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ABSTRACT

Adsorption of aqueous Pb(II) and Cu(ll) on gg-quartz waé studied
as a function of time, system surface area,and chemical speciation.
Experimental systems contained sodium as a major cation, hydroxide,
carbonate, and chloride as major anions, and covered the pH range 4 to
8. In some cases citrate and EDTA were added as representative
organic complexing agents. The adsorption equilibria were reached
quickly, regardless of the system surface area. The positions of the
adsorption equilibria were found to be strongly dependent on pH, ionic
strength and concentration of citrate and >EDTA. The addition of these
non-adsorbing ligands resulted in a corhpetition between chelation and
adsorption. The experimental work also included the examination of
the adsorption behavior of the doubly charged major cations Ca(II)
and Mg(II) as a function of pH.

The theoretical description of the experimental systems was
obtained by means of chemical equilibrium-plus-adsorption computations
using two adsorption models: one mainly electrostatic (the James-Healy
Model), and the other mainly chemical (the Ion Exchange-Surface Com-
plex Formation Model). Comparisons were made between these two
models.

The main difficulty in the theoretical predictions of the ad-

sorption behavior of Cu(Il) was the lack of the reliable data for the



second hydrolysis constant (*32). The choice of the constant was made
on the basis of potentiometric titrations of Cu
The experimental data obtained and the resulting theoretical

observations were applied in models of the chemical behavior of trace

metals in fresh oxic waters, with emphasis on Pb(II) and Cu(II).
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Chapter 1

INTRODUCTION

J 19 | Introduction

Previous investigations into the factors that control the species
distributions of trace metals in natural waters indicate that in the case
of adsorption of trace metals on solid surfaces, the most important
environmental parameters are (a) the type of trace metal and its con-
centration, (b) the type of the adsorbent and the available surface area,
(c) pH, (d) temperature, and (e) types and concentrations of organic
and inorganic ligands present. Our present knowledge concerning the
influence of organic and inorganic ligands, however, is lacking de-
tailed and systematic analyses. There is, therefore, a need to
investigate the effect of complexation on the chemical speciation and

adsorption of trace metals on solid surfaces.

This research is concerned with the adsorption of Pb(II) and
Cu(Il) on ¢-quartz as a function of the composition of the aquatic envi-
ronment. Pb(II) and Cu(Il) were selected for the following reasons:
1) The biological availability of these metals is expected to
depend upon the concentrations of their free metal ions.
Adsorption, the formation of precipitates and complexation

with inorganic and organic ligands (of bio-as well as



anthropogenic origin), all serve to determine the equili-

brium concentrations of free metal ions.

2) No comprehensive investigation into the correlation between

the adsorption of Pb(II) and Cu(II) and the composition of
aqueous solution has yet been carried out, insofar as a

literature search has determined.

3) The experimental data obtained will not only improve our

4)

knowledge about the chemical behavior of Pb(II) and Cu(II) in
natural waters, but will also aid our understanding of the
factors that control the distributions of all trace metals in
natural waters.

The information obtained about the interactions between
adsorption and complexation, when coupled with some intel-
ligent estimates and the results of other investigators, can
be used in models of chemical behavior of trace metals in

natural aquatic systems.

Prior to a more detailed description of the purpose and organi-

zation of this thesis, some observations concerning the distributions
of Pb(II) and Cu(Il) in fresh waters will be made. Special attention will
be given to the role of organic matter in determining the species

distributions.



1.2 Limnological Studies on the Distributions of Pb(II) and Cu(II)

Kopp and Kroner (1968) attempted to measure the distributions
of some trace metals between the dissolved and suspended fractions in
the major rivers of the United States. Their results show that elements
such as copper, lead, and zinc were found in both the suspended and the
dissolved fractions. Aluminum, manganese, and iron were found to be
predominantly associated with the suspended matter. The average dis-
solved barium concentration was two to three times that of the suspended
barium concentration. Strontium was rarely observed to be in the sus-
pended fraction, but was found in solution in almost all of the samples.

Perhac (1972) collected samples from two streams in Tennessee.
He extracted three classes of solids from these samples by continuous
flow ultracentrifugation: coarse particulates ( >1500 ZX), colloidal
particulates (<1500 10&, >100 .&),and dissolved solids. The dissolved
solids in the remaining effluent were recovered by evaporation. The
three solid fractions were dissolved by treatment in HNO3, HF, HC104,
and HCI1, and analyzed for Pb, Cu, Cd, Co, Ni, Zn, Mn,and Fe. The
highest concentrations of metals (ppm metal in solid) were found in the
colloidal , and the lowest ones in the dissolved solids fraction. In
particular, 62 to 2820 ppm Pb and 1575 to 4750 ppm Cu were found in
colloidal particulates, 124 to 653 ppm Pb and 85 to 647 ppm Cu in

coarse particulates, and only 75 to 96 ppm Pb and 72 to 170 ppm Cu



in dissolved solids.

Gibbs (1973) studied the distributions of trace metals in the
Amazon and Yukon Rivers and suggested that Cu and Cr are found
mainly in crystalline solids, that Mn is present mostly as particle
coatings, and that Fe, Ni, and Co are approximately equally distri-
buted between precipitated particle coatings and crystalline solids.

Organic matter is an important factor controlling the distribution
and speciation of trace metals in natural waters. Barsdate and Matson
(1967) measured the concentrations of metals in some Alaskan lakes
using anodic stripping voltammetry. In the lakes with high organic
contents, they found that copper, lead, and zinc are present as free
metal ions or as weak complexes at low concentrations (less than
0.1 yg/l). The oxidation of the organic substances in the samples with
persulfate resulted in significant release of each metal from what were,
apparently, strong complexes. In lakes with low organic matter con-
tents, the concentrations of metal-organic complexes (if present) were
small compared to the concentrations of the free metal ions.

Allen et al. (1970) also analyzed a number of lake and river
water samples (the Rouge and Detroit Rivers and Lake Erie) for their
free and complexed (acid-exchangeable)metal content by anodic stripping
voltammetry. Concentrations of free metal ions of Pb and Cu ranged

from 0.07 to 2.2 g/l and from 0.5 to 18 yg/1, respectively.



Concentrations of the acid-exchangeable Pb and Cu (obtained after acidi-
fication of samples) were much higher, ranging from 0.6 to 37 yg/1 for
Pb and 0.4 to 108 g/l for Cu. The addition of 0.13 g/l of Cu2+ to a
10-ml sample of the Rouge River water resulted in a decrease of the
peak current with time. This decrease was ascribed to the complex-

ation of copper with naturally occurring ligands in the water.

1s 3 Objectives of the Present Work and Organization of this Thesis

It was the purpose of this research to investigate the conditions
under which the trace metals are retained by a SiO2 surface, (v-quartz),
and to determine the variations of this adsorption behavior as a func-
tion of pH and the concentration of organic and inorganic ligands. In
particular, laboratory experiments were designed to provide adsorption
data for Pb(II) and Cu(Il) on ¢-quartz as a function of time, surface
area, pH, ionic strength, and organic ligand concentrations. Par-
ticular attention was given to the adsorption behavior of these metals
in carbonate-containing solutions. Citrate and EDTA (ethylenediamine-
tetraacetate) were included as representative complexing agents. The
experimental work also included the examination of the adsorption
behavior of doubly charged major cations, Ca(Il) and Mg(II), as a
function of pH. Concentrations of metals were followed by atomic
absorption spectrophotometry (Chapter 3 contains descriptions of the

experimental and analytical techniques employed). The chemical



speciation in solution and the positions of the adsorption equilibria
were demonstrated to be strongly affected by pH, ionic strength, and
the concentrations of organic ligands (Chapters 5 and 6).

The experimental results were interpreted in terms of chemical
equilibrium-plus-adsorption computations using two different adsorption
models: one that is mainly an electrostatic model, i.e., the James-
Healy Model for the adsorption of hydrolyzable metal ions (James and
Healy (1972c)), and one that is mainly chemical, i.e., the Ion Ex-
change-Surface Complex Formation Model (Dugger et al. (1964));
Schindler and Gamsjidger (1972); Stumm et al. (1970); Schindler et al.
(1975)). Detailed descriptions and analyses of both models together
with theoretical considerations concerning theinfluence of organic and
inorganic ligands on the adsorption of metals are given in Chapter 2.

The equilibrium computations were obtained using the REDEQIL2
program (McDuff and Morel (1973)). REDEQIL2 is a chemical equilib-
rium program that includes acid-base, precipitation-dissolution, redox,
and adsorption processes. The subroutines INADS and ADSORP are
used together with the rest of the program to compute adsorption equi-
libria for an oxide surface according to the James-Healy Model. In
addition to INADS, the IONADS subroutine is employed in place of the
ADSORP subroutine in order to compute the adsorption equilibria

according to the Ion Exchange-Surface Complex Formation Model. More



detailed information about the REDEQIL2 program is offered in
Chapter 5.

The main difficulty with the theoretical predictions was the lack
of the reliable data for the second hydrolysis constant for Cu(II).
Chapter 4 examines the hydrolysis behavior of Pb(II) and Cu(II) and
discusses the choice of the second hydrolysis constant of Cu(Il), based
on potentiometric titrations of Cu2+.

Chapter 7 gives a brief summary of Chapters 2-6. In Chapter 8
the experimental data and the conclusions drawn from this work are
applied in models of the chemical behavior of trace metals in oxic
fresh waters. Special emphasis is given to Pb(II) and Cu(Il). Several

conclusions are reached concerning the chemical behavior of trace

metals in fresh oxic aquatic environments.



Chapter 2
THEORETICAL CONSIDERATIONS IN METAL

ADSORPTION AT OXIDE SURFACES

2.1 James-Healy Model

James and Healy (1972a, 1972b, 1972c) developed a model for
the adsorption of hydrolyzable metal ions at the oxide-water interface.
The model is based on simple electrostatic ion-solid and ion-solvent
interactions. The energy of adsorption of metal ions at the solid
oxide-water interface is treated in terms of the combination of energy
changes; the change of the standard free energy of adsorption (AG: )

ds,i

of each species "i'" is the sum of the change in the coulombic energy

o . . o s s .
(AGcoul,i)’ the solvation energy (AGsolv,i)’ and the specific (chemical)
o
cHeTEY (AGchem, i)'
o o o o
= + + |
AGads,i AGcoul,i AGsolv, i AC"chem, i ( )

2.1.1 Coulombic Energy

The electrostatic work required to bring an ion from the bulk
solution to the interface is, as in the classical models of Gouy-
Chapman, Stern and Stern-Grahame, given by:

o]

coul, i - ZiFwa (&2



where z, is the charge of the adsorbing species and F is the Faraday
1
constant. The change in the potential across the distance x from the

surface, A‘YX, is given by

zFVY zFVY
Car . J e L am )
e ZRT_l eZRT 11 + eZRT_l e—Kx i
x  zF T zFY ZFY g
\.5mF . ) LB
& ZRT +1 s 2RT 1 e—Kx

where Yo potential of the surface

e
1

gas constant

=
1]

double layer parameter

The surface potential, ‘&'0, is determined by the solution pH and the

pHPZC by the Nernst equation
L 2.3RT
¥, =05 (pHPZC - pH) (2.4)

For water at 20°C the double layer parameter K is

1
0 I1/2

kK = 0.328x 10 ( ) (2.5)

The ionic strength, I, together with the surface potential,
controls the electrical double layer around the particle. If the ionic
strength is increased at a constant pH the electrical double layer will

be compressed (the double layer thickness 1/Kk becomes smaller) and

o

AGcoul i becomes smaller. If the pH is increased at a constant ionic
’

strength, the surface potential becomes more negative, resulting in
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stronger coulombic interactions between the surface and the metal

ions in solution.

2.1.2 Secondary Solvation Energy

Ion-solvent interactions oppose adsorption and, therefore, pre-
sent a barrier which must be overcome in order to accomplish the
adsorption of metals on the surfaces. The free energy required to
establish a field in a continuous dielectric medium about a spherically
symmetric ion is given by Andersen and Bockris (1964) as

c® = == []] XDdv (2.6)
volume
where D is the dielectric displacement and X is the electric field vector
(X=D/e¢).

In polar coordinates, (6, ¢,R), originating at the center of the
ion of charge z, and in a medium characterized by its dielectric con-
stant ¢, G is always positive since the zero of energy is the uncharged

jon (Andersen and Bockris (1964)):

2 o )
a? o BB 'f‘ [‘ sinCdCdegdp (2. 7)

4q J o o 2
=0 =0 =
=0 ¢ p=r, €0
where e = elementary charge.
When an ion moves from one environment to another

of different dielectric constant, the corresponding free-energy change



iyl

2 2 29 m &
z e

inC dcdgdp 1
AGO = - K[' r r S1 dz d (_L__) 2. 8)
m “¢_—_O')g =O"p :ri p Eb €a

shows that moving an ion from a particular medium (a) to one of
higher dielectric constant (b) decreases the free energy. Hence, the
change in the free energy in moving an ion from a vacuum to a real
(uncﬁarged) medium (e>1) is always negative.

In order to solve Equation 2.8 it is necessary to evaluate the
change in the dielectric constant of interfacial water as a function of
increasing field strength and set the limits for integration. James and
Healy (1972c) evaluated the dielectric constant of interfacial water from

the following expression:

€ -A
€ = ._b_ulL__+ A (2.9)

int 2
(axy
1 + B‘\dx
x

where A(=6) is the dielectric constant of the oriented water molecules

(owing to electronic and nuclear polarization), and ¢ (=78.5) is the

bulk
dielectric constant of water in bulk solution where the field strength is

zero. B is an experimentally determined parameter with the value of

-17 2_ -2
1.2x10 m V . The electric field strength (%)x can be estimated
x

from the Gouy-Chapman Model

dy RT . . /zFA¥x
o = -2t—= sinh <—2RT ) (2.10)
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The metal ion can be found at two locations: in the diffuse
layer or in the compact part of the double layer (Figure 2.1). For
adsorption into the compact double layer the distance between the ion
and the interface is, according to James and Healy (1972c), fixed by
the hydrated ionic radius, (rion + ZrW = x). This sets the limits for
integration of Equation 2.8. The resulting expression for the change

in secondary solvation free energy of an ion moving from the bulk

solution to the IHP (inner Helmholtz plane) is

ZZ 2
LGP _ ( a )( 1 “ion 2)( 1 1 )+
aclv,d 16‘”‘0 rion+2rw 2(ri0n+2rw) €int “bulk
zze2
+(3:2 >( }Lz >( — 4= ) b L)
"60 rion I'w €solid €inl:

where € = 8. 85x10_12 Farad meter-I

N = Avogadro's number
r. = radius of the ion
ion

rW = radius of water

€ . dielectric constant of the solid
solid

Owing to the quadratic dependence of the solvation energy on the

charge of the ion, reduction in the charge by hydrolysis will result in

. o .
an abrupt decrease in AGsolv' Once the solvation energy barrier is

overcome, coulombic and other short-range interactions may be
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Figure 2.1 Locations of a metal ion in the double layer of the Oxide-Water

Interface according to the James-Healy Model.
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sufficiently large to prevail, resulting in increased adsorption.

The dielectric constant of the solid (e ) is an important

solid

o . . :
property in determining the changes in AGS For insulating oxides,

olv’

i.e., for oxides with a low dielectric constant (such as SiO2 with

Esolid=4' 3) work must be done to remove the secondary hydration sheath.

This work results in a large positive solvation energy (Figure 2.2b).

For high dielectric solids, such as TiOZ(g =78.5) the change in the

solid

solvation energy is small compared with the change in the solvation

energy for SiO, (Figure 2.2c). The coulombic and chemical inter-

2

actions will dominate the free energy of adsorption. Since 5-Mn02 and

SiO, have similar pH the same basic adsorption characteristics

2 PzC

would be expected for both. However, since they differ markedly in

their dielectric constants, §-MnO_ has adsorption characteristics

2
similar to TiOZ, rather than Si02 (Figure 2.2d). Fe(OH)3 has a di-

electric constant of 14.2 and, therefore, the change in the solvation

energy is expected to be less positive than in the case of SiOZ, but

more than for *G—MnOZ. However, because of the high pH Fe(OH)3

PZGC’

has adsorption characteristics similar to SiO2 rather than Fx—MnO2

(Figure 2.2a). Hence, the difference between the metal ion adsorption

on different oxides resides in both substrate properties: the dielectric

tant of th lid and th .
constant o e solid an e pHPZC
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2.1.3 Chemical Interactions

AGO is a term which takes into account all the metal
chem

species-solid surface interactions, other than the coulombic and sol-
vation energy: attractive image and dispersion forces suggested by
Bockris et al. (1963) and Andersen and Bockris (1964), van der Waals

forces and hydrogen bonding through hydroxyl groups in the coordination

. o
sphere of the hydrolysis products of the ion. AGchem, ; can be eval-

vated experimentally only in the case of metal oxide surfaces with suf-

ficiently high pH (e.g., TiO2 which has a pH of 5.5) by obtaining

PZC PZC
adsorption data. But for surfaces with low pHPZC (such as SiO2 with
o . ‘ "
the pHPZC of 2,0 AGchem, ;can be obtained only as a best fit between

" " - g . . 0
experimental results and theoretical predictions. In that case AGchem i
can be also called a ''fitting parameter''. Consequently, one can say

that the James-Healy Model is an electrostatic model which uses

chemical interactions primarily as a correction factor.

22 Ion Exchange-Surface Complex Formation Model

Greenberg (1956), Ahrland et al. (1960), and Dugger et al. (1964)
introduced a completely chemical model based on the idea that the metal
oxide surface acts as an ion exchanger. Namely, the surface hydroxyl
groups of hydrous metal oxides can be treated as weak acids capable of
exchanging their protons for aqueous metal ions. This exchange of pro-

tons is not be be confused with the "ion exchange''-term used in the double-
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-layer theory, which refers to the electrostatic exchange of counter ions
in the diffuse layer or the outer Helmholtz plane for other ions of the
same sign in the bulk solution. One can describe a chemical ion-

-exchange system with a set of two equations:
- +
n(-SOH) = n(-SO )+ nH (2.12)

+ " +
Me | % wi-SOH) = (-S0)__ e P ™ Ly aw (2.13)

where (-SOH) and (-SO ) are surface hydroxyl groups

z
n number of protons released per Me

valence of the metal ion Me

N
1]

The stability constant, *Ks, for reaction 2.13 is

[(-50), Me P )yruty®

e — 2. 14)
[-SOH1" [Me

where [ ] means concentrations in moles per liter of solution.
In the experiments performed with silica gel by Maatman and
coworkers (Dugger et al. (1964)) measurements were made at low pH

(PH << pK ) so that all the surface groups could be

a, silanol groups
assumed to be in silanol form (=SiOH). Similarly (because of low pH),

hydrolysis of the metal ions was assumed to be unimportant. In view

of the large range of pH values found in natural waters (4-10), however,
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the results of such work are of limited applicability in natural systems.
It is necessary, therefore, to develop analytical expressions suitable
for the study of metal ion adsorption phenomena on silica over a much
larger pH range as well as in the presence of ligands besides OH .

In the case of two silanol groups reacting with one doubly
charged metal ion (i.e., n=m=2 in equations 2.12 and 2.13), the

equilibrium can be given by

K
a -
(=SiOH) = (=Si07) +H (2.15)
sk 8
Me?t 4 2(=si0H) =2 Me(Osiz). +2H" 2.16)

2

where Ka is the acidity constant of the surface OH groups, and the

equilibrium constant is

[Me(OSiE)Z][H+]2
xg° = 2.17)
2 r=sioH1°[Me? 1

If one assumes that the surface species (=SiOH) and Me(SiOE)2
constitute a very dilute surface solution, the activities of the surface
species can be taken to be proportional to their mole fractions.

The total number of silanol sites is expressed as

S = [=SiO ] + [=SiOH] +2[ Me(Osi=), ] (2.18)
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Let 8 be the fraction of the protonated silanol sites, N the fraction of
the unprotonated ones and ¢ the silanol sites bound to the metal, i.e.,

2[ Me (OSi=), ]

p o= I———j—ESiSOH n = _[___1_58180 o = (2.19)
O +nm +t £ =1 (2.20)

According to Equation 2.15 1 can be written as

—F [=SiOH] K
_ L _Ma
n = = = ! a (2.21)
(R ]

Ka
(H -

Equation 2.20 can be rewritten as

Ka -1
(+=2,)e+e = o 0te =1 (2.22)

(H ]

From Equation 2. 19 one obtains

[=SiOH1 = @S (2.23)

and from Equations 2.18, 2.21 and 2.23

[Me(OSi=),] =

N

(1-a_'6) 2.24)

surface species )

The mole fractions of these surface species ( :
L surface species

are, then, given by

x = ) = 29 (2.25)
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(1-0"p)/2 1o "0
= — ~ = —2 2.26)
o, 6+(1-n~ "0)/2 ltg 6

XMe (OSi= )2

By substituting Equations 2.25 and 2.26 into Equation 2,17 one
can obtain the following equation for the ion-exchange stability constant
of the reaction between the free metal ion and the surface silanol groups,
assuming 1:2 stoichiometry:

*Bz = == [1-lp, *0) W—E—J— (2.27)

49 [Me

Assuming 1:1 stoichiometry between the adsorbing metal ion

and the surface, i.e., the reaction

2+ + +
Me“T + (=sioH) =! Me(osiz)T + H 2.28)

one can derive the corresponding expression for the stability constant

-1

5 +
I R : Uk
2+

1 ® [Me” 1

X
0
[

(2.29)

where i is the fraction of the silanol sites present in their protonated
form.

If the solution conditions are such that the metal ion is hydrolyzed

2+ .ﬁn 2 2
mMe” ' +nH,0 = Me_(OH) Sl W (2. 30)
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where *an = overall hydrolysis constant
m,n = stoichiometric coefficients of the (+2) charged metal and
OH groups, respectively

it is necessary to determine the concentration of the free metal ion by

1
+_H ;
2%+ H 1
M g [ ) .
[ie Me 10T (aq) E (*3 (2.31)
B n
where Me = total concentration of metal in solution

TOT (aq)

In the most general case one must take into account all com-
plexing ligands present in the system. Letting L. denote all ligands
except hydroxide, the following reaction describes the influence of

complexation of the free metal ion:

R.
. ] .
2+ J 7
mMes T +41 = Me TATEH (2.32)
m 4
where Bj = stability constant
2 = stoichiometric coefficient of ligand L having a charge j
In this case Equation 2.31 can be expanded into
1
2+ g " 1 1 m
i
[ Me MeTOT(aq)[Z s oF E z ] (2.33)
n n L B.;L

X
s . . 2% . .
Substituting this expression for [Me 7 into Equations 2.27
and 2.29 results in two general equations describing the equilibria for

the reactions between a surface thatcontains silanol groups and an aqueous
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solution containing a divalent metal ion and different (non-adsorbing)

organic and inorganic ligands:

i 2
1 = [
B, = — [1-(o_ 0)1 [H T |
49 ° Me rH1” 51 m
TOT(aq)W 8 +Z 1 -lm
n n 1 B L
(2. 34)
<1 %
l-a_ o [H
Kf = 2 ] 1 e
[{o]
+.n e
[H
MeTOT(aq)[_Z f,,, +>— lx; ]m
_n R ,E H&L
. K
where a; = I+ +
[H ]

2.2.1 Electrostatic Influence

Onoda and De Bruyn (1966) have pointed out that when ferric
oxide is placed in contact with an aqueous solution its surface becomes
hydrated to some depth. By a process of adsorption (or desorption)

a distribution of protons between the surface of the hydrated region and
the solution phase takes place and leads to the charging of the electrical
double layer at the interface. Protons diffusing into or out of this
region create a proton-excess or a proton-deficit in the lattice and build
up a proton-excess or proton-deficit space charge, thereby extending

the double layer into the solid.
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Schindler and Kamber (1968), Stumm, Huang and Jenkins (1970)
and Block and DeBruyn (1970a, 1970b) also observed the electrostatic
influence of the charge groups on the leaving protons. Lohman (1972)
found that, if one looks at the adsorption of the ions at the oxide/
electrolyte interface in terms of the stability of the complexes which
are formed in the solution by corresponding ions, one finds a strong
parallel between the ion adsorbability and the complex stability. But,
he points out, generalization of this model is not possible without
additional assumptions about the influence of the oxide lattice structure
and the hydroxylation of the oxide interface.

Protolysis of the surface OH groups, according to Schindler
and Gamsjidger (1972), results in a change in surface charge; trans-
ferring the proton against this field of charged groups to the bulk
solution involves electrical work. The acidity constant of the surface
OH groups must be corrected for the presence of the electric field.
Schindler and Gamsjdger (1972) gave the following expression for the

acidity constant of the surface OH groups:

K_ = K, exp (FY_/RT) (2.36)

where K, ¢ (intrinsic acidity constant) denotes the acidity constant in
in
the absence of an electric field, and Yo the difference in potentials

between the site of dissociation and the bulk solution. Yo is given by
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Nernst equation (Equation 2. 4).

The intrinsic acidity constant for silanol groups was reported
by Schindler and Kamber (1968) as logKint = -6.8.

Investigations of Weber and Stumm (1964) and Olson and O'Melia
(1973) have shown that partially deprotonated orthosilicic acid can
actas a monodentate and bidentate ligand for metal ions. Schindler

et al. (1975) and Hohl and Stumm (1975) stated that hydrous oxide sur-

face groups can be treated in a similar fashion as species capable of

forming bonds with metal ions. Hence, one can state that Greenberg
(1956), Ahrland etal. (1960) and Dugger etal. (1964) using the term ''ion
exchange'', and Schindler et al. (1975) and Hohl and Stumm (1975),
using the term ''surface complex formation', are referring to the same
chemical reactions between the surface OH groups and metal ions.

The overall distribution of a given metal ion, according to this
Ion Exchange-Surface Complex Formation Model, can be, therefore,
computed by the use of Equations 2.34 and 2. 35, and of the value for the
acidity constant of the surface OH groups, corrected for the presence of
the electric field (Equation 2.36). Thus, the Ion Exchange-Surface
Complex Formation Model, which uses the physical (i. e., electrostatic)
phenomena only as a correction factor, is an antithesis of the James-

Healy Model.
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Influence of Ligands on the Adsorption of Metal Ions

1 Introduction

The addition of a ligand may have the following effects on the

adsorption of a given metal:

1.

It may reduce the adsorption because of a) high concentration,
b) strong complex formation with metal ions, and c) lack of
affinity for the surface, or d) by competition for the surface
area because of high affinity for the surface and weak
complexing tendency.

It may not influence the adsorption because of a) low con-

centration, b) low stability constants for complexation with
metal ions, and c) lack of affinity for the surface.
It may enhance the adsorption because of the affinity for the

surface coupled with strong complex formation with metal

ions.

.2 Literature Review

It has been inferred from numerous studies that the adsorption

of metal ions is not only due to the adsorption of free metal ion, but

also to the adsorption of metal-hydroxo or other complexes. If the

amount of the adsorption of a hydrolyzable metal ion is plotted as a

function of pH, one observes a very sharp increase in the adsorption

at a particular pH. Furthermore, hydrolyzable metal ions have been
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shown to reverse the charge of their adsorbates and cause destabiliza-
tion of colloidal systems.

Healy and Jellet (1967) have postulated that polymeric, soluble,
uncharged Zn(OH)Z—polymer is capable of being catalytically nucleated
at ZnO—HZO interface, resulting in the coagulation of colloidal ZnO.
Healy et al. (1968) proposed that the free aquo Co(II) ion is not speci-
fically adsorbed without the participation of surface hydroxyls. At pH
and concentration conditions just below saturation, they speculated
that the adsorbed species is probably a polymeric form of Co(II)
hydroxyde. Hahn and Stumm (1968), similarly, attribute the destabi-
lization of silica dispersions by Al(III) to the partial or complete neu-
tralization of the negative surface charge by the adsorption of the
positively charged multinuclear aluminum-hydroxo complexes.

Matijevié and coworkers (1960, 1961) studied the influence of
various metals on the coagulation and charge reversal of lyophobic
colloids (e.g., silver halides). They concluded that the hydrolyzed
species of the coagulating electrolyte are responsible for charge
reversals and proposed methods for determining the charges of these
hydrolyzed species. The methods are based upon the determination of

the critical coagulation concentration. The direct relationship between

the presence of the mononuclear and polynuclear hydrolyzed species
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of metal ions (ThOH3+, Th(OH)Z, Th(OH)4, Zn(OH)z, and A18(OH):;-)
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and the charge reversal of lyophobic colloids has been discussed by
Matijevi¢ (1967) in a more elaborate survey presented at the 4th
Rudolfs Conference: '...Apparently there is little doubt that reversal
of charge by metal ions is accomplished by the adsorption of their
hydrolyzed species. It is interesting that most of the compounds active
in charge reversal...contain hydroxyl groups... It appears, therefore,
that the hydroxyl group 1is responsible for the adsorption of these ions

on colloidal particles leading to charge reversal..."

Since the hy-
drolyzed ions are bonded strongly in various colloidal systems (i.e.,
they behave in the same manner regardless of the type of the surface),
Matijevié¢ (1967) concluded that specific chemical interactions are not
likely to have a predominant effect on the adsorption of hydrolyzed
species. ''...Hydrogen bonding, however, may play the decisive
role...'" The formation of hydrogen bonds between the MeOH+ and the
surface has been also stressed by McKenzie and O'Brien (1969) and
Clark and Cooke (1968).

Stumm and O'Melia (1968) offered the following explanation for
the observed relationship between adsorption and hydrolysis of metal
ions: ''...First, hydrolyzed species are larger and less hydrated than
nonhydrolyzed species. Second, the enhancement of adsorption is due

apparently to the presence of a coordinated hydroxyde group. Simple

hydroxide ions are bound strongly at many surfaces and are frequently
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potential determining ions; hydroxo-metal complexes may similarly

or to an even larger extent be adsorbed to the solid surface. Alter-
natively, the replacement of an aquo group by a hydroxo-group in the
coordination sheath of a metal atom may render the complex more hydro-
phobic by reducing the interaction between the central metal and the

" As a result, this reduction of solvent-

remaining aquo groups...
metal ion interactions will enhance the formation of covalent bonds
between the colloidal particles and the metal ions. This effect becomes
even more pronounced in the case of the formation of polyhydroxo-
polymetal species, since more than one OH group per ''molecule' can
be attached to the solid surface (Stumm and O'Melia (1968)).

According to MacNaughton and James (1974), hydrolysis fol-

lowed by adsorption

:::Bn
z+ Z-n +
Me (aq) +nHZO = Me(OH)n (aq) + nH (2.38)
Gt Kads .
surface + Me(OI—I)n (aq) # surface - Me(OH), (aq) (2.39)

is thermodynamically indistinguishable from adsorption of metal ions

followed by hydrolysis at the surface

KS

1
z+ Z+
surface + Me (aq) = surface - Me (2.40)
sk 8
z+ Pn z-n +
surface - Me + HZO = surface - Me(OH), (aq) + nH (2.41)
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since the combination of reaction 2.38 and 2. 39 results in reaction
2.40 plus reaction 2.41. Hence, the stability constant for both sets of
equations is *BnKads'

MacNaughton (1973) demonstrated the drastic influence of
chloride ions on the adsorption of Hg(II) by freshly precipitated ferric
hydroxide. Addition of 0.56M Cl resulted in almost completely sup-
pressed adsorption. Addition of Cl to Hg(II)-SiO2 system resulted in.
the displacement of the adsorption edge. The addition of silicate,
sulfate, bicarbonate, and phosphate to a Hg(II)-montmorillonite system
did not cause any appreciable changes in the adsorption density
(MacNaughton (1973)).

When a complexing agent is introduced into an aqueous system
containing metal ions it reacts with cations to form metal-ligand com-
plexes. These complexes have the ability to keep metals in a soluble
form under many conditions in which they otherwise would be removed
from the solution by precipitation or adsorption.

Soil chemists showed an interest in chelates as trace metal
carriers much earlier than water chemists. Investigations included
aminopolyacetate chelating agents (Wallace et al. (1955); Wallace and
Lunt (1956); Hill-Cottingham and Lloyd-Jones (1957, 1958a, 1958b);
Hodgson et al. (1966); Lindsay et al. (1966); Lindsay and

Norvell (1969); Norvell and Lindsay (1969, 1970)) and organic acids
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(Schnitzer (1969)). A comprehensive review on this subject was done
by Norvell (1972), who selected existing information from the fields of
chelate chemistry and soil chemistry and combined them to provide a
better quantitative understanding of the equilibria of metal chelates in
soil solutions.

Stumm (1967) treated the competing effects of I—I+ at low pH
values and of OH , at high pH values, Fe(III) in solution, organic
ligands and precipitation of Fe(OH)3(s), as well as the effect of Ca2+
on complex formation. He showed, for example, that an excess of
EDTA at a concentration of 10—3M can keep 10_5M Fe(III) in solution
at pH values up to 8. At low pH, Ca2+ does not appreciably interfere
with Fe(III) complex formation by 10_3M EDTA. At higher pH values
the concentration of soluble Fe(III) falls drastically, as Ca2+ concen-
tration is increased. In this case even higher concentrations of com-
plexing ligand (1 0"%Mm EDTA) are not able to keep 107°Mm Fe(III) in
solution.

In 1968 Duursma proposed that competition between chelation
and sorption determines the amount of metal sorbed by sediment. He
found that relatively high amounts of leucine (10_3M to IO-ZM) must
be added if any change in the sorption of Co and Zn by sediments,
either under sea water or fresh water conditions, is to be detected

(Duursma (1970)). Assuming that the concentration of leucine in sea
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water is 0.9 to 3.8 yug/l implies that the influence of leucine is
measurable only at levels at least 104 times the natural concentration,
because of complexation of leucine by Ca.2 +, Mg2 +, and H+.

Siegel (1966) studied the uptake of Zn on ion-exchange resins
and clays in the presence of glycine. The addition of glycine reducea
the uptake of Zn on the anion-exchange resin in a manner predicted
by the use of the stability constants of the zinc-glycine system, in-
dicating no uptake of the zinc-glycine complex by the resin. The
cationic-exchange resins, on the other hand, had higher uptakes of
zinc in the presence of glycine than predicted by the stability constants.
Siegel explained this observation in terms of the adsorption of zinc-
(glycine): complexes.

MacNaughton (1973) investigated the adsorption of Hg(Il) by
amorphus iron hydroxide and montmorillonite in the presence of humic
acid, glycine, cysteine, quinaldic acid and leucine. The experimental
results suggested that the adsorption on amorphus iron hydroxide was
not influenced by the addition of cysteine, but was reduced in the
presence of humic acid, glycine, quinaldic acid, and leucine. The
adsorption of Hg(II) by montmorillonite was not affected by leucine.

Humic acid, however, reduced the adsorption of Hg(II) very much.
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2.3.3 Model Predictions

Predictions made with the Ion Exchange-Surface Complex
Formation Model are based entirely on the competition between the
reactions of free metal ions with the surface hydroxo groups and all
other chemical reactions necessary to charac<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>