragonite peaks, suggests the incorporation of
strontium ions into the growing aragonite. Thus, although strontium ion does not influence
the growth rate of calcium carbonate, it favors the formation of the metastable polymorph,
aragonite. Fourier transformation infrared spectroscopy and energy dispersive X-ray analy-
sis confirmed the nucleation and subsequent growth of calcium and strontium carbonates in
all DCC experiments, irrespective of the seed used.

THE APPLICATION OF THE DUAL CONSTANT COMPOSITION
METHOD TO CALCIUM PHOSPHATES

Titrants Composition for DCC Experiments

For DCPD and OCP, the application of the DCC method was tested (a) in solutions
supersaturated with respect to both phases to investigate the simultaneous crystal growth of
mixtures of DCPD and OCP'3, and (b) in solutions undersaturated in DCPD and supersatu-
rated in OCP in order to investigate the transformation reaction DCPD — OCP. In the latter
case, changes in solution concentration during DCPD dissolution were compensated for by
the addition of a single acidified titrant solution, controlled by a ion specific calcium
electrode. This titrant solution contained hydrochloric acid and sodium chloride, with
concentrations calculated from equations 14 and 15

[HCI], = 2[CaCl,]ys - [KH,POy4]ys - [KOH],s (14)
[NaCl], = [KH,PO,],s + [NaCl],,; + [KOH],s (15)
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In equations 14 and 15, [CaCl,],, and [KH,PO,],, are the total concentrations of
calcium and phosphate ions in the working solution. [KOH],, and [NaCl],, are the concen-
trations of potassium hydroxide and sodium chloride added to the working solution to restore
the initial pH and ionic strengths, respectively, to their original values. Changes in lattice
ion concentrations accompanying the nucleation and growth of OCP during the reaction were
compensated by the addition of two titrant solutions, controlled by a glass electrode. These
titrant solutions contained potassium dihydrogen phosphate with potassium hydroxide
(equations 16 and 17), and calcium chloride with sodium chloride (equations 18 and 19).

[KH,PO,]; = 2[KH,PO,] s + 3 Cesr (16)
[KOH], = 2[KOH],+ 5 Ceir a7n
[CaCl,); = 2[CaCl,]y,s +4C s (18)
[NaCl], = 2[NaCl],, - 8 Corr (19)

C.s is the effective concentration of the titrants for OCP growth while subscripts ws
and t, represent working and titrant solutions, respectively. As for the alkaline earth
carbonates growth kinetic studies, sodium chloride was introduced so as to maintain constant
ionic strength (0.15 mol I'') while potassium hydroxide was used to keep the pH at the desired
value, 7.40 + 0.005.

Calcium Phosphates Kinetics

DCC experiments of the simultaneous growth of OCP and dissolution of DCPD were
made at physiological pH of 7.40, 37°C and ionic strength 0.15 mol I'! in NaCl in solutions
undersaturated with respect to DCPD (opcpp = -0.12) but supersaturated in OCP (cocp =
2.35). Typical experimental results are shown in Figure 5 as plots of DCPD dissolution
percent (calculated from equation 20) and OCP growth (calculated from equation 8), as
functions of time.

Dissolution % = (n,- n) / n,= CV / n, (20)

It can be seen that DCPD dissolution commenced immediately upon the introduction
of DCPD seed crystals while nucleation of OCP occurred after an induction period of about

100 - 300
80 oo %0
S |
= 4200 5
8 60 Q
g g
g 4 150 g__
A 40 1 §
g 4 100 ?i
A g 3
150 5 Figure 5. Extent of OCP (closed
S  circle) precipitation and DCPD
04 o—e—0—o—o—o do (open square) dissolution in DCC
S — i — experiment at Opcp = 2.35 and

) 40 60 80 100 Opcpp = -0.12 (pH = 7.40, temp. =
Time / min. 37°C).
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55 minutes. Following this period, the growth of OCP predominated, calling only for the
addition of the appropriate titrant solutions (equations 16-19).

Scanning electron micrographs showed that the new OCP crystallites formed near
the edges of the DCPD crystals! and subsequently completely covered them. As anticipated,
the induction time for OCP nucleation decreased with increasing supersaturation and by
increasing the amount of initiating DCPD surface. The latter observation clearly points to
the specific nucleation of OCP at the dissolving DCPD surfaces. Analysis of the kinetics
data showed that the DCPD dissolution was probably surface controlled by the desorption
of lattice ions rather than by simple diffusion of these ions away from the dissolving surface.
A more extensive constant composition study of the dissolution of DCPD!” has shown that
although volume diffusion provides a substantial resistance to dissolution at higher under-
saturations, surface processes become rate determining at lower driving forces as reflected
by the relatively high activation energy and the insensitivity of the rates of dissolution to
changes of stirring speed. These changes with thermodynamic driving force emphasize the
need to investigate the growth and dissolution reactions at constant thermodynamic driving
force in order to obtain mechanistic information.
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ABSTRACT

The inhibiting effects of ferric and ferrous ions on calcite growth were investigated
using a free drift, seeded growth technique (at 25°C, pH 7.0 and 8.0, 0.15 M alkalinity and
an initial supersaturation of 8). For the first 60 minutes after growth was initiated, the
inhibiting effectiveness of ferric ions at pH 7.0 was essentially the same as at pH 8.0.
Differences were observed at longer times. Ferrous ions were much less effective inhibitors
than ferric at pH 7.0; however, their inhibiting effectiveness was dramatically improved by
the addition of oxygen. At pH 8.0, essentially the same inhibiting effectiveness was observed
with ferrous ions as with ferric, probably because they immediately oxidize to ferric ions
even without added oxygen. With decreasing alkalinity the inhibiting effectiveness of ferric
ions decreased. Initial studies on other metal ions showed that, at low alkalinities, zinc and
copper are effective calcite growth inhibitors.

INTRODUCTION

A serious problem encountered in many industrial processes is the precipitation of
minerals onto the walls of water handling equipment from process water that has become
supersaturated with respect to these minerals. These deposits, especially on heat transfer
surfaces in cooling water systems, lead to a loss of efficiency and to partial or even total
blockage of water flow. In most cases, these scales are composed of calcium carbonates,
phosphates, and sulfate hydrates'-?; calcite (one of the crystalline forms of calcium carbonate)
is the most common scale forming mineral. Several techniques are used to prevent or control
scale deposition®*, e.g., lowering the pH of the water by adding acid and thus increasing the
solubility of calcium carbonate’, pretreatment of the water with ion exchange resins which
replaces calcium ions by sodium ions, adding complex-forming agents such as EDTA and
thus sequestering the calcium from the solution, or adding certain chemical substances which
inhibit the growth of scale forming minerals at very low concentrations. These substances

11
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are believed to inhibit growth by adsorbing onto the mineral surface and blocking sites on
the surface that were otherwise used in the growth process. Typical scale inhibitors are
organic polyphosphonates®’, inorganic polyphosphates'-®, polyacrylic acids, polycarboxylic
acids, polyacrylamids® and naturally occurring polyamino acids.!® In previous publica-
tions'"'2 we showed that iron ions are very effective calcite growth inhibitors. At a
concentration as small as 5 pM total iron, calcite growth is almost completely inhibited for
more than 8 hours. Thus their addition to water may prove to be a useful procedure for
inhibiting scale formation and growth. This paper presents some results of an ongoing effort
to investigate calcite growth inhibition by metal ions, with particular emphasis on iron ions.

EXPERIMENTAL

The apparatus, materials, and experimental method used in this work are identical to
those described in a previous paper.!! However, a brief description here may be helpful.
100 ml of 0.15 M sodium bicarbonate buffer solution is equilibrated in a thermostated,
250 ml Teflon container by bubbling through it a CO,/N, gas mixture. The desired pH is
obtained by choosing the appropriate partial pressure of CO, (0.77 atm for pH 7.0 and 0.075
atm for pH 8.0). This solution is made saturated with respect to calcite by adding the
appropriate volume of 0.1 M or 0.01 M CaCl, solution. Calcite seed crystals are then added,
and allowed to equilibrate for 5 to 10 minutes before the solution is made supersaturated by
adding more CaCl, solution, thus initiating growth. No further addition of calcium chloride
or any other substance is made, so the calcium concentration decreases with time; this is
called the free drift seeded growth method. The pH remains very constant during each
experimental run because the solution (deliberately) is very strongly buffered by sodium
bicarbonate. Calcium concentration and pH are monitored throughout the entire experimen-
tal run. Calcite growth in the presence of iron is studied by adding a small volume of a freshly
prepared 10~3 M FeCl; (or FeCl,) solution before adding the seeds. The seeds are then added
and allowed to equilibrate between 5 to 30 minutes in this solution, which then is made
supersaturated by adding more CaCl, solution.

Unless otherwise stated, all measurements were at 25°C, an initial supersaturation
(S)) of 8, a seed concentration of 5 g/l, an alkalinity (Alk) of 0.15 M, an ionic strength (1) of
0.15 M and at pH 7.0 or 8.0. The calcite seeds used were Mallinckrodt reagent grade calcite.
Their specific surface area (measured by BET single point nitrogen adsorption analysis) is
0.32 m?/g; the average edge length (measured in an SEM) is 10 um. In all experiments, dry
seeds were added to the system. All iron concentrations reported in this paper are the total
iron concentrations ([FeT]) that were actually added; they are not the concentrations of the
free or dissolved iron ions that are actually present in a solution in equilibrium with iron
hydroxides.

RESULTS AND DISCUSSION

Figures 1a and 1b show calcite growth in the presence of various ferric ion concen-
trations at pH 7.0 and 8.0, respectively, at otherwise identical solution conditions. As is
apparent from Figs. 1a and 1b, growth inhibition increases with increasing iron concentra-
tion. At pH 7.0, the inhibiting effect of ferric ions increases dramatically over the small
concentration range, 2 pM [FeT] to 5 pM [FeT]. At pH 8.0, the inhibiting effect of ferric
ions increases more gradually; the range of concentration required to go from weak inhibition
to almost total inhibition is 1 pM [FeT] to 7 uM [FeT]. Note that at both pH’s the order of
magnitude of ferric ion concentration required to inhibit calcite growth is the same. This is
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Figure 1. (a) Effect of various ferric ion concentrations on calcite growth at pH 7.0. (b) Effect of various ferric
ion concentrations on calcite growth at pH 8.0.

not what one would expect since the solubility of ferric ions is about ten times smaller at
pH 8.0 than at pH 7.0 (due to precipitation as ferric hydroxide). Figures 2a and 2b show
calcite growth over more extended lengths of time, in the presence of 5 and 7 uM ferric ion
concentration at pH 7.0 and 8.0, respectively. One now sees quite different characteristics.
At pH 7.0, growth is almost completely inhibited for several hours; the calcium concentra-
tion then decreases rapidly but levels out again at a concentration which is significantly
higher than the concentration that would be in equilibrium with calcite in the absence of
iron. Increasing the ferric ion concentration from 5 to 7 uM nearly doubles the length of time
of almost complete inhibition. At pH 8.0, the calcium concentration decreases continuously
with time. The growth rate is slower both at the beginning and at the end, and is slightly
faster in between, but the S-shape of these growth curves is not nearly as pronounced as it
is at pH 7.0. Increasing the ferric ion concentration does not significantly increase growth
inhibition.

Another observation may be worth while noting. At pH 7.0, the seeds had to be
equilibrated with ferric ions for 30 minutes prior initiation of growth; 0, 5 or 10 minutes
pre-equilibration resulted in less effective inhibition and 60 minutes gave the same effec-
tiveness as 30 minutes. However, at pH 8.0, no significant difference in inhibiting effective-
ness could be observed when the seeds were pre-equilibrated for 0, 1, 3, or 10 minutes; 30
minutes of pre-equilibration caused decreased inhibiting effectiveness, i.e., a slightly faster
growth rate was observed. Thus, a pre-equilibration time of 30 minutes was used for all the
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Figure 2. (a) Effect of ferric ions on calcite growth over an extended length of time at pH 7.0. (b) Effect of
ferric ions on calcite growth over an extended length of time at pH 8.0.

growth curves shown in Figs. la and 2a while those shown in Figures 1b and 2b were
obtained using a pre-equilibration time of 5 to 10 minutes.

Figure 3 shows the effect of various concentrations of ferrous ions on calcite growth
at pH 7.0. Comparing Figure 3 with Figure 1a shows that ferrous ions are much less effective
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Figure 3. Effect of various ferrous ion concentrations on calcite growth at pH 7.0.
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growth inhibitors than ferric ions; more than a tenfold higher ferrous ion concentration is
required to achieve the same inhibiting effectiveness. However, adding a small concentration
of oxygen to the gas stream results in a dramatic increase in inhibiting effectiveness of ferrous
ions, as can be seen in Figure 4. Figure 4 shows that a 4 pM total ferrous ion concentration
is sufficient to cause significant growth inhibition when as little as 1% oxygen is added to
the gas mixture and that adding 23% oxygen results in almost complete growth inhibition.
Figure 4 also shows that a 4 uM ferrous ion concentration in the presence of 23% oxygen
causes essentially the same total growth inhibition as 4 uM ferric ions. Figure 5 shows that,
at pH 8.0, a 3 uM ferrous ion concentration is slightly more effective than 3 uM ferric ion
concentration, and that at 4 uM concentration, ferrous and ferric ions are equally effective.
However, ferrous ions probably are not the active agent in the inhibition process. At pH 8.0,
ferrous ions are rapidly oxidized to ferric ions.'* Even though the oxygen concentration was
minimized by adding hydrogen to the feed gas and passing it through a bed of hot copper
turnings, there probably was enough O, left in the system to oxidize ferrous ions'', so the
growth inhibition observed with ferrous ions at pH 8.0 may be actually due to ferric ions
that were produced by in situ oxidation.

At this point, a brief discussion on two ways of quantifying inhibition effectiveness
may be useful. Calcite growth curves in the presence of iron, as shown in Figures 1a and 1b,
typically level off at an almost constant calcium concentration. Thus, growth inhibition can
be defined as the difference in final calcium concentration in the presence of iron, Cg, to that
in the absence of iron, C,,, divided by the difference in initial calcium concentration C; to
the equilibrium concentration, i.e., /% = (C;~ C,)/(C; — C,,) * 100%. (Since the final cal-
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cium concentrations in the presence of iron slightly decrease with time, they are compared
at a fixed length of time after growth was initiated, typically 60 minutes.) However, this
simple method of quantifying growth inhibition is useful only in those cases where a
relatively constant supersaturation persists for a sufficient length of time.

A second way of quantifying growth inhibition is to compare growth rates measured
in the presence of inhibitors to those measured in their absence.'*!>'® The inhibiting
effectiveness, IE, is then defined as /E = (k, — k)/k,, where k, and k are the rate constants in
the absence and presence of inhibitor, respectively. However, this definition expresses
growth inhibition on a linear scale. The following example calculation suggests that a
logarithmic scale may be more appropriate. The decrease in supersaturation (C/C,) with
time which would occur at different inhibiting effectivenesses, IE, for a reaction which
exactly followed first order rate law, C/C,, = 1 +(C/C,, — 1)e™®, where C;/ C.,= 8 and k, =
1.0 min', was calculated and is shown in Figure 6. (The corresponding growth rate con-
stants, k, are also shown.) As can be seen, even at an inhibiting effectiveness of 0.99, a
number which would be considered by most to imply almost complete growth inhibition,
the calcium concentration still decreases quite strongly with time. Furthermore, at an
inhibiting effectiveness of 0.4, a not very small number, almost no change in growth curve
can be observed. One possible improvement would be to use a logarithmic definition, /E; =
—log(k/k,). This would result in a linear scale which, in this sample calculation, goes from
0.0 for no inhibition to 3.0 for essentially complete inhibition.
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Figure 7 shows a comparison of the 1% caused by ferric ions at pH’s 7.0 and 8.0 and
at initial supersaturations (S;) of 8 and 19. Inhibition is quantified by comparing final calcium
concentrations in the presence and absence of iron using the concentrations measured 60
minutes after growth was initiated. Four observations can be made: First, under these
conditions, ferric ions are more effective inhibitors at pH 8.0 than at pH 7.0, except for the
region of almost complete growth inhibition at S; = 8. (Note that in an earlier paper!' we
reported that ferric ions are more effective at pH 7.0 than at pH 8.0. This was based on results
obtained at S; = 8 and [FeT] >4 uM and is consistent with these results.) Second, at pH 7.0
and S; = 8, the inhibiting effectiveness of ferric ions increases strongly over a small
concentration range of ferric ions. Third, higher supersaturations required higher iron
concentrations for the same 1%. Fourth, increasing ferric ion concentration results in
increased growth inhibition. However, at pH 7.0 and S; = 19, growth inhibition increases
with increasing total ferric ion concentration only up to 50 uM [FeT]. This may be due to
precipitation of ferric hydroxide at this high ferric ion concentration, thus removing ferric
ions from solution.

The results presented thus far were all at a relatively high alkalinity of 0.15 M; a
value chosen so that the pH would remain constant despite the growth of calcite. However,
industrial water systems usually operate at a much lower alkalinity, typically less than
0.005M. Figure 8 shows calcite growth at alkalinities of 0.15 M, 0.05 M and 0.01 M in the
presence of 5 uM ferric ions at pH 8.0. (The ionic strength was held constant at 0.15 M by
adding the appropriate amount of NaCl.) At 0.05 M alkalinity, no effort was made to hold
pH constant during growth, but it changed by only 0.05 pH units. At 0.01 M alkalinity, pH
was kept constant by continuously titrating 0.1 M sodium hydroxide into the system using
a Metrohm 665 Dosimat. As can be seen in Figure 8, ferric ions are less effective inhibitors
at lower alkalinities.

A possible cause for the decrease in growth inhibition with decreasing alkalinity is
that changing the solution alkalinity from 0.15 to 0.05 or to 0.01 M at pH 8.0 causes both
the Ca?*/CO3~ and the Ca?*/HCO; ratios to increase approximately 220 fold. Thus the calcite
surface becomes more positively charged at lower alkalinities, and positively charged ionic
ferric species are less strongly adsorbed. Another possible cause is that ferric ions can form
complexes with carbonate and maybe with bicarbonate ions. (There is evidence in the
literature for the existence of ferric carbonate complexes.!”'®) Thus, the total dissolved iron
concentration in equilibrium with colloidal ferric hydroxide would be higher than in the
absence of any carbonate or bicarbonate ions, and fewer Fe3* ions precipitate as ferric
hydroxide. With increasing alkalinity, both the carbonate and the bicarbonate concentrations
increase. Thus more ferric ions remain in solution and available for adsorption onto the
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calcite surface. Note that both explanations assume that calcite growth is inhibited by ionic
ferric species and that the two explanations are compatible with each other. Complex
formation with bicarbonate ions also may explain the surprisingly weak dependence of
growth inhibition by ferric ions on pH (see Figures la and 1b).

Figure 9 shows some initial results on the effect of other transition metal ions on
calcite growth, at pH 8.0, Alk =0.01M, I =0.01M, S; =7 and a total metal ion concentration
of 10 pM. During the runs shown in Figures 9 and 10, pH was not kept constant. The largest
change in pH occurred in the very beginning of each run due to the addition of CaCl, solution
and, when the inhibitor is not effective, due to the growth of calcite. As a result, in the absence
of inhibitor, the pH decreased from about 8.00 to about 7.74 within the first 6 minutes after
growth was initiated and then slowly increased to about 7.90 over the next 54 minutes. When
there was almost complete initial inhibition (e.g., with zinc or copper ions) the initial drop
in pH was only about 0.05 pH units. A pH change from 8.0 to 7.9 changes the equilibrium
calcium concentration and thus the supersaturation by about 20%. Therefore, the results
shown in Figures 9 and 10 should be viewed only as preliminary results showing the growth
inhibiting potential of some transition metal ions. Figure 9 shows that, under these condi-
tions, ferric and ferrous ions are not very effective inhibitors but zinc and copper ions are
quite effective. The effect of doubling the concentration of the zinc or the copper is shown
in Figure 10. One sees that at 20 uM zinc is a very effective inhibitor, and that copper is
quite good. Note that these curves show S-shapes similar to those obtained in the presence
of ferric ions at pH 7.0 and Alk = 0.15 M (Figure 2a).
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SUMMARY AND CONCLUSION

As little as 5 uM total ferric ion concentration was sufficient to inhibit calcite growth
almost completely at pH 7.0, 0.15 M alkalinity and an initial supersaturation of 8. A slightly
higher ferric ion concentration (7 uM) was needed to obtain about the same initial inhibiting
effectiveness at pH 8.0 as at pH 7.0. Growth curves in the presence of ferric ions had similar
shapes at pH 7.0 and 8.0 (Alk = 0.15 M, S; = 8) in the first 60 minutes after growth was
initiated. However, when observed over several hours, growth curves at ferric ion concen-
trations high enough for almost complete growth inhibition were strongly S-shaped at pH 7.0
but decreased quite smoothly with time at pH 8.0. The inhibiting effectiveness of ferrous
ions was much less than that of ferric, at pH 7.0 and 0.15 M alkalinity. However, with the
addition of oxygen, ferrous ions became as effective as ferric ions. At pH 8.0, ferrous ions
showed about the same inhibiting effectiveness as ferric, probably because inhibition is
actually due to ferric ions produced in situ by oxidation. Ferric ions become less effective
at lower alkalinities. Thus, under some conditions, adding ferric ions may be an insufficiently
effective scale inhibition method. However, at low alkalinities, zinc and, to a lesser extend,
copper ions are quite effective calcite growth inhibitors.
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CARBONATE PRECIPITATION IN PYRAMID
LAKE, NEVADA

Probable Control by Magnesium Ion

Michael M. Reddy

U.S. Geological Survey
3215 Marine Street, Boulder, Colorado, 80303

ABSTRACT

Magnesium ion inhibition of calcium carbonate (calcite) formation explains present-
day controls on carbonate formation in Pyramid Lake. Concentrations of magnesium ion are
sufficient to reduce calcium carbonate nucleation rates and calcite formation rates in
present-day supersaturated lake water. Calcium carbonate nucleation and crystal growth
measurements in the presence of magnesium ion are consistant with whole-lake whitings
and carbonate mound formation in and around Pyramid Lake.

INTRODUCTION

Calcium carbonate mineralization occurs in hardwater lakes of the United States and
elsewhere.! Pyramid Lake, Nevada, a present-day lake remnant of paleolake Lahontan, in
contrast to other hardwater lakes, has unique physical and chemical characteristics which
modify in-lake calcium carbonate mineralization (Figures 1 and 2).5-® Other high-salinity
and high-alkalinity lakes in this region of the Great Basin are remnants of paleolakes
Lahontan (Walker Lake) or Russell (Mono Lake) (Figure 1). Like Pyramid Lake, Walker
Lake and Mono Lake exhibit unusual carbonate mineralization.

An ongoing research question involving carbonate mineralization reactions in sur-
face waters, with significance in the areas of global carbon budgets and global warming,
concerns the appearance of massive amounts of suspended calcium carbonate in surface
waters (whitings).>!> Much concerning the nature of whitings remains uncertain. Pyramid
Lake appears to be an appropriate location to investigate the mechanism of whiting formation
and the water conditions that cause whitings to happen. Carbonate mineralization processes
in specific lakes and lake basins depend strongly on a number of geochemical and biological
factors. To investigate specific processes, such as calcium carbonate precipitation within a
water column, it is useful to study lakes where these processes are well developed.
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Figure 1. Remnant highly-saline, highly-alkaline
lakes, Pyramid Lake, Walker Lake, and Mono Lake
and the paleolakes Lake Lahontan and Lake Russell
(Redrawn from Bishoff et al., 1993).

Figure 2. View of Pyramid Lake from the shore (Photograph by author, 1992). Characteristic large carbonate
mounds are on the left and are well above the present lake level. A tree close to the present lake shore gives
scale.
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Figure 3. A cross-section of a car-
bonate mound along the shore of
Pyramid Lake exhibiting the charac-
teristic radial distribution of crystals
found near the mound center. The key
at the center of the photo is about one
inch in diameter (photograph by
author, 1992).

Calcium carbonate mineralization in Pyramid Lake differs from carbonate formation
in less-saline, less-alkaline lakes in several respects, including:

e The occurrence of large carbonate mounds in the near-shore region (Figures 2 and 3).

e The formation of a less stable form of calcium carbonate (aragonite) rather than
the thermodynamically stable polymorph calcite.!4

e The occurence of massive calcium carbonate precipitation episodes, whitings, in
the Pyramid Lake water column.'4

Carbonate mineralization at Pyramid Lake, from analogy to laboratory studies of
calcium carbonate formation, is regulated by specific chemical factors:

e Water column supersaturation,
e Carbonate mineral nucleation and crystal growth rates, and
o The presence of inhibitors such as magnesium and phosphate ions,»1516,17.18,19,20221

The working hypothesis of this paper is that Pyramid Lake magnesium ion concen-
trations control calcium carbonate formation rates. Laboratory and in-lake calcium carbonate
formation studies at Pyramid Lake are in progress to test this hypothesis. Field studies were
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initiated in the summer of 1992; laboratory studies of calcium carbonate formation are
continuing.

PURPOSE

This report outlines calcium carbonate nucleation and crystal growth kinetics in the
presence and absence of magnesium ion. From analogy with these laboratory measurements,
it is reasonable to consider that carbonate nucleation (homogeneous nucleation from labile
supersaturated lake water) and crystalization (crystal growth at a mineral surface from a
metastable supersaturated solution)?? are the basis for carbonate formation in the Pyramid
Lake Basin. Nucleation leads to whitings; crystallization leads to carbonate mound forma-
tion.

SCOPE

Discussion in this report will be limited to laboratory studies dealing with the
nucleation and crystal growth of calcium carbonate in the presence and absence of magne-
sium ion at 25°C. Summaries of Pyramid Lake water chemical analyses used here are from
published data.?32* The average Pyramid Lake alkalinity calculated using the published data
of Benson agrees well with the recently measured lake alkalinity.?> A survey of carbonate
deposits in the Pyramid Lake Basin is available.?’

BACKGROUND

Calcium carbonate formation in a test tube or in a lake is initiated by nucleation, often
involving formation of unstable polymorphs and hydrates.?> Unstable calcium carbonate
polymorphs will ultimately transform to calcite, the thermodynamically stable form of
calcium carbonate at standard temperature and pressure. Unstable polymorphs may persist
in solution for extended intervals in the presence of substances (termed “inhibitors) which
inhibit the formation of a thermodynamically more-stable phase. Typical inhibitors include
magnesium and phosphate ions, both of which reduce calcite formation rates.?? Solution
temperature influences formation of unstable calcium carbonate polymorphs and their
subsequent transformation. Calcite forms at 25 °C in inhibitor-free solutions with moderate
supersaturations (supersaturation values of 10 to 20). Calcite formation in the presence of
magnesium ion enhances the formation of unstable calcium carbonate polymorphs. Natural
waters which have unusual solution compositions (i.e., high concentrations of magnesium
or phosphate ions) often form unstable calcium carbonate polymorphs. Calcim carbonate
nucleation rates differ among polymorphs and hydrates; nucleation rates increase dramati-
cally with increasing calcium carbonate solution supersaturation (Figure 4.).

CALCIUM CARBONATE NUCLEATION

A convenient measure of calcium carbonate nucleation is the time necessary to form
solid carbonate from a supersaturated solution. This time, referred to as “induction time”, is
measured by changes in solution light scattering and composition. Nucleation is often
difficult to characterize because of the presence of heterogeneous nucleation sites?? and
because growth often accompanies nucleation.
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Figure 4. Calcium carbonate induction time, in seconds, plotted as a function of supersaturation for a solution
containing 4 millimolar total carbonate ion concentration and a range of solution magnesium ion to calcium
ion concentration ratios.! A. Induction times for solutions containing magnesium ion to calcium ion corcen-
tration ratios from 0 to 2. B. Induction times for solutions containing magnesium ion to calcium ion
concentration ratios from 0 to 5.

Solution supersaturation, the solution variable directly controlling nucleation, is
defined as the ratio of the calcium carbonate ion activity product to the calcium carbonate
(calcite) solubility product (details of the calculation are discussed in reference 16). Nuclea-
tion rate is inversely proportional to the induction time; as induction time increases,nuclea-
tion rate decreases.

As supersaturation values decrease to about 10, the time for calcium carbonate
nucleation becomes large, and the nucleation rates become very small (Figure 4). Solutions
with supersaturations less than 10 are termed “metastable”. This designation implies that
carbonate minerals will not form in such solutions without the presence of a suitable growth
surface or substrate. In the presence of a carbonate surface, calcium carbonate may precipi-
tate from a metastable solution. Carbonate mineral formation will continue until the solution
reaches equilibrium (i.e., calcite saturation). In Pyramid Lake, carbonate mineral growth
from metastable supersaturated solution formed large carbonate mounds (Figures 2 and 3).
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When Pyramid Lake water supersaturtion values are above the metastablity limit, nucleation
of calcium carbonate is expected to occur rapidly in the water column (Figure 4).

Magnesium ion controls, in part, calcium carbonate induction times and nucleation.
Induction times increase as the solution magnesium ion concentration and magnesium-to-
calcium ion ratio increase (Figure 4). Average Pyramid Lake magnesium ion concentration
(about 4 x 10 moles per liter, and magnesium-to-calcium ion ratio about 20) is sufficient
to increase the calcium carbonate induction time and to reduce calcium carbonate nucleation
(Figure 4). For supersaturation of 25, changing solution magnesium to calcium ratios from
0-1 roughly doubles the induction time. At lower supersaturations (i.e., about 20) or at higher
magnesium-to-calcium ion ratios, induction times were about three times that of the mag-
nesium free solution. Elevated lakewater magnesium concentration increases carbonate
induction times, reducing nucleation rates. Removal of the magnesium ion from lake water
due to calcium carbonate nucleation (as a mixed calcium-magnesium carbonate) may
increase the nucleation rates.

Magnesium ion content and polymorphic composition of nucleated calcium carbon-
ate has been reported elsewhere.!® Briefly, the predominate crystalline components of the
precipitate, over a range of magnesium ion concentrations and supersaturations, were vaterite
and aragonite. Formation of calcite from the metastable solutions was retarded by the
magnesium ion. Some aged solutions containing low concentrations of magnesium ion
developed calcite as a final precipitate. In these experiments, vaterite (which was initially
formed) was transformed to calcite during the course of the experiment. Magnesium ion
content of the nucleated carbonate phase was a function of nucleation and ripening condi-
tions.'® Magnesium ion content was greatest for the initial precipitate. As the precipitate
aged, its magnesium ion content decreased.'® Nucleation sensativity to a solution calcium
carbonate supersaturation has confounded past attempts to predict the onset and duration of
whitings in Pyramid Lake.'# Supersaturation is currently (1994) below the critical value for
nucleation (10) except during summer (Figure 5). Supersaturations were calculated for a
range of temperatures and calcium ion concentrations with WATEQ4F.26 Temperatures were
varied from 0 to 25°C for both calcite and aragonite supersaturation (Figure 5). Maximum
supersaturation for calcite (at 25°C) is above 10 while that for aragonite is less than 10. In
the absence of magnesium ion, calcite would nucleate and grow in present-day Pyramid Lake
water. However, since calcite formation is inhibited, lake supesaturations can increase to
about 10. Lake whitings would be expected to occur only when the supersaturation with
respect to aragonite is above 10.

CALCIUM CARBONATE (CALCITE) CRYSTAL GROWTH

A seeded growth method has been used to characterize the rate of calcite formation
from metastable supersaturated solutions. Crystal growth data has been interpreted using a
parabolic rate equation which relates the crystal growth to the product of three terms: 1) the
growth surface available for reaction; 2) the crystal growth rate constant; and 3) the square
of the reaction driving force.!%?? This rate law, which has a parabolic reaction driving force
term indicating that the rate determining step is a surface reaction, allows a convenient
representation of inhibitor ions influence on calcite formation rates.'2?? During carbonate
mound formation, the initial calcium carbonate polymorphs and their subsequent transfor-
mation are uncertain. Also, lake water and inflow spring water chemical compositions at the
time of mound formation are not known. In this report, only the growth of calcite is
considered. Additional studies of other polymorphs and hydrates are important for the
application of lake deposits in paleoclimate reconstruction partly because isotope fractiona-
tion factors may be regulated by the polymorphic composition of the carbonate deposit.
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CALCIUM CARBONATE FORMATION INHIBITORS

At a fixed calcium carbonate supersaturation level and temperature, inhibitor ion
concentration levels regulate carbonate mineral polymorphic compositions and formation
rates (Figure 6).!>%7

Following nucleation, or in the presence of a suitable growth surface, calcium
carbonate minerals form in supersaturated solution. Unlike calcite crystal growth on pure
calcite seed crystals in magnesium-free solutions, calcite growth in solutions containing 103
moles per liter magnesium is dramatically reduced (Figure 6). As shown in Figure 6, for the
solution containing 1 millimolar magnesium ion, neither solution pH nor calcium ion
concentration decrease during the experiment. In the absence of magnesium ion, the solution
rapidly approaches calcite equilibrium. Crystal growth is inhibited more than crystal nuclea-
tion by millimolar magnesium ion concentrations (compare Figure 6 with Figure 4),
presumably because nucleation involves several polymorphs, only some of which are
sensitive to magnesium ion growth inhibition.
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Figure 6. Total calcium concentration and pH of the supersaturated solution plotted as a function of time for
seeded crystal growth in the presence and absence of added magnesium ion. Molar concentrations of added
magnesium ions are indicated at the end of the curves. 8

Inhibition of calcite growth by magnesium ion would be expected to occur in Pyramid
Lake. The parabolic growth rate expression'é describes the effect of magnesium ion concen-
tration levels on calcite formation rates. Rate data for calcium carbonate seeded growth in
the presence and absence of magnesium ion plotted as the integrated rate function versus
time illustrates calcite growth rate reduction (Figure 7) by magnesium ion. Line slopes in
Figure 7 are proportional to the calcite growth rate constant; the decrease in slope with
increasing magnesium concentration demonstrates calcite growth rate reduction in solutions
containing 10~ moles per liter magnesium ion. The Pyramid Lake average magnesium ion
concentration is four times the highest magnesium ion concentration shown in Figure 7, and
would thus be expected to strongly inhibit calcite growth. The carbonate polymorphs found
in Pyramid Lake surface sediments and water is aragonite, not calcite.??

Calcite crystal growth reduction caused by magnesium ion is shown for a range of
magnesium concentrations by plotting the reduced rate constant (k/k,) versus magnesium

0 20 40 60 80 100 120
Time, minutes
Figure 7. Plots of the integrated rate function versus time for growth of calcite seed crystals in the presence

and absence of magnesium ions. Molar concentrations of added magnesium ions are indicated at the end of
each line.'®
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Figure 8. Calcite crystallization reduced-rate constant (k/k,) as a function of the concentration of magnesium
ions in solution.'6

ion concentration (Figure 8). The calcite reduced growth rate constant (the ratio of the rate
constant in the presence and absence of magnesium ion) decreases with increasing magne-
sium concentration to very low values at magnesium concentrations greater than one
millimolar.

Itis not clear from laboratory studies how locally elevated supersaturation, developed
by high calcium concentration spring water inputs and their subsequent modification by
mixing with lake water, modifies carbonate growth inhibition. At present (1994), one
location at the north shore of Pyramid Lake exhibits carbonate formation.?’ Lake water
magnesium ion concentrations stabilize elevated calcium concentrations and supersatura-
tions allowing mineralization where spring inputs cause locally elevated supersaturation.

Most springs along the shore of Pyramid Lake are not at present associated with
carbonate precipitation. Hot springs at the north end of Pyramid Lake have high calcium and
low magnesium and alkalinity concentrations.?’ Calculations suggest that mixing of low-al-
kalinity, calcium rich spring water with Pyramid Lake water leads to non-linear variation in
supersaturation as a function of the mixing ratios. Supersaturation of some mixtures is above
that of lake water, suggesting that maximum supersaturation and mineralization occurs at
the lake water / spring water mixing zone. Mixing zone precipitation may lead to detailed
crystal morphology present in Pyramid Lake carbonate mounds (Figure 2).

MECHANISM OF MAGNESIUM ION INHIBITION OF CALCITE
FORMATION

In studies of natural phenomena, such as calcium carbonate formation inhibition in
lakes, it is useful to characterize the process mechanism. Magnesium ion inhibition of calcite
crystal growth has been interpreted in terms of a Langmuir adsorption isotherm model
(Figure 9). The Langmuir model assumes that inhibitor ions adsorb at crystal growth sites
on the calcite suface.'>'%?” This model may also apply to magnesium ion calcite crystal
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concentration in solution for calcite seeded crystallization.!6

growth inhibition in present-day Pryamid Lake. The Langmuir model for phosphate and
glycerophosphate's indicated that the current Pyramid Lake phosphate concentration (about
one micromolar at the sediment-water interface?®) will reduce the calcite crystal growth rate
constant only slightly. Although phosphate is an effective calcite growth inhibitor, its
concentration in Pyramid Lake surface water is too low to impact calcite reaction rates.
Pyramid Lake sediment phosphate concentrations are higher (up to 0.5 millimolar) and will
inhibit calcite crystal growth.?> Mono Lake carbonate mineralization is regulated by elevated
water column phosphate concentrations.?*

IN-LAKE CALCIUM CARBONATE CRYSTALLIZATION RATES

A test of calcium carbonate formation inhibition in Pyramid Lake, using an in-lake
crystal growth experiment, was begun in the summer of 1992. This procedure measures
calcite and aragonite crystal growth rates for single crystals suspended in Pyramid Lake.3¢
Initial results from August and September 1992 (no growth in the supersaturated lake water)
suggests the importance of crystal growth inhibitors, such as magnesium ion, in reducing
calcium carbonate formation from Pyramid Lake onto a carbonate surface. Field observa-
tions demonstrated carbonate deposition on an artificial substrate at a site of spring water
input (Micaela B. Reddy, personal communication, 1993). A can was observed to be fully
encrusted with a mineral deposit. At this location carbonate mineralization occurred during
the last few years. Additional laboratory and field experiments are in progress to evaluate
the role of magnesium ion inhibition of carbonate formation in Pyramid Lake.

CONCLUSIONS

Magnesium ion inhibits calcium carbonate nucleation and calcite crystal growth.
Calcium carbonate formation inhibition by magnesium ion concentrations in Pyramid Lake
water (about 4 x 10-3 moles per liter) at the maximum summer lake supersaturation values
(about supersaturations of 10) is consistent with laboratory data.

Calcium carbonate nucleation is reduced by millimolar magnesium ion concentra-
tions. Induction times, compared to magnesium free solutions, increase in solutions contain-
ing millimolar magnesium ion. Whitings in Pyramid Lake result from calcium carbonate
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nucleation and are influenced by water column supersaturation and also perhaps by magne-
sium ion concentration levels. Massive lake whitings, observed during the 1980’s, indicate
that at that time supersaturations were well above 10. Elevated Pyramid Lake supersatura-
tions may reflect high calcium ion loads transported to the lake during peak discharge.
Carbonate nucleation studies of lake water may have application in characterizing and
predicting Pyramid Lake whiting episodes. Continued research in this area is warrented.

Present-day Pyramid Lake maximum supersaturation occurs in late summer, corre-
sponding to the maximum lake water temperature, and is below the value necessary for
nucleation. An increase in maximum summer supersaturation appears to be necessary to
cause whiting episodes now (1994). Whitings in other large lakes (i.e., the North American
Great Lakes) occur at lower supersaturations, presumably because inhibitor concentrations
in these lakes are lower than in Pyramid Lake.? Crystal growth kinetic characterization is
the key to understanding carbonate formation in and about Pyramid Lake, and at other Great
Basin Lakes. Continued research on the influence of inhibitors on carbonate mineralization
reaction rates is needed.
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INTRODUCTION

Cooling water systems represent the single largest area of industrial water use. Most
of these systems operate by evaporative cooling, allowing the system water to become
supersaturated with respect to dissolved mineral salts. In such a cooling system, cool water
is pumped across metal heat exchange tubes which are in contact with a hot process. The
heated water then enters a cooling tower and, through evaporation, becomes cooled. The
remaining cool water reenters the system to repeat the process. Since heated system water
is lost through evaporation, the concentration of dissolved solids in the system water
increases. As a result, the cooling water can become highly supersaturated with respect to
mineral salts. Calcium carbonate, for example, can deposit on the heat transfer surfaces of
the cooling system, thus lowering heat transfer efficiency, increasing pumping costs and
requiring frequent system cleaning. Substoichiometric deposition control chemicals have
long been the most cost effective solution to the problem of mineral salt deposition.! The
addition of a small amount of deposit treatment chemical can have a dramatic effect on the
formation of mineral scales. Continuous improvement of inhibitor chemistries is necessary
due to constantly progressing technical, financial, and environmental treatment require-
ments. A key to the efficient development of acceptable calcium carbonate control chemis-
tries is an understanding of the influence of inhibitor structural parameters on the
fundamental processes involved in scale formation.?

This paper will examine some of the methods used to study calcium carbonate deposit
formation and to determine the modes of action of the chemical inhibitors. The inhibitors
which will be discussed are shown in Figure 1. The use of time lapse video microscopy to
investigate the fundamental processes involved in calcium carbonate deposit formation will
be discussed. Studies of overall calcium carbonate formation kinetics in the presence of
inhibitor using pH static precipitation techniques will be presented. In situ crystal growth
experiments using in situ atomic force microscopy and constant composition methods will
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Figure 1. Molecular structures of representative phosphonate inhibitors: PBTC (2-phosphonobutane-1,2,4-tri-
carboxylic acid), HEDP (1-hydroxyethylidene-1,1-diphosphonic acid), HMDTMP (hexamethylene-N, N, N’,
N’-diamine tetramethylenephosphonic acid), AMP (aminotrimethylenephosphonic acid), MADMP (methy-
laminodimethylenephosphonic acid), POTMP (polyoxypropylenediamine-N, N, N’, N'-tetramethylenephos-
phonic acid), 1,1-EDPA (ethane-1,1-diphosphonic acid), and 1,2-EDPA (ethane-1,2-diphosphonic acid).

be presented. Emphasis will be placed on the use of these methods to develop an under-
standing of the influence of chemical structure on calcium carbonate control. The relation-
ship between calcium carbonate control performance and molecular size, connectivity, and
functionality will be discussed.

MECHANISM OF DEPOSIT FORMATION

The mechanism of scale formation is complex, with many parallel processes
contributing to mineral deposition.> Some of the more important fundamental processes

Figure 2. Schematic representation of processes
involved in initial stages of scale formation: (a) ion
pairing, (b) prenucleation aggregate growth, (c) and
(d) particle nucleation and growth.
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involved in scaling are shown schematically in Figures 2 and 3. The kinetic pathway
toward mineral scale deposition begins with electrostatic interactions between dissolved
anions and cations resulting in ion pairing. Ion pairs are the building blocks of larger
molecular assemblies or prenucleation aggregates. Molecules which can complex either
constituent of the ion pair are termed chelating agents and can disrupt ion pair formation
(Figure 2a). The ion pair concentration increases at higher supersaturations and can
aggregate to form larger particles. The aggregates are in dynamic equilibrium with the
solution, and polyelectrolytes can adsorb to prenucleation aggregates and influence the
growth and dissolution kinetics (Figure 2b).

The free energy of a particle nucleation event is dependent upon aggregate size. The
aggregate size determines the volume and surface free energy contributions to the overall
free energy. When an aggregate grows to some critical size (driven by supersaturation)
nucleation of a solid state particle occurs.* These larger, nucleated precipitates do not readily
redissolve. “Homogeneous™” nucleation refers to particles nucleated in the bulk solution
(Figure 2c), while nuclei generated at a surface are formed by “heterogeneous” nucleation
(Figure 2d). In actuality, both types of nucleation events probably occur at a heterogeneous
interface, but isolating the nucleation site (dust, impurity, etc.) in bulk solution is quite
difficult.

Once particles are nucleated, either at a macroscopic surface or in solution, there are
several potential deposit growth mechanisms.® The most important physical processes which
contribute to deposit formation are:

Direct ion incorporation into the solid state lattice
Nucleation at the surface of a crystallite

Particle agglomeration

Particle adsorption onto a heat transfer surface

In addition to these processes, solid state phase transitions which occur during
precipitation will influence the kinetics of the processes described above (Figure 3c). Athigh
supersaturation ratios (>5), the nucleated phases may not be thermodynamically favored.
For example, calcium carbonate monohydrate is not the thermodynamically favored phase
under most solution conditions. However, if the kinetics of ion dehydration are slow, a
hydrated calcium carbonate phase may be nucleated. This is a simple illustration of a
kinetically controlled nucleation event. Under most cooling water conditions, the calcium
carbonate particles nucleated tend to be amorphous with some hydration initially. Phase
transitions to more thermodynamically favored anhydrous phases such as calcite or aragonite
occur over time.

Figure 3. Schematic representation of
post-nucleation processes contributing
to scale deposition: (a) particle adsorp-
tion, (b) agglomeration, (c) phase tran-
sitions.
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One would like to follow the complex crystallization kinetics by characterizing the
individual processes. The methods described below represent current analytical techniques
for evaluating calcium carbonate precipitation under conditions relevant to cooling water
applications.

TIME LAPSE VIDEO MICROSCOPY

Time lapse video microscopy (TLVM) has been developed as an in situ charac-
terization technique for calcium carbonate scaling phenomena in simulated cooling water
systems. Nucleation, growth, agglomeration, and adsorption processes are observed and
quantified directly using TLVM. Images of a glass heat exchanger in a simulated cooling
system depicts the early stages of a deposition event (Figure 4a). In this experiment, the
calcium carbonate supersaturation was increased by slow addition of hardness and alkalinity
over time until a nucleation event occurred. Optical microscopy characterizes particle sizes,
morphologies, and frequencies during scale deposition. The dynamics are captured on video
as illustrated in the image obtained from the same location two hours later. Figure 4b depicts
multiple crystal outgrowths from a central calcium carbonate agglomerate. In addition,
smaller particles from solution have adsorbed/agglomerated around the edges of the central
growth. The smaller particles have a lower attachment energy and easily desorb under the

Figure 4. Time lapse video micrographs of
calcium carbonate nucleation and growth at
a glass heat transfer surface in the absence
of inhibitor. The images depict two hours of
growth at a central cluster followed by ad-
sorption of smaller particles at the edges of
the cluster. The full horizontal scale is 75
microns.
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shear flow conditions of the experiment. The full field of horizontal view in these images is
75 microns.

Figures 5a and 5b display the results of a similar process simulation performed in the
presence of 20 ppm of an organic phosphonate inhibitor. Nucleation occurs first at a
preexisting calcium carbonate particle about S microns in diameter (center of Figure 5a).
Within twenty minutes of the initial nucleation event, multiple nucleation events are
observed uniformly across the 75 micron field of view. The glass surface becomes decorated
with calcium carbonate particles 3-10 microns in diameter. The calcium carbonate nucleation
frequency, growth rate, and particle morphology are dramatically altered in the presence of
an organic inhibitor molecule.

Although the previous two experiments present phenomena occurring on a glass
surface, the heat exchangers of cooling water systems are typically made of carbon steel,
stainless steel, copper or copper alloy. Since the surface has an influence on heterogeneous
nucleation events, a change in surface structure and composition could have a significant
impact on the process of deposit formation. Time lapse video microscopy experiments
performed using a copper heat exchange surface indicate that calcium carbonate deposition
at the copper surface is mechanistically different from deposition on glass. One such
experiment performed under the same conditions as the process simulation example of Figure
5 except on copper is summarized in Figure 6. Figure 6a shows the copper surface prior to
the formation of any deposit. In addition to unique surface functionalities and interfacial
chemistry, the copper surface possesses a much larger surface roughness than glass. When

Figure 5. Time lapse video micrographs of
calcium carbonate nucleation and growth at
a glass heat transfer surface in the presence
of inhibitor. Nucleation occurs at a central
preexisting particle, followed by uniform
decoration of the glass heat transfer surface.
The images are separated by 14 minutes and
the full horizontal scale is 75 microns.
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Figure 6. Time lapse video micrographs of
calcium carbonate nucleation and growth at
a copper heat transfer surface in the pres-
ence of inhibitor. Top, surface is rougher
than that of the glass and clean of calcium
carbonate. Bottom, within twenty minutes
the surface has become completely covered
by a uniform submicron particle calcium
carbonate deposit. The full horizontal scale
is 100 microns.

scale formation occurs in the presence of copper, shown in Figure 6b, the particle size is
much smaller and the number of surface nucleation events is much higher. Within twenty
minutes of the initial nucleation event, the entire surface has been uniformly covered with
calcium carbonate. No signs of particle adsorption or agglomeration were observed. The
unique nucleation sites and interfacial chemistry of a copper surface cause fundamental
changes in the calcium carbonate scale deposition process.

pH STATIC PRECIPITATION

Static pH precipitation techniques are the most common experiments used to study
calcium carbonate formation in the presence of inhibitors. Ion pair formation, aggregation,
nucleation, crystal growth, agglomeration and phase transitions, all processes key to the
deposition of calcium carbonate, occur during pH static calcium carbonate precipitation. By
observing the changes in calcium and inhibitor concentration over time, such experiments
provide a measure of the kinetics of overall calcium carbonate formation in the presence of
an inhibitor.

The results of a pH static precipitation experiment performed using PBTC (2-phos-
phonobutane-1,2,4-tricarboxylic acid) are shown in Figure 7. Note that in the absence of
inhibitor rapid precipitation of calcium carbonate takes place with the nearly complete loss
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Figure 7. Calcium concentration of a pH static experiment decreases to near zero within a few hours in the
absence of inhibitor. In the presence of PBTC, calcium and inhibitor concentrations decrease slowly over a 52
hour precipitation time.

of soluble calcium within a few hours. In the presence of PBTC, however, the rate of calcium
carbonate formation is drastically lower and two distinct kinetic regions of calcium carbonate
formation are evident. Filterable particles appear within the first hour, after which calcium
carbonate precipitation and growth takes place very slowly over the next several hours.
During this slow formation stage the rate of inhibitor consumption is greater than the rate of
soluble calcium loss. After 8 to 22 hours the rate of calcium carbonate formation increases
and remains relatively constant up to the end of the experiment. During this second stage of
calcium carbonate formation the inhibitor depletion rate is somewhat lower than that of the
first few hours. These two different kinetic regions reflect the differences in the fundamental
processes which are dominant at different stages of calcium carbonate precipitation inhibited
by PBTC.

The calcium depletion profiles for several other inhibitors are displayed in Figure 8.
The data for PBTC is included for comparison. Although not shown, in each case the inhibitor
depletion profile is well correlated to the loss of soluble calcium. Although the four selected
inhibitors contain many similarities, there are significant differences between their action at
both early and later stages of calcium carbonate formation. For example, PBTC and
polyoxypropylenediamine-N, N, N’, N'-tetramethylenephosphonic acid (POTMP)® exhibit
a very slow formation region over the first eight hours of the experiment whereas hex-
amethylene-N, N, N’, N'-diaminetetramethylenephosphonic acid, (HMDTMP) and the phos-
phonomethylated polymer (Phos polymer) display relatively constant calcium carbonate
formation rates throughout the experiment. The most dramatic change in the rate of calcium
carbonate formation occurs in the presence of POTMP. In the case of this inhibitor, a massive
calcium carbonate formation (nucleation and/or growth) event occurred between 8 and 24
hours after initiation of the experiment. Approximately 75% of the soluble calcium has been
removed after this change in precipitation kinetics. Clearly, the dominant process occurring
at this second stage of calcium carbonate formation cannot be controlled by POTMP.
Unfortunately, static pH precipitation studies are unable to reveal the nature of the funda-
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Figure 8. Calcium concentration profiles for PBTC, Phos polymer, HMDTMP and POTMP over a 52 hour
precipitation time. The unique shape of the POTMP depletion profile compared to the other inhibitors
demonstrates the time dependence of inhibition activity. The POTMP inhibitor has the lowest soluble calcium
level at the end of the trial.

mental calcium carbonate precipitation process occurring at the two kinetic regions for these
inhibitors.

CALCITE CRYSTAL GROWTH

While pH static methods allow the evaluation of overall calcium carbonate inhibitor
performance, they reveal little mechanistic information about the processes occurring during
separate kinetic regimes of precipitation. Techniques which isolate individual processes are
required to separate the inhibitor’s influence on each kinetic step of the deposition pathway.

Figure 9. Schematic representation of ordered crystal growth depicting terrace, step, and kink surface sites.
Adsorption, desorption, and surface diffusion rates influence the observed rate of crystal growth.



Development of Calcium Carbonate Inhibitors 41

Atomic force microscopy and the constant composition method are examples of techniques
which have been used for isolating crystal growth and crystal growth inhibition.

ATOMIC FORCE MICROSCOPY (AFM)

Calcite crystal growth, shown schematically in Figure 9, can be characterized in situ
on submicron length scales using AFM. The crystal grows by incorporation of cations and
anions (or ion pairs) to surface sites. Typically, adsorption of solution species onto the surface
is followed by some combination of surface diffusion, dehydration and incorporation into
the crystal lattice. Generally, surface sites such as step edges and kinks are the most favorable
positions for the incorporation of adsorbed ions into the crystal lattice.’

Using atomic force microscopy it is possible to observe calcite crystal growth in situ.
Figure 10a shows an AFM image of the (104) cleavage plane of a calcite crystal under a
supersaturated calcium carbonate solution. The higher topographical regions are lighter in
color. The image illustrates a series of terraces separated by step heights of 4-5 angstroms.
Note that at early stages under solution the steps appear relatively jagged. Images obtained
every 1.5 minutes during growth are shown in Figures 10a - 10d. As seen in the sequence of
images, growth occurs at the step edges so that the steps appear to move perpendicular to
the step axis. Furthermore, by the end of the series of images the steps have become relatively
smooth and parallel to one another. Preferential incorporation at kink sites reduces the
roughness along the step axis, and parallel step axes results from stabilization of a low energy
crystallographic plane of calcite. In summary, high energy surface sites fill in rapidly and
the remaining lower energy planes are manifested in the resultant surface topography.®

The addition of inhibitor species disrupts the crystal growth process. Studies calcite
growth in the presence of orthophosphate® and in the presence of 1-hydroxyethylidene-1,1-
diphosphonic acid (HEDP)!? indicate that growth inhibition by phosphorus containing
inhibitors occurs through the preferential adsorption at growth sites such as step edges and
kinks by an inhibitor species. Growth may then continue only through a less favored, slower
pathway (i.e. nucleation at a terrace site). Other phosphonate inhibitors such as PBTC likely

Figure 10. Atomic force micrographs illustrating step advancement on the (104) crystallographic face of
calcite. The images obtained in situ demonstrate the dynamics of surface structure evolution on the submicron
scale. The images are 2800 x 2800 nanometers with a vertical scale of 10 nanometers.
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Figure 11. Atomic force micrographs illustrating complete crystal growth inhibition by PBTC on the (104)
crystallographic face of calcite. The images obtained in situ are 2800 x 2800 nanometers with a vertical scale
of 10 nanometers.

operate through a similar inhibition mechanism. Atomic force micrographs of calcite crystal
growth in the presence of PBTC are presented in Figure 11. These images are a continuation
of the AFM images shown in Figures 10a -10d. After normal calcite growth, a solution
containing PBTC was injected into the cell. As displayed in the images, no change in the
crystal surface due to growth is detected by the AFM over a period of 12 minutes. After
flushing the PBTC containing solution from the cell with the previous supersaturated growth
solution, normal crystal growth was reinitiated.

CONSTANT COMPOSITION

Although atomic force microscopy can aid in the understanding of the mechanism
of crystal growth and crystal growth inhibition, it is not as useful in understanding the
chemistry taking place at the crystal surface. In order to better understand the interaction of
inhibitors with the crystal surface the constant composition method, developed by Professor
George Nancollas,!! may be used. This method is a technique for quantifying the kinetics of
crystal growth and has been used to investigate the influence of inhibitor structure on calcite
growth,!213

In a typical experiment, calcite crystals are introduced to a solution with a calcite
supersaturation of ca. 2. As crystal growth occurs the solution pH drops. An autotitration
system maintains a constant test solution pH through the addition of a carbonate/bicarbonate
buffer. A calcium solution is also simultaneously added. The concentrations of the buffer and
the calcium solution are chosen such that a constant test solution composition is maintained
throughout the experiment. Normal crystal growth is then allowed to proceed until 5
milliliters of titrant have been added, after which crystal growth inhibitor is introduced. The
change in the rate of addition of titrant to the test solution, directly correlated with the rate
of crystal growth, provides information about the effectiveness of the potential growth
inhibitor.

By performing a series of crystal growth experiments in the presence of different
concentrations of inhibitor it is possible to describe the concentration/activity relationship
for a given inhibitor as shown in Figure 12. As seen in the figure, the addition of a relatively
small amount of PBTC has a large influence on the kinetics of crystal growth. In the absence
of added inhibitor, crystal growth continues unchanged after 5 milliliters of titrant addition.
In general, the relationship between growth control and inhibitor concentration is linear. The
addition of PBTC produces a period of time over which crystal growth is impeded.
Eventually, however, the ability of the inhibitor to control the growth of the crystal
diminishes and rapid normal crystal growth is reinitiated. The amount of time over which
growth is controlled is dependent on the concentration of inhibitor. Increasing the inhibitor



Development of Calcium Carbonate Inhibitors 43

30
0.03 ppm
25
20 -
15 -
10

. 0.05 ppm

Titrant Volume (mls)

O 'I T T T L
o] 300 600 900 1200 1500
Time (min.)

Figure 12. Calcite growth inhibition by PBTC at varying concentrations. Growth control is linearly dependent
on the amount of PBTC added after 5 mls titrant addition. In the absence of PBTC the growth rate is unchanged
after 5 mls titrant addition.

concentration ingreases the length of the inhibition period. Note that although the rate of
calcite growth is greatly reduced in the presence of PBTC, crystal growth and titrant
consumption continues throughout the experiment. One interpretation of these results is that
surface bound PBTC is slowly incorporated into the crystal through secondary crystal growth
processes. Dissolved PBTC replaces the PBTC consumed at the crystal face until the surface
coverage necessary for crystal growth control can no longer be maintained. Rapid growth
characteristic of uninhibited calcite is then observed. Since maintaining the necessary surface
coverage of PBTC is critical to growth control, the presence of excess inhibitor lengthens
the period of growth control. The amount of the excess inhibitor determines the amount of
time over which crystal growth is controlled.

By comparing the crystal growth inhibitive properties of different inhibitors it is
possible to probe the influence of chemistry on growth control. An examination of different
derivatized acrylic acid polymers of similar molecular weight, shown in Figure 13, demon-
strates the lower activity of polymers relative to small molecule phosphonates such as PBTC.
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Figure 13. Calcite growth inhibition by derivatized acrylic acid polymers and PBTC. The polymers display
lower growth inhibition activity than PBTC. Derivitization of polyacrylic acid with phosphonate or sulfonate
lowers performance.
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Figure 14. Calcite growth inhibition by polyacrylic acid, PBTC, HEDP and AMP. Increasing phosphorus
content appears to improve performance.

Whereas introduction of phosphonate groups can improve the performance of a small
molecule inhibitor, the addition of pendant phosphonate groups to an acrylic acid polymer
lowers the performance. In this case, optimizing the structure and charge density on the
polymer backbone appears to outweigh any phosphonate group advantage. Even lower
performance is observed for sulfonate derivatives.

A comparison of calcite growth inhibition provided by PBTC, HEDP, ami-
notrimethylenephosphonic acid (AMP) and an acrylic acid polymer is shown in Figure 14.
Clearly, the best growth control is provided by AMP and the least is provided by the polymer
at equal concentrations. Although at first glance the data also seems to suggest that the
number of phosphonate functional groups determines an inhibitors calcite growth activity,
this is not entirely the case. Whereas the presence of phosphonate moieties has long been
known to enhance calcite growth inhibition, molecular structure plays an equal, if not
superior, role in calcite growth inhibition. This is most clearly demonstrated in Figure 15, a
comparison of the calcite growth inhibition provided by 1,1 and 1,2 diphosphonates. As
shown in the figure, HEDP and ethane 1,1 diphosphonic acid (1,1-EDPA) display high levels
of inhibition. Ethane 1,2 diphosphonic acid (1,2-EDPA), in contrast, is a poor calcite growth
inhibitor even at 2.5 times the concentration of HEDP. The large difference in growth
inhibition activity between the 1,1 and 1,2 diphosphonates suggests that molecular structure,
rather than phosphonate content, is the critical parameter determining calcite growth control
activity. This is further supported by the observation that, even though 1,2-EDPA has a much
higher phosphonate content, PBTC displays substantially higher calcite crystal growth
inhibition characteristics than 1,2-EDPA.

Molecular structure also plays a strong role in the calcite growth inhibition perform-
ance of aminomethylene phosphonates. As seen in Figure 16, drastically different calcite
growth kinetics are obtained in the presence of a phosphonomethylated polymer, a phos-
phonomethylated monoamine and a pair of phosphonomethylated diamines. The polymer
and monoamine derivatives display relatively poor performance as growth inhibitors in
comparison with PBTC. Both compounds display almost no deflection of the calcite growth
curve after addition of inhibitor. Other phosphonomethylated polymers and monoamines
have been found to similarly display poor calcite growth inhibition. In contrast, phos-
phonomethylated diamines typically yield better crystal growth inhibition and both
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Figure 15. Calcite growth inhibition by diphosphonic acids. 1,1-EDPA and HEDP show high activity whereas
1,2-EDPA displays little activity at 0.02 ppm. At 2.5 times this concentration 1,2-EDPA shows little improve-
ment.

HMDTMP and POTMP display better calcite growth control than methylaminodimethyle-
nephosphonic acid (MADMP). The two diamines, however, produce vastly differing levels
of performance. While HMDTMP yields growth control approaching that of PBTC, POTMP
demonstrates very poor calcite growth inhibition characteristics and only slightly alters the
rate of crystal growth. In this case, the structure of the diamine backbone rather than
phosphonate placement appears to determine inhibitor performance. Thus, a seemingly small
change in the diamine structure has a profound influence on calcite growth inhibition
performance.

These results offer an explanation for the differences in calcium carbonate inhibition
observed between HMDTMP and POTMP in pH static precipitation experiments (Figure 8).
The change to higher precipitation and growth kinetics detected after the initial stages the
experiment performed in the presence of POTMP may have been the result of a calcium
carbonate phase transition. The relatively amorphous calcium carbonate initially formed may

301 Phos | MADMP
polymer;

POTMP HMDTMP PBTC
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Figure 16. Calcite growth inhibition by phosphonomethylated acrylic acid polymer (Phos polymer), MADMP,

POTMP, HMDTMP and PBTC. POTMP, though similar in structure to HMDTMP, shows poor calcite growth
inhibition.
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have been readily controlled by POTMP. Growth of a more crystalline calcium carbonate,
similar to calcite, which would be favored in subsequent stages could not be adequately
inhibited. Since HMDTMP appears to perform as both an amorphous and crystalline calcium
carbonate inhibitor, its overall performance surpasses that of POTMP.

SUMMARY

The processes involved in calcium carbonate scale deposition are often quite com-
plex. Analytical techniques have been presented which examine ir situ dynamics or isolate
calcite growth characteristics. Time lapse video microscopy and atomic force microscopy
have captured dynamics of scale deposition and crystal growth which has not been readily
observable previously. Precipitation experiments and constant composition experiments
provide additional kinetic data on the calcium carbonate precipitation process complemen-
tary to other characterization techniques.
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ABSTRACT

A new non-phosphorus scale inhibitor that prevents different types of scales under
industrial process conditions has been developed. The new compound can be applied to
control calcium carbonate scale in the cooling industry, both recirculating cooling towers
and once through systems. The inhibitor has shown excellent performance in preventing
calcium carbonate, barium sulfate, and calcium oxalate precipitation under conditions typical
to the paper industry. Applications of this new non-phosphorus anti-scaling agent (NPA) can
be extended to the oil industry since as it has shown excellent scale inhibition for calcium
carbonate and barium sulfate and acceptable inhibition for calcium sulfate under typical oil
industry conditions. The new inhibitor is stable in the presence of chlorine and it possesses
tolerance to relatively high calcium, iron, and aluminum concentrations.

INTRODUCTION

Scale formation is a serious problem in many areas such as cooling water technology,
desalination, paper industry, and oil production. The calcium carbonate polymorphs, calcium
sulfates, barium sulfate, calcium phosphates and in some cases, like in the paper and food
industry, calcium oxalates are all involved in scale formation.!? A scale problem causes
production losses by reducing the heat transfer capacity of heat exchangers, emergency
shutdown, clogging of pipelines, etc. The formation of these scales is affected by several
parameters such as temperature, rate of heat transfer, pH of the water, and the character and
concentration of ions present in the water.

In the past three decades, vast quantities of water have been used for cooling due to
the large industrial growth and development. In an effort to conserve water, it has been
necessary to minimize the blowdown which has resulted in an increase in the cycles of
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concentration in the tower. This, in turn, increases the chances of deposition of sparingly
soluble salts on the heat exchangers.

In the paper industry, scales such as calcium carbonate and barium sulfate are very
common. This scale formation may cause capacity problems, increased steam consumption,
reduced liquor flow, poor washing, increased salt cake loss, and loss or reduced quality of
production. Also in this industry, calcium oxalate deposition frequently appears in sulfite
and NSSC (neutral sulfite semi-chemical) evaporators. Lower steam economy, heat transfer
coefficients and production rates result from these deposits.

In the oil industry, barium, strontium, and calcium sulfates, and calcium carbonate
are the predominant components of the scale layers. Barium and strontium sulfates being in
the primary scale layers and the calcium sulfates and carbonates in the secondary layers. The
development of these scale layers results in production losses.*

In the past, phosphate containing compounds, such as sodium tripolyphosphate and
sodium hexametaphosphate have been used to prevent such scaling. However, due to
environmental problems (eutrophication of sea areas, rivers and lakes) and the tendency of
these compounds to form calcium phosphate scales, their use has been reduced in favor of
other scale inhibitors, such as phosphonic acids and polyacrylates. In the case of phosphon-
ates, it is well known that even at moderate conditions of calcium hardness, pH, and
temperature, they can react with calcium ion and precipitate as a calcium phosphonate scale
former salt, which can induce the precipitation of other scale formers. In addition, phosphon-
ates can also produce eutrophication. Also, it has been established that at high phosphonate
concentrations, the protective corrosion film formation can be reduced and an increase in
corrosion, especially pitting, is observed.

Polyacrylic and polymaleic acids have a limited effectiveness, especially at high
cycles of concentrations and pH. Moreover, in waters containing high concentrations of
silica, their effectiveness is greatly reduced. As in the case of the phosphonates, these also
have tendency to form insoluble calcium salts.

In the present study, we present results on scale inhibition testing conducted with a
new scale inhibitor based upon polyepoxysuccinic acid that has been developed and patented
by Betz Laboratories.>® This new non-phosphorus inhibitor, in addition of being “environ-
mentally friendly”, provides better scale control than other treatments typically used.

EXPERIMENTAL

Calcium Carbonate Testing

Static beaker and dynamic tests were conducted by using double distilled water and
reagent grade chemicals. The static beaker test involved the adding of the treatment to a
solution containing calcium and carbonate ions at the pH studied. The beakers were
incubated in a water bath for 18 hours at 70 °C. After cooling, a measured portion was filtered
and the calcium concentration measured by using the standard ethylenediamine tetraacetic
acid titration method. Murexide was used as the indicator. Percent inhibition was calculated
from the titration of the treated, stock and control solutions.

Two types of dynamic tests were performed. The first one was conducted in a Bench
Top Unit (BTU) in order to evaluate the efficacy of the treatment as scale control agent for
cooling water systems. These recirculator units are designed to provide a realistic measure
of the ability of a treatment to prevent corrosion and scale formation under heat transfer
conditions. The treated water is circulated through a corrosion coupon by-pass rack and a
heat exchanger tube contained in a Plexiglas™ block. The heat exchanger is fitted with an
electrical heater that allows to control of the heat load in the 0 to 16,000 BTU/fi%/hr. range.
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Figure 1. Schematic representation of a Bench Top Unit.

The water velocity at the surface of the heat exchanger can be varied between 0 and 4.5
ft./sec. The pH and the temperature of the circulating water are automatically controlled. The
treated water is prepared by the addition of the component ions to deionized water. Provisions
for continous makeup and blowdown are made by pumping freshly treated water from supply
tanks to the sump of the unit, with overflow from the sump serving as blowdown. The efficacy
of the treatment is assessed by the amount of deposit that is formed on the heat exchanger
surface and other surfaces present in the unit. The absence of bulk precipitation is also taken
into account. Figure 1 shows a schematic representation of the BTU.

The second dynamic method used has proved to be effective to simulate in the
laboratory scaling conditions existing in paper mills and in the oil industry. In the test
apparatus, four tube lines are combined to form a supersaturated solution by mixing four
solutions that contain the ions of the scale former salt. One of these lines will usually contain
the scale control product being tested. The supersaturated solution is pumped at constant
flow rate through a capillary stainless steel tube, which is installed in a thermostatic bath.
As scaling occurs, the pressure needed to keep the flow through the capillary increases. The
change in pressure with time is monitored continuously. Effective scale inhibitors are
recognized by a reduced or completely halted increase in pressure. Figure 2 shows a
schematic representation of this type of unit.

Barium Sulfate Testing

Static barium sulfate beaker tests were conducted by adding the treatment to a
solution containing barium and sulfate ions at the required temperature and pH. The beakers
were incubated in a water bath at 60°C for 1 hour. The hot solutions were then filtered through
0.22 pm filter paper and analyzed for barium by inductively coupled plasma atomic emission
spectroscopy (ICP). Percent inhibition was calculated from the barium concentration of the
treated, stock and control solutions.

In the case of the paper industry, the efficacy of most barium sulfate inhibitors is
affected by the presence of aluminum ions. Therefore, tests were also conducted in the
presence of aluminum ions.
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Figure 2. Flow diagram of unit used to simulate conditions existing in paper mills and in the oil industry.

Calcium Oxalate Testing

Calcium oxalate tests were conducted by using the static beaker test. In this test, the
treatment was added to a solution containing calcium and oxalate ions at the required
temperature and pH. The beakers were incubated in a water bath at 60°C. After 1.5 hours of
incubation, the beakers were removed from the water bath and a measured portion of the
solution was filtered and the calcium concentration measured by ICP. Percent inhibition was
calculated from the analyses of the treated, stock and control solutions.

Calcium Sulfate Testing

Static beaker tests were used to evaluate the efficacy of inhibitors for calcium sulfate
scale control. As in the other beaker tests, the treatment was added to the solution containing
the ions of the scale former salt (calcium and sulfate). The beakers were incubated at 50°C
for 24 hours. After the incubation time and filtration, calcium was analyzed by EDTA titration
with the murexide indicator. The percent inhibition was calculated from the measured
calcium concentration of the treated, stock and control solutions.

Chlorine Tolerance Testing

Chlorine tolerance was tested by means of the static beaker test used for calcium
carbonate inhibition. The effect of different levels of chlorine on the percent inhibition was
measured.
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Calcium Tolerance Testing

Calcium tolerance beaker studies were conducted by adding the treatment to a
solution containing calcium ion at the required level. Ten millimoles of sodium borate were
used as a buffer to maintain the pH at the value studied. The beakers were incubated in a
water bath at 70°C for 18 hours. Turbidity measurements were performed to the solution in
the absence and presence of the treatment after the incubation period.

RESULTS AND DISCUSSION

Calcium Carbonate Scale Inhibition

Static beaker test results showed that the new non-phosphorus anti-scaling agent
(NPA) outperformed other typical scale inhibitors. Figure 3 shows a bar graph comparing
the percent inhibition obtained at the specified test conditions (supersaturation ratio [SSR]
equal to 12.2 - defined as the ratio of the product of the ionic activity of the calcium and
carbonate ions at the test conditions to the solubility product). As can be seen, NPA provided
better scale control than hydroxyethylidenediphosphonic acid (HEDP) and two polyacrylic
acids (PAA) of different molecular weights, when tested at the same treatment level (0.5 ppm
active). Another static beaker test was conducted at a higher supersaturation ratio (157). At
these more stressful conditions, NPA also showed to be more effective than HEDP (used as
the only treatment) and than Polymaleic acid (PMA) and PAA. The conditions and results
for this second test are illustrated in Figure 4.

Tests simulating typical cooling tower water conditions were conducted with a BTU
unit using the scale inhibitor alone and in blends with other typical components of cooling
water treatment programs. As shown in Table 1, under the conditions specified (SSR = 70;
Langelier Saturation Index = 2.2), NPA provided excellent scale prevention on the admiralty
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Figure 3. NPA outperformed other known scale inhibitors at SSR = 12.2.
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Figure 4. CaCO; inhibition by NPA and other scale inhibitors at SSR 157.

heat transfer surface, while other known non-phosphorus scale inhibitors, PMA and PAA,
failed to keep the heat exchanger surface free of deposit.

Table 1 also shows that NPA gave excellent performance when tested in programs
that use zinc ion as the low carbon steel (LCS) corrosion inhibitor. In this case, a second
polymer that is commonly used to keep zinc ion in solution and to disperse clay was also

Table 1. Prevention of calcium carbonate scale formation under typical cooling conditions

B. DYNAMIC TESTING
CONDITIONS: 600 ppm Ca as CaCO,, 200 ppm Mg as CaCO,, 438 ppm CO, as CaCO,,
250 ppm Alkalinity as CaCO,,

234 ppm SO,, 139 ppm Na, 426 ppm Cl, 50 ppm SiO,, 3 ppm TTA, pH = 8.50 at 120 Fahrenheit
(8.8 at room temperature), experimental temperature = 48.89 Celsius, (120 Fahrenheit), Flow
Velocity = 2.7 ft/sec, Heat Input = 550 Watts, Retention Time = 1.4 days, System Volume =12 L,
Test Duration = 7 days, SSR = 70 (LSI 2.2)

Heat Exchanger

Treatment - ppm Metal _Deposition Corrosion
BB 15 Admiraity NONE NONE

PMA -15 Admiralty SLIGHT NONE
PAA(MW - 2000) -16 Admiraity HEAVY NONE
Polymer 1

(Typlcally used for Admiraity HEAVY NONE
Zn(OH)2 inhibltion) - 20

Petyer 1 s Mild Steel NONE Aimost NONE
Zinc -2

::A -5

il for .

SiDisparsion - § Mild Steel NONE Almost NONE
Mild Steel Corrosion

Inhibitor -1

NPA -15
Iron -10 .
g;mﬁnc o Mild Steel NONE Almost NONE
Zinc -2
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Table 2. Prevention of calcium carbonate formation by NPA in comparison to PAA

B. DYNAMIC TESTING
CONDITIONS: 450 ppm Ca as CaCO,, 200 ppm Mg as CaCO,, 400 ppm Alkalinity as CaCO,,
300 ppm SO,, 241 ppm Na, 320 ppm Cl, 50 ppm SiO,, 3 ppm TTA, pH = 8.80 at 120 Fahrenheit
(9.1 at room temperature), experimental temperature = 48.89 Celsius, (120 Fahrenheit), Flow
Velocity = 2.7 ft/sec, Heat Input = 308 Watts, Retention Time = 1.4 days, System Volume = 121L,
Test Duration = 7 days, SSR = 128 (LSl 2.6)

Treatment Heat Exchanger
reatment - ppm oae .
ea PP Metal Deposition Corrosion
NPA -10
Dispersant for Admiral NONE for Admiralty
Suspended solids -5 or ty NONE Almost NONE when
Mild Steel Corrosion Mild Steel Mild Steel was used
Inhibitor -1
PAA -15
Dispersant for Almost NONE
Suspended Solids -5 Mild Steel Slight
Mild Steel Corrosion
Inhibitor -1

25

pressure (psi)

00 50 100 150 200 250 300
time (min)
—&— control —+— 25ppm NPA —A— 25ppm EDTMP

—&— 60ppm maleic copoly - >~ 40ppm AMP

Figure 5. Calcium carbonate inhibition by NPA under typical paper mills conditions.
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present. Iron did not affect the performance of NPA as a calcium carbonate inhibitor as
illustrated in Table 1.

Under more stressful conditions, as illustrated in Table 2, (SSR = 128), NPA was able
to control scale formation when blended with other typical components of cooling water
treatment programs. Polyacrylic acid (PAA), however, failed when it was used in the program
as the NPA replacement.

All tests conducted under typical cooling tower water conditions indicate that NPA
is able to control calcium carbonate scale formation with superior performance than other
known calcium carbonate scale inhibitors.

Dynamic testing conducted to simulate typical scale in paper mills showed that NPA
was also effective in preventing deposition under the conditions studied (150 ppm Ca?* as
CaCO0,, 3700 ppm Alkalinity as CaCO;; pH=12.5; T=101°C). As shown in Figure 5, twenty
five (25) ppm active of NPA was sufficient to control deposition on the surface of the capillary
tube. NPA was shown to be as effective as the same level of ethylenediamine tetrametyle-
nephosphonic acid (EDTMP), and superior to a maleic acid copolymer (tested up to 60 ppm
active treatment level) and aminotrimethylenephosphonic acid (AMP) (up to 40 ppm active).

Barium Sulfate Scale Inhibition

NPA has shown to be a superior barium sulfate scale inhibitor compared to other
materials typically used in the paper and oil industry. As it can be seen in Figure 6, one (1)
ppm active NPA was able to provide complete scale control under the beaker test conditions
(2 ppm Ba?*; 1000 ppm SO,%; 60°C; 1 hour test duration). The most remarkable fact from
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Figure 6. Barium sulfate scale inhibition by NPA at different pH values.
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Figure 7. Effect of aluminum ion on the performance of NPA and other known inhibitors.

the test is that NPA was not affected by pH changes. When the test was performed at pH 4.5,
NPA markedly outperformed the other inhibitors: polyphosphate, a copolymer of itaconic
acid and acrylic acid, and polymaleic acid. At a higher pH (5.5), NPA showed the same
efficacy as at pH 4.5. The other inhibitors had a moderate increase in their performance but
still were inferior to NPA.

In paper machines operating at acid pH, aluminum ions are usually present, causing
a decrease of the efficacy of most barium sulfate inhibitors. NPA showed to be affected to a
lesser degree in typical tests conducted to simulate the presence of 5 ppm Al**. Figure 7
shows the conditions and test results from which it can be observed that NPA outperformed
the other scale inhibitors studied. As in the previous study, NPA was not affected by changes
in pH.

The stability of efficacy with respect to pH renders NPA a tremendous improvement
in the prevention of barium sulfate scale in the paper and oil industries, at typical ranges.

Calcium Oxalate Scale Inhibition

In the paper industry, calcium oxalate deposition has been observed in sulfite mills
from the weak liquor storage tank throughout the evaporators and to the liquor nozzles before
final combustion. In the hypochlorite bleaching stage, with a pH of 7 to 9, and a strong
oxidizing environment which promotes oxalate formation from wood derivatives, conditions
are ideal for calcium oxalate formation.® The same is true for the chlorine dioxide stage.
Tests were conducted to study the performance of NPA as a calcium oxalate inhibitor under
conditions typical to the paper industry. In studies conducted at relatively low pH (4.0), NPA
outperformed other typical scale inhibitors (PAA and a terpolymer of maleic acid/ethyl
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acrylate/ vinyl acetate [MA/EA/VAY]). As in the case of the barium sulfate scale inhibition,
NPA was not affected by the changes in pH. Figures 8 and 9 illustrate the test conditions and
results of the studies performed at different pHs.

Calcium Sulfate Scale Inhibition

NPA showed moderate efficacy in preventing calcium sulfate scale formation. As it
can be observed in Table 3, higher active treatment levels of NPA were required to achieve
the same efficacy of other commonly used calcium sulfate scale inhibitors (AMP, PAA,
TENTMP). Test conditions and results are also given in Table 3.

Chlorine Tolerance Test

Chlorine is the most widely used biocide in several industries. Its powerful oxidizing
properties affect the performance of typical scale inhibitors. As illustrated in Figure 10, NPA
was not affected by the presence up to 10 ppm free chlorine in the water. The figure also
illustrates how NPA compares with respect to other scale inhibitors.

Calcium Tolerance Test

As mentioned in the introduction, most inhibitors have the tendency to precipitate as
their calcium salt at relatively high calcium concentrations and pH. This becomes a limitation
in applications where high level of calcium are present. In the case of the cooling water
technology, for example, this limitation reduces the number of cycles possible. NPA showed
excellent calcium tolerance. Under typical cooling water calcium concentrations (~500 ppm
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Figure 10. Chlorine tolerance of NPA and other known CaCO; inhibitors.
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Table 3. Prevention of calcium sulfate scale formation by NPA

STATIC BEAKER TEST CONDITIONS:
5000 ppm Ca as CaCO, pH=7.0
4800 ppm SO, Temperature = 120 Fahrenheit
2300 ppm Na  Test Duration = 24 hours

% INHIBITION
TREATMENT o 30 50
(ppm active) (ppm active) (ppm active)
NPA 14.6 48.9 92.7
AMP 84.3 97.4 97.8
PAA (2000 MW) 95.9 98.4 98.6
PAA (5000 MW) 82.5 98.5 99.0
TENTMP 98.2 97.9 98.4

Ca?* as CaCO;) NPA outperformed typical phosphorus and non-phosphorus containing scale
inhibitors. This is illustrated in Figures 11 and 12, where the test conditions and results are
presented. The same results were observed under conditions in which the calcium level was
increased to 1000 ppm as CaCO;, as shown in Figures 13 and 14.

The relatively high calcium tolerance showed by NPA makes it suitable for treatment
programs to control scale formation in cooling towers run at high number of cycles and
consequently at relatively high pHs, resulting in not only economical but also environmental
benefits, by way of water conservation.
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Figure 11. Comparison of NPA calcium tolerance with other typical phosphonate inhibitors at low ([Ca] = 500
ppm as CaCO;) calcium levels.
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Figure 12. Comparison of NPA calcium tolerance with other non-phosphorus scale inhibitors at low ([Ca] =
500 ppm as CaCO,) calcium levels.
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Figure 14. Comparison of NPA calcium tolerance with other non-phosphorus scale inhibitors at high ([Ca) =
1000 ppm as CaCOs,) calcium levels.

Aquatic Toxicology of NPA

One of the most important aspects of the development of an “environmentally
friendly” program is the effect of the treatment on natural systems. As mentioned before,
phosphate and phosphonate based programs represent an environmental concern due to their
eutrophication potential. NPA is of very low toxicity with respect to aquatic life, as shown
in Table 4.

Table 4. Aquatic toxicology of NPA

AQUATIC TOXICOLOGY OF NPA

Fathead Minnow
96 Hours Static Acute Bioassay
LC50: 1680 mg/L
No effect Level: 1350 mg/L

Daphnia magna
48 Hours Static Acute Bioassay
LC50: 1635 mg/L
No effect Level: 870 mg/L

Selenastrum Capricornutum (Green Algae)
96 Hours Growth Inhibition Bioassay
IC-10: 833 mg/L
1C-50: >3333 mg/L
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CONCLUSIONS

NPA has showed to be a very effective scale inhibitor for the most typically found
scale former salts (calcium carbonate, calcium oxalate, barium sulfate, and, to some extent,
calcium sulfate). The performance of this new inhibitor is not affected by the pH of the
industrial process under consideration. This was demonstrated in the cases of barium sulfate
and calcium oxalate scale prevention. The inhibitor is very calcium tolerant and its perform-
ance is not affected by the addition of chlorine to the water. Aquatic toxicology studies
showed that NPA is practically harmless to the environment. The results indicate that NPA
based programs to prevent scale formation in different industrial application will provide
better performance than typically used scale inhibitors.
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POLYMER MEDIATED CRYSTAL HABIT
MODIFICATION

Allen M. Carrier and Michael L. Standish

Alco Chemical

Division of National Starch and Chemical
P. O. Box 5401

Chattanooga, Tennessee 37406

INTRODUCTION

Prevention of crystal growth and modification of crystal morphology in aqueous
systems has received considerable attention recently due to changes in the water treatment
industry instigated by economic and environmental pressures. Water costs, especially in the
western United States, are forcing a shift in the manner that the water is managed. Histori-
cally, a concentration of minerals to the point of precipitation was reduced by discharging
the process water and making up with fresh water or by altering precipitation kinetics or
macroscopic crystal structure of mineral scale via water soluble polymers. The economic
and environmental concerns require the water manager to maximize the number of cycles
the process water must experience before being discharged to the environment. This
increases the driving force on precipitation in the system and a new generation of polymers
must be created that can be effective under these stressed conditions. The use of synthetic
polymers has been widespread since the early 1960’s! and has been our primary focus for
several years. We have found that polymers containing substantial amounts of maleic acid
are effective calcium carbonate scale inhibitors under these stressed conditions but histori-
cally suffer from poor cost effectiveness due to non-aqueous polymerization routes. We have
developed polymers containing substantial(>50 mole%) maleic acid prepared via an aqueous
polymerization route. The first commercial product from this technology is Aquatreat®
AR-980.

EXPERIMENTAL

The preparation and exact chemical composition of Aquatreat AR-980 are proprie-
tary.2 All molecular weights are determined via gel permeation chromatograph by the
published method?, available from Alco Chemical.
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Figure 1. Crystal modification of calcite by polymer.

Stressed Calcium Carbonate Scale Inhibition Test

This test is designed to evaluate polymers for calcium carbonate stabilization in high
pH and high electrolyte conditions and compare them to a known reference. The test can
quantitatively compare polymer effects on calcium carbonate threshold inhibition, disper-
sancy, and surface adhesion. The aqueous test solutions needed are: 0.2 M sodium carbonate;
a 160 ppm concentration of calcium prepared from calcium chloride dihydrate; and a solution
4.0 M in sodium chloride and 0.5 M in sodium hydroxide. Polymer test solutions should be
prepared as desired (NOTE: Ensure the polymers are neutralized to the same degree; this
permits accurate testing of active polymer for comparison purposes). To reduce experimental
error, the test solutions should be added in the following manner:

To 50 ml of 0.2 M sodium carbonate in a 250 ml Erlenmeyer flask is added the test
polymer solution (typically in the 0-100 ppm polymer range). To this mixture add, simulta-
neously, 50 ml of the sodium chloride/sodium hydroxide solution and 100 ml of the calcium
chloride solution. Randomly test the pH of various solutions. The pH should be 12.3 to 12.7.
Place all test solutions, including blanks prepared without polymer, into a 50 degree Celsius
water bath for 24 hours. Remove, let cool to room temperature and gently invert 3 times.
Filter the resulting slurry through a 0.2 micron membrane filter. The calcium carbonate
remaining in the flask and collected on the membrane filter are separately dissolved in 14%
nitric acid. The filtrate, dissolved scale from the membrane and the dissolved scale from the
flask are analyzed and quantified for calcium using Atomic Absorption spectrophotometry.
A Perkin-Elmer 5100 EC Atomic Absorption Spectrophotometer is recommended.

RESULTS AND DISCUSSION

Requirements for New Polymers

For any new polymer to enjoy commercial success in today’s marketplace it must
have an overall cost performance exceeding other available technologies. In general, where
calcium carbonate scale is the major concern, poly(acrylic acid) has been the standard, due
to it’s relative low cost. In recent years, the market has become more demanding. These
demands are due to several factors: increased water reuse which causes a buildup of scaling



Polymer Mediated Crystal Habit Modification 65

minerals beyond that previously seen; poorer quality of the make-up water as cleaner waters
are more in demand for potable consumption; and operation of systems under more scaling
conditions by continuing to push the systems beyond the initial design limits. Where few
systems existed in the recent past requiring polymers to work under these conditions, more
and more now require high performance polymers.

Modern water treatment requires the polymer be stable in a formulation with various
other compounds. These additional materials function to control corrosion, adjust pH, react
with hardness ions and scavenge oxygen. All the necessary components must be stable (no
phase separation) over several months at extremes of ambient temperature (from 0 to 45
degrees Celsius). Any new polymer must formulate or its applicability will be greatly limited.

Functionality of Polymers

Polymers offer the water treatment market several important functionalities:

e Threshold Inhibition

¢ Dispersion

¢ Crystal Modification

o Adhesion/Cohesion Modification

Threshold inhibition is defined as the ability of a substance to maintain the solubility
of an otherwise insoluble material beyond its normal limits at sub-stoichiometric levels. In
this way polymers differ from traditional chelants such as ethylenediamine tetraacetic acid
(EDTA) or nitrilo triacetic acid (NTA) since these work only in a stoichiometric manner. A
dispersion is a stable mixture of insoluble materials distributed more or less uniformly
throughout a liquid. By functioning as effective dispersing agents, polymers can keep
insoluble material from depositing in unwanted areas. Crystal modification is best described
in Figure 1.

The untreated calcium carbonate (calcite) is roughly cubic in its morphology which
lends to significant adhesion to a surface. The surface may be a heat transfer area, a place
where the fluid velocity is low or it may be another growing calcite crystal. By treating a
solution which will precipitate calcium carbonate with polymer one can substantially alter
the shape of any growing crystal. The precipitated material cannot adhere as easily to surfaces
and can more easily be removed from the system.

Design of New Polymers

It was our goal to design a new polymer that would have the necessary functionality
under stressed conditions. Stressed conditions are seen in systems that have any or all of the
following properties:

e High pH

o High Ionic Strength

¢ High Carbonate Alkalinity
o High Hardness

Traditional polymers used in water treatment do not function under these conditions,
often due to insolubility of the polymer in the complex matrix. Polymer compositions
consisting exclusively or primarily of maleic acid do show a degree of functionality in these
stressed systems. These materials are not widely used due to their cost, brought about by
their method of manufacture. Maleic acid containing polymers are typically made in organic
solvent and are then placed in aqueous solution via a solvent transfer process.
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Figure 2. Generalized reaction scheme for preparing high maleic acid containing polymers.

To prepare a more cost viable polymer, it would be necessary to develop a means to
effectively create high maleic acid containing polymers via an aqueous polymerization
process. The generic family of products that can be produced by our process are depicted in
Figure 2.

The process involves creating the polymer using aqueous free radical polymerization
techniques. The polymer compositions are all greater than 50 mole % maleic acid with the
remainder consisting of acrylic acid and a third monomer. The third monomer comprises 10
mole % or less. Through judicious use of reaction conditions it is possible to create polymers
with up to 65 mole % maleic acid by this process. The reactions are carried out under ambient
atmosphere in conventional batch reactors. Though idealized in Figure 2 as a regular block
terpolymer, there is no indication the polymers are anything other than totally random.
Molecular weights of the polymers are typical of those used for water treatment and are less
than 10,000 daltons. Polymers prepared by this technique are obtained as clear, amber
colored solutions of low viscosity at approximately 40% solids.

The polymerization process must also produce a compound with a high degree of
monomer incorporation. State and Federal regulations can classify certain materials as
hazardous if the levels of residual monomers are too high. Also in most formulations,
unreacted maleic acid would precipitate from solution if more than about one weight percent
remained unpolymerized. Our process provides for a typical total residual monomer level
of less than 0.1 weight %.

Evaluation of Polymers under Stressed Conditions

The applicability of laboratory testing to field conditions is a subject of great contro-
versy. This controversy can be avoided, or at least greatly reduced, if the conditions under which
the test are run are clearly given and the performance of a reference material known to function
in field applications is provided. In developing a static test for evaluating polymers under
stressed conditions we needed to operate at conditions of electrolyte, pH and polymer dosage
which are unreasonable in commercial water treatment. These conditions, however, were the
only ones we explored that gave qualitative results consistent with field applications, i.e.
poly(acrylic acid) did not perform and poly(maleic acid) did perform. In developing this test



Polymer Mediated Crystal Habit Modification 67

we also decided to extend the realm of static testing somewhat. Previous tests* provided
quantitative results on the ability of a polymer to function as a threshold inhibitor but did
nothing to quantify the total mineral level to ensure a proper mass balance was maintained. Our
test provides a quantitative mass balance of the calcium introduced into each experiment to
determine not only the level of threshold inhibition but also a means to quantify the dispersancy
and the adhesive/cohesive modifying ability of the polymer. Results from our evaluation are
shown in Figure 3.

To understand the significance of the data presented in Figure 3 it will be necessary
to provide some operational definitions:

o Filtrate Sample: Filtered sample containing calcium inhibited by the material. This
is representative of the threshold inhibition afforded by the material.

e Membrane Sample: Solid material collected on filter membrane. This is repre-
sentative of the dispersancy effect of the polymer.

e Adherent Sample: Material collected as attached to the surface of the sample flask.
This is representative of the polymer effect on the adhesive/cohesive properties of
the formed crystals.

The poly(acrylic acid) shown has a weight average molecular weight of about 2500 and
is typically used to prevent calcium carbonate scale in non-stressed conditions. The poly(maleic
acid) shown has a weight average molecular weight of about 800 and is the commercially
available product typically used. No commercially available samples of a 2500 molecular
weight poly(maleic acid) are available. Attempts in our lab to prepare such a material were not
successful. The performance of Aquatreat AR-980, with a weight average molecular weight of
about 2500, is given in the middle of Figure 3. The data show that under the conditions of the
test the poly(acrylic acid) has virtually no threshold inhibiting properties. Most of the calcium
has precipitated as calcium carbonate and is dispersed throughout the system and caught on the
membrane filter. About 8% of the calcium carbonate was attached to the flask. It is interesting
to note the lack of change in the performance of poly(acrylic acid) over a fairly broad treatment

Figure 3. Calcium carbonate scale evaluation under stressed conditions.
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Figure 4. SEM of calcium carbonate grown with various polymers.

range. The poly(maleic acid) shows significantly improved threshold inhibiting properties
which correlate to field data. The threshold inhibition increases with increasing dosage as
expected. There is little dispersing of calcium carbonate scale which is also consistent with field
observations and the effects remain essentially constant over the dosage range. There is
significant scale adhesion to the surface of the test vessel which decreases as threshold
inhibition increases. We also examined a wide range of alternate polymer technologies to
determine their efficacy in our test. Of all the compositions examined, the poly(maleic acid)
was the best of the commercially available products at threshold inhibition. The AR-980 shows
substantially improved threshold inhibition over the entire treatment range. At the higher
dosages, the majority of the precipitating scale is caught in the membrane filter indicating the
material is not adhering to the test vessel.

During our initial testing of AR-980, it was this significant change in the adhesion
phenomenon that was the most interesting to us. In virtually all polymer treatment systems
examined the scale produced was quite tenacious to the surface of the test flask. It was clear
even on a macroscopic level that some polymers altered the crystal morphology by the
physical form of the precipitate. In each experiment with AR-980, even when we altered the
test conditions to produce more scale, the crystals would not adhere to the flask. Our
exploration into this phenomenon led us to some startling results.

Polymer Modified Crystal Morphology

We grew and harvested crystals for study by optical and Scanning Electron Micros-
copy using a wide variety of experimental and commercially available polymers. The optical
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Figure 5. SEM of calcium carbonate grown with various polymers.

microscopy confirmed what we observed visually: the crystals of calcium carbonate pro-
duced while AR-980 was in solution looked significantly different from those produced with
any other type of polymer. The various crystals harvested with different polymers in solution
were examined by SEM. The results of the various polymers are shown in Figures 4 and 5.

Figure 4 (A) shows the cubic calcite which grows when there is no polymer present.
The crystals are reasonably large, about 10 microns along each edge and offer substantial
surface area to adhere to a surface or to bind cohesively to each other. Figure 4 (B) and (C)
show crystals grown in the presence of commercially available poly(acrylic acid/maleic acid)
typically used in the detergent industry. These polymers have a weight average molecular
weight of about 20,000 and an acrylic acid:maleic acid molar ratio of about 3.5:1. The
crystals show only minor changes from the typical calcite structure even maintaining
approximately the same size. Figure 4 (D) shows a commercially available poly(acrylic acid)
with a molecular weight of about 5000. The crystals are substantially altered showing the
trend toward a spherical distortion (Figure 1) with about a 10 micron diameter.

Figure 5 (A) shows calcium carbonate precipitated in the presence of the poly(acrylic
acid) used in our stress test experiments. The precipitate is substantially distorted showing a
spherical shape with a diameter of roughly 1 micron. The calcium carbonate tends to form
aggregates of these small spheres which are about 8 microns in diameter. Figure 5 (B) is a
commercially available poly(acrylic acid/maleic acid) with a weight average molecular weight
of about 5,000 and an acrylic acid:maleic acid molar ratio of about 2.2:1. The crystals are
distorted into platelets which grow together to form a “cauliflower” type of morphology. These
aggregates are 8-12 microns in size. Figure 5 (C) is an experimental poly(acrylic acid/maleic
acid) with a weight average molecular weight of about 2500 and an acrylic acid:maleic acid
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Figure 6. Calcium carbonate grown in the presence of Aquatreat AR-980.

molar ratio of 1:1. The precipitated calcium carbonate is distorted in a manner similar to 5 (B).
In Figure 5 (D) are calcium carbonate crystals grown with Aquatreat AR-980 present. These
crystals are , to the author’s knowledge, unlike any other ever reported for calcium carbonate.
Various magnifications of the crystals are shown in Figure 6.

The SEM photographs show the large size of the crystals formed when AR-980 is in
solution. Typical single crystal or agglomerations of crystals are 1-10 microns in size. Figure
6 (A) shows the precipitate to be on the order of 100-200 microns in length and are thus
considerably larger than those seen in Figures 4 and 5. The crystals appear to be filamentous
in nature and grow from a central nucleating site which appears to be a small calcite crystal.
Figure 6 (B), (C), and (D) show increasing magnification of the crystals and the “fan” like
structure that seems to be the start of crystal growth. We hypothesize that calcium carbonate
precipitating from solution in the presence of AR-980 grows in this manner and the growths
emanating from the nucleating crystal are mechanically unstable. These crystals are then
easily removed by an energy input into the system, such as mild agitation or the passing of
water through a heat transfer device. It is not presently known if these crystals represent a
thermodynamically stable form of calcium carbonate or if they are kinetically stabilized due
to the presence of polymer in the crystal matrix. Further work is planned in this area.

CONCLUSIONS

From our work we conclude the following:
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e We have developed an effective preparation for creating synthetic polymers
containing a high (> 50 mole %) level of maleic acid. This preparation is especially
advantageous since it is carried out in an aqueous environment.

e The synthetic scheme is versatile. We can control the polymer composition and
molecular weight over wide ranges. The process is efficient in that greater than 99
% of the monomer is incorporated into the polymer.

e Aquatreat AR-980 is an effective threshold inhibitor under the conditions of our
stress test. The stress test duplicates qualitative results reported from field appli-
cations.

o The polymer induces significant crystal habit modification.

o The modified crystals are mechanically unstable which accounts for the decreased
adherent calcium carbonate in our stress test. Crystals precipitated with AR-980
in the system would be more easily removed.

Our approach of combining polymer synthesis with meaningful applications testing
gives us the opportunity to optimize polymer composition for performance in a variety of
stressed conditions. The unique crystal modifying ability of the polymer could also find uses
in allied applications such as detergents and textiles.
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INTRODUCTION

Damage of historical monuments due to environmental factors has been recognized
over the past century and has triggered scientific research aiming at the protection of the
marble structure of the monuments. Acid rain and atmospheric sulfur dioxide have been held
responsible for the deterioration of the marble and limestone artwork.!?3 Aside from acidity,
wet precipitation by itself is believed to contribute to dissolution even at neutral pH. Calcium
carbonate polymorphism perplexes the problem as the chemical composition of the various
stones used is different depending on their origin. The various calcium carbonate polymorphs
which are also naturally encountered include vaterite, aragonite and calcite.*> The three
polymorphs differ both from crystallographic point of view and also with respect to their
solubilities, vaterite being the most and calcite the least soluble phase over a temperature
range between 0° and 90°C.® Besides temperature the solubility of calcium carbonate
polymorphs depends on the solution pH. Solubility increases rather sharply with pH and the
aqueous medium in contact with stones may easily (particularly in the presence of acidic
pollutants) become undersaturated with respect to all calcium carbonate polymorphs. In this
case, dissolution may proceed. The physicochemical processes involved in the dissolution
of calcium carbonate are very interesting and need to be understood in order to assess
quantitatively the factors governing the dissolution of this salt in aqueous media.

From the mechanistic point of view the crystal growth and the dissolution of a solid
phase in solution proceed through similar steps suggesting that they may be symmetric
processes. The following steps may be distinguished in the detachment of the elementary
units from the stone materials undergoing the deterioration when in contact with an
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undersaturated solution (i) diffusion of the solute along a step edge from a kink (ii) migration
on the surface from a step edge (iii) desorption reaction from the solid surface (iv) diffusion
in the solution boundary layer adjacent to the solution’ Any of these steps, alone or in
combinations, may limit the kinetics of dissolution. When step (iv) is limiting, the kinetics
are bulk diffusion controlled, when step (i) is limiting, the kinetics are controlled by surface
diffusion. The dissolution of calcium carbonate has been the subject of numerous investiga-
tions over a wide pH range. Various laboratory studies have shown transport and surface
controlled reactions of calcite in aqueous solutions.® Investigations over a wide pH range
have shown that above pH 5.5 the rates are pH independent.®!° The problem associated with
the dissolution studies reported in the literature is that they were done at conditions either
of variable undersaturation or in synthetic or natural seawater, in which the presence of
additional ions may complicate the picture. The present work aimed at studying the
mechanism of calcium carbonate dissolution at neutral pH. The study involved experiments
in which the driving force for the dissolution process, the solution undersaturation, was kept
constant. The kinetics of dissolution were thus measured very precisely in high ionic strength
aqueous solutions, corresponding to natural aquatic systems and the effect of the presence
of Mg?* and phosphate ions on the dissolution of calcium carbonate polymorphs was
measured.

EXPERIMENTAL PROCEDURE

All experiments were done in a double walled Pyrex® glass reactor volume totaling
approximately 230 ml, thermostated with circulating water from a constant temperature bath,
at 25.0+0.1°C. Calcium chloride and sodium bicarbonate stock solutions were prepared from
the respective solids (Merck. Pro Analisi). The standardization of the stock solutions was
done by ion chromatography (Metrohm IC 690). The undersaturated solutions were prepared
by mixing equal volumes (100 ml each) of solutions of calcium chloride and sodium
carbonate made from the respective stock solutions by dilution. The ionic strength of each
of the constituent solutions was adjusted to 0.62 M (3.5% w/v) with sodium chloride
previously dried (Merck, Pro Analisi). Next, the solution pH was measured by a pair of glass
(Radiometer G-202C) and saturated calomel electrodes (Radiometer G-202R) standardized
before and after each experiment by NBS buffer solutions at pH 6.865 (0.025M KH,PO, +
0.025M Na,HPO,) and 9.18 (0.01M Borax).!! The pH of the undersaturated solutions was
adjusted following the mixing of the components by slow addition of standard hydrochloric
acid (Merck titrisol). The solution was magnetically stirred at 250 rpm and was allowed to
equilibrate for a period of two hours. The criterion of equilibration was the pH constancy.
After the equilibration period well characterized synthetically prepared'? crystals of calcite,
aragonite and vaterite were introduced in the undersaturated solutions. The specific surface
area (multiple point dynamic B.E.T.) of the solid materials examined was 1.6 m?/ g for calcite,
0.8 m? g for aragonite and 5.1 m? g for vaterite.

After the inoculation of seed crystals the dissolution process started without any
induction time. Because of the dissolution process:

CaCOs(s) + H* & Ca?* + HCO, 1)

the solution pH tends to shift to more alkaline values. Change of the solution pH as small as
0.003 pH units triggered the addition of titrant solutions from two mechanically coupled
burettes of a modified automatic titrator (Radiometer TT 2b) with an electric burette (ABU
12).
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Assuming that the working solution contained X;M of CaCl,, X ,M Na,CO; (total
carbonate), X,M HCI for the adjustment of the solution pH and XM of a supporting
electrolyte MX (NaCl in our case) the titrant solutions were made as follows:

i. buret 1 (2x,-C)M CaCl, + (2x,+C)M NaCl,
ii. buret 2 (2x,-C)M Na,CO; + (2x;-C)M HCI

In the above equations C is a constant determined from preliminary experiments and
is related with the velocity of dissolution of the calcium carbonate salt in our experimental
conditions. As may be seen, in the dissolution experiments the constant C should be 2x,
2X,, and 2x5. The factor 2 in front of x;, X,, X3, and x4 corresponds to the dilution anticipated
by the solutions addition from the two burettes.

Samples were withdrawn during the dissolution process randomly and were filtered
through membrane filters (Sleicher & Schuell 0.2 um). The filtrate was analyzed for calcium
by ion chromatography in order to confirm the constant solution composition. In all
experiments the analysis showed that throughout the course of the dissolution process the
calcium concentration remained constant to within + 2%.

The solids on the membrane filters were analyzed by powder x-ray diffraction
(Philips 1840/30 PW), infrared spectroscopy (FT-IR Nicolet 740) and scanning electron
microscopy (SEM, JEOL JSM-5200).

The pistons of the burettes adding the titrant solutions were mechanically coupled
with the recorder pen and the volume, V, added as a function of time, t, was translated into
moles of calcium carbonate dissolved as a function of time. The rates of dissolution at any
time were thus determined after normalization for the total surface area corresponding to the
seed crystals which provided the active sites which initiated and further sustained the
dissolution process. For the normalization both the reduction of the surface area because of
dissolution and the area of the crystals withdrawn during sampling was taken into consid-
eration. A laser particle counter (Spectrex ILI-1000) was used to measure the number and
the size of crystallites in the undersaturated solution during dissolution .

RESULTS AND DISCUSSION
The driving force for the dissolution process:
CaCO;(s) < CaCO;(aq) < Ca?*(aq) + CO3(aq) )

is the difference between the chemical potentials of the solute in the undersaturated solutions
from the corresponding values at equilibrium:

AR = Peaco,ag) — HeaCo @) 3)

where the subscripts aq and oo refer to the undersaturated solution and equilibrium respec-
tively.

Ap= (P‘EIaCOS(aq) + KT Inacyco ag) — (HEaCOJ(oo) + KT Inac,co ) @

where k is the Boltzmann constant, T the absolute temperature, and a denote activities.
AsSuming picaco,ag) = MCaCO,(e):
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In equation 5 the denominator (ac,*acg) ) is the thermodynamic solubility product
of the calcium carbonate phase considered and the numerator is the activity product of the
undersaturated solutions. For the calculation of the driving force the computation of the ionic
activities is needed. The solution speciation was computed by the HYDRAQL program!'?
written in FORTRAN 77 and tranferred to a VAX 11 / 750 computer. The extended
Debye-Hiickel equation corrected for ion interactions was used for the calculation of the
activity coefficients.!# The relative solution undersaturation with respect to a polymorph x
was calculated from equation:

1

BN (L5 ) R
1( Ko ] - (6)

The rates of dissolution of the various calcium carbonates were found to depend
strongly on the solution undersaturation. The kinetics data were fitted to the semiempirical
equation:

Ry = kgsoy ©)

In equation 7, Ry is the dissolution rate measured from the rate of titrants addition,
k4 the rate constant for dissolution, s a function of the active sites for the dissolution process
and n the apparent dissolution order. The experimental data and the results obtained are
summarized in Table 1. The general trend found for all polymorphs was that the dissolution
rates increased with increasing undersaturation. Plots of the logarithms of the dissolution
rates for the three polymorphs studied as a function of the logarithms of the respective
relative undersaturation gave a satisfactory fit according to equation 7 as may be seen from
the kinetics plots in Figure 1.

The least squares fit for the three polymorphs gave the following results:

Table 1. Dissolution of calcium carbonate polymorphs at constant undersaturation

Ca,/ 10* Seed R4/ %105 mol
Exp # mol I crystals c min! m?
349 4.92 calcite 0.924 29.1
353 6.90 calcite 0.910 26.2
350 6.96 calcite 0.892 22.6
352 9.89 calcite 0.847 18.7
p4s 5.47 aragonite 0.930 13.9
p4l 5.96 aragonite 0.920 13.8
p40 7.43 aragonite 0.910 12.1
p42 9.90 aragonite 0.880 10.6
376 10.89 aragonite 0.870 103
p44 14.75 aragonite 0.820 6.9
p64 4.98 vaterite 0.940 220
p59 5.96 vaterite 0.930 213
p61 6.94 vaterite 0.910 20.1
p57 7.45 vaterite 0.900 19.2
p58 7-93 vaterite 0.899 17.0

25° C,pH 7.0, 3.5% NaCL, Total calcium Ca, = total carbonate, C,.
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Figure 1. Kinetics of dissolution of calcium carbonate polymorphs at constant undersaturation. Plots of the
logarithm of the rates of dissolution as a function of the logarithm of the relative undersaturation. pH 7.0, 3.5%
NaCl, 25°C.

IOg Rd,calcite =-338+5.01 log(}'calcite (8)
IOg Rd,aragonite =-3 67 +5.5 logcaragonite (9)
lOg Rd,vaten'te =-3.538 + 4.5 lOg(}'vaterite (10)

The dissolution of calcium carbonates therefore may be described by equation 11:
Rd = Kg30t0.5 (1 1)

where K is the dissolution rate constant. Equation 11 is valid for 0 < Q < 1.

Values of n>4 have been reported for the dissolution of aragonite and calcite in
seawater.'> The high apparent order together with the insensitivity of the dissolution rates
on the stirring rates between 200-450 rpm suggested a surface controlled process, i.c. that
the rate determining step is the diffusion of a crystal building unit from the active site to the
crystal surface. Similar conclusions have been obtained for the dissolution of dicalcium
phosphate dihydrate.!>

Moreover, the high values for the apparent order of the dissolution of all calcium
carbonate polymorphs may suggest control of the dissolution by a polynucleation mechanism
suggested by Christoffersen.!”-!819 In this case, the rate of dissolution may be written as:

Ry =kyo% — (~InQ"%)*% exp (-A/InQ%) (12)

In equation 12, A is related with the surface energy, y, of the dissolving crystallite by
equation 1320

_maty?
T 3kT (13)

where a is the linear size of a growth unit.
Rearranging equation 12 and taking the logarithms of both sides we obtained:
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Figure 2. Kinetics of dissolution of calcium carbonate according to the polynuclear model. Plot of the left
hand side of equation 14 as a function of InQ"5 pH 7.0, 3.5% NaCl, 25°C.

Ry

iy

A
= Inky — Q%
nka— 1 (14)

Plots of the left hand side of equation 14 as a function of [anl/z]'l for the various
calcium carbonate polymorphs gave a satisfactory linear fit as may be seen in Figure 2. The
surface energies computed from the slopes ranged between 20-30 mJ m2, values rather low
but of the right order of magnitude.

The kinetics data suggested that the order of dissolution velocity is:

Figure 3. Scanning electron micrographs of calcium carbonate polymorphs: (a) calcite (b) aragonite (c)
vaterite.
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Figure 4. Dissolution of calcium carbonate polymorphs at constant supersaturation, pH 7.0, 3.5% NaCl, 25°C.
Scanning electron micrographs of (a) calcite (b) aragonite and (c) vaterite after dissolution.

aragonite > vaterite > calcite

It has been suggested that the faster kinetics of dissolution of aragonite compared
with calcite has direct implications for the importance of aragonite for the ocean water.?!
The series found may be correlated with the morphology of the crystals during the dissolu-
tion, shown in the scanning electron migrographs in Figures 3 and 4. Calcite and vaterite
developed pits on their surface while the prismatic aragonite crystals appeared to dissolve
along the c axis yielding smaller crystals.

Measurements of the number of crystallites and of their size distribution during the
course of dissolution of the calcium carbonate polymorphs showed a decrease of the number
of particles as a function of time, as may be seen in Figure 5a. The size evolution profile of
the dissolving crystals at sustained undersaturation revealed some interesting features. A
typical profile of the particle size changes during the dissolution of calcite is shown in Figure
5b. At the initial stages of dissolution (approx. up to 50 min) a sharp decrease of the crystals
with sizes between 2-16 pm was observed with a simultaneous increase of the smaller sizes
(1-2 pm).

Taking into consideration the decrease of the total number of crystallites because of
the dissolution the increased percentage of the fraction of crystallites with the smallest size
may be attributed to the rapid dissolution of the large crystals through the development of
channels (as shown in the electron micrographs) which eventually yield smaller size crystals.
Finally, the smaller crystallites also dissolve and the prevalence of larger sizes (4-16 um)
after extensive dissolution may be attributed to aggregation processes.

Previous work!? has shown that aragonite may selectively grow on calcite seed
crystals in supersaturated solutions containing magnesium at concentration levels 5.3 mM.
We have thus examined the dissolution kinetics of the aragonite grown on calcite. The
experimental conditions and the rates of dissolution measured are summarized in Table 2:
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Figure 5. Dissolution of calcite at constant undersaturation, pH 7.0, 3.5% NaCl, 25°C. (a) Variation of the
calcite particle number as a function of time. (b) Variation of the particle size distribution as a function of time.

The kinetics plot according to equation 7, of the logarithm of the rate of dissolution
of the “composite” calcite - aragonite crystals as a function of the logarithm of the relative
undersaturation gave a linear fit as may seen in Figure 6. The rate equation in this case was:

IOg Rd,c-a =-4.87+3.6 lOgo'm'agonite (1 5)

Comparison of the kinetics equations 7 and 15 showed that the dissolution of
aragonite seed crystals is considerably faster than the dissolution of aragonite grown on
calcite. A possible explanation for this difference may be found from the morphological
examination of the dissolving crystals. The scanning electron micrographs of the calcite -
aragonite crystals before and after dissolution, shown in Figures 7a and 7b respectively,
showed that the dissolution of the aragonite crystals takes place first, always along the ¢ axis
but from one side only (the other being attached onto the calcite surface). In the case of
aragonite seed crystals both prismatic faces were dissolving.

Moreover, it should be noted that despite the fact that magnesium was not incorpo-
rated in the lattice of the aragonite crystals grown on calcite and no evidence of the presence



The Dissolution of Calcium Carbonate 81

Table 2. Dissolution of aragonite grown on calcite at constant
undersaturation; 25°C, pH 7.0 3.5% NaCl; Ca, = C,

R,/ x10° mol
Exp # Ca,/10*M caragonite min! m?
360 10.0 0.878 8.6
361 7.0 0914 9.7
362 5.0 0.932 11.0

of magnesium calcites was found in the x-ray diffraction spectra, analysis of the crystals
showed the presence of magnesium, with a ratio of Mg:Ca = 0.3:100. It is very likely that
Mg was present on the surface of the growing aragonite crystals. We thus have further
investigated the interaction of magnesium ions with the various calcium carbonate poly-
morphs. The adsorption isotherms shown in Figure 8 suggested that the extent of adsorption
followed the order: aragonite > calcite > vaterite. The magnesium probably through adsorp-
tion, blocked the active sites for dissolution thus yielding lower dissolution rates for the
aragonite grown on calcite in comparison with the pure aragonite crystals.

The inhibiting role of the presence of magnesium ions in the dissolution process of
calcium carbonates was confirmed with further experiments in which the dissolution of
calcium carbonate was examined at conditions of constant solution composition (including
constant magnesium concentration). The results obtained from these experiments are sum-
marized in Table 3.

The kinetics plots according to the formalism of the semiempirical equation 7 are
shown in Figure 9. As may be seen, the presence of magnesium resulted in a significant
reduction of the dissolution rates but the reduction was higher for 1 ppm of Mg rather than
in the presence of 11 ppm. In the latter case however, the concentration was higher than that
needed for a surface coverage corresponding to the plateau of the adsorption isotherms.

In this case, a higher magnesium concentration in the undersaturated solution was
anticipated. Measurements of the electrophoretic mobility of the calcite seed crystals have
shown that calcite has a high negative charge at the experimental solution conditions. It is
thus reasonable to suggest that the Magnesium - Calcite interactions are strong because they
are enhanced by electrostatic interactions.

Figure 6. Kinetics of dissolution of calcite, aragonite, and aragonite grown on calcite crystals at conditions of
sustained undersaturation, pH 7.0, 3.5% NaCl, 25°C. Plot of the logarithm of the rates of dissolution as a
function of the relative undersaturation.
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Table 3. Dissolution of calcite at constant undersaturation in the presence of
magnesium; pH 7.0 25°C, 3.5% NaCl, Ca, = C,

R4/ x10 mol
Exp # Ca,/x10* M Mg ppm Oalcite min"! m?
p69 4.98 1.0 0.935 10.9
p67 5.97 1.0 0.922 10.2
P65 6.96 1.0 0.909 8.4
pé6 7.94 1.0 0.896 7.8
p70 9.92 11.0 0.871 6.6
p71 8.00 11.0 0.896 13.3
p76 10.00 11.0 0.870 10.8
p72 10.92 11.0 0.857 9.9
p75 12.96 11.0 0.832 7.4

In order to further investigate the importance of electrostatic interaction of calcium
carbonates with foreign ions we studied the effect of the presence inorganic orthophosphate
in the undersaturated solution. At neutral pH the HPO,? is the predominant species. Despite
the high negative charge of these ions they have been found to be taken up by calcite at
conditions of pH and ionic strength typically employed in our experiments.?? The phosphate
uptake may be attributed to surface complex formation with the Ca?* lattice ions, since the
electrical double layer is compressed by the high ionic strength of the aqueous medium (ca.

Figure 7. Scanning electron micrographs of aragonite grown on calcite seed crystals: (a) before dissolution
and (b) after dissolution at constant undersaturation, pH 7.0, 3.5% NaCl, 25°C.
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Figure 8. Adsorption isotherms for the adsorption of Mg?* ions onto calcite. pH 8.0, ionic strength 0.1 M,
25°C.

0.62 M). The experimental conditions and the results obtained for the dissolution rates in
the presence of 1 and 11 ppm of inorganic orthophosphate are summarized in Table 4.

The dependence of the logarithm of the rates of dissolution as a function of the
relative undersaturation in the absence and in the presence of 1 and 11 ppm of inorganic
orthophosphate is shown in Figure 10.

From the linear least squares fit the following relationships were found for the
dissolution rates in the presence of 1 ppm, R, and 11 ppm, R,;, of inorganic orthophosphate
and the rate of dissolution without phosphate R, as a function of the undersaturation ratio
Q" defined in equation 6:
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Figure 9. Kinetics of calcite dissolution at constant undersaturation in the presence of magnesium. Plots of
the logarithm of the rates as a function of the logarithm of the relative undersaturation. pH 7.0, 3.5% NaCl,
25°C.
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Table 4. Dissolution of calcite in the presence of inorganic orthophosphate at
constant undersaturation pH 7.0, 25°C, 3.5% NaCl. Experimental conditions
and dissolution rates Ca, = C,

R,/ %1075 mol
Exp # Ca,/x10*M Phosphate ppm  ocalcite min! m?
pl8 5.46 1.0 0.929 4.2
pl3 5.96 1.0 0.922 4.5
pl4 6.46 1.0 0.916 4.1
pl2 7.93 1.0 0.897 32
pls 9.88 1.0 0.871 24
p30 4.98 11.0 0.935 2.7
P29 5.47 11.0 0.929 31
p31 6.94 11.0 0.909 24
p27 7.93 11.0 0.897 23
p32 9.89 11.0 0.871 1.9

R
—1=0.22(1 - QW75

R, (16)
Rll !
—==0.10(1 -Q*
R, ( ) an
In general, provided that Q% < 1 and that Q is a real number:
(1-Q%r =43 (%)@
n=0 (18)
Equation 16 thus became:
R] 1 5,
= =0.22 (1 —4.75Q% + 8.9W — 8.16CY + 3.57Q? — 0.53Q%
R, ~ 022 ) (19)
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Figure 10. Kinetics of dissolution of calcite in the presence of inorganic orthophosphate at a constant
undersaturation. Plot of the ratios of the rates of dissolution in the presence of phosphates over the rates
measured in their absence as a function of the relative solution undersaturation. pH 7.0, 3.5% NaCl, 25°C.
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factors of higher order were insignificant.

From equation 19 it may be seen that for Q — 1, (saturation) R;/ R, = 0 (i.e. R; —
0). That is, with decreasing undersaturation the rate of calcite dissolution in the presence of
1 ppm of inorganic orthophosphate decreased and provided that R, # O the retardation effect
is more inconstant at lower undersaturation. At high undersaturation,Q — 0, R,/ R, — 0.22,
there is still a definite reduction in the rate of dissolution with a limit of 80% of the
uninhibited case. At higher phosphate concentration:

&— _O%
R, =0.10(1 - Q%) 20

At low undersaturations (W — 1) again R;; — 0 but at high deviations from
equilibrium, the retardation effect is stronger as the overall reduction of the rates of
dissolution of calcite may reach 90% of the uninhibited process. The lower limiting rates
predicted for the dissolution of calcite in the presence of 11 ppm of inorganic orthophosphate
may be attributed to the higher extent of adsorption which was found to increase with
increasing phosphate in the solution.

CONCLUSIONS

The investigation of the dissolution of calcium carbonates at constant undersaturation
at neutral pH showed that the three polymorphs, calcite, aragonite and vaterite undergo
dissolution via a surface controlled, polynuclear mechanism. The relative order for the
dissolution was found to be aragonite > vaterite > calcite. Aragonite overgrown on calcite
crystals yielded the slowest dissolution rates because of the presence of Mg?* ions on its
surface and because of the fact that dissolution took place along only one end of the acicular
aragonite crystallites.

The presence of magnesium caused a reduction of the rates of dissolution which
seemed to depend on the extent of Mg uptake on calcium carbonate. Inorganic orthophos-
phate on the other hand showed higher inhibition of the calcite dissolution with increasing
concentrations in the undersaturated solutions. The increase in inhibition was attributed to
the larger amount of adsorbed phosphate at higher concentrations. The different behaviour
with respect to the influence of the rates of dissolution of the calcium carbonates of the
cationic (Mg?*) and anionic (HPO,?) impurities in the undersaturated solutions should be
attributed to their different behaviour at the calcium carbonate / electrolyte interface.
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INTRODUCTION

Compounds to prevent the formation of scaling salts and protect against corrosion
are continuously being sought as the potential advantages of those presently in use are often
restricted by secondary problems. Biodegradability, acidity and toxicity are a few key
concerns which has led researchers to look for more environmentally acceptable, effective
natural compounds. Polypeptides, for example, rich in acidic amino acids (particularly
aspartate) have been isolated from marine organisms and demonstrated to assist in control-
ling nucleation and crystallization of calcium salts.! Such studies confirm that inhibitory
power from many of the compounds in use stems from the presence of acidic groups or
negatively charged ionic species. On these criteria, 2-phosphonooxy-1,2,3 propanetricar-
boxylic acid (phosphocitrate = PC), a natural compound reported to occur in mammalian
soft tissue?* and the hepatopancreas of the blue crab? and possessing 5 possible dissociable
groups would appear to be worthy of consideration. For experimental purposes, synthetic
PC has been prepared*>%’ and to date, in vivo studies with this compound have not
highlighted any discernable toxicity.®%!° This is not surprising as any ultimate destruction
or metabolism of PC leads to phosphate and citrate, products in themselves considered as
harmless and in many instances beneficial. Stability of PC under the majority of working
conditions so far explored has never posed a problem.

Past research on PC has centered on its ability to control deposition of calcium
phosphates and calcium oxalates either under in vitro controlled media conditions or in vivo
associated with simulated pathological states.!%!> The accumulated data leave no doubt that
the compound is a powerful inhibitor of the transformation of calcium phosphate to
crystalline hydroxyapatite®!! and that it prevents formation of calcium oxalate monohydrate
(COM) arising from the conversion of calcium oxalate dihydrate (COD). Nucleation, growth
and aggregegation of COM are events further strongly influenced by PC.'%!7 Not only are
the calcium salts referred to above affected by the presence of PC but two well known
magnesium crystalites, magnesium ammonium phosphate (struvite) and magnesium mono-
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hydrogen phosphate (newberyite), also can be prevented from forming.!®* The greater
strength of PC’s inhibitory power in comparison to other inhibitors derives from a powerful
crystal binding affinity generated by its strong negative charge/size ratio and a more
favorable stereochemistry. At pH 7.2, 3.5 of the available groups are believed to be
dissociated.!® Detailed crystallographic studies recently completed have demonstrated that
PC can better penetrate and coordinate its functional groups to the calcium ions present in
the (-1 0 1) face of the growing calcium oxalate monohydrate crystal than for example citrate
( see Wierzbicki et al. this volume).

With this background knowledge then, it would appear that PC has potential to restrict
the deposition of other common scaling salts and perhaps contribute protection against
rusting and corrosion. These aspects are the basis of the present investigations whereby the
action of PC on calcite and gypsum formation and deposition is discussed together with its
ability to disperse iron particulates and prevent corrosion.

MATERIALS
PC was prepared and characterized by methods previously reported.?>¢ The neutral
sodium salt was used for all studies. Where indicated, polyacrylate (Aldrich Chem Co,

Milwaukee USA) of average M.W. 2,000 was trialled for inhibitory comparison purposes.
All other chemicals used were reagent grade.

EXPERIMENTAL AND RESULTS

Studies Detailing the Influence of Phosphocitrate on Calcite and
Gypsum Formation and Deposition

Calcite. A calcium carbonate nucleation assay was established essentially as de-
scribed by Sikes et al.?” An unstable supersaturated solution of calcium carbonate initially

100
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0 T T T T T ]
0.00 0.02 0.04 0.06 0.08 0.10 0.12
Inhibitor concentration (ppm)

Figure 1. Comparison of the inhibitory strength of phosphocitrate and polyacrylate on the nucleation of
calcium carbonate. Data represent mean * se (n = 2).
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Figure 2. Inhibitory influence of phosphocitrate and polyacrylate on calcium carbonate crystal growth. Data
are expressed as mean + se. (n = 3).

was prepared to which the test inhibitor was added. Under a positive nitrogen atmosphere
and at 20°C, the reaction was initiated by raising the pH to 8.1 with KOH. It remained
constant until nucleation commenced at which point a decrease in pH occurred and is
referenced as the induction time.

In the absence of any inhibitor (control), the induction time was approximately 1 min.
Both inhibitors lengthened the induction time almost linearly with increasing concentration.
On a weight basis, PC was seen to be superior to polyacrylate.

The ability of both compounds to restrict growth of calcium carbonate also was tested.
Experimental conditions were modelled after those of Kazmierczac et al.?! whereby a
metastable solution of calcium carbonate was prepared and the reaction initiated by the
addition of aged calcite seed crystals. The latter were prepared as described by Reddy and
Nancollas.?? The mixture was again made alkaline (pH 8.5) and constant composition was
maintained by continuous automatic titration of reactants into solution.

Both PC and polyacrylate proved to be potent inhibitors. No growth was observed
within 2 h in the presence of 0.1 ppm PC while at the same concentration, polyacrylate was
less inhibitory with induction taking about 1 h. SEM of crystals formed in the presence of
either inhibitor showed marked changes to the internal latticework and faces.

In comparison to the normal rhombohedral flat-faced calcite crystal (A), PC (B) and
polyacrylate (C) both led to distorted crystal surfaces and a honey-combed interior.

Gypsum. Inhibition by PC of the formation and deposition of calcium sulphate on a
heat transfer metal surface was tested using the system described by Amjad.”*> A copper
U-tube (12 mm outer diameter which had been scrupulously cleaned, polished and delipi-
dated) was immersed in a crystallization cell containing a supersaturated solution of calcium
sulfate to which inhibitor was then added. The cell was placed in a bath held at 2°C and a
temperature differential was applied by circulating hot water at 70°C through the tube. At
the termination of the experiment, the deposit was removed with 1M HCI and calcium
analyzed by atomic absorption spectroscopy.

Preliminary experiments in the absence of any inhibitor indicated linearity of salt
deposition with time so for convenience, the data were obtained at 30 min. Strong inhibition
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Figure 3. Scanning electron micrographs of calcium carbonate crystals grown in the absence and presence of
phosphocitrate or polyacrylate. Solid bar = 10 um.

Figure 4. Comparative inhibition of phosphocitrate and polyacrylate on calcium sulfate deposition on the
surface of a copper heat exchanger. Data are expressed as mean =+ se. (n = 2).
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Figure 5. Scanning electron micrographs of a gypsum crystal grown in the presence or absence of inhibitor.
Bar = 10 um (control, PC) and 100um (PA).

was exerted by either of the test compounds. At a concentration of 0.005 ppm (w/w), there
was a 60% decrease in the amount of gypsum deposited while at a higher concentration (0.1
ppm), almost total inhibition was observed. Micrographs from SEM studies revealed the
powerful nature of both inhibitors in respect to controlling formation of gypsum. There was
marked breakup of the crystal faces (Figures. 5B-PC and 5C-PA) by comparison to those
crystals grown in the absence of any inhibitor (Figure 5A).

The existing evidence then shows that PC does have the ability to restrict the
formation and growth of all of the scaling salts tested to date, but does it have any influence
over dispersion of iron particulates or prevent rusting and corrosion?

Studies on Iron Dispersion Activity

The possibility that iron salts or particulates could be kept in solution by the presence
of PC was investigated as described by Garris and Sikes.?* A 500 ml solution containing 4.5
ml NaHCO; (0.4 M) and 1.8 ml CaCl, (1.0 M) with or without PC was prepared and adjusted
to pH 8.50 with NaOH. A slurry of Fe,0; (50 mg) was added to initiate the reaction and the
mixture stirred for predetermined experimental periods. Aliquots were then taken approxi-
mately 1.5 cm below the surface and transferred to cuvettes for reading at 500 nm. It has
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Figure 6. Iron oxide dispersion curves with variable concentrations of phosphocitrate present.

previously been established that there is a positive correlation between iron dispersion
activity and absorbance.?*

Increasing concentrations of PC clearly provided increasing dispersive activity. The
mechanism of the inhibitor’s action has not yet been probed but it is assumed that the
contribution of the dissociation of anionic groups present in the compound would be
responsible both for solubilization and dispersion of colloidal iron material.

Figure 7. Visual appearance of steel coupons immersed in a salt solution for 7 days in the presence and absence
of phosphocitrate.
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Figure 8. Concentrations of iron oxide present on plates exposed to a corrosive medium in the presence of
variable concentrations of phosphocitrate.

Studies Related to Rusting and Corrosion of Mild Steel

In a series of experiments to test the effectiveness of PC to control rusting and
corrosion, mild steel plates and /or coupons were used with a variety of protocols. Initial
preparation of the plates or coupons consisted of washing with 20% HCI, polishing the
surface to a mirror finish with progressively finer grades of abrasive grit paper (300 to 1200)
and finally rinsing with ethanol to delipidate. In additional preparation of plates, an area
approximately 1 cm? was masked off with tape, the entire plate dip-coated (3 x ) in a

Figure 9. Prevention of iron oxide deposition on an exposed mild steel surface using phosphocitrate micro-
spheres.
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polyurethane base paint, allowing to dry between coats. The tape was removed and the
exposed surface briefly cleaned again with ethanol. For routine experiments, the prepared
plates or coupons were immersed in 10% NaCl and were allowed to stand at room
temperature for periods up to 7 days, with or without the inclusion of PC.

A blackening of the exposed metal surface when PC was omitted from the corrosion
medium (Figure 7A - control) was clearly evident and a heavy orange-brown flocculant
precipitate formed rapidly within 3 days. In the presence of 0.5 mg PC / ml however (Figure
7B-PC), the coupons still retained a grey - silver appearance and the color of the medium
slowly increased from pale yellow to a yellow-orange. It was evident that the inhibitor was
preventing iron hydroxide flocculation and at the same time keeping the released iron in a
more soluble form. This phenomenon was probably the resultant influence of both the
carboxyl groups and the phosphate moiety. Millipore filtration did not reveal any significant
retention of colloidal particles at a pore size of 0.22 um.

In similar experiments with plates, at the end of 7 days, the exposed metal surface
was briefly rinsed with distilled water and then allowed to air dry. Deposition of iron oxide
occurred and the extent of this rusting was quantitated. The iron oxide was removed with
HCI and the concentration of iron determined by a thiocyanate assay procedure.?’

A dose - response relationship could be demonstrated with PC concentrations up to
20 mg/ml in respect to rusting.

The majority of protocols to test the inhibitory influence of PC were focussed on
adding the compound directly to the bathing medium. As an alternate mode of delivery, a
slow release preparation of PC was investigated for its potential to be included into a paint
for coating a metal surface. Microspheres of PC were prepared as previously reported.?® The
spheres consisted of a central core containing the sodium salt of PC trapped within an
albumin cross-linked glutaraldehyde vesicle which itself was coated with polymerized poly
DL lactide. During the formation of the outer more impermeable shell in an aqueous
environment containing Ca*™, the calcium salt of PC was trapped. The net result of such a
preparation was to provide a mixed salt of PC efficiently trapped within a microsphere and
having variable but continuous release rates of PC. The PC microspheres then were
suspended in the polyurethane paint and applied to the metal surface in the manner described
earlier. The percentage PC available in relation to the mass of microsphere was approxi-
mately 22%.

When the PC painted plates were exposed to 10% NaCl for 7 days, rinsed in water,
allowed to dry and the rust quantitated, the following data were obtained.

It was evident that PC was releasing from the paint and offering protection against
rusting as the exposed surface continued to maintain a normal appearance and the iron
quantitation data supported this visual observation. While more and more iron oxide
continued to form from day 3 when PC was not included in the painted surface, the opposite
effect was noted in all situations where PC was present. The result was in fact more
impressive than supplying the PC directly to the NaCl solution as less PC would have been
present. These findings then would suggest that versatility could be introduced in any
treatment regime using PC. The compound could be added directly in a soluble form to
circulating water or it might be added as slow release microspheres or it could be introduced
in the form of an adhesive tape or coating. More complex investigations with model pilot
plant situations would obviously be mandatory to defining the roles suggested.

The power of PC to protect against pitting also was investigated, in this instance by
SEM. Polyurethane painted plates (no PC in the paint) with the 1 cm? polished surface
exposed were again immersed in 10% NaCl for 7 days with or without PC respectively. At
the end of this period, the deposited salts were removed from the metal surface by dipping
in Clarke’s cleaning solution comprising concentrated HCI (1 liter), antimony trioxide (20
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Figure 10. Scanning electron micrographs of mild steel and the pitting protection afforded by phosphocitrate.
Bar = 100 pm.

g) and stannous chloride (50 g), room temperature for 10 min. A sample of metal was then
mounted on a stub for SEM viewing.

In comparison to the micrograph of an unexposed normal polished mild steel plate
(Figure 10A), there was evidence of extensive pitting on plates immersed in the corrosion
medium (Figure 10B). With increasing amounts of PC in solution however, pitting was
markedly reduced and in fact, there was little if any pitting with the highest concentration
of PC used (Figures. 10C and D). An organic film appeared to reside over the metal surface,
an observation consistent with that described for polyaspartate.?’

Gravimetric and Electrochemical Testing for an Anticorrosive Effect of
Phosphocitrate

Attempts to quantify an anticorrosion - PC dose-response relationship using two
common approaches have so far proved elusive. A gravimetric technique initially was
investigated using preweighed polished steel coupons which were then totally immersed in
10% NaCl solution in the presence or absence of PC. After 6 weeks, the coupons were
removed, placed in Clarke’s solution, rinsed, dried and reweighed. Although there were
obvious visual changes identical to those described earlier with the plate experiments, no
significant changes in metal weights were recorded. Long term experiments (up to 12
months) are normally recommended for accuracy in assessing metal loss in this type of
analysis. As PC is known to hydrolyse slowly in an aqueous environment over a period of
months, the technique was considered unsuitable in this instance.

Instead, electrochemical testing by polarization resistance measurements was pur-
sued. A standard 11 capacity 5-necked polarization cell was fitted with two platinum counter
electrodes, a central working electrode with associated holder for a mild steel coupon
(surface area = 4.91 cm?) a saturated calomel reference electrode and a salt bridge probe
positioned within 2 mm of the metal surface. The cell was connected to a potentiostat/gal-
vanostat (Wenking stepping motor potentiometer model SMP 72 and associated precision
potential meter PPT 70, Gerhard Bank Electronic, Goéttingen, Germany). The cell was filled
with artificial sea water,?® inhibitor added and conditions allowed to stabilize for a minimum
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Figure 11. Potentiostat polarization curves for mild steel in the absence and presence of phosphocitrate.

of 20 min. Polarization resistance (Rp) was measured as the slope of a curve of potential (E)
vs current density (i) at (E,,), where i = 0.

The upper curve in each instance was compared and in the presence of PC (Figure
11B) it appeared to shift to the left and be a little steeper relative to the control (Figure 11A).
Analysis of the Tafel slope drawn from curves plotted at the various concentrations of PC
tested enabled the compilation of the data shown in Table 1.

Table 1. Influence of phosphocitrate on corrosion
parameters relating to the exposure of mild steel
to salt water. Values obtained are the mean of data
derived from results of a minimum of 6 experiments
for each concentration of PC

Addition E-corr i-corr
PC (mg/L) (mV) (pA/cm?)
none - 676 17.0
250 - 606 14.0
500 - 525 6.2
750 -536 8.8

1000 - 549 9.2
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With PC present, there was progression to a more positive potential suggestive that
the compound was acting as an anodic corrosion inhibitor. Although i ., values decreased
with increasing amounts of PC up to 500 mg/1, a dose response was not evident with higher
concentrations of PC. This anomaly might perhaps be attributable to an increase in negative
ions in solution interfering with the measurement. At 0.05% PC then, the compound could
be considered a moderate corrosion inhibitor.

CONCLUSIONS

The studies confirm that PC does have the ability to control scaling salt formation
and deposition. Further, the compound can prevent the precipitation of iron salts from
solution and offers protection against rusting and corrosion. The demonstrated flexibility to
provide PC where a situation might arise for a soluble additive or alternately, from a slow
release microsphere form seems useful. It means that the inhibitor can be incorporated into
inert materials for coating surfaces or provided as colloidal particles. There is also the
advantage that phosphocitrate could be used as either the acid or neutral salt and from the
point of view of degradation products, it should totally meet environmental guidelines. Of
course, many other important aspects such as thermostability, long-term viability in aqueous
alkaline environments and performance under complex mixture conditions have to be
investigated before the true potential of phosphocitrate can be established.
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ABSTRACT

For two polyphosphinoacrylates PPAA-I and PPAA-II and a copolymer of maleic
acid and vinylsulfonic acid PMA-PVS, the adsorption levels on BaSO, were determined as
a function of time and compared with the growth inhibiting effectiveness of these compounds
in BaSO, crystallization. Only slightly different values are found for the equilibrium
adsorption plateau of the best growth retarder PMA-PVS and the moderate inhibitor
PPAA-II, but the time needed to establish the plateau coverage appears to be considerably
shorter in the case of PMA-PVS. An indication is found that the adsorption rate of PPAA-II
interferes with the growth rate of BaSO, in the absence of an inhibitor under the given
experimental conditions, which has a negative influence on its growth inhibiting perform-
ance.

INTRODUCTION

Barium sulfate precipitation forms a severe problem in especially the off-shore oil
and gas production, where seawater is injected into the oil bearing strata in order to squeeze
the oil through the porous rock layers into the production well, the so-called secondary
recovery method. The water, originally present in the pores of the formation layers, often
contains a relatively high concentration of barium ions which is, for instance, the case in
many North Sea production fields. When this water comes into contact with the seawater,
which contains a considerable concentration of sulfate ions, barium sulfate precipitation in
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Figure 1. Factors influencing the adsorption process and, consequently, the growth kinetics of a mineral salt
in the presence of an inhibitor.

the downhole equipment and in the pores of the rock layers is inevitable, resulting in a
reduced productivity of the well. The treatment of this barium sulfate scale problem is mainly
focussed on its prevention by the addition of scale-control additives, generally indicated as
inhibitors. Most frequently applied inhibitors are phosphonate and polyelectrolyte com-
pounds, because of their high effectiveness, even when dosed in trace amounts, and their
extremely good thermal stability. Polyelectrolyte-type inhibitors are primarily designed for
their ability to form a relatively large number of coordinative bonds with the cations of the
mineral surface.

Many parameters together, however, compose the effectiveness of a growth inhibitor.
And although it is generally accepted that preferential adsorption of a growth inhibitor at the
crystal surface is an essential step in its specific performance, the precise nature and role of
the various factors influencing this step are still not fully disclosed. The often interrelated
factors and parameters, which influence the adsorption process and thus the growth kinetics
of a mineral salt in the presence of an inhibitor, are presented in Figure 1.

In the past decade, many of these aspects of inhibitor adsorption in relation to the
inhibitor performance have been studied for different types of inhibitors. In the next section,
a brief overview of the achieved knowledge will be presented.

INHIBITOR PERFORMANCE IN RELATION TO ITS ADSORPTION
BEHAVIOUR

The normal crystal growth kinetics will be disturbed by the adsorption of inhibitor
molecules in competition with the regular growth units. The degree of disturbance will be
determined by the adsorption level and the adsorption rate, the last being mostly ignored in
the description of the growth inhibition process. These factors are determined by the
attachment energy which is influenced by parameters as type and strength of the bonds
between surface ions and functional groups of the inhibitor, their electrostatic interaction,
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the inhibitor configuration, and the matching of the interatomic distances and orientation of
the lattice ions in the crystal surface layer with respect to the functional groups of the inhibitor
landing upon the crystal surface.

Adsorption Level

The adsorption level that can be reached by an inhibitor will be determined by its
affinity towards the crystal surface. The attraction can be an electrical interaction, for which
at least some ionization of the functional acidic groups of the inhibitor is needed.! Total
ionization, however, prevents the additive from adsorption because the attendant entropy
loss cannot be compensated by the energy gain obtained by bondage with the surface.? For
the bondage with the crystal surface, van der Waals interaction is essential. In addition,
functional groups are needed which are able to form coordinative bonds with the cations at
the crystal surface. Also functional groups which are able to form hydrogen bridges can
contribute to the bonding.

The surface coverage needed to obtain growth blockage will depend on the type of
inhibitor, the pH-value, the type of mineral and its surface relief related to its growth
mechanism. For small phosphonate molecules, surface coverages of only 5% and 12% in
the case of CaSO4#2H,0 (gypsum)? and BaSO, crystallization®*, respectively, appeared to be
sufficient to attain total growth blockage at pH-values of 5. This coverage is considerably
lower than the maximum equilibrium surface coverage in both cases and may be explained
by complete adsorption of the small molecules along the steps.>%7

In general, the relatively large and less flexible polyelectrolyte inhibitors will not
primarily adsorb along the steps but onto the crystal terraces, thus providing obstacles for
the advancing growth steps.?

Inhibitor Configuration

For an effective use of both attraction and bonding possibilities by the inhibitor, a
flat configuration of the inhibitor upon the crystal surface is desired. Hydrophobic groups,
for instance, appeared to be have a negative influence on the inhibitor performance.! Such
groups incline to extend from the surface, resulting in a loopy configuration of the inhibitor
molecule, they increase the molecular weight of the inhibitor without adding extra bonding
possibilities and they may even cause steric hindrance by masking functional groups or by
hampering their access to the crystal surface. The result is a relatively high surface coverage,
but a low attachment strength between inhibitor molecules and the surface. Non-functional
loops and tails may also be present in the case of a low ionization degree of the inhibitor
molecule, depending on the pH of the solution and on the ionization constants of the
functional groups. With only a few ionized functional groups, also the attraction by
electrostatic interaction between inhibitor molecule and the surface will be weak.

Adsorption Rate

Besides the degree of surface coverage and the inhibitor configuration, also the
adsorption rate of the inhibitor molecules may play an important role. The surface coverage
by an inhibitor is usually determined through measurement of its equilibrium adsorption
isotherm. During growth from a supersaturated solution in the presence of an inhibitor, the
adsorption equilibrium is, however, seldom reached owing to the competition between
inhibitor molecules and BaSO, growth units on their way to reach lattice positions at the
surface. The rate at which bonding with the surface can be established, will primarity depend
on the electrostatic interaction between the crystal surface and the inhibitor ions. Thereafter,
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the strength of the chemical bonds formed between functional groups and crystal surface
and the intrinsic diffusity of the inhibitor molecules in the immobilized Nernst layer
surrounding the crystal will determine the time needed to reach the final position of a small
inhibitor molecule on the surface. For relatively large polyelectrolyte inhibitors an additional
process of relaxation towards the equilibrium conformation of the molecules upon the crystal
surface can be expected, while little time is available between the deposition of subsequent
growth layers.

Information about adsorption rates of growth inhibitors is scarcely found in the
literature. Adsorption of (5 X 107 M) nitrilotri(methylene phosphonic acid) on BaSO,
crystals was reported to be completed for 80-90% within 1-2 minutes®, while reaching the
adsorption equilibrium required 20-30 minutes. For the adsorption of a much larger
polyphosphonate (phosphonylated polyphenylene oxide, M,, = 30,000) onto hydroxyapatite,
equilibrium was reached after 3 hours or more, depending on the additive concentration.!?
For these relatively large polyelectrolyte inhibitors, relaxation towards their equilibrium
conformation after diffusion to the surface can occur on a timescale of hours.!!

Only a few studies on the competition for attachment to the surface between the
regular growth units and polyelectrolyte molecules are known in the literature. The growth
inhibiting effect of anthocyan on potassium bitartrate was interpreted by a time-dependent
factor by Laguerie, et al.'?, expressing the surface poisoning of the crystal terraces by the
additive. Contrarily, almost instantaneous adsorption of some low molecular weight
polyelectrolytes on gypsum crystals was concluded by Weijnen and van Rosmalen.!? It can
be expected that, if the time needed to reach equilibrium surface coverage is shorter than the
time between the deposition of two growth layers, the adsorption rate will not influence the
inhibitor performance. If, however, the adsorption process is relatively slow and especially
if a relatively high surface coverage is needed to hamper the growth, the adsorption rate may
become an important parameter in the inhibition process. The formation of macrosteps was
explained by a time-dependent impurity adsorption model by van der Eerden and Miiller-
Krumbhaar.'* In case of a slow impurity adsorption process, a step with a height of one
monolayer, following shortly after a preceding step, will meet a terrace swept relatively clean
from impurities and will hence be less retarded than its predecessor. As a consequence, this
step will overtake the first one, and this process will be repeated for the next oncoming steps.
This results in coalescence of monosteps leading to a macrostep, which propagates consid-
erably slower along the crystal surface than a monolayer step, thus causing growth retarda-
tion.

Matching

Appropriate matching between the acidic groups and the cations at the crystal surface
may facilitate the adsorption process.!’

In the matching process not only interatomic distances, but also the orientation of
structural units in the crystal surface layer and the charge distribution over the inhibitor
molecules have to be taken into account. Matching of additives has comprehensively been
studied for organic-type crystals, which are more suitable for designing structurally specific
additives.'6"!° Only a few examples of such “tailor-made” additives are known for inorganic
and mineral salts.2-2* Rawls and Cabasso studied the adsorption of a polyphosphonate onto
hydroxyapatite and observed the exchange of phosphonate groups with phosphate groups in
the crystal lattice.'® Replacement of lattice ions by functional groups may also happen in the
case of the adsorption of sulfonate containing compounds on BaSO,. For example, a random
copolymer of maleic acid and vinyl sulfonic acid has proved to be a very effective growth
inhibitor for BaSO, crystallization.?> Its good performance could be attributed to the
relatively high concentration of carboxylic acid groups (owing to the maleic acid building
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Figure 2. The generic formulas, the molecular weights M,,, and the polydispersities M,/M,, of the investigated
compounds.

units), as well as to the presence of sulfonic acid groups directly attached to the backbone
of the molecule. The positive influence of the sulfonic acid group may be twofold: Apart
from its potential to form strong bonds with Ba?*-ions at the surface, it may also replace a
sulfate lattice ion. If matching of the sulfonate groups plays a role, the inhibitor may be
preferentially adsorbed on a crystal face where the sulfate lattice ions have an oxygen-suflur
bond orientated perpendicular to the crystal surface and thus easy replacement by the
inhibitor-bound sulfonate groups can occur. After prolonged growth in the presence of the
inhibitor such a face will become more pronounced. This has indeed been observed.?¢ BaSO,
crystals, which were originally bounded by {002}, {210} and less frequently by {211} faces,
developed {011} and {101} faces after growth in the presence of the maleic acid-vinylsul-
fonic acid copolymer. Only these two crystal faces have lattice sulfate ions with one S-bond
directed normally out of the surface. A flatter adsorption of the inhibitor molecule may take
place if the repeating distance between its functional groups corresponds with that of the
lattice ions. The polymer backbone can then act as a fence at the crystal surface, thus forming
a solid obstacle for the propagating steps.?*

AIM OF THE STUDY

In this paper we compare the growth inhibiting performance of three polyelectrolytes
in barium sulfate crystallization with their adsorption behaviour, with an emphasis on the
effect of inhibitor adsorption rate. The three polyelectolytes are a random copolymer of
maleic acid and vinyl sulfonic acid, denoted as PMA-PVS, and two polyphosphino-acrylates
with different molecular weights, indicated by PPAA-I and PPAA-II. The generic formulas
of these compounds, as well as their molecular weights M,, and their polydispersities
M,/M,, are given in Figure 2.

EXPERIMENTAL

To determine the growth inhibiting performance of the three compounds, free-drift
seeded suspension growth experiments were performed at 25.00 + 0.01°C."?’ The growth
process was initiated by the addition of 1 ml BaSO, suspension, containing about 50 mg
well-defined seed crystals with a specific surface area of 0.30+0.03 m?g’!, to 200 ml of a
well-stirred solution with an initial relative supersaturation c; of 4.6, a pH-value of 5.0£0.01,
and, if applied, 0.1 ppm inhibitor. The growth process was followed by recording the
suspension conductivity as a function of time. Some additional growth experiments were
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performed at pH = 3.840.01 and o; = 4.9 in the presence of 0.1 ppm PMA-PVS or PPAA-II,
in which the added seeds were pretreated with an 0.1 ppm inhibitor solution, saturated with
BaSQO,, before initiation of the growth process.

For the adsorption experiments dry BaSO, crystals purchased from Baker were used.
The specific surface area of these crystals was 6.3+0.1 m?g"!, determined by BET (N,) gas
adsorption. To measure the adsorption as a function of time, an accurately weighted amount
of 200 mg BaSO, crystals was added to 40.00 ml of a saturated BaSO, solution with a
pH-value adjusted to 5.0, containing an inhibitor concentration ranging from 10 to 50 ppm.
Immediately after addition of the crystals (t = 0), the suspension was well-shaken during a
certain registered period and subsequently filtered over a 0.22 pum pore size filter. The
moment of complete separation of crystals and solution was taken as the adsorption time.
The residual inhibitor concentration in the filtrate was determined by titration with 5 X 10-3
M NaOH solution. In the case of the polyphosphinoacrylate compounds, the solutions were
titrated in a nitrogen atmosphere from pH = 4.000 to 7.000 and the sample concentration
was determined from a calibration line.?® Within this pH range, about 70% of the carboxylic
acid groups are ionized. For PMA-PVS, the pH range had to be extended to pH = 9.000 to
obtain a sufficiently accurate calibration line.

RESULTS AND DISCUSSION

Growth Experiments

Sequence in Growth Retarding Performance. First, the growth curves of BaSO4
crystals in the absence (blank) and presence of 0.1 ppm of the tested compounds were
measured. Figure 3 shows the corresponding mean linear growth rates R as a function of the
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Figure 3. Plots of the mean linear growth rate R versus the relative supersaturation o, in the presence and
absence of 0.1 ppm PMA-PVS, PPAA-I and PPAA-II, at pH = 5 and 25°C.
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Figure 4. Dependence of the supersaturation (a recorder response) on time, in the presence of 0.1 ppm PPAA-II
at pH = 3.8 and 25°C, after addition of untreated seeds and of seeds pretreated in 0.1 ppm PPAA-II.

relative supersaturation o, starting from an initial supersaturation o;j of 4.6. R is defined as
the time derivative of the concentration (~ conductivity) versus time curve divided by the
total surface area of the crystals at time t, as described in detail.! The total increase in surface
area of the crystals for the blank amounted only 4%. The relative super-saturation c of the
bulk solution is given by (c-Ceq/Ceq), With ceq = equilibrium concentration. From these curves,
the following sequence in effectiveness at pH = 5 and 25°C can be concluded:

PMA-PVS > PPAA-4 > PPAA-1.
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Figure 5. Adsorption of 50 ppm PMA-PVS (closed triangle), PPAA-II (closed square) and PPAA-I (closed
circle) at pH = 5 and 25°C. Surface coverage (mg m2) versus time (s).
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In the presence of PMA-PVS, the mean linear growth rate R approaches zero while
o hardly decreases. The R - 6 growth curve obtained in the presence of PPAA-1 approaches
that of the blank. The same sequence was found at pH = 3.8 and 25°C.

In addition, growth experiments were performed at higher concentrations of PPAA-II
and PMA-PVS to determine the concentration where total growth blockage occurs. No
detectable growth could be measured anymore in the presence of 0.2 ppm PMA-PVS and
0.5 ppm PPAA-II at pH = 5 and 25°C. The concentration where the hardly effective inhibitor
PPAA-I causes total growth blockage was not determined, but it will anyhow be much higher
than for PPAA-II, in view of its poor effectiveness.

Growth with Pretreated Seed Crystals. To check whether any measurable effect of
the inhibitor adsorption rate on the growth curve can be measured, growth experiments were
performed at ; = 4.9 and pH = 3.8 in the presence of 0.1 ppm PMA-PVS or PPAA-4, using
either seed crystals without special treatment or seed crystals previously immerged in an
inhibitor solution (saturated with BaSOa) of the same concentration for at least 6 hours before
being applied. Within this time, adsorption should be completed. A pH-value of 3.8 instead
of 5 was selected for these experiments because at pH = 3.8 adsorption of both inhibitors
proceeds less easily than at pH = 5 owing to a lower degree of dissociation, resulting in a
poorer effectiveness, and differences will become more pronounced. Also, the slightly higher
initial supersaturation of 4.9 instead of 4.6 will negatively influence the inhibitor perform-
ance. The growth rate of the blank is independent of the solution pH and initial supersatu-
ration.'

In the presence of 0.1 ppm PPAA-II, different supersaturation-vs.-time curves were
found, indeed, for the two different types of seed crystals. Growth is retarded more
effectively when seeds, pretreated with 0.1 ppm PPAA-II, were added. This is shown in
Figure 4 where the recorder response, which is directly related to the bulk concentration and
hence to the supersaturation, is plotted versus time. Addition of the untreated seeds results
in a faster decrease in supersaturation, indicating a less effective growth inhibition owing to
the inhibitor’s time-dependent adsorption. Both curves coincide after 3200 seconds (s)
growth time, when the supersaturation has decreased until o ~ 3.0. The largest measured
difference in supersaturation between both curves is ~13%.

For PMA-PVS, no significant difference was found between the supersaturation-vs.-
time curves measured with normal seeds and with pretreated seeds, which is an indication
that the PMA-PVS adsorption rate plays no role in the inhibition process. This will be verified
by measuring time dependent adsorption isotherms.

Time Dependent Adsorption

Time dependent adsorption measurements were performed in order to find out if the
three tested compounds behave differently. Formerly determined equilibrium adsorption
isotherms of PPAA-I, PPAA-II and PMA-PVS at pH = 5, revealed that the equilibrium
coverage is maximal, i.e. at the plateau level, for PPAA-I and PPAA-II at an initial
concentration from ~ 50 ppm, and for PMA-PVS from ~ 20 ppm.2® Therefore the first series
of time dependent adsorption experiments were done with S0 ppm inhibitor. The results are
presented in Figure 5. The minimum feasible measuring time was ~8 seconds. Below this
time the curves were extrapolated to the 0,0 origin. Despite the substantial spread in the
measured points, it can be concluded that the best growth retarder PMA-PVS reaches its
equilibrium adsorption plateau value of 0.29 mg m in a significantly shorter period (=40
s) than the two polyphosphinoacrylates (100-140 s). PPAA-I seems to reach its equilibrium
plateau value (0.15 mg m'?) in a slightly shorter time than PPAA-II (0.33 mg m™2), probably
because of its lower M.
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Figure 6. Adsorption of 10 ppm (open circle), 20 ppm (closed diamond), 25 ppm (star) and 50 ppm (closed
square) at pH = 5 and 25°C versus time.

Additional experiments were performed with PPAA-II and PMA-PVS concentrations
varying from 10 to 50 ppm to study the influence of inhibitor concentration on the adsorption
time. Since for PPAA-II the maximum equilibrium surface coverage of 0.33 mg m? is
reached at concentrations >50 ppm?%, its equilibrium surface coverages will be lower at
concentrations <50 ppm. Two opposite effects will influence the adsorption time with
decreasing concentration: the driving force for adsorption will become smaller, leading to a
longer adsorption time, and a lower surface coverage has to be established, requiring a shorter
adsorption time. In Figure 6 some of these curves (50, 25, 20 and 10 ppm PPAA-II) are
presented. It can be seen that the initial slope of the curves decreases with decreasing initial
concentration and that the time needed to reach the equilibrium surface coverage remains
between 100 and 140 seconds. Plotting of the initial slopes versus the initial concentrations,
revealed a linear relation according to:

slope (mgm2s") = (1.11+0.02) X 10* X C (ppm).

PMA-PVS reaches its maximal equilibrium surface coverage at an initial concentra-
tion of ~20 ppm.2% Additional time dependent adsorption experiments with concentrations
of 25 and 10 ppm resulted in curves which coincided with the curve measured for an initial
PMA-PVS concentration of 50 ppm. Determination of the change of the initial slopes with
decreasing concentration was therefore not possible for PMA-PVS, but it can anyway be
concluded that the PMA-PVS adsorption time is about the same for initial concentrations
varying from 10-50 ppm.

Inhibitor Effectiveness versus Adsorption Behaviour

Knowing at what inhibitor concentrations total growth blockage occurs at pH = 53,
the corresponding surface coverage can be estimated from the extrapolated part of the
equilibrium adsorption isotherm of the inhibitor. This value is only reached if the adsorption
is completed before the surface is covered by the next growth layer. A first indication that
this is not the case for PPAA-II, but probably true for PMA-PVS, was obtained from the
growth experiments with pretreated seed crystals. When the time needed to establish the
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inhibitor surface coverage causing growth blockage is known, we can find out whether
competition between BaSO, growth units and inhibitor molecules for a position at the crystal
surface may occur by comparing this adsorption time with the times needed to grow one
BaSO, layer at the prevailing supersaturation.

At pH = 5, total growth blockage of well-defined BaSO, crystals with a specific
surface area of 0.30£0.03 m? g' was found to occur in the presence of either 0.2 ppm
PMA-PVS or 0.5 ppm PPAA-II. The corresponding inhibitor surface coverages, derived
from the extrapolated equilibrium adsorption isotherms, are 3.8X10-3 mg m and 6.6X10"
mg m?, respectively. These values will, however, not be reached when the adsorption
proceeds slower than the deposition of the next growth layer.

Equating concentrations measured with smooth crystals (growth experiments) and
very rough crystals (adsorption experiments) seems not entirily justified. In a former study,
however, we found similar values for the maximum surface coverage needed for total growth
blockage by the phosphonate inhibitor HEDP (1-hydroxy-ethane-1,1 bisphosphonic acid)
for very rough and for well-defined BaSO, crystals. We therefore assume that the effect of
surface roughness is also not too dominant for the compounds investigated in this study.

The times needed for the establishment of the calculated surface coverages can
unfortunately not be measured, because the current detection techniques do not allow
determination of PPAA-II and PMA-PVS at concentrations below 10 ppm.

Hence the adsorption time of 0.5 ppm PPAA-II could only be estimated from the
initial slope of its time dependent adsorption curve, using the found relation of slope vs.
initial concentration for inhibitor concentrations >10 ppm (= 5.55 X 10° mg m? s').
Substitution of the surface coverage of 6.6 X 10~ mg m™ then leads to an adsorption time
of 118 s.

Since the measured times needed to establish equilibrium surface coverage by
PMA-PVS at concentrations varying from 10 to 50 ppm remained 40 s, we assume that also
for the very low concentration of 0.2 ppm, with an equilibrium surface coverage of 3.8'10
mg m-2, the adsorption time is ~40 s.

The increase in BaSO, surface during a growth experiment is almost negligible, and
will therefore play no role in the extrapolation of the adsorption characteristics determined
in the range of 10 to 50 ppm to the very low concentrations as used in the growth experiments.
During a growth experiment in the absence of an inhibitor, when growth of the BaSO, seed
crystals continues until the supersaturated BaSO, solution has reached its equilibrium value,
~2 mg BaS0, is formed on ~50 mg seed crystals with a specific surface area of 0.30 m? g’
During an experiment in the presence of an inhibitor even less BaSO, is formed, because

Table 1. Mean time t (s) needed to grow one BaSO, monolayer in
the absence of an inhibitor for various relative supersaturations ¢

Relative Mean linear Mean layer

supersaturation growth rate growth time
(o) Rx102ms™ T(s)
4.6 11.4 38.7
4.5 10.6 41.6
4.0 7.2 60.9
35 4.8 92.2
3.0 3.1 143.9
2.5 1.9 229.8
2.0 1.2 375.5
1.5 0.7 668.0

1.0 0.2 2133.3




Adsorption Behaviour of Polyelectrolytes 109

the saturation value of the barium sulfate solution is usually not reached owing to the growth
retardation. Although the BaSO, surface area hardly increases during a growth experiment,
it is of course constantly refreshed.

The obtained inhibitor adsorption times of 118 s and 40 s for PPAA-II and PMA-PVS,
respectively, were subsequently compared with the BaSO, growth rate in the absence of an
inhibitor. The mean time needed for the deposition of one BaSO, growth layer was calculated
for relative supersaturations ranging from 4.6 (= ¢;) to o = 1.0. For the height of one growth
layer dy,, a value of (8.612 X 10" m3)!3=4.416 X 10-'* m*® was taken, and with the help
of the determined mean linear growth rate values R (m s™') for the various relative super-
saturation values, a mean layer growth time t for each supersaturation was obtained. Some
of the calculated values are listed in Table 1.

It can be seen, that the estimated value for the time needed to reach PPAA-II
equilibrium surface coverage interferes with the mean times needed to grow a barium sulfate
monolayer at o-values of 4.6 until # 3.0. It can thus be expected that the PPAA-II
performance is reduced owing to the relatively slow adsorption rate of the inhibitor within
this supersaturation range. Once the supersaturation is decreased by the growth of the seed
crystals, the growth rate decreases and the inhibitor molecules have sufficient time to adsorb
and block the attachment of oncoming barium sulfate growth units. This supersaturation
range of 4.6 until 3.0 agrees with the supersaturation range where a difference was found
between the growth curves measured with normal seeds and pretreated seed crystals.

For PMA-PVS, the adsorption time of 40 s interferes with BaSO, monolayer growth
times only at supersaturations higher than 4.5-4.6. It can therefore be understood that no
adsorption time effect was measured for this compound in growth experiments with this
initial supersaturation.

CONCLUSIONS

e The sequence in growth retarding effectiveness of the three investigated polyelec-
trolytes at pH = 5 and at 25°C is:

PMA-PVS > PPAA-II > PPAA-L

e Total blockage of BaSO,4 growth at pH =5, 25°C and an initial relative supersatu-
ration o; = 4.6 occurs at a concentration of ~0.2 ppm PMA-PVS or ~0.5 ppm
PPAA-IL

e Pretreatment of BaSO, seed crystals in 0.1 ppm PPAA-II results in a better growth
retardation of BaSQ, at pH = 3.8, o; = 4.9 and 25°C in the presence of 0.1 ppm
PPAA-II than when non-treated seeds are added. For BaSO, growth in the presence
of 0.1 ppm PMA-PVS under the same growth conditions, pretreatment of the seeds
has no measurable effect.

o The better growth retarding effectiveness of 0.1 ppm PMA-PVS at pH = 5 and
25°C compared to 0.1 ppm PPAA-II can be related to a faster adsorption of
PMA-PVS.

o The adsorption rate of PPAA-II at pH = 5 and 25°C interferes with the growth rate
of BaSO, in the c-range of 4.6 to 3.0, leading to a diminished growth-inhibiting
effectiveness of PPAA-II.



110

M. C. van der Leeden and G. M. van Rosmalen

ACKNOWLEDGMENT

The authors are indebted to P.A. de Jong and S. Nathoenie for their technical

assistance.

REFERENCES

—

11.
12.

13.
14.
15.
16.

17.

18.

19.
20.
21.
22.
23.
24.
25.

26.
217.
28.
29.

. M.C. van der Leeden, J. Reedijk, and G.M. van Rosmalen, Estudios Geol., 38, 279.
. M.C. van der Leeden and G.M. van Rosmalen, 1987, Desalination, 66, 185.
. Weijnen, M.P.C., M.C. van der Leeden, and G.M. van Rosmalen, 1987, Geol. Chemistry and Mineral

Formation in the Earth Surface (Eds. R. Rodriquez Clemente and Y. Tardy), 753.

. M.P.C. Weijnen, G.M. van Rosmalen, P. Bennema, and J.J.M. Rijpkema, 1987, J. Crystal Growth, 82,

509-527.

. M.P.C. Weijnen, G.M. van Rosmalen, and P. Bennema, 1987, J. Crystal Growth, 82, 528-542.
. J. Christoffersen, M.R. Christoffersen, S.B. Christensen, and G.H. Nancollas, 1983, J. Crystal Growth,

62, 254.

. N. Cabrera, and D.A. Vermileya, 1958, Growth and Perfection of Crystals (Eds. R.H. Doremus, B.W.

Roberts and D. Turnbull), Wiley, New York. 393.

. R.J. Davey, 1976, J. Crystal Growth, 34, 109.
. Leung, W.H. and Nancollas, G.H., 1978, J. Crystal Growth, 44, 163.
. H.R. Rawls and 1. Cabasso, 1984, Proc., Symp. Adsorption and Surface Chemistry of Hydroxyapatite

(Eds. D. Misra, N. Dwarika), Plenum Press, New York, 115-128.

M.A. Cohen Stuart, 1986, Advances in Colloid and Interface Science, 24, 143.

C. Laguerie, B. Ratsimba, and C. Frances, 1990, BIWIC 1990, Bremer International Workshop for
Industrial Crystallization (Ed. J. Ulrich), 10.

M.P.C. Weijnen and G.M. van Rosmalen, 1985, Desalination, 54, 239.

J.P. van der Eerden and H. Miiller-Krumbhaar, 1986, Electrochimica Acta, 31, no. 8, 1007.

J.S. Gill and R.G. Varsanik, 1986, J. Crystal Growth 76, 57.

L. Addadi, Z.Berkovitch-Yellin, I. Weissbuch, J. van Mil, L.J.W. Shimon, M. Lahav, and L. Leiserowitz,
1985, Angew. Chem. 24, 466.

L. Addadi, Z.Berkovitch-Yellin, I. Weissbuch, M. Lahav, and L. Leiserowitz, 1986, Topics in Stereochem-
istry, vol.16 (eds. E.L. Ehil et al.), John Wiley & Sons Inc., 1.

M. Vaida, L.J.W. Shimon, Y. Weisinger-Lewin, F. Frolow, M. Lahav, L. Leiserowitz, and R.K. Mc Mullin,
1988, Science, 241, 1475.

G.M. van Rosmalen and P.Bennema, 1990, J. Crystal Growth 99, 1053-1060.

M.A. van Damme-van Weele, thesis, 1965, Twente University of Technology, The Netherlands.

S. Sarig, A. Glasner, and J.A. Epstein, 1975, J. Crystal Growth 28, 295.

R.J Davey, S.N. Black, L.A. Bromley, D. Cottier, and B. Dobbs, 1992, Nature, 253, (6344), 549.

S.N. Black, L.A. Bromley, D. Cottier, and R.J. Davey, 1991, J. Chem. Soc., Faraday Trans 87 (20), 3409.
L.A. Bromley, D. Cottier, R.J. Davey, and B. Dobbs, 1993, Langmuir, 9 (12), 3594.

M.C. van der Leeden and G.M. van Rosmalen, 1988, Proc., Third Intl. Symposium on Chemicals in the
Oil Industry, Royal Soc. of Chemistry London, 68.

M.C. van der Leeden and G.M. van Rosmalen, 1995, J. Colloid and Interface Sci., 171, 142.

S.T Liu and G.H. Nancollas, 1970, J. Crystal Growth 6, 281.

J. Blaakmeer, M.A. Cohen-Stuart, and G.J. Fleer, 1990, Macromolecules, 23, 230.

A.E. Nielsen, 1969, Kinetics of Precipitation, Pergamon, Oxford.



10

DEVELOPMENT OF NEW PHOSPHONIC
ACID BASED SCALE INHIBITORS AND
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Alexei G. Pervov and Galina Y. Rudakova
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42, Komsomolsky pr., Moscow, 119826, Russia
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4, Bogorodsky val, Moscow, 107258, Russia

INTRODUCTION

The significance of thorough pretreatment of Reverse Osmosis (RO) feed water can
not be overestimated. The neglect of these processes has resulted in shutdowns in a number
of RO facilities. The problem of fouling and scaling in membrane equipment is extensively
investigated and successfully avoided in majority of cases due to advances in research and
operational practices. The problems that do arise are reflected in professional literature.!-
Many new advanced chemicals are being used for scaling control®* and cleaning proce-
dures.?

However, a number of research programs lack a rational approach to identifying the
causes of the problems and to understanding the mechanisms of flux and rejection decline
in the unsuccessful operation. Laboratory test simulation techniques do not always corre-
spond to real conditions in membrane units. Generally, the results of new investigations are
presented after a long term course of pilot plant and field testing.? This could be valid for
certain conditions at certain facilities, however, the results of such studies cannot be applied
to variety of other feed water conditions.

The mechanisms of scaling and/or fouling layer formation are not fully understood.
Long term operational experience of RO facilities demonstrates that the process of foulant
accumulation and even its control techniques are determined by the type of the unit
construction.’ Introduction of improved types of membrane modules could be viewed as one
possible solution of fouling and scaling problems.

The present study is devoted to resolution of scaling problems and their control in
the applications of Russian desalination facilities furnished with spiral wound modules
manufactured by POLIMERSINTEZ (Russia). The studies were conducted in NII VODGEO
to understand the scaling and fouling mechanisms and to provide industrial facilities with

111
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operational guidelines. As a result of these, a series of chemicals produced by NPO IREA
(Russia) were recommended as antiscalants and cleaning agents. Once the mechanisms of
scaling and fouling are understood, the tendencies of foulant accumulation could be observed
and methods for its control could be successfully devised and evaluated.

In this study, new test procedure is offered which enables us to evaluate pre-
treatment qualities for various possible foulants. This provides a quantitative com-
parison of the effectiveness of different pretreatment techniques, such as additives
and/or acid dosing, and permits its rapid testing in variety of feed water conditions
(i.e., a wide range of total dissolved solids, TDS, and pH values and scale-forming
species concentrations). Pretreatment requirements can also be successfully determined
through the application of the suggested test procedure.

AN OVERVIEW OF SCALING MECHANISMS FROM PREVIOUS
STUDIES

The investigation of the sparingly soluble salt scaling in RO systems has shown
that the main cause of crystal formation in spiral wound modules is attributed to the
contact between spacer (mesh) bundles and the outer membrane surface.’® During the
module manufacturing, pressure is applied to spacer while the membrane leaves are
being wound around the product tube. The contact sites provide additional local re-
sistance to the flow above the membrane surface which lowers flow rates and results
in an increase in concentration. The degree of supersaturation reached often appears
to be sufficient to initiate crystal nucleation. The results of experimental study suggests
that crystals are brought out of the sites and subsequently precipitate on the outer
membrane surface according to suspended particles fouling mechanism. Microscopic
observation of membrane surfaces during autopsies of scaled-up modules confirms
this crystallization mechanism.’

The influence of the membrane material on calcium sulfate and calcium carbonate
scaling propensities also should be mentioned. High concentrations attained in dead-
spots substantially depend on pressures in membrane channel. Low pressure composite
membrane based modules demonstrated no susceptibility to calcium sulphate scaling
despite severe brine conditions during testing. The decline of product flux of the
fouled module is apparently caused, not by pressure drop across the foulant layer, but
by the increase of feed solution concentration due to the polarization from the fouling.
Otherwise, the reduction of the product flux during foulant accumulation would not
be accompanied with substantial decrease in rejection. An increase in the differential
pressure across the fouled modules in the vessel should be recorded as it reduces the
active applied pressure (net driving pressure) and thus lowers the flux. Delta pressure
increase due to fouling is also attributed to the presence of the mesh spacer in the
channel. Thus the influence of module construction and the type of membranes should
be accounted during the consideration of pretreatment requirements and cleaning sched-
ules. A special test procedure has been developed that will determine the most likely
foulants that should be removed from feed water and to evaluate fouling or scaling
rates directly for the type of modules employed in industrial installation.

As the influence of mesh spacer on fouling is investigated, it was found that the
problem could be overcome by the introduction of new module construction without contact
between spacer and membrane surface. For conventional RO systems, the influence of
module construction should be accounted during the additive evaluation tests.
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Figure 1. Schematic diagram of spiral wound module test system.

EXPERIMENTAL

A test study was carried out focusing mainly on calcium carbonate scale control in
RO desalination systems built around spiral wound modules with low pressure TFC mem-
branes. The experiments were conducted in the test array shown in Figure 1. The system
contained 4" spiral wound modules. The test procedure was conducted in the batch concen-
tration mode, where reject was recycled to recirculation tank and permeate was withdrawn
from the system. The amount of accumulated scalant (calcium carbonate) in this case was
calculated as the difference between the predicted amount of calcium in concentrated feed
solution (initial concentration multiplied by concentration factor) and actual amount of
calcium in the circulating solution. We were thus able to calculate scaling rates for any type
of the feed water entering the membrane unit.

To embrace possible feedwater compositions, we added calcium chloride to natural
well water to increase hardness, sodium chloride to change the TDS, and sodium hydroxide
for pH adjustment. Using the test procedure described above, calcium carbonate scaling
tendencies for various feed water conditions as well as effectiveness of various types of
inhibitors have already been extensively investigated in relation to different spiral wound
modules. Figure 2 shows the steps of calculation of scaling rates in the 4" module (model
4021) with the well water used as the feed source.

The graph in Figure 2a shows the dependency of calcium content in the recirculating
feed solution on the volume concentration factor. Figure 2b shows the amount of accumu-
lated scale as a function of the concentration factor (CF). Every value of CF corresponds to
a certain amount of time elapsed from the beginning of the experiment. Thus the amount of
accumulated scale could be presented as mass of scale versus time. The scaling rate for every
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Figure 2. Determination of scaling rates in concentration mode.

moment of accumulation could be determined as the tangents to the slope of scale amount
versus time curve (Figure 2¢). And, finally, the graph shown in Figure 2d yields scaling rate
versus CF dependency. The results of this testing enables us to evaluate scaling rates in every
module in every pressure vessels of an RO assembly for any feed water composition and or
system configuration (Figure 3).

The developed test procedure provides a rapid quantitative comparison of effective-
ness of various antiscalants by direct calculation of scaling rates. Figure 4 shows the results
of testings conducted with well water using different samples of antiscalants. The widely
used sodium hexametaphosphate, sodium tripolyphosphate, hydroxyethylidene diphos-
phonic acid (HEDP), nitrilo #ris-methylene phosphonic acid (NTP), and several newly
developed formulations were tested.

It may be understood from Figure 4, by the slope of the curves, “Phosphanol” and
“IOMS” could be recognized as the strongest antiscalants. Among these formulations only
“Phosphanol” is used on an industrial scale and is permitted for the use in water supply
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practice. Phosphanol is a sodium salt of dioxydiaminopropanol tetra metal phosphonic acid,
developed by IREA. All IOMS’s are salts of oxypropanephosphonic acid. Figure 5 shows
the results of phosphanol testings using well water as a feed. Variation in the feed composi-
tion is accomplished by addition of different chemicals to the well water and further
experimental data processing enable us to calculate scaling curves for different feed water
composition (Figure 6). Figure 7 shows the guidelines of how to identify the scaling curve
(scaling rate versus CF at the inlet to RO module) for certain actual values of pH, TDS,

Calcium and Alkalinity.

Concentration Exit flow
ratio, rate, liter /hour
4 ~—
/
200
Second sdage
3
Inlet Flow rate, liter/hour
400
400 /—‘9
2 / /
~ 600
/ 600
/—7
/ 800 | e
/
1
2 T
l First stage 300
Inlet Flow rate, liter/hour
1,5

_———

700 o~ v

1100

——"1"550

inlet

00
exit

=

Spiral wound modules

Figure 3. Concentration ratio increase in the pressure vessels of RO unit.
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PRACTICAL APPLICATIONS

Tables 1 & 2 present the results of experimental data processed to recommend
optimum cleaning schedules (operational period between cleanings and volume of cleaning
solution per one vessel) for various cases of feed water composition and RO unit recovery
when “Phosphanol” is dosed.

Table 1. Identification of feed water composition

Alkalinity, meg/1
4-6 6-8

TDS No. of
pH (PPM) Calcium, meq/1 Calcium, meq/1 lines
4-6 6-8 8-10 6-8 8-10
7.2-1.7 500-800 Al Bl Cl1 D1 El 1
800-1200 A2 B2 C2 D2 E2 2
1200-1600 A3 B3 C3 D3 E3 3
7.8-8.4 500-800 A4 B4 C4 D4 E4 4
8001200 AS B5 (0] D5 ES 5
12001600 A6 B6 C6 D6 E6 6

No. of columns A B C D E
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Table 2. Determination of operational conditions

Interval between cleaning procedures, h

Two-stage scheme  two-stage scheme

multiplicity of multiplicity of
Water composition  concentration - 1,72 concentration - 2,5 Inhinitor dosage
Al 2000 1000 1
A2 2000 1500 1
A3 2000 2000 1
A4 500 — 2
A5 1000 — 2
A6 2000 300 2
B1 2000 400 2
B2 2000 500 2
B3 2000 1500 2
B4 * s 3
BS 250 — 3
B6 800 — 3
Cl 2000 — 3
C2 2000 300 3
C3 2000 500 3
C4 * * 3
C5 * * 3
Cé6 * * 3
D1 500 — 2
D2 800 250 2
D3 2000 400 2
El 300 — 3
E2 500 — 3
E3 700 — 3

Experimental methods for the optimum operational period between cleanings are
based on precipitate accumulation testing and are described previously.® Antiscalant addition
doesn’t necessarily prevent scale formation in RO modules, though it may reduce the rate
of scaling by a factor of 10-20 times. The present guidelines prescribe roughly the interval
between cleanings for wide range of brackish well water compositions. To increase the RO
unit durability and to reduce the consumption of cleaning chemicals, for certain feed water
compositions it would be necessary to operate the unit at lower recoveries.

HOW TO USE THE DEVELOPED GUIDELINES

1. To select the optimum operational mode, first it is necessary to identify the feed
water composition according to Table 1. The identification indices are found in
Table 1 according to certain columns and lines which correspond to the concen-
trations of calcium and bicarbonate, as well as the pH and TDS values. Each
column of Table 1 has its own letter symbol. Thus, feed water composition can be
identified by means of Table 1 and each composition will have its own index. The
most common ground water compositions are found within the lines 1-3 and
columns A-B.

2. Table 2 offers optimum operational conditions according to water compositions
presented in Table 1. Intervals between cleanings are calculated basing on scaling
rates in the RO modules with brine concentration factor values of 2.5 and 1.7. The
optimum operational modes are developed for the pretreatment with 1 ppm of



120 A. G. Pervov and G. Y. Rudakova

“Phosphanol” added to the feed. The chemical composition of cleaning solution
may include citric acid, EDTA, HEDP or other chelating agents at 2 percent
concentrations. All listed solutions exhibit similar dissolution abilities for calcium
carbonate. The intervals between cleanings listed in Table 2 are selected to provide
the most efficient removal of calcium carbonate for current conditions (100 liter
of cleaning solution per one vessel of two elements and 1501 for three elements).
WATERLAB has developed RO units that are operated with simplified pretreat-
ment. The only measure to control scale formation is inhibitor injection at 1-3
ppm concentrations. This enables us to ensure reliable performance during 1000-
3000 hours of constant operation. The developed dosing technique utilizes sole-
noid valves and injectors at the inlet of the high-pressure pumps. The use of
concentrated liquid antiscalant formulations (25-50 per cent) resulted in the
development of automatic RO machines with built-in antiscalant dosing units. The
inhibitor tank volume is sufficient for 1000-3000 hours of operation.
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ABSTRACT

The influence of several phosphonate species on the kinetics of crystal growth of
calcium fluoride has been studied using the Constant Composition (CC) method. The
proportionality of the rate of crystal growth to the square of the relative supersaturation was
consistent with a spiral growth mechanism and the reaction was significantly retarded in the
presence of micromolar concentrations of phosphono-formic, -acetic, and -propionic acids.
Two other additives, ethylenediamine tetra (methylene phosphonate) (ENTMP) and a
polyacrylate, (GOOD-RITE® K-732 from The BFGoodrich Company, molecular weight =
5100) were also effective inhibitors, but the combined retarding effect of their mixtures was
less than the sums of those of the components. The results of equilibrium adsorption
experiments of phosphonoformic, phosphonoacetic and phosphonopropionic acids on cal-
cium fluoride crystal surfaces were consistent with those calculated from the crystallization
experimental data.

INTRODUCTION

In view of the widespread use and application of the alkaline earth metal fluorides,
an understanding of their crystal growth mechanisms is of prime importance. Calcium
fluoride growth has been shown to be sensitive to impurities even when these are present at
very low levels.! To gain a better understanding of the influence of additives on the rate of
crystallization, the Constant Composition, CC, technique has been used in the present work
since it provides kinetic information even at supersaturations that are unattainable by more
conventional free drift methods.? In general, the addition of foreign substances to a growing
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crystal medium may result in rate reductions due to complexation with lattice ions and/or
by the blocking of growth sites through adsorption. In the latter case, rate retardation would
be more sensitive to low additive concentrations, while extensive complexation would be
expected to lead to variations in the stoichiometric ratios of the lattice ions and lower the
degree of supersaturation of the crystallizing medium.

Application of the CC method, made possible by using a fluoride ion-selective
electrode, has been shown to satisfactorily maintain, potentiostatically, the activity of the
ions of interest.>

EXPERIMENTAL

Supersaturated solutions of calcium fluoride were prepared using calcium nitrate (or
chloride) and sodium (or potassium) fluoride solutions prepared from Ultrapure (Alfa
Chemical Company) and Reagent Grade (J. T. Baker Company) chemicals in deionized,
triply distilled water. Cation concentrations were determined by atomic absorption and/or
by exchanging metal ions for protons on an ion exchange resin column (Dowex-50) followed
by acid base titrations. Calcium fluoride seed crystals were prepared in polyethylene
containers under nitrogen by mixing 50 ml aliquots of 0.25 mol I'! potassiur fluoride and
0.125 mol I'! calcium chloride solutions at 25°C. The crystals were washed free of chloride
ions using saturated solutions of calcium fluoride and were aged for at least one month before
use. The composition was confirmed by X-ray powder diffraction (Phillips XRG 3000 X-ray
diffractometer, Ni filter and CuKa radiation) and the specific surface area, 6.30 m?g’!, was
determined by BET nitrogen adsorption (Quantasorb II, Quantachrome, Greenvale NY, 30%
N.,/He).

Crystal growth experiments were made in a polyethylene lined 300 ml double-walled
Pyrex glass reaction cell maintained at 25.0£0.1°C. The reaction media were stirred mag-
netically and bubbled with nitrogen gas saturated with respect to the cell solution. The
fluoride electrodes (Orion, Model 94-09) were calibrated using standard potassium fluoride
solutions both before and at the end of each experiment. Supersaturated solutions were
prepared by mixing solutions of calcium nitrate (or chloride), potassium (or sodium) fluoride
and potassium (or sodium) nitrate (or chloride) in the reaction cell. Crystal growth was then
initiated by the addition of calcium fluoride seed crystals and the fluoride activity was
monitored using a fluoride ion specific electrode in conjunction with a thermal-electrolytic
silver-silver chloride reference electrode. Any change in the fluoride ion activity triggered
the addition of calcium and fluoride titrants controlled by means of a pH-Stat (Metrohm
Combitrator, Model 3D, Brinkman Instrument Co.). During the crystallization experiments,
the constancy (£1%) of the concentration of calcium ions was also verified by filtering
aliquots of the growth media through 0.2 mm Millipore filters and analyzing the filtrates by
atomic absorption spectrophotometry (Perkin Elmer, Model 503). The filtered solid phases

Table 1. Thermodynamic data for speciation calculations

Reaction Equilibrium constant
HF > H +F 6.61 x 10
HF, - HF + F- 2.95 x 10'!
H,0 » H* + OH- 1.00 x 10"
CaF* - Ca** + F- 9.12 x 1072
CaOH* — Ca?" + OH" 427 x 10

CaF,® - Ca?* + 2F- 3.47x 107"
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Table 2. Crystallization of calcium fluoride at 25°C, T(Ca):T(F) = 1:2,
ionic strength = 0.15 mol I'!, 200 rpm stirring speed

Rate
Experiment T(Ca)/10™ CaF, /106 mol
no. mol L-! s seeds/mg min’!
20 5.97 0.79 17.6 11.0
24 5.97 0.79 48.2 33.0
25 6.35 0.90 22.3 16.5
26 6.16 0.84 22.3 14.3
27* 5.97 0.79 22.3 11.5
28 5.77 0.73 24.2 10.6
29 5.58 0.67 26.1 9.4
30 5.39 0.61 30.2 7.9
31* 5.97 0.79 22.3 11.6

*Stirring rate was 300 rpm.

were investigated by X-ray diffraction and scanning electron microscopy (ISI Model II
Scanning Electron Microscope).

RESULTS AND DISCUSSIONS

The kinetics of the crystal growth reactions was analyzed in terms of the concentra-
tions of the free calcium and fluoride ionic species. These were calculated using mass
balance, electroneutrality and ionic strength expressions together with thermodynamic
equilibrium constants of the various ion pairs and complexes summarized in Table 1.43 The
speciation computations were made by successive approximations of the ionic strength as
described previously.>’

Activity coefficients were calculated from the extended form of the Debye-Hiickel
equation proposed by Davies.® The relative supersaturations, o, were expressed by Eq. 1

& ={[(Ca*)(F)]'"” - (Kep) "} /(K" 1)

in terms of the molar concentrations of the free calcium and fluoride lattice ions in the
supersaturated solution, (Ca**) and (F"), and the solubility product, K, at the ionic strength
of the experiment.

During the CC experiments, summarized in Table 2, the supersaturation was main-
tained constant by the addition of titrants containing the lattice ions.

Typical plots of titrant volume shown in Figure 1, were used to calculate the rates of
crystal growth® expressed in Eq. (2)

Rate of Growth,R, = ks(K,;)* 6" = k'c" )

InEq. 2, k and k’ are rate constants, s is related to the number of growth sites available
on the surface of the seed crystals, and v (= 3) is the number of ions in the formula unit. K,
is the solubility product at the ionic strength of the experiment (0.15 mol I'!) and n is the
effective order of the growth reaction. It can be seen in Table 2 that the rate of titrant addition
(mol min™') at each supersaturation increased proportionally to the mass of CaF, seed crystals
used to initiate the growth reactions.
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Figure 1. Typical plots of the volume of calcium nitrate (or chloride) titrant added during the crystallization
experiments. Experiment 25 (open squares), 26 (closed circles), 27 (open diamonds), 29 (closed triangles), and
30 (closed squares).

It was evident from the relatively large increase in the size of the cubic seed crystals
and the absence of secondarily nucleated particles, that growth took place exclusively on the
surface of the added seed crystals. The effective order of the growth reactions was obtained
from the slopes of the logarithmic plots of Eq. 2 shown in Figure 2.

The n value, 1.94 + 0.1, showed that the rate of crystallization followed a rate law
second order with respect to relative supersaturation, consistent with a spiral growth
mechanism. Further evidence was provided by the insensitivity of the growth rates to changes
in fluid dynamics in experiments 27 and 31 shown in Table 2.
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Figure 2. Logarithmic plot of the crystallization rate as a function of supersaturation.
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Table 3. The influence of phosphonoformic (PF), phosphonoacetic
(PA), and phosphonopropionic (PP) acid additives on the crystallization
rate of calcium fluoride at 25°C, T(Ca):T(F) = 1:2,

T¢, = 5.96 x 10 molar, ionic strength = 0.15 molar,

200 rpm stirring speed
Experimen [Additive] Rate/10°mol

tno.  Additive /10 mol L' min"! m?
27 — 0.0 11.5
35 PF 0.50 5.8

36 PF 1.00 4.0

37 PF 2.00 32

38 PF 3.00 3.0

39 PF 4.00 29
40 PA 0.50 8.0

41 PA 1.00 6.7

42 PA 2.00 6.0

43 PA 3.00 5.7
44 PA 4.00 5.5

45 PP 0.50 8.8
46 PP 1.00 7.8

47 PP 2.00 7.0

48 PP 3.00 6.7
49 PP 4.00 6.5

Crystallization experiments in the presence of phosphonate additives made at a
constant supersaturation, ¢ = 0.79, are summarized in Table 3 and the data are plotted in
Figures 3 and 4.

It can be seen that the rate of crystallization was markedly reduced even at very low
additive concentrations. As the latter increased (Figure 3), the retardation reached maxima
of 75%, 51% and 43% for phosphonoformic (PF), phosphonoacetic (PA) and phosphono-
propionic acids (PP), respectively.

-
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-
o

RATE, 10~% mol.m 2. min™!
»n

0 1 1 1 1
0 1 2 3 4 5

ADDITIVE CONCENTRATION, 10~% mol.L™!

Figure 3. Crystal growth of calcium fluoride in the presence of phosphonoformic (open squares), phos-
phonoacetic (closed circles), and phosphonopropionic (closed squares) acids.
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RATE, 10~® mol.min"'m™2
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ADDITIVE CONCENTRATION, 10~7 mol.L™!

Figure 4. Crystal growth of calcium fluoride in the presence of ENTMP (closed squares) and K-732 (closed
circles).

CC crystal growth experiments were also made in the presence of ethylenediamine
tetra(methylene phosphonate), ENTMP, and a polyacrylic acid, K-732. The growth curves,
plotted in Figure 4 showed that both were effective growth inhibitors. Complete inhibition
of CaF, growth was achieved by the addition of only 1.5x10¢ mol I'' of K-732. It is
interesting to note (Figure 5) that when mixtures of ENTMP and K-732, at a total concen-
tration of 1.0X10°% mol 1!, were added to the supersaturated solutions prior to seeding, the
resulting growth rate was greater than the sum of the rates with the individual components
at the same concentration. This suggests molecular interference between the adsorbates
facilitating diffusive access of calcium and fluoride ions to growth sites through the disrupted
adsorption layer.

-
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1 1 1
0 20 40 60 80 100
K-732 MOLAR RATIO, % ENTMP

0 1

Figure 5. Crystal growth of calcium fluoride in the presence of mixtures of ENTMP and K-732. Plot of rate
against molar ratio at a constant total concentration of 1.00 x 106 mol I,
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Figure 6. “Kinetic” Langmuir plots of the influence on calcium fluoride crystal growth rate of phosphonofor-
mic (closed circles), phosphonoacetic (closed diamonds), and phosphonopropionic (closed squares) acids.

Crystal growth retardation in the presence of additives can be interpreted in terms of
the elimination or blocking of growth sites on the crystal surfaces. In addition, the inhibitor
molecules may compete with fluoride ions in the Stern layer'® thereby preventing their
integration into the growing crystals. It can be seen in Figure 3, that even at maximum
retardation by the three phosphonate inhibitors, crystal growth continued at lower rates
indicating that crystal lattice ions were still able to reach the surface between the adsorbed
additive molecules. At maximum surface coverage, repulsive forces between the adsorbed
molecules probably limited their surface concentrations so that the crystal surfaces retained
their accessibility to Ca** and F- ions from solution. Assuming that the reduction in crystal

Ro(Ro—Ry) ™"

0 19 20 30 m
(ADDITIVE CONCENTRATION)-1, 105 L mol-1

Figure 7. Langmuir-type plots of relative crystal growth rate reduction in the presence of ENTMP (closed
circles) and K-732 (open circles).
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Figure 8. Equilibrium adsorption isotherms of phosphonoformic (closed squares), phosphonoacetic (closed
circles), phosphonopropionic (open squares) acids.

growth rate reflected the increased coverage on the CaF, crystal surface, it can be described
in terms of a simple Langmuir-type isotherm.!! The growth rates in the absence (R,) and
presence (R;) of inhibitors, can be represented by such a model using Eq. 3.

Ry/(Ry-R) =1+ (KCya)! 3)

Typical plots of R¢/(R, - R;) against the reciprocal of the inhibitor concentration, C,44
are shown in Figures 6 and 7.

The linearity confirms the applicability of this model. Values of the resulting “kinetic”
adsorption constants, K, are 0.93x10°, 1.62x10°, 1.90x10%, 2.5x10° and 3.8x10° 1 mol™! for
phosphonoformic acid, K-732, phosphonoacetic acid, phosphonopropionic acid and

ENTMP additives, respectively.
Equilibrium adsorption experiments of the phosphonoic acids on calcium fluoride

crystals were made at pH = 6.0+0.2 and 25.0+0.2 °C. It was shown, in timed experiments,
that equilibrium was reached within the first few minutes but the suspensions were allowed
to come to equilibrium for 24 hours. Adsorption isotherms are shown in Figure 8. Although
it was not possible to fit the data using the linear form of Langmuir equation, it can be seen

that the extent of adsorption decreases in the order
PA >> PP>PF in good agreement with the results of the crystal growth experiments.
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INTRODUCTION

The occurrence of various types of scales in both recirculation and once through
cooling systems is very common due to the composition of the make-up water used
to replace the losses due to evaporation. Calcium sulfate, mainly as gypsum, and the
much less insoluble calcium carbonate polymorphs are the salts most frequently en-
countered.!? The deposits that are formed greatly reduce heat transfer causing energy
losses or material damage especially when coupled with corrosion. In all cases in
which scale is encountered several steps precede the appearance of the solid phase.
These include nucleation (primary and secondary), crystal growth and secondary
changes such as recrystallization, aging, aggregation, etc. The solution supersaturation
is a very important factor for the control of the formation of solid precipitates in the
aqueous phase but it should be examined in conjunction with other factors such as
the nature of the substrate on which scale deposits are formed. This is important in
cases in which more than one type of salt is formed. It has been suggested by Newkirk
and Turnbull® that the lattice misfit between two crystalline solids may serve as a
criterion for the prediction of the overgrowth of one crystalline deposit on the matrix
provided by another. In the present work we have investigated the formation of calcium
sulfate dihydrate (CSD) in aqueous solutions supersaturated both with respect to this
phase and with respect to all calcium carbonate polymorphs. More specifically, the
deposition of CSD on metallic surfaces both clean and covered with calcium carbonate
scale was studied in order to investigate the relationship of these two salts in terms
of heterogeneous precipitation. Investigation of the the relationship of CSD with the
various calcium carbonate polymorphs was done in a batch reactor at low (25°C) and
at higher temperatures (120 and 140°C).
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The presence of reducing conditions may yield conditions favorable for the formation
of sulfide ions from the reduction of sulfate. Sulfide ions may participate in the corrosion
process of the steel parts in contact with the fluid. Corrosion is responsible for the partial
dissolution of iron which may trigger the precipitation of iron sulfide. The sulfide deposits,
depending on the solution pH, may promote further corrosion.** Calcium carbonate deposits,
on the other hand, are known to provide protection against corrosion. The correlation
between various types of scale formation (carbonate and iron sulfide) on steel substrates and
corrosion has also been investigated with electrochemical measurements.

EXPERIMENTAL

Crystallization / Deposition Experiments

The experiments described in the present work were done in batch reactors, magneti-
cally stirred (ca. 400 rpm) in order to insure homogeneity of the solution. Thermostatting of
the reactors was done by circulating water through the glass jacket surrounding the reactor.
The experiments at 120 and 140°C were done in an autoclave with a glass lining (Parr). The
supersaturated solutions were prepared in the reactors by mixing equal volumes of solutions
containing calcium and a salt of the anion of the solid being investigated, respectively. The
deposition proceeded either in the bulk of the solution or on the surface of the stainless steel
(SS 304) U tubes through which 60.0 + 0.5°C thermostatted water was flowing. Immediately
following the mixing of the solutions, physicochemical properties of the supersaturated
solution such as conductivity and/or calcium concentration were monitored. In the former
case, a conductivity probe (Radiometer PP1042) with a conductivity meter (Metrohm 660
Conductometer), appropriately calibrated as described in Klepetsanis and Koutsoukos®, was
employed. In experiments in which the precipitation process was monitored through the
measurement of the calcium ion concentration in the solutions, aliquots of the aqueous phase
were withdrawn, filtered through membrane filters (Millipore 0.22 um) and the filtrates were
analyzed for calcium and sulfate ions by ion chromatography (Metrohm IC 690 with a
conductivity and a spectrophotometric detector and a Shimadzu electronic signal integrator).
The deposited solid phases were characterized by physicochemical methods including
powder x-ray diffraction spectroscopy (Philips 1840/30), scanning electron microscopy

Water in Water out

777

@— Water in

IS

[ Magnetic stirrer J

Figure 1. Experimental setup for the measurement of the kinetics of deposition of insoluble salts on steel
surfaces provided by a U-shaped tube immersed in solutions supersaturated in the salt deposited.
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Figure 2. Experimental setup for the deposition of calcium carbonate in stainless steel specimens. WS:
working solution, S: specimen, P: peristalic pump for the circulation of the supersaturated solution, Q: external
heating of the specimen tube.

(SEM, JEOL JSM 5200), infrared spectroscopy (Nicolet FTIR 740), and specific surface
area measurements (multiple point nitrogen adsorption BET). The experimental setup for
the rate measurements of the deposition of minerals on the steel U-tubes is shown in figure
1.

Layers of calcium carbonate deposited on steel specimens were obtained by the
continuous flow of supersaturated solutions, keeping the supersaturation of the circulating
solution constant by the addition of the appropriate titrant solutions’ The experimental set-up
is shown in figure 2.

Electrochemical Measurements

The electrochemical investigation of the behavior of stainless steel SS 304 in
corrosive media of Sodium Chloride in the presence (and in the absence) of sulfide ions (and
Iron Sulfide deposits) includes two kinds of experiments:

>

To Potentiostat

Magnetic stirrer

Figure 3. Experimental setup for the DC electrochemical measurements. CE: counter electrodes (graphite),
RE: reference electrode with salt bridge, WE: working electrode.
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e DC-measurements: Open Circuit Potential (OCP) measurements and Potentiody-
namic Scans.
¢ AC-measurements: Impedance measurements

The DC-measurements (Open Potential Potential and Potentiodynamic Scans) were
done in an electrochemical cell consisting of a 0.5 thermostatted glass vessel, magnetically
stirred, and equipped with an appropriate electrode system. The cell was sealed with a
polyamide lid with ports accomodating a graphite counter electrode, a reference
(Ag/AgCVKCI (sat.)) electrode with a salt bridge, and the working electrode. The sample of
steel examined (stainless steel) was embedded in an otherwise chemically inactive resin
matrix in the form of rods.

The specimens used as working electrodes were shaped as plates. The electrodes were
connected to the Potentiostat INTERTECH PGS-151). The function of potentiostat (Open
Circuit Potential and Potentiodynamic Scans Measurements) was selected by appropriate
switch. The experimental setup is shown in figure 3:

The potentiostat employed for the measurements has two outputs - one for measuring
voltage, and the other one for the measurements of the current - and one input for external
scan voltage. The potentiostat has also the ability for control from digital Input/Output ports
of computer data acquisition cards using the appropriate software. The total surface area
exposed in the solution was 1 cm? and the surface was polished with a series of silicon carbide
papers up to 1000 grit (except for the measurements in which the specimen surface was
covered by deposits). The polished surface was next washed well with triply distilled water
and dried with distilled acetone. After the immersion of specimen in the corrosive media the
open circuit potential (OCP) with respect to the reference electrode was measured for at least
two hours. The potentiodynamic scans were done after the measurement of the OCP starting
from the cathodic region, at potentials about Eqcp = -250mV and ended to the anode region
at potentials Egcp = +400mV with a scan rate 0.167 mV/s (ASTM-standard procedure). The
measurements were done by a combination of data acquisition cards (Advantech PCL-812
PG and PCL-726) and an XT personal computer with the appropriate connections with the
potentiostat (PGS-151). The data were collected by the computer and were stored in files for
further treatment. The measurements of the OCP of the steel specimens were done in aerated,
stirred solutions in:

a. The absence of sulfides in the solution and any deposits on the specimen surface
over a range of sodium chloride concentrations,

b. The presence of various concentrations of sulfides in the solution but in the
absence of deposits on the surface of the specimen, and

c. The absence of sulfides in solution but in the presence of an iron monosulfide
deposit on the surface of the specimen.

The pH of above experiments was adjusted to approximately 6.5 by the addition of
standard 0.1M HCI or 0.1M NaOH solutions as needed.

The deposition of the iron monosulfide on the stainless steel surfaces was done by
immersion of specimen plates in an iron monosulfide suspension which was prepared by a
rapid mixing of stoichiometric mixtures of ammonium sulfide and ferrous ammonium
sulfate. The speciments were removed from the suspension at different time intervals and
were next placed in a 0.4 M NaCl solution for investigation (OCP and Potentiodynamic
measurements) of the effect of the various deposition times in the electrochemical behavior
of stainless steel. It should be noted that it was previously found that the FeS deposition on
stainless steel specimens suspended in stirred suspensions increased with time.

The AC- impedance measurements were done in the same thermostatted vessel using
the Electrochemical Impedance Analyzer (Model 6310,EG&G). The Electrochemical Im-
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Table 1. Precipitation of calcium sulfate on various substrates. Initial conditions
and kinetics results

Ca, =(SO,), * Ind. Rates 10”° mol
Exp. # 102 mol I'! Substrate 0°C  time,r min I"'min’!

1 5.50 calcite 25 250 -

2 5.20 calcite 25 600 -

3 5.00 calcite 25 840 -

4 4.70 calcite 25 1020 -

5 4.50 calcite 25 1250 -

6 4.00 SS304 60 5 57.4

7 3.50 SS304 60 21 335

8 3.25 SS304 60 25 9.5

9 2.75 SS304 60 77 1.0

10 2.40 SS304 60 - No deposition
11 3.50 SS304+calcite 60 5 14.7

12 2.80 SS304+calcite 60 33 7.7

13 2.60 SS304+calcite 60 79 6.6

14 2.40 SS304+calcite 60 111 1.4

15 2.00 SS304+calcite 60 stable, no precipitation
16 5.1 SS316* 80 24 50

17 49 SS316* 80 32 658

18 4.7 SS316* 80 68 541

19 4.5 SS316* 80 89 357
20 4.3 Ss316* 80 128 255

* Ca,: total calcium(SO,), = total sulfate
<> experiments in which the calcium sulfate supersaturated solutions were flowing
through the tube specimens at a flow rate of 500 ml/ h, pH=7.0

pedance Analyzer was connected to the computer via GPIB-Card (PC-AT of National
Instruments) and the impedance measurements were done with the suitable software.

The AC - measurements include impedance measurements of stainless steel speci-
mens in aerated, stirred solutions from an initial frequency of 10 mHz to a final frequency
of 100 KHz with AC-amplitude 5.00 mV RMS with respect to the OCP and:

a. The absence of sulfide ions at various times and
b. The presence of sulfide ions at various times.

RESULTS AND DISCUSSION
The driving force for the formation of the various calcium sulfates from the super-
saturated solutions is the difference between the chemical potentials, Api, of the salt in the

supersaturated solutions, i, and those corresponding to the equilibrium, p:

A}l == Hs — Moo
=[pC+RT In(ocaso,)s] ~ [+ RT In(0c4s0, )0 (1)

provided that p°; = p°, and taking mean activities:
1
acaso, = (acs asoj‘)/2 )

equation 1 becomes:



136 P. G. Klepetsanis et al.

RT, (0 aser)

Ap=—"1In
2 (oce As0r ) (3)
or
RT ., IP RT
Au=——In-—F=—"7"-nQ
T2 RO T T2 )

In equation 4 IP and K? are the activity product and the thermodynamic solubility
product of the salt formed respectively. The ratio IP/K? is defined as the supersaturation Q.
The computation of the ionic activities of all species was done by taking into account all
equilibria, mass and charge balance equations with successive approximations for the ionic
strength as described earlier by Klepetsanis and Koutsoukos.?

The experimental conditions and the results obtained for the deposition of calcium
sulfate on various substrates are summarized in Table 1.

In all experiments included in Table 1, the thermodynamically stable calcium sulfate
dihydrate (CSD) phase was formed. The supersaturated solutions used were tested before
for stability and it was verified that they were stable in the absence of other foreign surfaces.
The deposition therefore of CSD on the metallic surfaces or the seed crystals introduced in
the supersaturated solutions was selective on the foreign substrate. At low temperatures and
in solutions seeded with calcite seed crystals the formation of CSD was very slow initially
and the uncertainty for the measurement of the rates of growth upon increasing the amount
of seed crystals introduced by a factor of 2 or 3 did not show any significant change in the
long induction times while the measurements of the rates which were done by monitoring
the specific conductivity of the suspension, were influenced by the slurry densities and thus
are not included in Table 1. The deposition, however, on stainless steel was found to be faster
and was preceded by short induction times that decreased with increasing supersaturation.
The rates, on the other hand, decreased with decreasing supersaturation and were consider-
ably slower in comparison with the rates of spontaneous precipitation of CSD at similar
conditions (as may be seen in Table 2.)

Moreover, the presence of a calcium carbonate coating on the 304 stainless steel
surfaces facilitated the deposition of CSD as may be seen from the shorter induction times.
The rates of deposition were, however, slower. It should be noted that the U-shaped tubes
used in these experiments were previously immersed in supersaturated calcium carbonate
solutions at 60°C. This treatment resulted in the deposition of a calcium carbonate layer
consisting mainly of vaterite which slowly converted to yield the more stable calcite, as
shown by Dalas and Koutsoukos.” A comparison with experiments 16 through 20 in which
CSD was deposited at 80°C at rates comparable to those of spontaneous precipitation,
suggested also that in the experiments from 25-60°C, the deposition of CSD was done

Table 2. Spontaneous precipitation of calcium sulfate dihydrate at 60°C

(Ca)t = (804)t Rate x 1073

Experiment # x102 mol I Ind. Time, tmin  mol I"! min™!
110 3.80 36 83.8
111 3.65 62 57.0
112 3.50 112 35.7

113 3.35 188 13.0




The Effect of Mineral Deposits on Stainless Steel 137

Table 3. Comparison of lattice compatibilities between calcium sulfate
dihydrate and the various calcium carbonate polymorphs

Unit cell
Crystal Face lattice
Phase system parameters axb (A2 Misfit %
CaS0O, . 2H,0, gypsum  Monoclinic 010 5.75x15.15 -
Calcite Orthorhombic 1010 4.99x17.06 5
Aragonite Hexagonal 100 5.72x15.88 0.5
Vaterite Hexagonal 1010 33.96x14.32 1.5

selectively on the substrates introduced (i.e. calcite and SS 304). The estimated lattice misfit
for the (1010) face of CSD and the three calcium carbonate polymorphs shown in projected
dimensions in Table 3, is better than 5% (i.e. sufficient to account for the observed
overgrowth). The dependence of the induction times on the solution supersaturation is shown
in Tablel.

It has been suggested by Mullin® that the change in the slope of the linear dependence
of log t;,q vs (logo)? may be considered as a change between homogeneous and heteroge-
neous nucleation. In the case of the calcium carbonate lined stainless steel the limit has been
shifted from a value of o about 10 for the uncovered to 40. The limit for the spontaneous
precipitation case is at about ¢ = 30. The transition limit for the deposition of the flowing
supersaturated solution was around ¢ = 15 (i.e. the same as that for the U tubes as may be
seen in Figure 5.)

The CSD deposition rates, Rp, were plotted as a function of the relative solution
supersaturation according to the semiemperical equation:

Rp =kp0n ( 5)

Where kj is the rate constant, o the relative solution supersaturation defined as:

o=Q%-1 (6)
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Figure 4. Dependence of the induction time on the relative solution supersaturation for the deposition of
calcium sulfate dihydrate on: (open circle) 304 stainless steel surfaces; (open square) 304 stainless steel coated
with calcium carbonate deposits.
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Figure 5. Induction period for the formation of calcium sulfate dihydrate as a function of the relative
supersaturation. Plots of the logarithm of the measured induction times as a function of the inverse square of
the logarithm of the relative supersaturation: (open square) spontaneous; (open circle) on heated 316 SS tubes
at a flow rate of 0.5 I/h, pH 7.0, 60°C.

and n the apparent order of the process. Values of n = 1-2 correspond to spiral growth and
n > 2 to polynuclear growth. In the case n = 1, the rate may also be diffusion controlled.'®
Log-log plots according to equation 5 are shown in Figure 6.

The apparent order found for the deposition of CSD on the 304 SS surfaces and in
the bulk supersaturated solution was found to be 5 suggesting a surface controlled polynu-
clear mechanism. In the case of the calcite coated SS 304, however, the apparent order was
found to be 2, a value typical for spiral growth on seed crystals as suggested by Liu and
Nancollas!!, Nancollas et al.!?, Christoffersen et al.!>, Rosmalen!4, etc. In the scanning
electron micrographs shown in Figure 7(a and b), the outgrowth of prismatic CSD from the
vaterite and calcite crystals present on the surface of the heated SS 304 surface is shown.
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Figure 6. Kinetics of precipitation of calcium sulfate dihydrate at 60°C. (open diamond) Spontaneous precipi-
tation. Plots of logarithm of the rates as a function of the relative solution supersaturation: (open circle)

Precipitation on U-shaped tubes of 304 SS; (open square) Precipitation on U-shaped tubes of 304 SS covered
with calcium carbonate.
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Table 4. Initial conditions, induction times, and rates of formation
of calcium carbonates from supersaturated solutions on
calcium sulfate dihydrate seed crystals.

Ca, = (SO,), Ind. time  Rates x10°1°
Exp.#  x102 mol I 0°C min mol min"'m2
*200 1.13 120 stable No precipitation
201 1.13 120 70 2.7
202 1.08 120 110 24
203 1.00 120 140 1.9
204 0.95 120 195 1.6
205 1.47 140 60 0.5
206 1.36 140 70 0.3
207 1.02 140 90 0.2
208 0.95 140 100 0.1

*In the absence of calcium sulfate dihydrate seed crystals

The selectivity of the CSD overgrowth on the calcium carbonate polymorphic
deposits was further demonstrated in experiments in which calcium carbonate supersaturated
solutions were seeded with CSD seed crystals. The experimental conditions and the results
obtained are shown in Table 4.

Although the subject was not addressed, we have found that the surface roughness
played an important role in the deposition of the minerals. In the experiments done we have
taken care so that the pretreatment of the steel surfaces prior to immersion in the supersatu-
rated solutions was reproduced precisely and it was verified by microscopic examination of
the steel surfaces. It was found that the deposition of calcium carbonate in the interior walls

Figure 7. Scanning electron micrographs of gypsum crystals forming on vaterite crystals deposited on stainless
steel.
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Figure 8. Open circuit potential of stainless steel specimens on which FeS scale has been deposited.

of the specimens improved their behavior towards corrosion in corrosive media containing
high chloride concentrations (3.5% NaCl). The presence of calcium carbonate deposited in
the inner surface of the tube showed a passive region in the anodic current range. It is
interesting however to note that the corrosion potential did not change significantly suggest-
ing that there was no tendency of affecting the propensity of the material for corrosion. In
our study we have used non-uniform calcium carbonate layers.

Moreover, the presence of iron and sulfide in the aqueous medium flowing through
the specimens and containing 3% sodium chloride was investigated. Experiments were done
using various concentrations of iron (as (NH,),Fe(SO,),) and sulfide (as (NH,),S) ions. The
solutions contained 3% NaCl and were prepared in a reservoir thermostatted to 35.0 +0.1°C.
The solutions were supersaturated with respect to iron sulfide. The precipitation was
monitored with a calibrated conductivity probe and conductivity meter which allowed for
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Figure 9. Polarization curves of stainless steel specimes with and without FeS scale deposits.
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electronic compensation. Thus, conductivity changes as small as 1 uS could be detected.
The fluid was circulated by a peristalic pump from the reservoir through the stainless steel
specimen. Before entering the SS specimen, the fluid was preheated by a condenser heated
by circulating water thermostatted to 90°C. The specimen was a stainless steel with smooth,
shiny internal walls, 5 cm long and 6.35 mm ID. The specimen was rotated about the x axis
by a precision motor (M), on glass joints. Throughout the measurement, the open circuit
potential was measured with a potentiostat between the specimen and a saturated calomel
electrode with a bridge filled with a 3% NaCl solution. The open circuit potential is a measure
of the tendency of the system to corrode. Thus, a shift of the potential towards the more
negative may be interpreted as an enhanced tendency towards corrosion. All experiments
were done in the presence of air (solutions at equilibrium with atmospheric air) and the pH
was adjusted to 4.7 with a standard base solution. When the concentrations of the working
solution (contained in the reservoir) were 5x10°M in both total iron and total sulfide, no
precipitate was formed for more than 24 hours. During this time period, the open circuit
potential (after approximately 200 s) maintained a constant value of -65 mV as may be seen
in Figure 8 (curve 1).

Upon raising the solution concentration so that it was 0.1mM in both total iron and
total sulfide, spontaneous precipitation of iron sulfide occurred inside the stainless steel
specimen, leading to a decrease of the open circuit potential to more cathodic values as low
as -200 mV, after approximately 4000s, past the attainment of the previous value of the -65
mV, which corresponded to the situation of deposit-free specimen. However, upon return of
the solution into the reservoir, the solid particles were redissolved and subsequently the film
deposited became thinner and the potential shifted again to more anodic potentials with a
tendency to reach the deposit-free specimen (curve 3). Further increase of the solution

Figure 10. Scanning electron micrographs of (a) polished 304 stainless steel surface before and (b) after
amorphous FeS deposition.
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Figure 11.
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supersaturation however to 1mM for total iron and total sulfide, resulted in the spontaneous
precipitation of iron sulfide which persisted in the reservoir and was deposited on the walls
of the specimen. Following the formation of the deposit, a sharp drop of the open circuit
potential was observed to a significantly more cathodic potential, which remained constant
at -315 mV. The constant potential in this case was in line with the stability of the deposit
formed on the walls of the specimen (curve 2). The results of the present work showed that
the formation of iron sulfide deposits formed in the presence of ferrous and sulfide ions in
geothermal brines tend to favor the corrosion of the metallic surfaces, since corrosion may
start at more cathodic potentials. Typical polarization curves obtained for specimens on
which FeS scale had been deposited are shown in Figure 9.

It is interesting to note that the deposited amorphous FeS reduced considerably the
resistance of steel by almost eliminating the passive region. It should be noted however that
the time needed for the formation of the FeS deposits on steel is also an important parameter
for the behavior of stainless steel. By allowing stainless steel in contact with FeS suspensions
the deposit thickness increased with time, apparently due to both growth and adhesion on
the steel surface. The morphology of the deposits is shown in Figure 10.

The polarization curves of the specimens with various deposits of FeS are shown in
figure 11. As may be seen, the formation of the first deposit layers did not affect the passive
region over a period of two days (Figure 11b) but the noise increased in comparison with
the bare SS 304 (Figure 1la), possibly due to the enhancement of the surface roughness.
Further deposition resulted in relatively smoother surfaces as in three days the surface
coverage was complete, and microscopic examination of the deposits showed lack of bare
patches. It was however after four days that the specimens showed enhanced corrosion which
eventually led to the elimination of the passive region (Figure 11c), suggesting enhanced
corrosion.

CONCLUSIONS

The results of the present work have shown that the deposition of calcium sulfate
dihydrate takes place at higher degrees of supersaturation spontaneously and at lower
supersaturations on substrates such as stainless steel 304 and 316 and also on calcium
carbonate deposits consisting mainly of vaterite. In all cases a surface controlled mechanism
was found to be prevalent, while the deposition on calcium carbonate substrates was found
to be selective both at 25 and 60°C, probably because of the favorable lattice matching
between calcium sulfate dihydrate and the calcium carbonate polymorphs. At high tempera-
tures (120 and 140°C) vaterite was formed on calcium sulfate dihydrate substrates, support-
ing the lattice matching suggestion. The deposition of sparingly soluble salts on steel surfaces
is related with the corrosion behavior of the metal in aggressive media containing chloride,
sulfide and carbonate ions. The deposition of FeS enhanced corrosion phenomena while the
deposition of calcium carbonate (calcite) yielded resistivity to the metallic surfaces towards
corrosion.
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ABSTRACT

A series of laboratory and pilot rig experiments are discussed to illustrate the
effectiveness of various chelants and polymers in controlling or removing iron deposits in
cooling systems. The organic molecules were chosen for strong interactions with iron(III)
centers. Substituents have been included to increase the solubility and dispersion once these
chelants and polymers are attached to ferric sites. Removal of iron oxide becomes more
difficult as it ages and crystallizes, but this can be accomplished through proper selection of
conditions and additives.

INTRODUCTION

One approach to controlling corrosion in cooling water systems is the use of
chromate-containing programs.! Typically, these are operated near neutral pH, thus mini-
mizing fouling problems due to inorganic salts of calcium (e.g., CaCOs) and iron (e.g.,
Fe,03), which are less soluble at higher pH values. Because of its toxicity, the use of chromate
has been declining in recent years.? To control corrosion without the aid of chromate, cooling
towers can be operated at higher pH values, and corrosion and scale inhibitors such as
phosphate, phosphonates and polymers are employed. However, the elevated pH’s have
exacerbated fouling problems from calcium and iron-containing inorganic deposits, and
there is a need for improved control of this fouling. In addition, low pH excursions can lead
to increased corrosion and concomitant deposition of iron scale, again demanding good
control of iron chemistry.

Deposit prevention and removal of iron scale can be achieved by mechanical or
chemical means.

145
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Mechanical Cleaning and Deposit Prevention

Mechanical cleaning methods commonly employed include techniques for both
deposit prevention and deposit removal.

Deposit Prevention:

e Side stream filtering?

e Control of concentration cycles
Deposit Removal:

e Hydroblasting

e Abrasives*

¢ Brushing

In general, mechanical approaches to deposit control are expensive and not totally
effective in the absence of chemical treatments. Methods for deposit removal require the
equipment to be off-line and are labor intensive. In many cases, freshly cleaned surfaces are
subject to flash corrosion if corrosion inhibitors are not rapidly employed. Accessibility to
all fouled surfaces is also an issue, which can lead to incomplete cleaning.

Chemical Cleaning and Deposit Prevention

Chemical technology is available for both the prevention and removal of iron scale,
these include:

Deposit prevention:

e Polymeric dispersants®

Deposit removal:

e Acids

e Chelants

o Phosphonates/neutral pH cleaners

The following section details the main principals behind each of these chemical
technologies.

Polymers. Polymers have been used extensively in cooling water as dispersants for
foulants such as silt and mud and for controlling scale-forming salts such as calcium
carbonate,® iron oxide’ and calcium phosphonate.® Generally, anionic polymers are used and
are believed to function by increasing the negative charge on solid particles. Polyacrylate
and polymaleate polymers have been found effective for calcium carbonate (threshold)
inhibition.® Similar to the phosphonates, the performance of these polymeric threshold
inhibitors can be adversely affected by soluble iron. The inclusion of sulfonate groups onto
the carboxylate polymers generally improves the dispersion of precipitates of iron oxide’
and calcium phosphate.?® Very recently, it has been shown that hydrophobic substituents (e.g.,
t-butyl groups) also enhance the ability of carboxylate-containing polymers to disperse iron
and calcium-containing solids.’

The tannins are a class of polymers which has been investigated for use in on-line
removal of iron deposits.'® These polymers are attractive because they contain hydroxyaro-
matic substituents which are available to bind to ferric ions. However, the amount of
hydroxyaromatic substituents as a percentage of the entire polymer is relatively low, and
these polymers often give insoluble iron complexes. Two approaches that we have taken to
increase the solubility and the density of ferric binding sites are amino acid/hydroxyaromatic
chelants and sulfonated hydroxyaromatics.
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Chelants. Chelants are molecules which form strong complexes with metal ions
(such as Ca(II) and Fe(III)) because they are able to coordinate to the metal ion through more
than one atom. Each coordinating atom generally donates an electron pair, and 4-7 member
rings are formed which include the metal ion and the chelant. An example of a chelant which
has been used for cleaning of iron and calcium scales is citric acid.'" It contains four potential
electron-donating sites (three carboxyl oxygens and one hydroxyl oxygen). Generally citric
acid has been used for cleaning at low pH because of the increased solubility of inorganic
scales at low pH.

Cleaning at low pH has the disadvantages of increased rates of corrosion and large
amounts of acid needed to adjust the pH of the entire system. Low pH cleaning is generally
done off line. It is more cost effective to perform on-line cleaning at or near the normal
operating pH of the system. At these higher pH values (neutral and above), the chelation of
citric acid is not great enough to dissolve iron oxide scale.

Polydentate amino acid chelants such as the hexdentate ethylenediaminetetraacetic acid
(EDTA) and the tetradentate nitrilo-tris(acetic acid) (NTA) are known to be stronger chelants for
metal ions such as Ca(Il) and Fe(III).'2 Even these chelants have difficulty dissolving iron oxide at
pH values which are neutral or above. These chelants are effective in dissolving CaCOj solids at
high pH, "3 but they must be used in very large concentrations (500-5,000 mg/I) to overwhelm the
soluble Ca present in typical cooling water. These chelants can be corrosive to steel surfaces,
particularly when used in high concentrations.'* Recently, new chelants have been developed with
increased specificity for iron by combining the chelating ability of amino acids with the strong iron
affinity of hydroxyaromatic groups.'>!6 These chelants have led to the development of formula-
tions with better control of iron scale at alkaline pH values. In this paper, we will show further
advances in this approach, including the use of hydroxyaromatic ligands for strong iron chelation
and sulfonic acid groups for enhanced solubility and dispersion of iron oxide particles.

Phosphonates. Organophosphonates have been introduced to replace chromates for
corrosion inhibition of mild steel.' These inhibitors operate best under more alkaline
conditions (pH 8-9) where CaCOj3 scale formation becomes a significant problem. Fortu-
nately, these phosphonates can also inhibit CaCO; scale.! However, soluble iron ions can
complex and/or precipitate with these chemicals causing them to lose their ability to inhibit
corrosion and CaCOj scale.!” Certain phosphonates have been used to remove iron oxide
deposits and leave a surface which is passivated against further corrosion.'® This cleaning
method is effective at neutral pH, thereby minimizing environmental impact and eliminating
the hazards associated with the handling of acid. This phosphonate approach can also
passivate the metal surface preventing “flash rusting” from occurring after the cleaning
solution is removed. '®

The results discussed below will provide insight into the mechanisms by which
polymers, chelants and phosphonates can prevent and remove iron oxide scales. We will also
describe several new chemical approaches to improved iron control.

EXPERIMENTAL

The laboratory procedures are described below and they are correlated with the Tables
and Figures which are based on each procedure.

Maintaining Soluble Iron (Table 1)

The water used for this test was of low hardness: 99 mg/l CaSO, 13 mg/l1 CaCl,, 55
mg/l MgSO, and 176 mg/l NaHCO,. To a stirred solution of 50 mg/l additive in this water
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at pH 8.1, was added 10 mg/1 Fe (as FeCl;). The pH was re-adjusted to 8.1, and the solution
was mixed at 300 rpm, 130 °F for 17 hours. It was then filtered through a 0.2 micron
membrane and analyzed for Fe by inductively coupled plasma (ICP).

Fe,0; Dispersion (Table 2)

The water used for this test was either the low hardness water described above, or a
high hardness water containing 735 mg/l CaCl, x 2H,0, 250 mg/l MgSO, x 7H,0 and 845
mg/l NaHCOj;. The reagents (50 mg/l) were dissolved in the water and the pH was adjusted
to 8.0 £ 0.2. Anhydrous hematite (Fe,0;, 1-5 um particle size, 1000 mg/l) was added, and
the mixtures were shaken at 300 rpm for 17 hours at 54°C. The mixtures were then allowed
to settle for 30 minutes. and samples were withdrawn at 50% depth for iron analysis (by
ICP).

Dissolving Precipitated Rust Scale (Table 3)

The additive (50 mg/l) was combined with 19 mg/1 of “FeO(OH)” (precipitated from
FeCl,) in the low hardness water at pH = 8.1. The mixture was shaken at 300 rpm at 54°C
for 17 hours, followed by filtration (0.1 um), acidification, and analysis by ICP.

Iron Dispersion/Solubilization from Rusting Coupons (Figure 1)

Two clean, mild steel coupons were exposed to the low hardness water, treated with
and without a dispersant. The initial pH of this water was adjusted to 8.2, the temperature
was controlled at 60°C, and the water was aerated by means of passing air through a
dispersion tube. At the end of 24 hours, the coupons were removed and the water was
analyzed for soluble and dispersed iron.

Iron analyzed from water filtered through a 0.2 p filter represents soluble iron.
Dispersed iron is represented as the difference in iron concentration of unfiltered and filtered
iron.

Iron Deposit Removal (Figures 2-5)

A clean preweighed 14” O.D., mild steel tube was installed in the fouling rig. Ten
liters of high hardness water containing a phosphonate treatment was pumped over the tube
at 6-8 liters/min. The water temperature was maintained at about 55°C by heating the inside
of the mild steel tube. A simulated pH upset was initiated by adding dilute sulfuric acid to a
pH of 5. The test was then continued for 24 hours at this pH.

The fouled tube was removed and placed in an oven for drying. After drying at about
105°C for a minimum of 2 hours, the tube plus the deposit was weighed. Next, the deposit
from the tube was scraped and weighed. The tube was then acid cleaned, dried and reweighed.
The deposit weight and the tube weight loss was used in comparing the affect of the cleaner
on iron deposit.

After a tube was fouled in accordance with the above procedure, the fouled tube
section was installed in the test rig. For the cleaning evaluation, 15 | of treated water was
transferred into the basin of the test rig. The pH of this water was adjusted to within the range
of the test and recirculated at a rate of 2 gpm at 44°C. At the end of 24 hours, a sample of
water was removed for iron analysis. The heat transfer tube was removed and dried in an
oven. The tube and deposit were weighed together. The deposit was scraped from the tube
and weighed. The tube was acid cleaned and weighed.
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Table 1. Maintaining Soluble Iron, Following
the Addition of Soluble Ferric Ion

1 2

Line Additive Soluble
No. (50 mg/L) Fe (mg/L)

1 None 0.0

2 EDTA 0.8

3 HPA 0.9

4 NTMP 3.6

5 HEDPA 4.0

6 EDDHMA 4.4

7 SHA-1 4.8

8 SHA-2 5.2

9 Copolymer 5.0

The test for removal at 10 mg/1 additive was performed in a medium hardness water
at pH 8.5-9.0 for 15 days. The tests for removal at 500 and 1500 mg/l ppm were performed
in low hardness water at pH 7.0-7.5 for one day. Cleaner activity is based on comparing
deposit and tube weight loss before and after cleaning. Deposit weight and tube weight loss
before cleaning was determined from seven deposit formation runs. Results from these (prior
to cleaning) runs show an average deposit weight of 0.74 £ 0.18 gms. and an average tube
weight loss 0f 0.89 + 0.18 gms.

RESULTS AND DISCUSSION

Iron Scale Prevention

Cooling water is generally contaminated with various forms of oxidized iron due to
corrosion of steel equipment and/or its introduction with the feedwater. Maintaining this
oxidized iron in soluble or dispersed forms can prevent the fouling of surfaces. If the iron
enters the water in a soluble (e.g., ferrous) form, it is possible to maintain the iron in a soluble
form which will be carried out of the system via blowdown. This is described below under
“Maintaining Soluble Iron(IIl)”. If the iron enters the system in an insoluble form (e.g.,
Fe,0,), maintaining these solids in dispersion will permit its removal. This is described
below under “Dispersion of Iron Oxide”.

Maintaining Soluble Iron(III)

The addition of 10 mg/l of soluble ferric ions (in the form of FeCl;) to a medium
hardness cooling water resulted in no soluble iron in the absence of additives (Table 1). The
presence of 10 mg/l of EDTA resulted in only a small amount of soluble Fe (0.8 mg/1). The
corrosion inhibitor, hydroxyphosphonoacetic acid (HPA) performed similarly. The stronger
chelating phosphonates, nitrilo-tris(methylenephosphonic acid) (NTMP) and 2-hy-
drodxyethylidene-diphosphonic acid (HEDPA) maintained high amounts of soluble iron, as
did the non-P chelating agents ethylenediamine,N,N’-(2-hydroxy-5-methylphenylacetic
acid) (EDDHMA), and two sulfonated hydroxyaromatic compounds (SHA-1 and SHA-2).
These results show that the stronger chelants maintain higher levels of soluble iron.

The sulfonate/carboxylate copolymer (line 9) also gives high levels of soluble iron.
Considering the available ligands and the large distances between them on the polymeric
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Table 2. Dispersion of 1000 mg/l Fe,O, with Various Additives

2 3
Dispersion (mg/L) Dispersion (mg/L)

Line 1 in low hardness  in high hardness
No. Additive water water

1 None <30 a30

2 EDTA <30 —

3 EDDHMA <30 —

4 ATMP <30 —

5 HEDPA 420 100

6 SHA-1 460 125

7 SHA-2 580 290

8 PAA 500 200

9 Copolymer 690 530

chain, the copolymer can not be a strong chelant in a thermodynamic sense (i.e., the binding
constant for Fe will be low). Thus, the polymer maintains soluble iron by inhibiting its
precipitation, probably by dispersing the iron oxide in very small particles which are
inhibited from further crystal growth and precipitation.
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Figure 1. Dispersion/Solubilization of Oxidized Iron Formed by Corrosion.
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Dispersion of Iron Oxide

Table 2 shows the dispersion of Fe,O; (hematite) by various additives in waters of
different hardness. The “wrap-around” hexadentate chelating agents, EDTA and EDDHMA
do not disperse Fe,Os. This is probably due to the attachment of all anionic groups to the
available ferric sites on the particles, leaving no “free” anionic charges to repel other
particles. In contrast, the sulfonated hydroxyaromatics contain hydroxyl! “anchors” and
isolated anionic groups (sulfonates) for charge repulsion. The isolated sulfonic acid groups
are “free” because they can not form a chelate with the hydroxyaromatic and a metal center.

Table 2 shows that the copolymer is the best iron oxide dispersant, especially in hard
water. Note that the dispersion obtained with all of the small molecules and with polyacrylic
acid (PAA) diminishes as the water hardness increases. This is likely due to complexation
by solution calcium which ties up active sites which would otherwise be available for
complexation and/or dispersion. With the hydroxyaromatics, the calcium probably reduces
the affinity of the hydroxyaromatic ligands for surface iron sites. In the case of PAA, the
number of “free” anionic carboxylates is reduced, leading to less anionic repulsion which is
necessary for good dispersion. The sulfonate groups of the copolymer are less affected by
calcium and probably provide the anionic repulsion while the carboxylates retain their strong
affinity for the surface iron sites.

Figure 1 shows the effect of polymer concentration on the degree of dispersed and
soluble iron formed during the corrosion of mild steel coupons. Two polymers are compared
in this figure, a polyacrylate and a sulfonated carboxylate copolymer. At low concentrations
(<3 mg/1) the amount of dispersed iron increases with increasing polymer concentration.
This observation is consistent with an increase in anionic charge on the solid with increasing
availability of polymer.

With both polymers the amount of dispersed iron reaches a maximum and then a
plateau. The maxima observed could be due to a particle surface coverage phenomena. At
higher concentrations the behavior of the two polymers differs substantially. The sulfonated
copolymer maintains higher levels of soluble iron than the polyacrylate. This can be
attributed to either the ability of the sulfonated copolymer to chelate iron directly or an ability
to promote and stabilize the formation of colloidal iron particles.

Rust Scale Removal
If iron scale becomes attached to the internal surfaces of a cooling water system, it

must be removed. The high iron affinity of chelants and certain phosphonates suggests that
they may be useful for removal of rust scale. Below we show the type of cleaning which can

Table 3. Dissolved Iron From Precipitated Rust Scale

1 2
Line No Additive (50 mg/L)  Dissolved iron (mg/L)
1 None 0.0
2 EDTA 0.25
3 HEDPA 0.37
4 NTMP 0.38
5 SHA-2 6.8
6 SHA-1 4.8
7 EDDHMA 4.4
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Figure 2. Iron Deposit Removal Using 10 ppm Chelant.

be achieved at low (10 mg/1), medium (500-1500 mg/1) and high (10,000 mg/1) concentration
of chelant or phosphonte.

At low concentration (50 mg/l) SHA-1, SHA-2 and EDDHMA were able to dissolve
iron oxide which had been formed by precipitation from FeCl; under alkaline conditions
(Table 3). Note that the amino acid chelant (EDTA) and organophosphonates (HEDPA and
NTMP) dissolved very little of the precipitated iron oxide. In contrast, none of these
chemicals were able to dissolve dehydrated crystalline iron oxides such as a-Fe,0;, g-Fe, 0,
and Fe;0,. This suggests that it is best to attempt removal of rust scale soon after it has
formed, before it has time to crystallize and dehydrate.

Rust scale, which had been formed by corroding a mild steel tube, proved difficult
to remove at low levels of chelant. Figure 2 shows that the amount of iron oxide actually
increased during the 15-day “ cleaning period”. This was due to further corrosion during this
time, and the level of chelants was not sufficient to complex all of the oxidized iron which
was formed by new corrosion. Note the low levels of soluble iron during the 15-day period.

Increasing the level of additives to 500 mg/l resulted in scale removal with some
additives (Figure 3). Best performance was obtained with HEDPA and EDDHMA, but
removal was incomplete. Increasing the level of additive to 1500 mg/l resulted in complete

Figure 3. Iron deposit removal using 500 ppm additive.
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Figure 4. Iron deposit removal using 1500 ppm additive.

removal with HEDPA and EDDHMA (Figure 4). SHA-2 and EDTA gave ~75% removal,
and this removal was enhanced by the presence of sulfite at 300 mg/1.

The product of this rust scale removal included finely dispersed iron oxide solids as
well as soluble iron. Thus, the chelants function by dissolving freshly formed ferric solids,
which have not yet crystallized to insoluble Fe,O;. The solubilization of freshly formed
ferrous or ferric ions weakens the surface attachment of the more crystalline rust scale, which
is then dispersed. The sulfite reducing agent probably helps maintain the under- deposit iron
in the ferrous state, which is more soluble and more available to chelants.

The key to removal of iron oxide scale is the formation of significant concentrations
of soluble iron. This is shown in Figure 5 where we plot the final deposit weight vs. soluble
iron for over 100 experiments which used the same procedure as in Figures 3 and 4. On the
average, a concentration of at least 30 mg/l of soluble iron was required to obtain some
deposit removal and at a concentration of over 80 mg/l, removal was essentially complete.
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Figure 5. On-line cleaning as a function of soluble iron.
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At higher concentration of additive, e.g., 10,000 mg/l HEDPA, complete solubilization of
the rust scale can be obtained. This is the subject of earlier papers and patents.'$

CONCLUSIONS

In cooling water systems, oxidized iron is sequentially transformed from soluble to
precipitated amorphous and then to crystalline forms. Interaction with chemical additives at
an early stage in this transformation provides the best control of iron scale. This can be
accomplished by maintaining soluble iron, dispersing iron oxide solids or re-dissolving scale
which has attached to metal surfaces. The form of iron contaminants present in a particular
system should determine the appropriate selection of chemical additives: polymer, chelant
and/or phosphonate.

Polymers

Copolymers containing sulfonate and carboxylate functionality are ideal for on-line
prevention of rust scale by maintaining soluble ferric ions and dispersing any precipitated
iron oxide.

Chelants

The strongest ferric chelants contain amino acid/hydroxyaromatic or sulfonated
hydroxyaromatic ligands. These are best used for maintaining soluble iron (low level
continuous dosage) or for removing rust scale at high levels of chelant.

Phosphonates

Strong iron interaction can be provided by multiple phosphonate and hydroxyl
ligands in a molecule such as HEDPA. It can maintain soluble iron (for continuous on-line
prevention), and it is an excellent choice for rust scale removal at high concentrations because
it simultaneously passivates mild steel surfaces.
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FORMATION OF HYDROXYAPATITE IN THE
PRESENCE OF PHOSPHORYLATED AND
SULFATED POLYMER IN AN AQUEOUS
PHASE

S. Shimabayashi, N. Hashimoto, H. Kawamura, and T. Uno

Faculty of Pharmaceutical Sciences
The University of Tokushima
Sho-machi 1-78-1, Tokushima 770, Japan

INTRODUCTION

Hydroxyapatite (HAP) is known as the main inorganic component of hard tissues
such as bones and teeth. It directly crystallizes and grows in the solution when the degree of
supersaturation is low. On the other hand, it is formed via amorphous calcium phosphate
(ACP), octacalcium phosphate (OCP), or dicalcium phosphate dihydrate (DCPD) when the
degree of supersaturation in the mother solution is high. Formation of hard tissues and
crystallization of HAP in the human body are affected physicochemically by many kinds of
proteins, especially phosphoproteins. These proteins are called regulator proteins which play
an important role in the regulation of mineral deposition and HAP growth on various organic
matrices in animal/human body. The function of phosphoproteins, however, has been still
complicated. It has been suggested that both matrix-bound and soluble phosphoproteins may
serve dual roles; making the initial mineral deposition on the collagen matrix and inhibiting
the calcification of soft tissues.

In the present paper, phosphorylated polyvinylalcohol (Phos. PVA) was prepared as
a polymeric model compound for phosphoproteins. Phosphoserine (PSer) was assumed to
be a monomeric model compound because phosphoproteins usually contain PSer residues.
The effects of these model compounds on the formation of HAP and on the transformation
of ACP to HAP was discussed, taking into consideration the effects of unphosphorylated
polyvinylalcohol (PVA) and serine (Ser). This makes it possible to examine the differences
in the effect between the phosphorylated and unphosphorylated compounds of a given
molecular size (i.e., PSer vs. Ser, and Phos. PVA vs. PVA), and between the low and high
molecular compounds at a given ester phosphate concentration (i.e., PSer vs. Phos. PVA).!

Effects of phosphorylated PVA on the formation of and transformation to HAP were
also compared with those of sulfated polyvinylalcohol (Sulf. PVA). Both phosphate and
sulfate groups are oxoacidic and tetrahedral, while the interatomic distance of P-O (= 0.154

157
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nm) is slightly longer than that of S-O (= 0.149 nm). That is, the size of phosphate group is
a little larger than that of sulfate group. Ester phosphate is bivalent in charge, while ester
sulfate univalent. The influences of these factors would become clear by making a compari-
son between the effect of phosphorylated PVA and that of sulfated PVA on the formation of
HAP?

The effects of phosphorylated cellulose (Phos. Cell.), which is insoluble in water,
were also studied. Phosphorylated cellulose could be regarded as a model compound for the
insoluble matrix containing phosphate groups. Its effect on the transformation to and
formation of HAP was fairly different from that of water-soluble phosphorylated PVA, even
though phosphate groups were contained in either compound.?

EXPERIMENTAL

Materials

Phosphorylated PVA was prepared through phosphorylation of PVA according to the
method mentioned elsewhere!, where the degree of polymerization of the original PVA
(NL-05, Nippon Gohsei Kagaku Co., Ltd., Osaka, Japan) was about 450. The degree of
phosphorylation of phosphorylated PVA was around 10 %. Phosphorylated PVA was used
as Na-salt in the present paper. Sulfated PVA (K-salt) was purchased from Wako Pure
Chemical Industries, Ltd. (Osaka, Japan). The degree of sulfation was 92 %, and the degree
of polymerization of PVA as a starting material was about 1500. Therefore, as a result, the
degree of esterification, charge density along the polymer chain, and polymer length along
the chain were less in phosphorylated PVA than in sulfated PVA.

Phosphorylated cellulose was purchased from James River Company (Berlin, N.H.,
USA). It was used after rinsing with enough amount of water on a funnel. The content of
phosphate groups was determined as 0.2 mole per mole of repeating glucose unit in average
by means of chemical analysis of the residue on ignition. That is, the degree of phosphory-
lation was ca. 7 % with respect to the total OH-group. Phosphorylated cellulose of low
phosphate content (= 0.1 mole/mole of glucose unit) was obtained by means of partial
hydrolysis through heating the original phosphorylated cellulose (0.3 g) with 0.6 mol/l
H,SO, for 20 minutes. Cotton fiber (i.e., unphosphorylated cellulose), as a reference material
for the phosphorylated cellulose, was of the grade of Japanese Pharmacopoeia XII. It was
used, as is.

Sodium chondroitin-6-sulfate (Na,Chs) was the product of Nakarai Chemicals,
Ltd.(Kyoto, Japan). Its viscosity-average molecular weight was ca. 30,000. Other reagents
used in the present paper were of the analytical grade. Those were used without further

purification.

Methods

Calcium ion activity was determined at a given temperature using an Orion ion-sen-
sitive electrode connected to an Orion expandable ion analyzer (model EA940). Prior to the
measurement on the sample solution, the calcium electrode was calibrated with an aqueous
solution of CaCl, in the presence of 0.9 % NaCl, taking activity coefficient into considera-
tion. The suspension/solution pH was measured by a pH-meter (Hitachi-Horiba, model M-1).
The pH and calcium ion activity in a mother solution, which is approximately equal to the
concentration of free calcium ion ([Ca?*]), were traced for about 100 minutes from immedi-
ately before mixing CaCl, with K,HPO, in the presence of a given concentration of an
additive in 0.9 % NaCl aqueous solution in order to determine the induction time from ACP
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to HAP. The induction time, T, from ACP to HAP was determined from the intersection of
the tangents drawn to the time-courses of pH and [Ca?*] just before and after the second
steep decrease. The induction periods, thus obtained from these two curves, were in fair
agreement with each other.

The X-ray powder diffraction (CuKa radiation at 35 kV and 10 mA) was examined
with a diffractometer (Toshiba ADO-301) at the angle 20 = 31.8 degrees, which is specific
for HAP, at room temperature. Samples for the diffraction measurements were obtained from
time to time by filtration of a precipitate prepared by mixing CaCl, with K,HPO, in the
presence of a known concentration of additive at 25°C. The precipitate was jelly-like, which
was thoroughly dehydrated and kept in acetone.

Mean diameter (d) of secondary particles of the precipitate was measured by a Coulter
counter (type TA-II, aperture size 100 pm) at 25°C and at 100 minute after the mixing of
1.25 mmol/l CaCl, with 2.50 mmol/l K,HPO, in the presence of 0.9 % NaCl containing a
known concentration of various additives.

The surface of phosphorylated cellulose, where calcium phosphates (ACP and HAP)
were formed or not, was observed by means of a SEM (scanning electron microscope, model
Hitachi S-430).

Total calcium concentration was determined by EDTA (ethylenediaminetetraacetic
acid) chelatometry at pH 13 with 1-(2-hydroxy-4-sulfo-1-napthylazo)-2-hydroxy-3-
naphthoic acid. Total concentration of inorganic phosphate was determined by colorimetry
at 720 nm after reduction of the complex of phosphate ammonium molybdate by stannous
chloride, according to the method of Gee et al.*

RESULTS AND DISCUSSION

The Effects of Phosphorylated PVA

The Mean Diameter of Secondary Particles of Calcium Phosphates. Figure 1 shows
the relationships between mean diameter(d) and polymer concentration (cp), and between
d/do and total phosphorus concentration ([P]) of added phosphorylated PVA or PSer, where
do = d at [P]= 0. After attaining a maximum, d decreased with cp. The increase in d was due
to the effect of interparticle bridging by the polymer adsorbed on the precipitate, while the
decrease in d was caused by the effect of interparticle repulsion through the polymer adsorbed
on the surface of each particle. The d-value was barely affected by Ser, while it monotonously
decreased with an increase in the concentration of PSer. Consequently, the d-value decreased

5
4_.
g 3¢ °
' o
\2’_
o T o4
e (A) 02 B)
oLt 1 4 ¢ o L1100
02 4 6 8O 0O 8 16 24 32
c,x 10*/ (g - ¢ [p] x 10° / (mmol - 27

Figure 1. Mean diameter of precipitate particles. Additive was PVA (open circle), phosphorylated PVA (closed
circle), or PSer (triangle). Solution pH was 7.6 - 7.9. The degree of phosphorylation of phosphorylated PVA
was 19 %.
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Figure 2. Time courses of pH and [Ca®*] (A), and induction time as a function of polymer concentration (B)
at 35°C. (A) concentration of phosphorylated PVA x 10%(g/1) = 0 (curve 1), 9.75 (2), and 10.8 (3). (B) Added
polymer: PVA (open circle) and phosphorylated PVA (closed circle). The degree of phosphorization of
phosphorylated PVA was 8.17 %.

in the order of PVA > phosphorylated PVA > Ser. > PSer. It is interesting that phosphorylated
compounds are more effective than unphosphorylated ones in decreasing the d-value, which
is owing mainly to the adsorption via esterified phosphate group.

Transformation of Amorphous Calcium Phosphate to HAP. Figure 2 (A) shows the
time courses of pH and [Ca®"] in the presence and absence of phosphorylated PVA. The pH
increased while [Ca®*] decreased steeply almost along the ordinate immediately after
addition of K;HPOs to an aqueous solution of CaCly. The decrease in [Ca®*] is attributable
to the formation of ACP, and the increase in pH is due to the protonation of the excess
phosphate ion remaining in the mother solution. After an induction period, pH and [Ca*]
steeply decreased again; that is, OH and Ca* were simultaneously consumed. The decreases
reflect the transformation of ACP to HAP, because the solubility of HAP is lower than that
of ACP and, therefore, HAP consumes OH", Ca®*, and PO4> in the mother solution as the
lattice ions when it is formed from ACP. The induction time (T), obtained from Figure 2 (A),
is shown in Figure 2 (B) as a function of polymer concentration, . The induction time began
to increase at ¢, = 7 x 10 g/l in phosphorylated PVA, while no significant increase in the
induction time was observed up to ¢, = 2.2 x 10 g/l in PVA.

Similar measurements were done in the presence of Ser and PSer. Little specific effect
of Ser was found, whereas PSer showed the retardation effect on the transformation of ACP
to HAP in the concentration range higher than 3 x 102 mmol/l. Figure 3 shows the
relationship between the induction time (T) and phosphorus concentration ([P]) of the ester
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Figure 4. Diffraction strength as a function of time (A) and polymer concentration (B). Additives were PVA
(open circle), phosphorylated PVA (closed circle), and none (open triangle). Phosphorylated PVA was the same
sample as that used in Figures 2 and 3. Concentration of polymer in (A) was 1.6 x 102 g/l in common. 5 mmol/I
CaCl, was mixed with 10 mmol/l K,HPO, at pH 6.8 - 7.5 at 25°C.

phosphates. According to these results, the concentration of PSer should be ca. 20 times
higher than that of phosphorylated PVA to show the same induction time.

X-Ray Powder Diffractometry of the Precipitate. No diffraction peaks were de-
tected on a precipitate immediately after precipitation. However, specific diffraction peak
developed at diffraction angle 26 = 31.8 degrees, and the diffraction strength increased with
time. It levelled off at a certain time after the precipitate formation, which depended on the
experimental condition. This result means that the initial precipitate was ACP, which
subsequently crystallizes to HAP.

Figure 4 shows the diffraction strength as a function of elapsed time after the
precipitate formation (A), and polymer concentration (B). The strength after the levelling-off
(at 30 min.) depended on species and concentration of the added polymer. The peak height
was almost constant irrespective of the concentration of PVA, whereas it decreased with the
concentration of phosphorylated PVA.

Similar measurements were done in the presence of Ser and PSer to study their effects
on the crystallinity of the precipitate. The diffraction strength at 26 = 31.8 degrees decreased
with an increase in the concentration of PSer, while Ser showed no effect. That is, unphos-
phorylated compounds such as Ser and PVA hardly affect the degree of crystallinity, but
phosphorylated compounds such as Pser and phosphorylated PVA inhibit crystallization to
HAP. To compare the effect of phosphorylated PVA with that of PSer on a common scale,
the relationship between [P] and relative peak height (h/hy)was shown in Figure 5, where
[P] is a concentration of the added ester phosphate, and h and h,, are the peak heights in the
presence and absence of phosphorylated compounds at 30 minutes after precipitate forma-
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Figure 5. Relative diffraction strength as a function 0.4 \
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phosphate. Experimental conditions were the same 0.2 L L : L L L
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tion. According to Figure 5, the concentration of PSer should be about 20 times higher than
that of phosphorylated PVA to achieve the same effect on h/h,. It is interesting that the value
obtained here is quite the same as that obtained through the induction time method (see
Figure 3).

Though both phosphorylated (PSer, phosphorylated PVA) and unphosphorylated
compounds (Ser, PVA) were assumed to be adsorbed by HAP>®, the former thwarted
crystallization but the latter not. This is because the affinity of the ester phosphate group for
the active site of HAP crystal growth is higher than that of the -OH groups of Ser and PVA.
Thus, the ester phosphate groups of these organic compounds as well as condensed phos-
phates’ have exhibited a signifi<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>